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CAPE CHEMISTRY 

SECTION 1 
Fundamentals in Chemistry 



John Dalt, 

Atomic Structure 

THE ATOMIC THEORY 

A theory is substituted for those parts of real it: that are not : et 
discovered or understood and proposes an explanation for a 
phenomenon. Acceptable theories should be logical and show 
congruence between the present body of knowledge and the 
theoretical constructs. The data collected should be accurate. 
reliable and replicable. As the body of knowledge increases. 
theoretical adjustments must be made to overcome contradictions 
within the scientific society. 

In 1808, John Dalton developed the first useful atomic theory 
of matter. Although some of the details of his atomic theory are 
now known to be incorrect, the basic concepts are foundations of 
modern science. 

Dalton 's atomic theory made the following assumptions: 

Matter consists of small particles called atoms 
.J atoms are indestructible or indivisible 
~ atoms of the same elements are identical in mass and 

properties 
~ atoms combine chemically in simple whole number 

ratios to form compounds 
-:l atoms can combine in more than one simple whole 

number ratio 

Many unexplained chemical phenomena soon became clear using 
his atomic theory. However, with the discovery of subatomic 
particles it was possible to show that the atom could be divided 
into smaller parts. Dalton's theory had two major errors. The 
first was that atoms could indeed be sub-divided into subatomic 
particles called protons. neutrons and electrons. It is also known 
that atoms can be destroyed by nuclear reactions. Dalton also 
postulated that all atoms of the same element are identical and 
we now know that isotopes of atoms exist and as such they are 
indeed different. We also know that atoms of the same element 
can have different masses as seen in isotopes. 



..... .. 
[ii-.coHn of .. ubaromic particl- 

In 1897 Thomson deflected cathode rays with both electric and 
magnetic fields. He reasoned that, if a particle had momentum, it 
must have a mass. thus cathode rays must be a stream of particles. 
He used the results to measure the charge to mass ratio and found 
these particles to be negatively charged and had a mass nearly 
2000 times lighter than the mass of a hydrogen atom. Thomson 
proved the existence of electrons. His work made it apparent that 
atoms were not indivisible and it gave evidence for the existence 
of subatomic particles. He proposed the 'plum pudding· model 
of the atom which described atoms as negative charged electrons 
embedded in a sphere of positive charge . 

. ii 

In 1900 Goldstein discovered protons after obserx ing the rays in 
a cathode-ray tube that were travelling in the direction opposite to 
that of the cathode rays. According to Goldstein, since atoms are 
electrically neutral they must contain equal number of positiv el) 
charged particles as negatively charged particles. 

l: ·11, /) 

In 1909, Rutherford's colleagues Geiger and Marsden bombarded 
thin metal foils with alpha particles to test Thomson's model of 
the atom. They found that most of the alpha particles passed 
straight through the foil. showing that they must have passed 
through essentially empty space. However a small portion of 
the alpha particles were deflected at very large angles. and a few 
even bounced back towards the source. This indicated that strong 
forces were present to cause deflection of the alpha particles. 
Rutherford proposed that most of the atom must be mainly empty 
space with the mass and positive charge being concentrated in a 
tiny central nucleus while the electrons orbit the nucleus like the 
planets orbit the sun. Rutherford's planetary model of the atom 
did not explain why the negative electron revolving a positive 
nucleus did not lose energy and spiral into the nucleus or what 
prevented the electrons from being pulled into the nucleus by 
electrostatic attraction. 

In 1913 Bohr proposed an atomic model based on the quantum 
theory in which electrons move around the nucleus in definite 
orbits. He worked out that the electrostatic force between the 
nucleus and an orbiting electron was cancelled out by the outward 



H. Moseley 
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force due to orbital motion. Bohr suggested that an electron in 
given orbit can have only a certain amount of energy and the or+ 
can have only a certain radius. If the electron absorbs a quantu 
of energy. it moves to an orbit with a higher energy level which 
further away from the nucleus. The electron becomes excited a, 
emits energy to return to its stable orbit. 

!' nr: '; 

In 1913 Moseley suggested that if atoms are neutral. then 
number of electrons must be the same as the number of proto 
Since electrons have negligible mass. and atomic masses , .. 
greater than the mass of protons in the atom then the extra 111- 
must be the existence of a particle with mass but no chary. 
Rutherford also put forward this idea and called the particle 
neutron. Thus began the search for the neutron. 

In 1932 Chadwick bombarded the element Be with alpha particl 
This produced a highly penetrating stream of particles. \\ h _ 
could pass through many centimeters of solid lead and which w 
not deflected by electric or magnetic fields. He had detected i 
neutron. 

ATOrv .. C STRUCTURE 

•rG -3~ .1m · comes from the Greek 'atomos · which mear 
t be split into smaller pieces. Atoms ..•• 

_ ~ ..:" thi: h:i~ic building blocks of chemistry. 

- protons. electrons and neutrons. The pron 
are -eld in a tiny nucleus by powerful nuclear forc, 

oe .:kY!r· .ns are found orbiting the nucleus. The mass 
c particles is measured relative to one twelfth 

rna-: " J carb. n-1 ~ isotope. while the charge of the particles 
corn pa, .:J 10 the charge of a proton and an electron. A proton . 
a relat ,: charce of- I and a relative mass of 1. A neutron has 
char re and J -elative mass of 1. An electron has a relative cha _ 
of-~ and negligible mass (1s137 of a proton). - 
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Table 1.1 
The relativ e masses. charges and positions of protons. electrons and neutrons 
within the atom 

Experiments in which subatomic particles are deflected in electric 
and magnetic fields show that electrons are deflected at large 
angles towards the positive pole while protons are deflected at 
smaller angles towards the negative pole and neutrons showed 
no deflection. This suggests that electrons are negatively charged 
particles and lighter than protons while protons are positively 
charged particles. The fact that neutrons were not deflected by 
either electric or magnetic fields suggests that these particles do 
not carry an electric charge and are therefore neutral. 

Fig. 1.1 

neutron 

(-l~prtill\11 

ig. I.I 

\tomic number, mass number, isotopes 

Since atoms are electrically neutral species. the number of protons 
must be equal to the number of electrons. The number of protons 
in the nucleus of an atom is called the atomic number or proton 
number. Atoms of the same element have the same number of 
protons and hence the atomic number is used to define the atom. 
Each atom has an atomic mass or mass number which is the 
sum of the protons and neutrons in the nucleus of the atom. Since 
the protons and neutrons are found in the nucleus of the atom. the 
atomic mass is also referred to as the nucleon number. 

In 1913 Thomson found that some atoms of the same elements 
had different masses. He discovered the existence of isotopes 
which are atoms with the same atomic number but different mass 
numbers. Isotopes of an element have the same atomic number 
because they have the same number of protons but the difference 
in mass numbers is due to the different numbers of neutrons 
present. Since the number of protons is equal to the number of 
electrons, isotopes have identical chemical properties however 
their physical properties are different because they have different 
masses. Most elements consist of more than one isotope. For 
example, chlorine exist with mass number 35 and 3 7. Chlorine-35 
contains 17 protons and 18 neutrons while chlorinc-3 7 contains 
17 protons and 20 neutrons. The proportion of each isotope in 



a given element is called the relative abundance. The relative 
abundance is the ratio or percentages in which they exist in the 
world. If the relative abundance is minute and is insignificant 
it is not considered in calculating the relative atomic mass for 
placement in the periodic table. It is no surprise that although 
isotopes of some elements exist the relative atomic masses arc 
whole numbers whereas there are some whose masses are not 
whole numbers. The mass of an element depends on the relatix e 
abundance of the isotopes present in the element. 

The actual mass of an atom is so smal I that it is not practical 
to work with therefore a reference is used and compared to the 
actual atomic mass. In 1961 it was agreed internationally that 
the carbon-12 isotope should be used as the reference. The mass 
of an atom relative to ( compared to) the reference is called the 
re la tin atomic mass which is the mass of an atom compared to 
one twelfth the mass of a carbon-l I isotope. The relative atomic 
mass is not usually a whole number because the average weight 
and rclatix e abundance of the isotopes of elements in naturally 
occurring samples are measured. The relative isotopic mass is 
the mass of a single i:,~it(•~ cornpared to one twelfth the mass of 
.i (;U()11n-' 2 1-s,•h•IX 

OMETER 

. ped the mass spectrometer which was 
_ mJ:,S and relative abundance of each isotope 

occurring element. 

Fig. 1.2 

t 
, aporized 
sample 

,,:r, 111\ oh ed in the operating principles of the mass 

Fig. 1.2 

Ionization. The sample of the element is vaporized and 
111 ectcd into the instrument. The element passes into the 
i.:nization chamber where the atoms are bombarded b: 
a beam of high energy electrons which knocks one or 
more electrons out of the atoms converting them int, 



positively charged ions. For example 

e- + X -~ x- 
1g1 (gl + e- + e- 

~ Acceleration. The positive ions move into the 
accelerating chamber where an electric field accelerates 
positive ions towards a magnetic field . 

.;> Deflection. The fast moving ions are deflected according 
to their mass and charge as they pass through the 
magnetic field. Ions with lower mass to charge ratios 
are deflected more than ions with higher mass to charge 
ratios . 

..) Detection. The ions are detected by an instrument 
which is attached to an amplifier and a recorder. When 
the accelerating electric field and the magnetic field are 
kept constant only ions of a specific mass to charge 
ratio can be detected. Higher or low er mass to charge 
ratios are either deflected too little or too much to make 
contact with the detector. Therefore by varying the 
electric field and magnetic field strength, one isotope 
after another can be deflected to hit the detector. The 
mass and the relative abundance of each isotope can be 
measured and an accurate value for the relative atomic 
mass can be calculated. The relative heights of the peaks 
produced by the recorder give a measure of the relative 
abundance of the different isotopes present. 

Example 

The mass spectrum of chlorine atoms shows the relative abundance 
of chlorine-35 is 75.8°0 and chlorine-37 is 24.2°0. Calculate the 
relative atomic mass ( A ) of chlorine. 

r 

A 
I 

75.8 X 35 + = 100 

= 35.5 

24 ") ]0°{) X 37 

35 37 
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RADIOACTIVITY 

In 1903, Henri Bacquerel was awarded the Nobel Prize ft_ 
physics for his discovery of radioactivity. Bacquerel wrappe 
uranium covered photographic plates in black paper and placc, 
them in a drawer for a few days. He found that clear irnagcs w 
developed on the plates which suggested that uranium emiu, 
radiation. He later showed that the radiation emitted were r 
only similar to X-rays and could also be deflected by a magn, 
field which suggests that they consist of charged particles. 

Pierre and Marie Curie were interested in the recent discover, 
radiation and conducted research on radioactive substances. Tr. 
found that uranium ore contained much more radioactivity th .. 
could be explained b: the uranium content alone. The Curi · 
research led them to the discox ery of the radioactive elemerv 
radium and polonium The: shared the Noble Prize for phy s ~ 
with Bacquerel n 3 After Pierre's accidental death. Mar, 
continued her (' 'n re-earch and received a second Noble Pn, , 
in 19 l ' f ·- .. .:-r,li ·~'. for her isolation of radium. Her research 
rao .... ~ii\ .~ "J~ immediately applied to the treatment of can; . 

... dr~a~~('. 

.. -rrong nuclear force of attraction exists betw e, 
neutrons are intimately involved in this attract. 

, umber of protons increases in the atom the posit. 
:: nuclei repel eachothersothatthenumberofneutrc 

. care a stable nucleus increases more rapidly than !~, 
· .•rNon:,. However, even with an increasing numl 

,_....__,, c · protons in the nucleus. nuclei with 84 or rnoi • 
_,;:: unstable. The unstable nuclei are called radioact 
The nuclei become stable by spontaneously eject 1 = 
- . e~. beta particles and gamma radiation. The emiss 
and beta particles changes the number of protons in 

nucleus :_:.. that a different atom is produced. 

\ 

Alpha particles are helium nuclei, i Hee-. In nuclear reaction 
is understood that alpha particles are formed without its elect 

therefore the symbol i He is used in nuclear equations. 
emission of alpha particles leads to a decrease in atomic nun 



by 2 and mass number by 4. 
'l.,8 _.) u 
92 -. ..J. He .., ' , 23..J. Th 

T 90 I 

lkta particles 

Beta particles are formed when a neutron disintegrates giving a 
proton and an electron. 

! ! 0 
0 11 --* I p + -I e 

The proton remains in the nucleus of the atom. so its atomic 
number increases by 1. The mass number is unchanged. 

Gamma ra~s 

Gamma rays are electromagnetic waves of short wavelength. 
Emissions of alpha or beta particles are often accompanied by the 
emission of gamm 1 rays. When particles are emitted. the atomic 
nucleus becomes excited and the excess energy is released as 
gamma radiation for the nucleus to return to a more stable energy 
level, 

Band of vtahilitv 

Repulsion between the positive charges of the protons is minimized 
by the presence of neutrons in the nucleus. As the atomic number 
of an element increases. the neutron to proton ratio must also 
increase to keep the nucleus together. In larger atoms. even the 
increasing number of neutrons is not enough to keep the nucleus 
together and the nucleus becomes unstable. 

A plot of the number of neutrons against the number of protons 
in stable nuclei shows that stable nuclei are located in a shaded 
area of the graph known as the band of stability. The majority of 
radioactive nuclei occur outside this band. 

fig. I.; 

The type of radioactive decay that a particular radioisotope 
undergoes depends to a large extent on its neutron to proton ratio 
compared to those of nearby nuclei within the band of stability. 
Nuclei above the band of stability which ha, e a high neutron to 
proton ratio can move towards the band of stability by emitting 
a beta particle and thus increasing the number of protons in the 
nucleus. 

Heavy nuclei which have atomic number greater than 84 tend 
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( arbon-l-l dating used for 
t e Dead Sea Sc;olls 

to undergo alpha emission. This decreases both the numb, • 
neutrons and the number of protons. mov ing the nucleus to: 
the band of stability. 

C urhr-n-L! cl:1tin;.: 

All liv ing organisms contain a given concentration of carbon-! - 
when the organism dies its carbon- I-I- concentration deer 
due to radioactive decay. We can use this information tc 
when the organism died. It works like this. when an organ 
dies it has a specific ratio by mass of carbon- I-I- to carbon- I: 
body. No new carbon-I-I- containing molecules are metabol 
after death so that the carbon- I-+ to carbon-12 ratio begin 
decrease because carbon-l-l is decaying away at a constant 
predictable rate. Since the half-life of carbon-I-I- is 5700 ~ ... 
then after 5700 years half as much carbon- I-I- remains within 
organism. This dating method using carbon-l-l is only goo« 
organisms or artifacts that are biological in nature and that 
tens of thousands of years old. 

\I clic1 applicatlon-, 

There are many uses of radioisotopes in medicine. Some of i 
arc gi\ en below: 

Sterilization of surgical equipment using high-en, _ 
::!amma rays. 
Radrorsoropes are used to locate cancerous tu 
.i• ,J other medical problems. For example iodine- 

- : pe ,1f iodi ne-I ~ 7 is used to detect th~ 
-.,. i., ~"""· If the th~ roid is not absorbing i()( 
~- I ... ~:i.mma ra~ s emitted by iodine-13 l \\ 

be u .. ,-'\.:_-:; 

_ rn...i.:,'.mg ,, another important use of radioisou . ..,. 
-::- .. hrnque is good for arthritic patients and 
~3.l111e:, The patient is injected with Techn 

mm gamma rays and has a half life 
-\ tter sev era! hours the patient undergoes ; 

= rig\\ hich shows up any abnormalities on the r 
1m:i.~e scan . 

.J External irradiation to control cancerous growth us ~ 
gamma beam from a radioactive cobalt-60 some 

.J Internal radiotherapy is probably the most succe 
kind of cancer treatment. It is done by administer, -~ 
planting a small radiation source. usually a garnr 
beta emitter. in the target area. Iodine-131 is comr 

} 
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A tremendous amount of energy is released when the nucleus of 
an atom is split apart. This is termed nuclear fission. If this energy 
is let out slowly. it can be harnessed to generate electricity. If it 
is let out all at once. it can make a tremendous explosion as in an 
atomic bomb. In a nuclear power plant. uranium atoms are split 
apart in a controlled chain reaction. This chain reaction gives off 
heat energy which is used to boil water in the core of the reactor. 
The water from around the nuclear core is sent to another section 
of the power plant where it heats another set of pipes f lied with 
water to make steam. The steam is used to turns a turbine which A nuclear plant 
can generate electricity. The reaction also produces radioactive 
material which must be properly disposed off. 

Another form of nuclear energy is called nuclear fusion. Fusion 
means joining smaller nuclei to make a larger nucleus. This is 

used to treat thyroid cancer and iridium-192 implants 
are used especially in the head and breast. 

Radiuactiv , 11.L 

Radioactiv e tracers can be used in the industry to locate leaks in 
pipes in much the same way as they are used to find tumors in 
medicine. The radioisotope is injected into the pipe and a detector 
is used to locate the leak. The reading on the detector increases 
closer to the leak as the radiation can escape through the hole in 
the pipe more easily. 

h,,,il irradi.iii1111 

Food irradiation is a method used to sterilize food using gamma 
radiation to increase its shelf-life. The result is that the growth 
of disease-causing micro-organisms or those that cause spoilage 
are reduced or eliminated. This makes food safer and also keeps 
it fresh longer. A widely used radioisotope in food irradiation is 
cobalt-60. The radiation that passes through the food is enough 
to destroy many disease-causing bacteria as well as those that 
cause food to spoil. but is not strong enough to change the quality. 
flavour or texture of the food. The food nev er comes in contact 
with the radioisotope and is not at risk of becoming radioactix e. 
Irradiation is most widely used on spices. herbs and dehydrated 
vegetables. These items are grown in or on the ground and are 
exposed to naturally occurring pathogens. Some meats are also 
irradiated. Pork. for example, is irradiated to control the trichina 
parasite that lives in the muscle tissue of some pigs. Poultry is 
irradiated to eliminate bacterial contamination. 

Irradiated ground beef 



observed in the sun where nuc I car fusion of h: dro =. 
into helium atoms takes place. Scientists are still enc 
difficulties in controlling nuclear fusion reactions t 
electricity. However, one adv antage of nuclear fusion 
creates less radioactive material than fission. 

It is important to our future generation to dispose of r 
wastes in an efficient way which will not lead to cm iron • 
problems or harm the public. There are options developed 
have its own positives and negatives. 

l nderurou 11<1 Di,po,al 

One of the best options for the disposing of highly radioa .. 
wastes is underground. Underground waste disposal is a pract . 
option because it keeps the public safe from radiation. HO\\ e 
the area must be secured to keep the materials out of the hand 
intruders who would use it for harmful purposes. The radioa, t 
waste is stored in a deep underground facility called a gcograp 
repository. 

"P·•n· 1>i,p11,al 
This would be done by launching the containers full of waste in 
space. However the risk of an accident during the launch oft 
waste makes this option inappropriate. 

th t .111 f l1111r l)i,1111,al 

Scientists hav e considered bur: ing nuclear waste below th, 
ocean floor. This \\ ould prcx ent the radiation from harming th, 
public and the em ironment. HO\\ c, er. ocean floor disposal pose 
J problem because apart from being extremely difficult to recov er 
the buri. d nuclear ,, aste it w ould also be very difficult to regulat 

r ..... m f __ .r ct sposal actions. 

[I 

.\ uclear waste d;,no_,al has been considered in Polar regions du. 
to its remote location. low population. and stability of thicknes - 
of Polar ice This t: pt? of disposal would involve allowing the 
containers to sink to the bottom of the ice sheet melting its ,,·a: 
via its O\\ n heat. The containers would be attached to cables to 
limit their depth as well as allow for easy retrieval. However. 
future climatic changes such as Polar ice melting could release 
radioactix e wastes into the environment. Also the nuclear waste 
would ha, e to be transported over great distances leading to 
possible risks of accidents. 



Remote lvlund Oi">f)O'>~ll 

Remote unpopulated islands have the advantage of being countless 
miles away from continents. However, ocean transport, especially 
during bad weather. is a risk to this option. Also other countries 
may contest the transportation and burial of the waste. 

Rcprucevvinj; 

Some countries can reprocess the used nuclear fuel. This process 
separates out the uranium and plutonium from the fuel rods. This 
can help to reduce the total volume of nuclear waste. However 
the byproduct of this process still needs proper disposal. 

When choosing an option for the disposal of nuclear waste it is 
necessary to consider all the adv antages and disadvantages so 
that a responsible decision can be made for the general welfare of 
the public as well as the environment. 

ARRANGEMENT OF ELECTRONS IN THE ATOM 

vtomie spccu.r 

Evidence for the arrangement of electrons in the atom comes 
mainly from atomic spectra. An atomic spectrum is formed when 
electromagnetic radiation is absorbed or emitted by an element. 
Electromagnetic radiation can be viewed as a stream of photons. 
which are particles with no mass each travelling in a wave-like 
pattern and moving at the speed of light. Each photon contains a 
certain quantum of energy and is related by the Planck's equation 
which indicates the energy is directly proportional to the frequency 
of the radiation. 

E = hi: 

Since the frequency and wavelength of electromagnetic radiation 
is related by 

C = 1·11. 

Then 

E = he/), 

Thus, a quantum of energy absorbed or emitted by an atom can 
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Fig. 1.-lb 
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Fig. 1.-ld 

be determined by measuring the frequency or wavelength of 
the electromagnetic radiation absorbed or emitted. The whole 
range of frequencies of the electromagnetic radiation is called 
the electromagnetic spectrum. The absorption or emission 
of energy by an element corresponds to specific points on the 
electromagnetic spectrum and produces a unique spectrum which 
may be used to identify the clement. 

Fig. 1.4a 

lf a beam of white light is passed through a prism on to a screen 
a spectrum of colours made up of all wavelengths of visible I ight 
is seen like in a rainbow. This is called a continuous spectrum 
There is no distinct division between the colours as they blend m 
from one to another. 

Fig. 1.4b 

If white light passes through a substance. the atoms can absorb 
light of certain wave length and dark lines appear in the spectru1- 
A line spectrum is formed which appears as distinct lines an 
not bands of colours. It is called a discontinuous spectrum. T 
"a, elengths of the dark lines in the spectrum arc the wavelengt 
of the light absorbed by the atoms. This line spectrum is , 
ahsorprion spectrum. The absorption of energy by an elernc 
• orrc-pond- to <pecific ,, a, clengrhs on the electromagn 
,~,__ 'rum and pr· -duces a unique spectrum. 

Fig. 1.4<: 

are -upplied ,, ith heat or electrical energy to t,: 
, +r-cratures. they emit energies of certain wavelen , 

a- r":- ::-· _ red atoms return to their ground state (stable orb 
An erni-viun spectrum is produced which shows coloured l .• 
on .1 u..1r,._ background. The emission of energy by an de, 
als '" -rr, ,r, ·1d.;; to specific wavelengths on the electrorna-, , 
spectrum and produces a unique spectrum. 

Fig 1 

I h··, 1;11~-i, n ,p(·•·trum of h~ drogl'll 

The stud: ofthe emission spectrum ofhydrogen show that e le 
in an atom can exist only in discrete energy levels. Accord _ 
Bohr. ,, hen energy is added to the atoms. an electron in thc g 
state absorbs a quantum of energy and moves to an orbu 
higher en erg: le, el which is further away from the nuclei .... 
excited electron in the higher energy lev el cannot maim 
position for a long time and it falls back to a lower ener; 
As it falls back it emits a quantum of energy which is eq 



• - - 4 - - =- ... ~ 

to the difference in the energy levels. The greater the difference in 
energy levels, the higher the frequency of light emitted. Each line 
in the emission spectrum of hydrogen therefore corresponds to 
a definite wavelength which corresponds to a definite frequency 
and hence a definite quantum of energy thus providing evidence 
for discrete energy levels within the atom. 

Fig. 1.5 

Bohr assigned the energy levels of the electron with the letter n, 
the value of n being 1 for the lowest energy level (nearest to the 
nucleus), 2 for the next higher energy level and so on. His number 
assignment became known as the principal quantum number. 

Fig. 1.6 

The emission spectrum of hydrogen consists of several series of 
lines. These lines arise from the transition of electrons from orbit 
of higher quantum number to orbits oflower quantum number. The 
series oflines in the visible region of the hydrogen spectrum arise 
from transitions from orbits with a higher energy lev el to energy 
level n = 2 and is called the Balmer series. Electron transitions 
to level n = 1 from any of the other orbits result in lines in the 
ultraviolet region of the spectrum and is called the Lyman series. 
In each series, the lines become closer together as the frequency 
increases until it com erges to forms a continuous spectrum. The 
convergence line corresponds to the transition from an energy 
level where the electron is lost from the atom and the atom is 
ionized. Each series of lines is named after its discoverer. 

The Lyman series arise from electron transitions from 
higher energy levels to principal quantum number 1. 
The Balmer series arise from transitions 
from higher energy levels to principal 
quantum number 2. 
The Paschen series arise from transitions 
from higher energy levels to principal 
quantum number 3. _ 
The Brackett series arise from transitions ~ 
from higher energy levels to principal 
quantum number -1- . 

..J The Pfund series arise from transitions from 
higher energy levels to principal quantum 
number 5. 

lli,,Fig. 1.7 
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Quantum numbers 

The Bohr's atomic model was one-dimensional and useo 
quantum number which explained the emission spectru= 
hydrogen but failed to explain the spectra of more comp lex a· 
With the development of Schroedinger's wave equation in 
which assumes wav e-particle duality of electrons. the posit 
an electron is described in terms of probability density \\ h .. 
the \ olumc of space in which the electron is likely to be fr.; 
The region where there is a high probability of finding an elecv - 
is called an orbital. Schroedinger described an atomic model v 
electrons in three dimensions and with three quantum numbe 
The three quantum numbers are the principal (n). angular 
and magnetic (m) quantum numbers. These quantum number 
describe the size. shape. and orientation in space of the orbu, - 
on an atom. 

The principal quantum number n describes the energy lev el 
the electron. It is the same as that used in Bohr's model. T 
maximum number of electrons inn is 2n~. 

Table 1.2 

The anoular 411u111wn number I describes the sub levels inn and the 
-hape of the orbitals. The sublcx els are gi\ en letter designations 
. r .. , and i E.1L i, ene ;~ lev el has n sublev els . 

.= -ubtev els named 2s and 2p 

n = j ~-~~ _, -un.ev els named 3s. Jp and 3d 

n = ~ rue - -ublev els named -ls, 4p, 4d and 4f 

Then r, !!' . -, quantum numb€'!' m describes the number of orbitals 
\\ ithin a sub lev el. 

s has I orbital and can hold up to 2 electrons 

p has 3 orbitals and can hold up to 6 electrons 

d has 5 orbitals and can hold up to IO electrons 

f has 7 orbitals and can hold up to 14 electrons 



A fourth quantum number. s, is used to describe the spin of the 
electron. According to the Pauli Exclusion Principle no more 
than two electrons can occupy an orbital and two electrons 
occupying the same orbital must have opposite spins therefore 
no two electrons in an atom can have the same four quantum 
numbers. 

SHAPES OF ORBITALS 
, ,,,-hital, 

The atomic orbital is the volume of space around the nucleus 
in which there is a high probability of finding an electron of a 
given energy. Each energy level has one s orbital which can hold 
a maximum of 2 electrons. The shape of the s orbi ta! is spherical. 
The Is orbital has a zero electron density or node at the center of 
the nucleus. The electron density increases as the distance from 
the nucleus increases until it reaches a maximum then it steadily 
falls. but does not reach zero. Therefore the probability of finding 
an electron at a radius r is the same in all directions. The 2s orbital 
is similar in shape to the 1 s however the electron density is high 
closer to the nucleus then falls to a node and then increases to a 
maximum further from the nucleus. 

a 1g. 1 ~a 
Fig. 1.8a 

p orbital, 
Each energy level has three degenerate p orbitals i.e. the three p 
orbitals are of equal energy. Each p orbital is shaped like a dumb 
bell and is at right angles to each other. A node exists between 
each lobe of the orbital. The three 2p orbitals are referred to as the 
' ' d' b. 1 zpx. -PY an -PZ or ita s. 4 2 

ELECTRON CONFIGURATIONS 
Orbital P, Orbital P 

I 
Orbital P, 

The rclativ e eneruic- of atom it' «rbital- 

There is no difference between the energies of the different 
sublevels within an energy level for an atom that contains one 
electron. However, once an atom contains more than one electron. 
the energy changes in the different sublevels. The s orbital will 
have a slightly lower energy than the p orbitals at the same 
energy level. so the s orbital always fills with electrons before the 
corresponding p orbitals. 

Fig. 1.8b 



Within a giv en energy level, the s orbital will hax e the 
energy then the p. d and f. 

Relative energies of orbitals ares < p < d <f 

There is an irregularity in the position of the 3d and ..j.~ 
The 3d orbitals have slightly more energy than the -1-s the> 
the 4s orbital fills first then the 3d orbitals followed bv 
orbitals. 

••••• 0000 ..... :iu -ls -lp 
3, ·'P 

Fig 

Enl.'.rg~ -·~· ~' -r 

Fig. 1.9 

The electron configuration describes the arranger· 
electrons in the orbitals of an atom. The electronic confic: • 
can be worked out as follows: 

~ electrons are added to an atom. one at a time. s~ _,... 
\\ ith the low est energy orbital (Aufbau principle 1 

;.J no more than two electrons can occupy an orbu. 
( Pauli exclusion principle) 

.J electrons fill degenerate orbitals one at a tirn, 
parallel spin before a second electron is addc., 
opposite spin (Hunds rule) 

The electronic configuration is written with the principal 
number ( 1,2.3 etc.) followed by the symbol for the orbital 
f) and a superscript which shows the number of electron 
sub level. 

~ ls2 

Examples 

A hydrogen atom (atomic number l ) has one electron 
occupies the lowest energy orbital i.e. the 1 s orbital. The-. 
the electronic configuration of a hydrogen atom is written a 
This can also be represented as 'electrons-in-boxes t o, hich = 

each orbital as a box and the electrons as arrows in the box 

1 s 2s 2p 3s 

His Is' 

Helium (atomic number 2) has 2 electrons so the second ele, 
also fills the ls orbital. 



He is l s ' [TI DI I I IOI I I I 
Lithium (atomic number 3) has 3 electrons so the third electron 
goes into the next lowest energy orbital i.c. the 2s orbital. 

[ill [JI I I IOI I I I 
Beryl! ium ( atomic number ..i) has ..i electrons so the fourth electron 
fills the 2s orbital. 

[ill [f]I I I IOI I I 
After the Is and 2s orbitals ha Ye been filled. the next lowest 
energy orbitals are the three degenerate 2p orbitals. The fifth 
electron in Boron (atomic number 5) therefore goes into one of 
these orbitals. 

[ill [f]lt I I IOI I I I 

The sixth electron in carbon ( atomic number 6) is added to an 
unfilled 2p orbital 

[ill [f]lt It I JOI 111 
For nitrogen ( atomic number 7 ). the SC\ enth electron is added to 
the last unfilled 2p orbital 

[TI [f]lt It It IOI I I 
Since each orbital in this sublevel now contains one electron, the 
eighth electron in oxygen (atomic number 8) fills one of the 2p 
orbitals with electron spin in opposite direction 

0 is ls~ 2s:: 2p~ 

The ninth electron in fluorine (atomic number 9) fills a second 
orbital in this sublevel 

The tenth electron in neon (atomic number 10) completes the 2p 
sublevel 

Ne is ls2 2s2 2p0 

The eleventh electron in sodium (atomic number 11) fills the next 
lowest energy orbital which is the 3s orbital 



He and Ne have electronic configurations with filled 
of orbitals. We can use this to write an abbrev iated elec 
configuration in terms of the previously filled shells of ::'1~ 
For example. the electronic configuration of \lg 1 

number l J) is [Ne] 3s2. 

The following elements show how the electrons are filled ~- 
3p orbitals. 

Al (atomic number l 3) is [Ne1 3s2 3p1 

Si ( atomic number 14) is [Ne J 3s: 3p: 
P (atomic number 15) is [Ne] 3s2 3p3 

S (atomic number 16) is [Ne] 3s2 3p4 

Cl (atomic number 17) is [Ne] 3s2 3p' 
Ar (atomic number 18) is [Ne] 3s2 3p'' 

"'fll'l·ial Fll'ctronk C unti;,!uration, 

Once the 3p orbitals arefilled. the 4s orbital is filled before the 
orbitals because the 4s orbital is at a slightly lower energy 
the 3d Therefore 

I...:. JI ,m•(" number] 9 J is [Ar] 4s 
(J atomic number.Iu) is [Ar] 4s2 
Sc I atomic number.l I) is [Ar] 4s2 3d' 

The next 9 elements fill electrons in the 3d orbitals. H 
there is a little irregularity in the electronic configurar 
and Cu. 

Cr is [Ar] .t-s1 3d5 and not [Ar] .t-s2 3d4 

. .\!so Cu is [Ar] 4s1 3d'11 and not [Ar] 4s2 'sd" 

In each case. one electron has been transferred from the - 
to a 3d orbital because the half-filled and filled sublev e;, 
3d orbital decreases slightly in energy and spin pairing :: 
orbital increases slightly in energy. 
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IONIZATION ENERGY 

First ionization energy of an element is the energy needed to 
convert one mole of its gaseous atoms into gaseous ions with a 
single positive charge. 



The energy required to remo\ e each , c~ -- 
the second, third etc. ionization ener..=. 
are positive because it requires energy to rern... c ., ck·.:·• 

· ,.:,or, inttucncinu the ionization vm t':.!it, cd i:lem0nb 

The magnitude of the ionization energy depends on how 
the electron to be lost is attracted to the nucleus. The an-sc 
may be influence by the following: 

..;) The distance the outer electron is from the nuclea 
As the distance between the outer electron and 1 

nucleus increases. the nuclear attraction for the ~~u•;:r 
electron decreases and the ionization energy decrea- _ - 

~ The size of the nuclear charge. As the nuclear char-=. 
increases. the attraction of the nucleus for the outer 
electron increases and the ionization energy increase 
It must be noted that the atomic radii and electro 
screening can outweigh the effect of the nuclear charg , 
For example. in group I although Cs has a larger nuclear 
charge than Na. it loses an electron more readily than 
Na. 

~ The screening effect of the inner electrons. Apart 
from electrons being attracted to the nucleus. they al 
experience electron repulsion by other electrons. Th. 
outer electrons are shielded from the attraction of th 
nucleus by the repelling effect of the inner electrons 
The screening effect of electrons in lower energy lev els 
is more effective than electrons in higher energy lev els 
Electrons in the same energy level exert negligible 
screening effect on each other. Therefore as the screen in= 
effect of the inner electron becomes more effective. th, 
ionization energy decreases. 

1 ·, idcnc, for l"nl·rg, kH·I, 

Evidence for discrete energy levels comes from the successive 
ionization energies required to remove al I the electrons from an 
atom. The successive ionization energies increase since the inner 
electrons are more strongly attracted to the positively charged 
nucleus. However. unusually larger increases in ionization energv 
are observed in the sequence. This large increase usually occur 
where all of the electrons in the outer shell are removed and an 
electron is now being removed from the inner shell. 



- - - .. 4 - - --- -: .. ~ 

Successive ionization energies can therefore tell the group the 
atom is in by the number of electrons in the outer shell of the 
atom. The bold type in table 1.4 shows the unusual large increase 
in ionization energy. Na belongs to group I since only one electron 
is removed before the large increase. Similarly. Mg is in group II 
since two electrons are removed before the large increase. 

+ " 
, , 

I' 11.:::-:.; ' . + 

' • I 

'-,. ' I-,. 

Table I ...I: Successix e ionization energies of period 3 elements (kl/rnol 1) i-avi-, 

~ 
ll.l 3 

The successive ionization energies can also tell the number of 
electron shells in the atom. From the plot of successive ionization 
energies of sodium. the atom shows a large increase in energy 
between the first and second ionization energies. This suggests 
that the second electron is in a different energy level closer to 
the nucleus. There is also a significant difference between the 
ninth and tenth ionization energies which suggests that the tenth 
electron is also in a different energy level closer to the nucleus. 
The pattern shows that there are three shells with one electron in 
the outer. 8 electrons in the middle and 2 electrons in the inner. 

I ~ 3 -l 5 6 7 8 9 10 II 

l\ umber of electrons remov ed 

Fig. I.IO 

Fig. 1.10 

The first ionization energy of the elements in a period gives 
evidence for the presence of sub-levels. Figure 1.11 shows the 
first ionization energies for the elements of the period 2. Since 
the atomic radii decrease across the period. the general trend is an 
increase in the first ionization energy across the period. However. 
there are two irregularities in the pattern. The first ionization 
energy of boron is smaller than beryllium. and the first ionization 



energy of oxygen is smaller than nitrogen. 
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These observ ations can be explained by the presence ... 
ner:;: le, els. It requires less energy to remove the first elec 

rr· -m the : D orbital in boron than it is to remove one from .hr: 
nlk·..! :~ rb.tal in berx Ilium. 

Be is 1 :- . : , 
B : ~- i , : :. - : P 

In the . __ , t n trogen. the three electrons in the 2p orbital, 
-: 1h: -arne spin. but in oxygen the fourth electron is paire 

ne L!": > rbitals. 

1_ 
1_1_ 

I J' .... - , .... s·. ~-- -P 

T:,t ;:;:-:-1r0n-dectron repulsion in the paired p orbital make: 
_ ~__,_ ~. l•' rernov e the paired electron with opposite spin. thus tl 

on energy of oxygen less than that of nitrogen. 
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I. What do understand by the following terms: 

(a) mass number 
(b) isotope 
(c) relative atomic mass 

2. The mass spectrum of lead shows the relative abundance of 
Jead-20-l is I A%. lead-206 is 2-l. l %. lead-207 is 22. l O o and 
lead-208 is 52.-l0 o. Calculate the relative atomic mass ( A ) of r 
lead. 

3. The analysis of a compound in the mass spectrometer 
involves ionization, acceleration. deflection and detection. 
Briefly explain how each of these processes is achieved in 
the mass spectrometer. 

4. (a) What are radioisotopes? 
(b) Give two uses of radioisotopes. 
(c) The mass spectrum of element X shows it has two 

isotopes of masses 63 and 65 with relative abundance 
of 75° o and 25° o respectively. Calculate the relative 
atomic mass of X. 

(d) Write the electronic configuration of X given the atomic 
number is 29. 

5. With the aid of suitable equations, show how the atomic mass 
and atomic number of an isotope change when a nucleus 
emits 

(a) an alpha particle 
(b) a beta particle 
(c) gamma radiation 

- 



6. The graph below shows the trend in the 1 · ionization cner~ 
from lithium to neon. 
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(a) Explain why the ] 't ionization energy of fluorine is 
greater than that of oxygen. 

tb) \\ hy is the l " ionization energy of oxygen less than that 
of nitrogen? 

(c) Explain how the data in the graph provide evidence for 
the existence of sub-shells within the atom. 

7. The line emission spectrum of hydrogen consists of a series 
of lines in different parts of the electromagnetic spectrum. 

(a) Describe the processes that occur in the hydrogen atom 
that results in the formation of an emission spectrum. 

( b l Explain how the data from the emission spectrum 
prov idc evidence for discrete energy levels within the 
atom. 

8. The electrons in an atom arc accommodated in shells which 
arc div rded into sub-shells. 

i a; Construct a diagram to show the relative energies of all 
the sub-shells of principal quantum number 1, 2 and 3. 

, h: Draw diagrams to show the shapes of the orbitals of 
principal quantum number 2. 

9. \\ nte the electronic configuration in terms of s. p, d and f of 
the tollow ing species: 

1a> C 
: hl '\a 
iC) . .\I" 
id I S~ 
it') ca: 
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10. (a) State three factors which influence the I st ionization 

energy of an element 
(b) The first eight ionization energies of an element X are 

as follows: 
l'r 578 
,nd 1817 
3rd 2745 
4111 11575 
5111 14830 
6th 18376 
7rh 23293 
8th 27465 

Suggest the group of the Periodic Table to which Xis likely 
to belong. Give reasons for your answer. 



The forces of attraction are the forces that exist within mol, , 
or between molecules. These are described as intrarnol, _ 
and intermolecular forces of attraction. Intramolecular fem .• 
forces of attraction within molecules. These forces are stror _ 
are as a result of chemical bonds. Intermolecular forces are· 
of attraction between molecules and arc weak forces. F1:: 

below summarizes the forces of attraction. 

Forces of attraction 

/I 

I 
The phy sica] state of matter depends on the strength of the f 
of attraction in and between the particles. Solids have strong i 
of attraction \\ hile liquids have moderate forces of attraction 
gases hav e weak forces of attraction. Physical properties sue 
boiling point. melting point and solubility depend on the t~ pi 
forces of attraction present in compounds. 

Table 2.1 
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vlelting involves breaking the lattice and overcoming the forces 
of attraction. The energy required to melt an ionic compound is 
high as it must overcome strong electrostatic forces of attraction in 
the lattice. For example. sodium chloride melts at approximately 
800°C. 

In simple covalent compounds. the molecules are held together 
by weak \ an der Waals forces and therefore the melting point 
is lower than ionic compounds. Metallic structures arc held 
together by strong metallic bonds. The energy required to break 
the metallic lattice is relatively high \\ hen compared to ionic and 
covalently bonded compounds. 

CHEMICAL BONDING 

A bond is defined as a force of attraction that holds two or more 
atoms. ions or molecules together. This attraction is established 
between particles carrying positive and negative charges or 
between the positively charged nucleus and electrons. 

In 1916. Kosse! and Lewis observed that like the noble gases 
( except He). many elements were most stable when they contained 
eight electrons in their valence she I I. They proposed that elements 
with less than eight valence electrons either gain. lose or share 
electrons to achieve a stable electronic configuration similar to 
that of the next higher or lower noble gas in the periodic table. 
As a result. chemical bonds were formed from the interaction 
of the electrons of one atom with the other. While some of their 
predictions haw since been proven incorrect, for example many 
of the transition metal ions do not haw an electronic structure 
like a noble gas. their work has established the basis of the theory 
of chemical bonding. 

IONIC BONDING 

Ionic bonding involves the transfer of electrons from a metal 
atom to a non-metal atom until the outer shells of the resulting 
ions are similar to those of a noble gas. The metals lose electrons 
and form cations, while the non-metals accept the electrons 
lost from the metals and form anions. The oppositely charged 
cations and anions are attracted to each other by what is called the 
electrostatic force of attraction which is a strong force that holds 
the ionic compound together. Ionic bonds are typically formed 
between metals with one. two or three electrons in their outer 
shells and non-metals with five. six or seven electrons in their 



outer shells. The dot and cross diagrams below show s hr 
bonds are formed in sodium chloride. magnesium fluon ~ 
lithium oxide. 

l 

In the formation of sodium chloride. each sodium atom d 
its one outer shell electron to a chlorine atom forming '\ 
CJ- ions. 

@ 
~ 

l 

r@ 
l+ 

fig. 2 J. ><. '· -al__!h.1_.) uf 

\ 1agnesium atom loses its two outer shell electrons to forrr 
ion while each fluorine atom gains one electron to form F 

ooc 
Fig. 2.3 Formation of 

magnesium fluorid 
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Each lithium atom loses its one outer shell electron to form Li 
ions while oxygen gains two electrons to form 02- ion. 

0 0 

Prupertiev of ionic compound- 

..;> They arc usually crystalline solids. Their regular 
arrangement of ions results in electrostatic attraction 
throughout the lattice imparting rigidity and strength to 
the structure . 

..;> They have high melting points, boiling points, heats 
of fusion and heats of, aporization. A large amount of 
energy is required to break the solid structure that is 
held together by strong electrostatic attraction . 

..;> They are hard and brittle. When a force is applied. the 
like charges repel each other which results in the crystal 
being shattered . 

..;> They conduct electricity when molten or dissolved 
in water. The ions are free to move therefore mobile 
charge carriers are present to conduct electricity. They 
do not conduct electricitv in the solid state because the 
ions ha, e restricted motion and are not free to move . 

..;> They are usually soluble in water. They have charges 
and will have solute-solvent interactions with polar 
water molecules. 

Factor, influencing formation of ionic compound, 

Atoms gain or lose electrons to form ions. Thus the ionization 
energy and the electron affinity can be used as measurements of 
the ease with which ions are formed. In addition, there is also an 

Fig. 2.4 Formation of 
lithium oxide 



energy change when the separated ions are brought toge 
form the ionic compound. This is called the lattice energy 
is the energy change when one mole of an ionic compc 
formed from its gaseous ions under standard conditions. 

\ letals tend to give up electrons easily especially group 
group : metals. In so doing the metals form ions once 
ionization energies can be supplied. 

Consider the following examples: 

'\.a ____.. Na+ + e- l 'l ionization energy = 494 k.l m 
{g:1 

\I£ --- Mo- + e ) st ionization energy= 738 kl m 
~ lµI 

\k -• Mg2+ + e" 2nd ionization energy= 1451 kl 1 
lg) 

.\ I ____.. AP + 3e- ] '' + 2nd + 3'J ionization enerzv 
lg) -- 

5 7 5 + 181 7 + 2 7 4 5 = 5 13 7 kJ m 

Sodium has the lowest ionization energy value and has a ten 
to form ions faster than Mg or Al. It requires about four tirn, 
enerzv for Mg (g) to form Mg2 (g) than for Na (g) to form\ 

"-~ .._ ...... - .._ .._. 

Also it takes about ten times the energy for Al (g) to form . .\ 
than for Na (g) to form Natg). Generally smaller iomz 
energy \ alues facilitate ion formation. Cations with single ch 
are formed more readily than cations with double charges 
cations with triple charges are not formed as readily as ca 
\\ ith single or double charges. 

lonization energy values are affected by atomic radii. size 0 
nuclear charge and the screening effect of the inner electrn ~ ~ 
: · ese factors influence the outer electrons such that the ioniz 
:11erg:,. \ alues are too large, it will not be energetically fea 
r ,r 10n formation to take place . 

.\::- the distance between the outer electron and the nu, 
. ncreases. the nuclear attraction for the outer electron decre 
..... ·d the ionization energy decreases. Thus ions are formed t' 
rcadrlx . 

.\,- atoms get larger. the screening effect of the inner ele, 
·-··~'~'l1mes more effective and the outer electrons are looselx 

• the nucleus. Thus the ionization energy decreases and ion 
rorrned more readily. 

For elements with the same number of shells. as the nuclear ch 
increases. the attraction of the nucleus for the outer elec 



increases and the ionization energy increases. However, it must 
be noted that the atomic radii and electron screening can outweigh 
the effect of the nuclear charge. For example, in group I although 
Cs has a larger nuclear charge than Na. it loses an electron more 
readily than Na. 

In order for an anion to be formed. the non metal has to be 
able to accept electrons and become stable. When a non metal 
atom accepts an electron this is called its electron affinity. The 
l " electron affinity is the enthalpy change when one mole of 
gaseous atoms is converted to gaseous ions with a single negative 
charge. Some electron affinity values are given below. 

It should be noted that l '1 electron affinity is the reverse of the l '1 

ionization energy. Generally the more exothermic the electron 
affinity. the more readily an anion is formed and the more stable 
it is. Chlorine has a more negative electron affinity value than 
iodine which implies that chlorine has a tendency to form the 
chloride anion faster than iodine form the iodide anion. 

Electron affinities depend on the size of nuclear charge and the 
atomic radius. The smaller the atomic radius. the more effectively 
the nucleus attracts the incoming electron thus forming an anion 
more readily. The greater the nuc lear charge for atoms of simi Jar 
sizes. the more effectiv ely the nucleus attracts the incoming 

F +e- - F- 
(g) 1g:1 

Cl +e- - Cl 1g1 l~) 

Br -e - Br lg) lg) 

I + e 
1g1 

S +e 
lgl 

-1- 
lgl 

-s tgl 
- s> :gl 

L\H = - 333 k.l mo! 1 

L\H = - 36..J. kJ 11101-1 

L\H = - 3..J.2 kl 11101-1 

L\H = - 295 kl mo! 1 

L\H = - 200 kJ 11101- 
L\H = + 6..J.9 kJ mo! 1 

(211J electron affinity) 

electron thus forming an anion with greater ease. 

On moving across a period from left to right. the atomic radius 
becomes smaller and the nuclear charge increases. It is observed 
that the electron affinity values become more negative indicating 
that the incoming electron is held more firmly by the nucleus 
generating a progressively more stable anion. 

1,• I Tl 

Lattice energy is a measure of the strength of the inter-ionic 



attraction in ionic compounds. For a stable ionic compouno 
be formed from separate ions the overall energy change must 
exothermic. Therefore all lattice energies are negative. Them 
exothermic the lattice energy, the more stable the ionic cornpou 
formed. The lattice energies for some ionic compounds are gi\ ~ 
below. 

Na- + F- --- NaF 6H = - 915 kJ mol' lg) lg) 1,) 

Na- + Cl --- NaCl 6H = - 776 kJ 11101-1 
1g) lg) (:,,j 

Na- + Br- --- NaBr 6H = - 742 k.I mo! 1 
tg) lgl (,) 

Na- +] --- Nal 6H = - 699 kJ mo! 1 
lg) 1£1 IS) 

Mg:- + o> ---. MgO 6H = - 3933 kJ mol 1 
.._ tgl 1_gl '- 1 ... 1 

The force of attraction between oppositely charged 10n, 

directly proportional to the product of the charges on the 1 

ions. Therefore lattice energy increases as the charge of the ; 
increase. 

Consider the charges on NaCl and MgO 

charge on Na"= 1 

charge on Cl = l 

ionic attraction= 1 

charge on Mg> = 2 

charge on O: = 2 

ionic attraction = 4 

Thu, the lattice energy \ alue of \lgO (-3933) is much larger i 
that l)t'',.J(I {- --{)). 

The i ,ru~ of attraction betw een oppositely charged ions is ... 
n er,el~ proportional to the square of the distance betw een 

1, Thi , means that lattice energy is also dependant on the SIL 
the cation and the anion. The smaller these are the more able : 
arc I pack \ er: tightly together in the lattice structure. Ther 
the latuce en erg) increases as the size of the ion decreases. 

Consider the size of the ions in NaCL Mgt,'], and NaBr 

0 
This helps in explaining why the lattice energy of magne , 
chloride (-2489 kJ mo! 1

) is much higher than that of :-- 



. - - 
chloride (-776 KJ mol") and sodium bromide (-742 KJ mol "). 

COVALENT BONDING 

Covalent bonds are fanned when it is not energetically feasible 
for atoms to gain or lose electrons to form ions under normal 
conditions. These atoms share one or more pairs of electrons to 
gain a full outer shell. Each shared pair of electrons is considered 
a covalent bond. Each of the combining atoms contributes one 
electron to the bond. The attraction between the shared electrons 
and the nuclei of the combining atoms hold the atoms together. 

Consider the formation of HCl. 

Fig. 2.5 Hydrogen chl 
molecule 

In this molecule, there is one bonding pair of electrons and three 
non-bonding or lone pairs of electrons on the chlorine atom. 

In some cases, each atom donates two electrons to form two 
covalent bonds. This is called a double bond. Consider the oxygen 
molecule. 

Similarly, a triple bond can be formed when each atom donates 
1 .iree electrons. For example. a triple bond is formed in the ethyne 
molecule. 

Fig. 2. 7 Ethyne molecul 

nether example is the triple bond in the Ne molecule. 

\inkrular orbital 

CO\ a lent bonding, the atomic orbital of one atom overlaps and 
rnbines with the atomic orbital of another atom to form a bond. 
hen atomic orbitals O\ erlap and combine. molecular orbitals 



are formed. Molecular orbitals may be sigma molecular orbitals 
or pi molecular orbitals. Sigma molecular orbitals produce sigma 
bonds while pi molecular orbitals produce pi bonds. 

There are three possible ways for a sigma molecular orbital to 
form. The first possibility is the overlap of the twos orbitals. 

+ 
Fig. 2 

The second possibility is the overlap of ans and a p orbital. 

• 

Fi2. 2.8 b 

The third possibility is the end-on ov erlap of two p orbitals. 

+ 

In a sigma bond, orbital overlap is always along the axis of the 
nuclei so that the bond is centered directly between the two nu .. _ 
A sigma bond gives the maximum possible electron der - 
between the two nuclei therefore it is a strong bond. Compo 
with sigma bonds are stable. 

A pi molecular orbital is form by sideways overlap oftw o par: 
p orbitals that are perpendicular to a sigma bond. The elec 
density of the pi bond is distributed a bow and below the plai ._ 
the sigma bond. The electron density is zero along the avi 
nuclei. A pi bond is weaker than a sigma bond hence comp, 
with pi bonds are reactive. 



+ 

Bond vrrcnuth, hond lenuth and hond enthalpv 

The strength of a covalent bond depends on the effectiveness of 
the overlap between the atomic orbitals. If the overlap is large the 
bond is wry strong whereas a small overlap implies that the bond 
is relatively weak. 

The bond length is the distance between the nuclei of two atoms 
that are bonded to each other. Generally shorter bond lengths give 
rise to stronger bonds. If the bond length is short then the nuclei 
will hold on to the electrons in the cov a lent bond \ ery strong I). 
This implies that there is a very effective O\ er lap bet« ccn atomic 
orbitals. Half the bond length ofa single bond between two similar 
atoms is called the corn/em radius. The bond order is the number 
of electron pairs shared between two atoms in the formation of a 
covalent bond. In the alkanes the bond order between the carbon 
atoms is one since a single bond is present. In the alkcnes the 
bond order is two whereas in the alkynes and in nitrogen the bond 
order is three. 

The molar hand energy or enthalpy · of a bond between two atoms 
is the energy required to break 1 mole of the bonds between the 
atoms. Bond energy values are a direct measure of the strength of 
a bond. The higher the bond energy, the stronger the bond and the 
more stable is the compound. Factors affecting bond energy are: 

.;) Bond length - shorter bond length. stronger bond and 
larger bond energy e.g. the bond energy of H - H is 
+-B6 kJ mo! 1 while that of F - F is+ I 58 kJ mol' . 

.;l Number of bonds (single. double or triple bonds) - the 
triple bond in nitrogen is strong compare to the single 
bond of C - H. Nitrogen molecules are described as 
being relatively inert in nature and undergo \'ery few 
reactions. This inertness results from the shortness 
and strength of the triple covalent bond present in the 
molecule. Short bond lengths imply that the covalent 
bond in the molecule is very strong and a lot of energy 
is required to break it apart. The bond energy of N2 

2.9 



is very large ( 99-1- kJ mol ") that is only broken under 
extreme conditions such as in lightning discharges or in 
the internal combustion engine. 

N=>l 
99-1-kJ mol' 

C-H 
-l-13kJ mol 1 

.;) Types of bonds - sigma bonds are stronger than pi bonds 
therefore the bond energy is higher for a sigma bond . 

.;) Bond polarity - higher the polarity. stronger the bond 
and larger the bond energy e.g. bond energy of H - F is 
+568 kJ mol' while that of H - Cl is +-1-32 kJ mcl'. 

Hund l'tll'I!!\ , uluc-. .-:;n !)e u- ,:f1 t:; 

~ compare the strengths of bonds 
.;) understand structure and bonding 
~ estimate the enthalpy changes in reactions 
.;) understand the mechanisms of chemical reactions 

Table 2.2 

In a covalent bond. the electron density can be symmetrically 
distributed between the two atoms constituting the covalent 
bond or they can be unsymmetrically distributed. Distribution 
of electron density is dependent on the electronegativity of the 
elements inv olved. Electronegativity measures the ability of an 
atom to attract an electron in a covalent bond. A covalent bond 
formed between atoms which differ in clectroncgativity is called 
a polar covalent bond. The bonding electron density is greater in 
the region of the more electronegative atom. This uneven sharing 
of the electron density results in the bond being slightly positive 
at the less electronegative end and slightly negative at the more 
electronegative end. See Fig. 2.10 
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. ..\ molecule such as HCl is described as a polar molecule because 
it contains partial charges. The bond strength increases in a 
polarized covalent bond due to the electrostatic attraction between 
the slightly positive and slightly negative terminals. 

Table 2.3 

I 

CO-ORDINATE OR DATIVE COVALENT BONDING 

In normal covalent bonding each atom donates one electron to 
the covalent bond. However in some cases it is possible for one 
atom to donate both electrons to create the covalent bond. When 
a covalent bond is formed bv the donation of both electrons from 
one atom, a dative or co-ordinate CO\ alcnt bond is formed. In order 
for a dative bond to form an atom must be present with at least one 
lone pair of electrons that can be donated easily and there must be 
another atom with available space in its orbital to accommodate 
the electron pair. Consider the following molecules: 

BF, Molecule 



NH3 Molecule 
•• 

When BF, and NH3 combine. a new compound w ith the forr 
BF ,- NH_; is produced. Here the nitrogen atom donates 1b 

pair of electrons to the B atom completing its octet. 

. . ----. 

Similarly. when ammonia acts as a base by accepting a proton. 
uses its lone pair to form a covalent bond with H . 

- 
\\ hen \\ ater forms the hydroxonium cation. the oxygen use, 
lone pairs to form a dative bond with H . 

.. 

In carbon monoxide. there is a dative bond between the cart 
atom and oxygen atom in which oxygen donates a lone pair 
electrons to carbon. 

. 
• 

. 
• 

When .-\ICl1 and NH1 combine. a compound with the formu 
AICI.· \:H. is formed. 

• ..-. 



The dative bond formed here is indistinguishable from a normal 
CO\ alent bond and can only be distinguished when the electron 
distributions are worked out. An arrow is usually used to show 
which atom is donating the electron pair. 

_I _I 
·1 ·1 

• • .-.- -.- ~ -- I· I· 
When gaseous molecules of AICl3 are cooled, the molecules 
end up having the formula ALtl6. Aluminium chloride exists as 
a dimer i.e. a molecule made by combining too similar smaller 
molecules. This dimerization process as it is called. results from 
the formation of dative bonds . 

. 2.11 

In transinon metal chemistry molecules called ligands which 
have lone pairs of electrons arc donated into the d-orbitals of the 
transition metal forming complexes such as [Cu(H20)"]' . In this 
complex, water donates lone pairs of electrons into the available 
d-orbitals of copper. 

Another example is the nitrate (V) ion N0
3
- 

r }, r 



METALLIC BONDING 

In metallic bonding. the metal atoms come together and a 
their valence electrons to form a "sea" of mobile elcctr 
which is communally shared among the resulting cations T 
cations organize themselves in a lattice structure in which 
sea of electrons is free to move through the lattice. Repu: 
between cations exists. but the O\ erall attraction betw een 
mobile electrons creates a large electrostatic attraction w hie' 
extremely stable. Consider the formation of metallic sodium 
nine sodium atoms come together. there ,, ill be nine elect 
that are donated to the sea of electrons. 

0 0 
0 

Fig. 2.12 a 

ieta..llic bonding 
1D L .di ,...,..1 

0 0 

0 0 

0 0 

Consider the formation of metallic magnesium, when nine at 
ombine. there \\ ill be eighteen electrons donated to the sea 
electrons. 

0 

or ~h!' I Mg> I :S1g> ) 0 

ig. 2.12 b 0 >--<. >--<. >--<. 0 
,~ 

,;f etallic bonding o~(\O gnesium 
0 

0 0 

Con sider the joining of nine aluminium atoms. there will 
t\, entv seven electrons donated to the sea. 



·- .. - . .. - ... -- - 
0 

0 

0 
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00 

0 
0 
0 

Oo 
0 

Fig. 2.12c 

Metallic bonding in aluminium 
0 

Generally the more electrons donated towards the sea of 
electrons. the stronger the metallic bond. Also the smaller the 
cations. the more tightly they arc packed in the lattice of cations 
so increasing the strength of the metallic bonds. Aluminium is 
therefore expected to haw a higher melting point and is stronger 
than magnesium. 

~ Usually high density solids with high melting and 
boiling points. 
Good conductors of heat and of electricity. The mobile 
electrons act as mobile charge carriers which make 
metals good conductors. 

a Shiny. usually reflecting light of all wavelengths, 
~ Malleable and ductile. When stress is applied the 

cations can slide O\ er each other and as such metals can 
be beaten into shapes and drawn into wires. 

INTERMOLECULAR FORCES OF ATTRACTION 

Intermolecular forces of attraction can be defined as the attractiv e 
forces between molecules. They are generally \ ery weak, too 
weak to be called bonds ( in relation to intramolecular forces such 
as. ionic. covalent and metallic bonding). However, if these forces 
did not exist. gases would not be able to condense to 1 iquids, 
nor would liquids be able to freeze to form solids. When the 
two aforementioned processes occur. heat energy is given out as 
molecules attract one another and bonds are fanned. Conversely, 
heat energy has to be supplied to melt a solid or v aporize a liquid 
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because energy is needed to overcome the attractix e forces hold in= 
the molecules together. Thus intermolecular forces are responsib . 
fo\: C:ClIB\)Cl\l\:\ClS ~~\S\.\\\%, o.~ SIJ\\ClS, \\(\\l\ClS o.\:\Cl %0.S~S. :\.\\ m,'. 
experience intenno\ecu\ar attractions ho\\ e, er the am 
weaker in some molecules than in others. Intermolecul ·' 
of attraction are classified into three types. These are 
Waals forces. permanent dipole-dipole attractions and h~ 
bonding. 

:~n aal 
Van der Waals forces are the weakest of all the intenn 
forces. These exist between non-polar atoms or molecule 
generally result from the shifting distributions of the .. c, 
cloud within the atom or molecule. These interactions " ... 
documented by J. D. Yan der Waals. a Dutch physicist and i >: 
Originally Yan der Waals forces referred to all interrn 
interactions however it is now specifically referred to as in, 
dipole-induced dipole attractions in many texts. 

On average the electron cloud of a non-polar atom or m 
is evenly distributed. However since the electron cloud 
state of continual motion. at a given point in time. the ,: ... 
cloud may be more concentrated on one side of the a. 
molecule more than the other. This gives the atom or ITl· 
a temporary dipole moment i.e. opposite charges separar, 
small distance. 

The resulting dipole induces dipoles in the neighbouring at 
molecules and these then attract each other. These attract, 
called induced dipole-induced dipole attractions or instant.. 
dipole attractions. Examples of atoms and molecules \\ 1· 
der Waals forces of attraction are liquid noble gases or Br 
respectively. 

As the electron cloud continues to move. the direction of 
in the atoms and molecules change but the intermolecular 
of attraction remain. The overall electron densitv remain- ~ 
distributed within each atom or molecule as no permanent 
exists. 



As the number of electrons increases in a system, the size of the 
temporary partial charges also increases. This results in stronger 
attraction between atoms or molecules and leads to the conversion 
of gases into liquids and liquids to solids (change of state). This 
trend can be seen in group VII of the periodic table. As we descend 
the group of halogens. there is a change of state from gas to solid 
(Cl2 is a gas, Br2 is a liquid and 12 is a solid) due to stronger van 
der Waals forces. 

Similarly, stronger van der Waals forces lead to an increase in 
melting and boiling points down group VIIL the noble gases. 
Helium, which only has two electrons, has a boiling point of 
-269 °( while Radon with an atomic number of 86 has a boiling 
point of -62 °C. 

Another example of van der Waals forces is seen in graphite, 
one of the allotropes of carbon. In graphite, the carbon atoms are 
bonded to three other carbon atoms (bond angle =120 degrees). 
As a result, one p-orbital is above and below the plane of a layer. 
This p orbital is unaffected by bonding and contains one electron. 
The p orbitals overlap forming a delocalized electron cloud. As 
a result van der Waals forces loosely hold the layers in graphite 
together. The distance between layers is 0.335 nm as opposed 
to the bond length of 0. 1-1-2 nm within a layer (longer bond are 
weaker). 

Fig. 2.15 

The van der Waals forces between layers of graphite are 
responsible for its soft and slippery property. It is therefore an 
effective lubricant c.g. in WD--1-0. Graphite is also an electrical 
conductor due to the presence of mobile charge carriers between 
the layers e.g. dry cell batteries made from graphite. 



Permanent dipole-pc rmunvnt dipr k 

Permanent dipole-permanent dipole attractions exist betv c, 
polar molecules. These are molecules in which atoms in tr-. 
covalent bond differ in electroncgativity. The bonding electr 
density is greater in the region of the more electronegative atom 
This uneven sharing of the electron density results in char; , 
dispersion in the molecule which gives rise to a permaner= 
dipole. HCl molecule is an example of a polar molecule ,, ith _ 
permanent dipole. 

2 

The neighbouring molecules are attracted to each other forming 
permanent dipole-permanent dipole attractions. Permanent 
dipole-permanent dipole attractions are stronger than induced 
dipole-induced dipole attractions. 

H 
6+ 

H 
o~ 

l 
ditH• 

A hydrogen bond is a permanent dipole-permanent dipole 
attraction between a hydrogen atom that is covalently bonded to 
an electronegative atom ( F. 0 or N) and an unshared electron pair 
on another electronegative atom. Hydrogen bonding is different 
from permanent dipole-permanent dipole attractions in other 
polar molecules in that a hydrogen atom has no inner electrons to 
set up forces of repulsion with the non-bonding electrons of the 
other atom. This gives rise to stronger intermolecular forces. 
The two examples below show hydrogen bonding it) water 
molecules and in ammonia molecules. 

~ Hydrogen bond 

' ., I>+ • o+ •• ....... -- . 
••()- 

!······ 
' \ 
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Hydrogen bonds are stronger intermolecular forces of attraction 
than ordinary permanent dipole-permanent dipole attraction. 
These bonds are directional and are shown as a dotted line to 
indicate that they are weaker than a covalent bond. There is a 
proton being shared between the two clectronegati ve atoms. 
the proton is said to be in a dynamic state ( 'flickering between 
atoms'). 

Hydrogen bonding has a significant effect on the boiling points 
of compounds in which it exists. Substances with hydrogen 
bonds have unusually high boiling points due to the extra energy 
that must be used to separate these strong intermolecular forces 
between the molecules. For example NH,. H,O and HF have . - 
much higher boiling points than expected. If we compare. the 
boiling point of H.:P ( 100°C) to that of a molecule of similar 
molecular mass which does not undergo hydrogen bonding such 
as CH .j (-16..J. °C ). water has a much higher boiling point. 

The presence of hydrogen bonds also affects the solubility of 
compounds in polar solvents e.g. C2H50H in H20. Both the 
ethanol and the water are molecular substances with 0-H bonds. 
Ethanol dissolves in water because hydrogen bonds are formed 
between the ethanol and water molecules when they are mixed . 

. (\ 
--...• / .• ..... 

··· .. 
;--········ ... 

Hydrogen 
bond formed 

,,.,- .. 

Another example is ammonia dissolving in water. The H on a 
water molecule is attracted to an N of an ammonia molecule to 
form a hydrogen bond. 

I ly drogen bond 

:······ 
' 

Importance 111' hv druuen hundinu in water and ice 

Hydrogen bonding giv es rise to the unexpectedly high values for 
the melting point of ice and the boiling point of water. If water 
behaved as a normal polar molecule it would haw a boiling 
point of about -100°(. However water boils at 100°( which is 
abnormal. The main reason for this abnormal behaviour results 
from the strong hydrogen bonds between water molecules. 



Water strider" Jil-., on the -urtace ot« ater 
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Structure of '"' 

Therefore it takes a lot more energy to break the hydrogen bonds 
to free the water molecules as the gas. Without these hydrogen 
bonds. water would probably exist as a gas at normal atmospheric 
conditions. This means that oceans. lakes and rivers might not 
exist without hydrogen bonds between water molecules. 

Hydrogen bonds also cause water to have a high surface tension 
and a high viscosity. Due to the high surface tension of water. 
smal I objects such as razor blades will float on the surface of 
\\ atcr. Similarly. small insects such as water striders and pond 
skaters can w alk on the surface of water. High surface tension of 
water is also significant to plants. It allows water to rise through 
the x~ lem \ esscls in root and sterns by capillary action. 

• 

Another influence ofhy drogcn bonding in water is its high specific 
heat capacity (ten times that of rock). This means that large 
amounts of heat energy are needed to evaporate small amounts 
of water. Therefore the oceans are slow to warm up during the 
summer months and cool during w inter. Since water can absorb 
a lot of heat with only a small increase in temperature. it aids in 
maintaining the surface temperature of the Earth . 

The arrangement of water molecules in ice creates an open 
structure \\ hich makes ice less dense than water. This is different 
from most compounds which arc denser in the solid state than in 
the liquid state. 

hg. 2 18 

When ice melts. the open lattice breaks down and molecules can 
get closer to each other until water reaches its maximum density 
at --l0C. This means that ice floats on water and water freezes from 
the surface downwards. This anomaly is significant in nature. 
When lakes freeze during winter. ice floats on the surface of the 
water and insulates the rest of the lake from freezing. The densest 
water at --l°C sinks to the bottom of the lake. Thus the majorir. 
of the water in the lake or pond stays in the liquid state and the 
creatures that inhabit the lake can survive. If water behaved like 
an ordinary liquid. the lake would freeze from the bottom up thus 
killing aquatic organisms. 

Another consequence of the abnormal expansion of water occi.. 
when water freezes in pipes and car engines. The resulu=, 
expansions can rupture the metal. the leak only becoming appar, 
when the ice melts. A similar example is seen in the wearhcnr-; 

• 
• 
• 
• 



r erosion of rock. Water seeps into cracks in the rock. freezes 
and expands. The resulting force splits the rock. leading to rock 
fall and slides. 

I h drogl·II hundiui; in plantv and .nritu.rl-, 

Sugars such as glucose contain several polar OH groups which 
~n c rise to a large number of hydrogen bonds. As such glucose 
rs , ery soluble in water. 

0 

OH 

OH 

Glucose is a ready source of energy. Its carbon atoms arc easily 
oxidized to form carbon dioxide. releasing energy in the process. 
However. unlike other hydrocarbon fuels which arc insoluble in 
\\ ater, the numerous OH groups in glucose allow it to readily fo1111 
hydrogen bond with water molecules making it highly soluble 
in water. This allows the glucose to be transported easily within 
biological systems. for example in the bloodstream of animals or 
the sap of plants. The average adult has 5-6 grams of glucose in 
the blood which supplies the energy needs of the body for about 
15 minutes. Thereafter the glucose level must be replenished 
from compounds stored in the liver. Because glucose is found in 
ripe fruits. the nectar of flowers. leaves. sap and blood. over the 
years it has been given various common names. such as starch 
sugar. blood sugar. grape sugar and com sugar. 

Cellulose is formed by large numbers of glucose molecules joined 
by covalent bonds. Since wood is largely cellulose. hydrogen 
bonds are responsible for holding the chains of cellulose together 
in wood. Thus it is easier to split wood along its length where 
hydrogen bonds hold the cellulose chains together rather than 
across where covalent bonds hold the glucose units together. 
Cellulose is used to make paper. Untreated paper becomes soft 
and tears very easily when wet because the cellulose strands form 
hydrogen bonds with the water molecules more readily than they 
do with each other. 

0 



Proteins contain the amide linkage. These l inkages form h) dr ; . 
bonds with each other. The bonds are split very easily w ith 
temperatures and this account for the denaturing of pron, 
and enzymes at high temperatures. DNA molecule look- 
a spiral ladder where the rungs are fanned by base mole, •. _ 
which occur in pairs. These sequences of base pairs represent 
genetic information. The two parallel chains of nucleic acid 
DNA are held together by hydrogen bonds between specific p., 
of bases. 

We have seen numerous examples of the importance of : 
intermolecular forces of attraction ranging from effects on : 
climate to continuation of life, these forces play a \ ital role - 
many aspects of nature and our everyday lives. 

THE VALENCY SHELL ELECTRON PAIR REPULSION THEOc 

The valence shell electron pair repulsion theory predicts the shap. 
and bond angles of simple covalent molecules. This theory suggest 
that the electron pairs around an atom repel each other and arran=-. 
thcmselx es in space so as to minimize the repulsive forces. 

The shapes of molecules are determined primarily by the numbe 
of bonding pairs and lone pairs of electrons around a particu .. 
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atom called the central atom. The interactions between these 
bonding pairs are such that an electron pair in one bond repels 
those of another bond. This interaction is called bonding pair 
bonding pair repulsion. Similarly repulsion between lone pairs 
and bonding pairs is called lone pair-bonding pair repulsion. 
-\lso repulsion between lone pairs is called lone pair-lone pair 
repulsion. 

The strength of the repulsion between electron pairs depends on 
the proximity of each pair to the central atom. Lone pairs are 
closer to the central atom than bond pairs since the lone pairs 
haw no other nearby positive nucleus to pull them away from the 
central atom. Bond pairs are attracted by a second nucleus and so 
they are drawn further away from the central atom. The repulsion 
between electron pairs is inversely proportional to the distance 
between them. Thus lone pair-lone pair repulsion is stronger 
than lone pair-bond pair repulsion which in turn is stronger 
than bond pair-bond pair repulsion. 

Lone pair-lone pair> lone pair-bond pair> bond pair-bond pair 

The presence of a lone pair in a molecule tends to push the other 
bond pairs closer together. This will result in smaller bond angles 
111 molecule containing a lone pair. 

vlolecules may have different shapes depending on the number 
f lone pairs and bond pairs surrounding the central atom. 

These have two bond pairs which arrange themselves the 
maximum distance apart to minimize repulsion. The bond angle 
•. ill therefore be 180° and adopt a linear configuration. Examples 
nclude BeCL and CO,. 

- - 

I/ill/I 

180 

(\ Fig. 2.20 

ln carbon dioxide. a double bond acts as a single pair of shared 
.Iecrrons. Similarly in a triple bond like ethyne. the electrons act 

a single pair of shared electrons. 



Trigonal planar molecules 

These have three bond pairs around a central atom which arrange 
themselves at maximum distance apart to minimize repulsion. 
A trigonal planar molecule is therefore produced with a bond 
angle of 120°. Examples include BF 3, S03 and the H:C=CH: as 
in ethene. 

t 

/ Fig. 2.21 

rrtrn, cdral molecules 
These have four bond pairs around a central atom which arrange 
themselves at maximum distance apart to form a tetrahedral shape 
with bond angles of 109.5°. Examples include CH-1, CHCl1 and 
POC13. 

1 

I 

/ 
Fig. 2.22 

Trigonal hipv ramidal molecules 

These have five bond pairs around a central atom. The bond 
pairs arrange themselves to form a trigonal bipyramidal shape. 
Three atoms form the trigonal plane with bond angles of 120= 
while two atoms form the pyramid which is perpendicular to the 
trigonal plane. Examples include PF_., and PCl_.,. 
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Fig. 2.23 

Octahedral muleculcv 

These have six bond pairs around a central atom. The bond pairs 
arrange themselves to form an octahedral shape with bond angles 
of 90°. e.g. SF~. 

F Fig. 2.2 

Effect of lone pair, on the shape .. of molecule- 

The presence of lone pairs influences the shapes of molecules. 
The number of bond pairs and !one pairs are used to predict a 
suitable structure for a molecule. Remember that the lone pairs 
repel the bond pairs more strongly. 

One lone pair - If one lone pair is present in a molecule with 
t\VO bond pairs, the three pairs of electrons arrange themselves 



at maximum distance apart to form trigonal pl 
However the lone pair wi II repel the two bond pair, _ 
and the molecule will be V-shape e.g. SO: and SnC l 

\\ 

Fig. 2.25 / / 
If one lone pair is present in a molecule with three bond 
four pairs of electrons arrange themselves at maximum 
apa11 to form a tetrahedral shape. However the lone - 
repel the three bond pairs closer together and the mol 
a trigonal pyramidal shape with bond angles less than l f 
example. ~H. has a bond angle of 107°. 

\\ 

ig, 2.25 b 
1~107° 

----- ---- 
Two lone pairs - If two lone pairs are present in a molecu'; 
two bond pairs, the four pairs of electrons arrange themsel 
maximum distance apart to form a tetrahedral shape. He 
the lone pairs will repel the two bond pairs closer together ar 
molecule will be V-shape with bond angle less than 109.5 
example, H:P has a bond angle of 105°. 

G 
/g 

If two lone pairs are present in a molecule with four bond p;.i 
the six pairs of electrons arrange themselves at maximum distar 
apart to form a octahedral shape. However the lone pairs · 
repel the four bond pairs closer together and the molecule \\ ii 
square planar with bond angles of 90°, e.g. XeF-1. 

F @ F 1~=77 
~~/ 

F ~F 6b 



Cations and anions also assume particular geometry that can be 
predicted by the VSEPR theory. 

~ 
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Carbon has the ability to mix and rearrange the four orbitals in the 
outer shell. This property is called hybridization. Carbon has the 
electronic configuration I sc 2s: 2pc and can promote an electron 
from the 2s orbital to the empty 2p orbital. Since both the 2s 
and the 2p subshells are half-filled, the excited state is relatively 
stable. 

H t,. t t - ·- - 
l,- ,2...,..: 2p' 

H t t t t Fig. 2.2 - - - - - 
1,- 2s 2r 

Two or more atomic orbitals can mix to create new orbitals of 
equal energy called hybrid orbitals. If the s orbital and all three 
p orbitals mix, then four hybrid orbitals of equal energy level are 
formed. This type of mixing is called sp3 hybridization. 



t t t 

Fig. 2.2 

This type of mixing occurs in the ethane molecule ( C ,H ). Each 
- " carbon atom is singly bonded to the other carbon atom and 3 

hydrogen atoms. The 2s and all three of the 2p orbitals in each 
carbon atom are mixed together to produce -+ identical hybrid 
orbitals. These overlap end-on with the atomic orbitals in the 
other atoms to give sigma bonds. 

Fig. 2.30 

If the s orbital and two of the p orbitals mix, then, three sp ' hybrid 
orbitals of equal energy level are formed. 

t t 

1 
t t 



Fig. 2.3 

This type of mixing occurs in the ethene molecule ( C :H ./ Each 
carbon is sigma bonded to the other carbon atom and 2 hydrogen 
atoms. The 2s and two of the 2p orbitals in each of the carbon 
atom are mixed together to give 3 identical hybrids. These overlap 
end-on to give three sigma bonds. 

bond formed by 
1p:-s ov erlap 

U?. 2.32 

The one electron remaining in each of the unmixed pure p orbital 
of the carbon atoms overlap sideways to form a pi bond above 
and below the plane of the sigma bonds. 

Like ethene, the carbon atoms show sp" hybridization in benzene 
( C nHJ Each carbon atom forms three sp: hybrid orbitals and 
one unmixed pure p orbital. The hybrid orbitals overlap with the 
carbon and hydrogen atoms to form a planar hexagonal ring of 
sigma bonds. 

Fi2. 2.3 

The rernaimng six unmixed p orbitals are all parallel to one 
another, each containing one electron. The p orbitals overlap 



sideways at right angles to the planar hexangonal ring forming 
three pi bonds. 

H H 

Since there are two equivalent choices for the arrangements of the 
single and double bonds in the molecule, the structure is called 
a resonance hybrid. The three pi bonds are delocalized over the 
\\ hole molecule i.e. the electrons are not in one particular place but 
arc in constant continual motion. Hence they form circular ring, 
of electron density a bow and below the plane of the molecule. 

H II 

Fig. 2.33 c 

CRYSTALLINE SOLIDS 

A crystalline solid has a definite repeating arrangement of atoms. 
molecules or ions in a crystal. This arrangement is known as 
the crystal lattice. The hardness of a crystalline solid depends 
on the strength of the bonds that bind the atoms, molecules or 
ions in a crystal lattices. Diamond and silicon are hard and brittle 
because the bonds holding the lattices together are quite strong. 
In graphite. although the bonds within the hexagonal layers are 
strong, only weak \ an der Waals forces hold the layers. Hence 
graphite is slippery and soft. Similarly, only weak van der Waals 
forces hold molecules of iodine together causing it to sublime on 
heating. Metal atoms are held together by a cloud of delocalized 
electrons, the strength of the bonds depend on the size of the metal 
atoms and the number of bonding electrons. There are various 
types of solid structures each varying in the types of bonding and 
the forces of attraction holding the molecules together. These 
include: 

~ Simple molecular substances e.g. I
2 

~ Giant molecular substances e.g. SiO_., 
~ Ionic e.g. NaCl 
~ Metallic e.g. Cu 



~ Giant atomic e.g. diamond and graphite 
~ Hydrogen bonded e.g. ice 

Simple molecular lattices 

The atoms of a molecule are bonded covalently, however the 
separate molecules in the crystal lattice are held together by weak 
, an der Waals forces of attraction. These weak intermolecular 
forces of attraction allow the molecules to separate from each 
other easily when heated. For example, ifa small amount ofenergy 
is supplied to the solid iodine, the weak van dcr Waals forces of 
attraction arc disrupted and the solid sublimes. The shiny black 
iodine crystals are com ertcd into a purple vapour. The crystals 
are soft with 10\\" melting points and low boiling points. Simple 
molecular substances do not have any charged particles therefore 
they do not conduct electricity. 

Fig . .2.3-l below shows the arrangement of 12 molecules in 
crystalline iodine. The molecules are arranged in a face-centred 
cubic crystal lattice. This means that there is a molecule at each 
corner of a cube and one at the centre of each face. 

dine crystals 

Giant molecular structures 

Silicon dioxide ( Si02) is an example ofa giant molecular structure. 
Since silicon is a larger atom than carbon it can form only a single 
covalent bond with an oxygen atom. The p orbitals on the silicon 
and the oxygen are not close enough to allow sideways overlap 
to form a stable pi bond. Each si I icon atom can therefore bond to 
four oxygen atoms. This gives rise to a giant covalent molecular 
structure in which each Si atom is bonded to four oxygen atoms 
and each oxygen atom is bonded to two silicon atoms. The 
bonding between the atoms forms a three dimensional network in 
which the ratio between Si and O atoms is I :.2. Thus the formula 
of silicon dioxide. Si02• is an empirical formula. 

Fig. 2.34 



There are three crystalline forms of SiO:. These are quartz. 
tridymite and cristobalite. Of these, quartz has the simplest 
arrangement which is based on a diamond structure. Fig. 2.35 
below shows how each silicon atom is bonded to four oxygen 
atom . 

Quartz • • • 

Fig. 2.35 
ilicon di e 

The covalent Si-0 bond energy is 444 kJ mol'. The combined 
strength of all the covalent bonds in the macromolecular structure 
gives great strength and regularity to the structure. As such. a large 
amount of energy is required to break the structure apart. Si02 has 
a melting point of l 700°C. The macromolecular structure does 
not hav e anv delocalizcd electrons therefore it is a non conductor 
of electricity. In automobiles fitted with spark plugs, Si02 is used 
as part of the insulator. 

• 
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Sodium chloride forms a crystal lattice that has a giant ionic 
structure. It is an orderly arrangement of ions in a cubic pattern. 
Each sodium ion is surrounded by six chloride ions while each 
chloride ion is surrounded by six sodium ions. Thus sodium 
chloride is described as being 6:6 co-ordinated. The repulsion 
between ions of like charges is outweighed by the attraction 
between the oppositely charged ions resulting in strong 
electrostatic forces of attraction which holds the lattice together. 
Thus sodium chloride has a high melting and boiling point. It is 
also hard and brittle such that when a force is applied. the like 
charges repel each other resulting in the crystal being shattered. 
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Fig. 2.36 

Sodium chloride is soluble in water, The sodium ions are attracted 
to the lone pairs on water molecules to form co-ordinate bonds 
while hydrogen bonds are formed with negative ions and water 
molecules. These attractions between the water molecules and 
the ions are large enough to overcome the attractions between the 
ions themselves so making sodium chloride soluble in water. 

Sodium chloride does not conduct electricity in the solid state 
because there are no free electrons and the ions have restricted 
motion and are not free to move. However it conducts electricity 
\\ hen molten or dissolved in water. The ions become free to 
move therefore mobile charge carriers are present to conduct 
electricity. 

These consi stofatoms arranged in a giant structure.Carbon can exist 
as diamond. graphite and more recently the Buckministerfullerene 
structure. Although these structures consist of the same element 
they have unique and differing properties. 

· 11, <tru. r;, 

• 

Fig. 2.37 
Diamond 

In diamond. each carbon atom is covalently bonded to four other 
C atoms in a tetrahedral arrangement, The bond length ( C-C) is 
0.154 nm and the bond energy is 350 Id mo! 1• Diamond is a 



massive giant atomic structure consisting of only carbon atom, 
This three dimensional network of C atoms confers great strength 
and rigidity to diamond. it being one of the hardest substance 
known to man. Its melting point is well above 3000°(. Bein; 
hard. diamond is used to make drill bits for oil exploration and 
diamond tipped tools are used for cutting and engraving glass 
No free electrons are present and hence it is a non conductor 01 

electricitv. 

2.38 

Graphite 

Graphite is also made up of pure carbon but each carbon atom 
is bonded covalently to three other carbon atoms. The carbon 
atoms are arranged in layers. The fourth electron of each carbon 
atom is in a p orbital which overlaps above and below the plane 
of the layer forming a delocalized electron cloud. This bond is so 
long (0.335nm) that the electrons in it are not bound and are free 
to move throughout the structure. Their movement is restricted 
to one plane, and so graphite conducts electricity but only in the 
plane between the layers not through the layers. Graphite is soft 
compared to diamond due to the weak bonds between the layers. 
It is used as a lubricant because the layers can slide over each 
other. 

In 1985 a new allotrope of carbon was discovered. It was a closed 
cage structure molecule containing 60 carbon atoms arranged like 
a soccer bal I. This new molecule was named Buckminsterfullerene 
or 'bucky ball'. It got its name from a building in Montreal with a 
similar shape which was designed by Buckminster Fuller. 
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Many similar molecules containing different numbers of carbon 
atoms have since been been discovered. These substances are 
known as fullerenes. 

Ice has a well-defined tetrahedral structure in which each 
H20 molecule is hydrogen bonded to four neighbouring H20 
molecules. Two of the H20 molecules are hydrogen bonded to 
the oxygen atom on a central H20 molecule while each of the 
hydrogen atoms on that central H20 molecule is hydrogen bonded 
to neighbouring H20 molecule. 

This basic arrangement repeats itself in three dimensions to build 
the ice crystal. The hydrogen bonds are represented by the dashed 
lines in the structure of ice in fig. 2...J.O(a) . 

• ~-· - . • 
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The arrangement of water molecules in ice creates an open 
structure which makes ice less dense than water. This is different 
from most compounds which are denser in the solid state than 
in the liquid state. Hydrogen bonding also gives rise to the high 
melting point of ice (0°C). This is much higher than a normal 
olar covalent molecule. 



Metals consist of layers of atoms packed as closely together as 
possible in a regular lattice. Each atom loses its outer electrons 
into a cloud of delocalized electrons which are free to move 
around the lattice. This gives rise to a strong structure with non 
directional bonds. The layers allow slippage and the ions can 
easily re-bond in the cloud of electrons. 

Metals atoms are thought of as identical spheres which adopt 
relatively simple structures. The most common crystal patterns 
associated with metals are simple cubic ( s.c. ), body-centered 
cubic (b.c.c.), cubic close-packed (c.c.p.) and hexagonal close 
packed (h.cp.). 

In simple cubic packing. each atom is packed next to and directly 
on top of another sphere. Thus each atom touches four identical 
atoms in the same plane and one above and one below the plane. 
Hence it has a coordination number of 6. 

§§§~ 

A simple cubic structure is not an efficient \\ ay of using space. 
Only about half of the available space is actually occupied by the 
atoms, the rest is empty space. 

In body-centered cubic packing, there are two different types of 
layers. The atoms in the second layer are packed above the holes 
in the first layer as shown in the figure Fig. 2.-.J.2. Atoms in the 
third layer are packed above the holes in the second layer and 
so on. The result is an ABABAB ... pattern. An atom is arranged 
at each comer of a cube and one atom at the body center of the 
cube. The corner atoms do not touch one another but each touches 
the central atom along the diagonal of the cube. Each atom is 
surrounded by 8 other atoms hence the coordination number is 
8. 



The packing has about 68% efficiency in this lattice. The atoms 
occupy more space than in a simple cubic lattice. 

In the cubic close-packed structure. there are three different types 
of layers and the structure has an ABC ABC ... pattern. None of 
the atoms in each layer is directly above the other. 
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An atom is arranged at each corner of a cube and one atom at the 
center of each of the faces of the cube. The cubic close-packed 
structure is also called a face-centered cubic (f.c.c.) structure. 
Each atom is surrounded by 12 other atoms hence the coordination 
number is 12. The atoms use about 74° o of the available space for 
packing. 

0 0 

0 
Fi2. 2 

\lctals with cubic close-packed structures tend to be maleable 
and ductile. Examples of cubic close-packed metals are gold. 
sil . er. copper and aluminium. 

In the hexagonal close-packed structure. there are two different 
t) pes of layers of atoms. The top and bottom layers consist of 



six atoms arranged in a hexagon and one atom at the center of 
each of the hexagon. The middle layer consists of three atoms in 
between the top and bottom layers. The atoms in the third layer are 
positioned directly above the first. The result is an ABABAB ... 
pattern. 

1~. 2 
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The hexagonal close-packed structure has the same packing 
efficiency as the cubic close-packed structure. 
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I. Draw dot and cross diagrams to show the electronic structure 

of the following substances and predict the shapes of each 
molecule. 

(a) AIF1 

(b) NH1 

(c) Alf 1. NH1 

2. (a) Explain what is meant by the term ionic bonding. 
(b) List three properties of ionic compounds 
(c) Draw a dot and cross diagram to show the electronic 

structure of each atom in calcium fluoride. 

3. Explain how metallic bonding accounts for the electrical 
conductivity of metals. 

4. Describe the intermolecular forces of attraction in each of 
the following molecules. 

(a) NH, 
(b) CO, 

- 
(c) H,O 

- 

(d) 1, 

5. Account for the following observations as fully as you can: 

(a) The boiling point of ammonia (-33°C) is higher than 
that of phosphine (-87°C ). 

(b) Nitrogen trichloride molecule is pyramidal in shape but 
aluminium chloride (Al Cl.) is trigonal planar in shape. 

(c) Iodine is a solid crystal which sublimes. 
(d) The boiling point of water is 100°C whereas that of 

argon is -186°C ewn though the relative molecular 
mass of each is 18. 

(e) Carbon dioxide is a gas at room temperature whereas 
silicon dioxide is a high melting point solid even though 
both are covalent molecules. 

(f) Sodium melts at 98°C whereas aluminium melts 660°C. 
(g) The boiling point of water is 1 OWC \\ hereas that of 

ammonia is -33°C. 



6. The bond angles of methane, ammonia, and water are 109°, 
I 07° and 105° respectively. Suggest an explanation for this 
variation in terms of repulsion between electrons pairs. 

7. Give an account of the bonding present in each of the 
following substances and show how their physical properties 
can be related to its bonding: 

(a) iodine 
(b) silicon dioxide 
( c) sodium chloride 
(d) copper 
( e) diamond 
(f) graphite 

8. Use the VSEPR theory to deduce the shapes and bond angles 
of the following molecules: 

(a) PH1 

(b) F,O 
(c) SiH-1 
(d) H,S 
(e) n.o 
(f) NF1 

(g) CF-1 
(h ) SCI. 

9. Carbon has the ability to mix to create new hybrid orbitals. 
Describe the shapes of the following organic molecules in 
terms of their hybrid orbitals: 

(a) ethane 
(b) ethene 
(c) benzene 



Ihe mole concept originated in the nineteenth century by an Italian 
chemist named Amadeo Avogadro. I le slated that equal , olumes 
of gases at the same temperature and pressure contain the same 
number of molecu !es. A I though he had no idea ,, hat the number 
was. his hypothesis did eventually lead tu the determination of 
the number 6.02 x 1 ff·; as the number of particles in one mole of 
a substance ,, hich is cal led the A, ogadro 's number. 

To simplify this concept. just as you would always assume that 
rw elve of anything is cal1ed a dozen. l\\ enty is called a score. one 
hundred is cal1ed a century. one hundred and forty four is called a 
gross. there ,, ill ah, ays be 6. 02 x I ff particles in l mole of any 
substance. Therefore a mole is denned as the amount ofsubstance 
that contains a.!> many particles as there are carbon atoms in J 2g 
ofcarbon- f 2 isotope. 

APPLICATION OF AVOGADRO'S LAW 

I 11H·q11· .. ·1in;::: 1,!;I,\'' ,u, , 111!1111-.- .. tlii-,-,·1 h fr,1111 1 lu.• l_,;,h\lh ~-.i 
1'1lll:1I in 11 

The balanced equation indicates the number of molecules as w ell 
as the number of mules ofreactants and products that are inv olved 
in the reaction. According lo Avogadro's law. equal , olumes of 
gases measured al the same temperature and pressure contain the 
same number of molecules. Therefore number of molecules can 
be replaced by , olumes in the equation. 

Example 1 

Whal , olume of carbon dioxide is produced when 100cm' of 
propane is completely burnt in oxygen? A I], olumes arc measured 
al the same temperature and pressure. 

C1l ll(1g1 + 50, 

From the equation. 

-+ 3(0 + -lH 0 
~I~ I ~ 1 I 1 

I molecule of propane produces 3 molecules of carbon dioxide 

Using Avogadro 's law, 

Amadeo Avogadro 

One mole of carbon 
! 12g) 

- 



- 
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I volume of propane p reduces 3 volumes of carbon dioxide 

Thus I 00 cm of propane produces 3 00 cm 1 of carbon dioxide at 
the same temperature and pressure. 

l ,i11·~ ~~l'l'ou, , olume-, lo lh.·1<.·r111i11t· an u11~110" n formula 
.rnd lhl· cquatiun for~, rcactiun 

By measuring the \ olume of reactants and products. the 
number of molecules taking part or produced in a reaction can 
be determined. This can be used to ,, ork out the formula of an 
unknow 11 compound and the equation for the reaction. 

Example 2 

l O cm of an unknow 11 hydrocarbon. C H,. required 60 cm of 
oxygen for complete combustion. -io cm of cat bon dioxrde ,, as 
produced. Find the formula of the unknow n hydrocarbon and 
write the equation for the rcac lion. A JI , ol umes "ere measured a I 
the same temperature and pressure. 

10 cm of C 11 requires 60 cm of oxygen lo produce -1.0 cm of 
carbon dioxide 

Using Avogadro 's law 

IO molecules of C J-l require 60 molecules of oxygen to produce 
-40 molecules of carbon dioxrde 

Therefore l molecu le of C H requires 6 molecules of oxygen 10 
produce J molecules of carbon dioxide 

C H + 60, - -4CO. - some H,O 

The number of hydrogen can be calculated indirectly from the 
number of oxygen. Since the number of oxygen on the left is I~ 
there must be a to la I of I~ on the right. 8 of those are in the -I.CO_. 
so there are -4 in ihe I LO Therefore there must be -lH,O. 

C H + 60, _. -K'O, + •-rn,o 
From the balanced equation, x =-I.and y = 8 

The hydrocarbon is C H 

The equa ti on for the reaction is CJH, - 60, -1- -4CO, - -I.I LO 
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1 mole of any gas contains the same number of particles and 
occupies the same volume at the same temperature and pressure. 
This is referred to as the molar volume The molar x olume changes 
with temperature and pressure 

Molar volume of a gas at room temperature and pressure trtpi is 
J..J din: 
Molar volume ofa gas at s tandord temperature and press Itri! tstp) 
is J J. 4 dm . 

Thus it is possible to calculate the molar mass from a grv en 
, olumc of gas. 

The molar mass is the mass ot J mole o/ a subs lance expressed 
i11 grams. fl is the muss ofa substance cu111ai11i11g 6.02 x JO~; 
particles ot that subs tunce. 

Example 3 

0.367 g of a gas occupies ~00 cm at I1p. calculate the molar mass 
of the gas. 
I mole of gas occupies ~-t dm (:!-t 000 cm ). 

200 cm of uas w eizhs 0.367 2: ... ~ ... 
2-l 000 cm' of gas will v .. eigh t0.3ti7 x 2-1 000) 

10 
= -1.-l g mol' 

CHEMICAL EQUATIONS 

The chemical equation is a symbolic statement of \I, hat occurs in 
a chemical reaction To write an equation you need to: 

KnO\\ the names of the reactants and products. For 
example 

Magnesium - oxygen --+ magnesium oxide 

Know the formulae of the reactants and products. 

Mg - 0, ~ MgO 

.;) Balance the equation by making the number of atoms of 
each element the same on both sides of the equation 

~Mg 0, --. ~MgO 

Remember nex er to alter anv formula in balancinu - ~ 
equations. 



!_ ·::.. ..... "~ ',_.. --·· ,, -· _d,' - -- - - ~-~- 

.:> Include state symbols 

21\-1 fl + 0, -~ 2\1g0 
- ~ :.! : ,.._ .... I 

I 11t1 it· t·,111.11 ion, 
An ionic equation only shows the ions which take part in the 
reaction and ignore the ions which are unchanged in the reaction 
(spectator ions). The reaction betw een barium chloride and 
sodium sulphate can be w ritten as 

BaCI + Na SO - BaSO + :!NaCl Cla<]I ::! 4[.L,] I ~h I i.J~ I 

Barium chloride. sodium sulphate and sodium chloride exist 
as discrete ions in aqueous solution. thus the reaction can be 
represented as 

Ba~ • :!CJ- + :!Na- 
.1~1 l,hll 1,1'4' 

BaSO + .:!l\a- -:!Cl .Jo• I 1,1<.j I • ,ly I 

so-l- IJyl 

Na (aq) and Cl (aq) ions appear unchanged on either side of the 
equation and take no part in the reaction. These are spectator ion, 
and are cancelled out of the equation so that the ionic equation i 
"ntten as 

Ba 
I J4 I BaS0-1," 

CALCULATIONS USING CHEMICAL EQUATIONS 

,'\ ba la need equation can be used to gi, ea quantitat ive relationsh i r:i 
betv een reactants and products in terms of moles. mass. number 
of rnolecu I es or "ol umes, 

Eu m pie 1 
Potassium nit rate decomposes on heating according to the 
equation 

:!KNO. - .:!KNO + 0 _,1 ... 1 2l'-I ~Cgi 

When 5. 05 g of pota ssiu 111 nitrate is heated. find 

(a) the mass of potassium nitrite produced 
( b) the volume of oxygen gas produced at np. 
( c) the number of molecules of 0, produced. 

I mole Kt--.;O_ = 101 g 
I mole KNO. = 85 g 
I mole 0, occupies ~..i dm at rtp. 



l rorn the equation. 

ia:, ~ moles Kl\O. produces ? moles KNO; 
~O~ g K"'.\/0. produces 170 g KT\0. 

(] 70 X 5.05) 
5.05 g KNO. ,., ill produce .. 

= -L25 g 

•bl ~ moles K"'.\lO. produces 1 mole 0, 

~O~ g KNO. produces 2-l dm · 0. at rtp 
(2-lx5.05) 

5.05 g K~O will produce _:o~ - 

= 0.6 dru' 

ic) I 01 g KNO, = l mole 
.;o 

='.05 g KNO, - llll 
= 0.05 mole 

~ moles K'>lO. produces 1 mole O. 

0.05 mole K1\0. will produce 0.025 mole 0, 

I mole 0. 
0.0~5 mole 0. 

= 6.02 x l oc· molecules 
= 0.0~5 x 6.02 , l O· molecules 
= 1.505 x 1 o:: molecules 

Evarnple 2 

.:o cm' of~ mo) dm · H.S01 reacts with excess Mg according to 
the equation 

Mg + H.SO -,..,, "' 

1 a) Find the mass of magnesium sulphate produced in the 
reaction. 

b) Find the volume of H _ gas produced at rtp. 

The number of moles of H .SO J used in the reaction 
I 000 cm contains 2 moles H:SOJ 

(2 X ~Q) 
~O cm' will contain 1000 

= 0.0-1- mole 



' . - ~ _,I 

From the equal ion. 

(al 1 mole H so~ produces I mole t\.1gS0, 
0.0-1- mole 1-LSO will produce 0.0-l- MgSO~ 

1 mole MgSO = !20 g 
0.0--l mole '.\:]gSO~ = l 20 x 0.0-4 

=- -L8 g 

( b) l mole H: SO produces 1 mole I L at rtp 
0.0-1 mole- H,SO~ \\111 produce 0.0-l mole H. 

I mole H, 
0. 0-1- mole H, 

= ~...i dm al rtp 
= 2-1- X Q_Q..j. 

=0.96 drn 

EMPIRICAL AND MOLECULAR FORMULAE 

The empincal [ormula is the simplest whole number atomic rat 
ofthe clements present in a compound. 

T he molecular formula is a simple multiple of the cmpii • ... 
formula. It shows tile actual number of atoms of the differ ... 
elements in l molecule of the compound. 

Example I 
Whal is the empirical formula of compound which con ta: 
..!3.-1- ~'o Na. l 1.3 ° I) C and -1-5 .. 1 '!·o Oby mass'? 
Element )la C 

Percentage -1-J.-1- II 0 11.3 ° ..j. :- .., 

Combining masses in l 00 g -1-3A I I.., ' - ~ 
""T 

'-. u rnbcr of moles .. n . ..i 11.3 ~ .... ·' 
')., 12 -·" 

=- l .x» U.lJ-1- .., 

Ratio of moles - I 

Empirical formula is Na,CO 

E~amplC' 2 

A hydrocarbon X has a relative molecular mass of 56. Compi. 
combustion of 0.1 g. or X gi\ e 0.316 g of CO. and 0.128 g of 11 
Find [be empirical and molecular formulae of X. 

Mass of C and H in 0. l 2. of X 



-t-1- g CO. contains 12 g C 
(J~xO.J16) 

0 316 g CO, contains - - -t-4 - = 0.086 g C 

18 g H/) contains 2 g H 
(2xO.l2~) 

0128gll,Oco11tains 1i:;, ==O.Ol-tgH 

Flement C 

()_())',,6 

0.086 
I~ 

0.00--,2 
I 

H 

0.01-1- 
()_ 0 1--1 

I 
(J. (J 1--1 

'umber u r mules 

\lnk runu 

Lmpirical formula of Xis CH, 

Since the molecular formula is a multiple In) of the empirical 
formula and the molecular mass of X is 56. then 

n1Cl-l_)=S6 
11 ( l 2 ~ 2) =56 

n = ~6 =-+ 14 
vlolecular formula of X is C"H .· 

TITRATION 

This involves measuring the \ olume of a solution of known 
conccnrration (the stand a rd solution or ti tra n t) whi ch is 
required to react quantirativ el} \\ ith another solution of unknown 
concentration ( anah I~). Generally. the titrant is added from a 
burette Lo a kuov n volume of the anal} te until the reaction is 
complete. An indicator is usually used lo signal the end of the 
reaction. Tl1 e concen [ ration or the u nkno« n solution can then be 
determined from the stoich i ornetry or the reaction and the , ol urne 
of standard solution used in the reaction. Substances of known 
purity are used Lu prepare standard solutions. These substances 
arc called primary standards. 

PRIMARY STANDARDS 

A primary standard is a substance of high purity that is used 
to prepare the concentration of the standard solution in the 
\ o I umetric ana lysi s. It prov 1 des a rcfe rcnc c to dctcrm i Ile unknown 
conccntra lions. 



... 
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Primary standards should have the following properties: 

.J High pur itv it should have a purity of at lea« 
99. 98° 0 . 

.J Stable towards air the composition should not be 
altered on exposure to air. This means it should not be 
oxidized by air. react with carbon dioxide or absorb 
moisture from air. 

..;> Absence of water of crystallization - it should be 
stable to drying. The composition should not change 
when healed. 

-.l Relatively large formula weight - this mininizes the 
relative errors associated \\ ith we ighing. 

~ If should be soluble in titration medium. 

Examples of primary standards are NaHCO .. Na.CO .. KIO. and 
!COOH),. 

Secondary standards are usually solutions of unknown 
concentrations that arc standardized in the laboratory against 
primary standards. 

Example I 

25 cm of 0.1 11101 dm NaOH solution required JO cm of dilute 
sulphuric acid for neutralization. Calculate the molar and mas 
concentration of the sulphuric acid. 

I 000 cm' contains 0. 1 mole of NaOH 
( 0. l "' 25) 

~5 cm contains OI Jl I 
= (l.0025 mole NaOH 

Equation for the reaction 
:::!NaOH 1· H_SOJ -i Na.SOJ .2H.O 

2 moles NaOH reacts \\ ith I mole H ,SO. 
:. 0.00:25 mole NaOH reacts w ith O 00 I :25 mole l CSO~ 

~O cm contains O 00 I ~5 mole H;SOJ 
(0.00]~5 X JOOQ) 

I 000 cm con ta ins ,o 
= 0.0625 mol dm I I.SO, 

I mole H,SOJ = 98 g 
0.06:25 mole H ,SOJ = 0.06~5 , 98 

~ 6.1~5 g drn ' 



• vample 2 

_ 3 cm· of 0.0-l mo] drn · sodium sulphite solution required 20 cm 
f 0.02 11101 dm KMnO_ for complete oxidauon. Calculate the 

number of moles of sodium sulphite \.\ hich react completely with 
mule of KJ\fo() ,. 

000 cm solution contains 0.0--t moles >la.SO 
(0.0-l X 25) 

1000 :5 cm· solution contains 

= (LOOI mole l\a,SO, 

1000 CITI solution contains 0.02 mole K\t1n0
1 

(0.02 X 20) 
I 000 ::'.O cm' solution contains 

0.000..i mole K\t1n0 

11 0004 mole KMnO reacts with 0.00 I mole Na.St), 

mole Kl\1n0" reacts v, ith 0, 1)(11 
0,000-1 
= 2.5 moles Nc1.SO 

Hence the balance equation for the reaction is 

2Mn0, -1- 6H- - 5SO. :- ~so - - ~ 



1. Define the followm g terms: 

(a) mole 
(b) empirical formula 
(c) molecular formula 
(d) Avozadro's law 

2. A compound Z contains carbon. hydrogen and oxygen. and 
has a relative molecular mass of ~6. Complete combustion 
of 1.0 g ofZ zive 1.91 g of CO. and LI 7 g ofH.0 Find the 

..... - L, - ._. 

empirical formula and molecular formula of Z 

3. In a titration inv olv ing potassium manganate (VII) and Fe 
ions. ~5 cm' of an aqueous solution containing Fe " 1011, 
required ~~.-.\.0 cm of 0.0:2 rnol dm = potassium manganaie 
( Vll) for complete reaction. The equation for the reaction rs 

5Fe: ...... Mn0
1
· T 8H _. 5Fe· - Mn - -lH.O 

(a) f-ind the number of moles of MnO" ions used in the 
reaction. 

( h) Calculate the number of moles of Fe- ions in 25 cm· or' 
solution 

(t) Calculate the concentration of Fe: in mo! dm . 

-'· -W (111' of a sol ution of phosphoric acid containin, 
0.9~ g drn reacted with 50 cm· of a solution containing 
Q_6-l g dm ' sodium hydroxide. 

( a) Calculate the number of moles of phosphoric acid use., 
in the reaction 

(b) Calculate the number of moles of sodium hydroxide 
used 111 the reaction. 

(c) Determine the number of moles of sodium hydroxid, 
that will react with I mole of phosphoric acid. 

(d) Using the answer to (c l above. derive an equation fo 
the reaction between sodium hydroxide and phosphor: ... 
acrd. 



' Potassium chlorate (V). KClO~. decomposes on heating to 
potassium chlorate (VII), KCIO~, and potassium chloride. 
Calculate the maxi mu 111 nu 111 bcr of 1110 l es of potassium 
chlorate (Vil) which could be produced from 0.1 mole of 
po.assi um chlorate ( V ). 

When 0.1 l ~ dm or an organic compound Y was burnt in 
excess oxygen. 0.88 g of carbon dioxide was formed at s.t.p 
How many carbon atoms arc there in one molecule of Y? 

Calculate the volume of oxygen required for the complete 
combustion of a mixture of IO cm of methane and IO cm of 
ethane at r.t.p. 

• Find the volume of 0.1 mo] din aqueous silver mtraie 
required to react completely \\ ith ~O cm· of O.~ mo! dm 
solution of ca lei u 111 ch loridc 



Rusting iron 

In earlier times chemises used the term oxidation to mean 
addition of oxygen to a substance or the removal of hydrr _ 
from a substance. The term reduction meant the addition 
hydrogen to a substance or the removal of oxygen fror 
substance. Nowadays oxidation and reduction reactions or rt 
reactions are recognized in terms of electron transfer. ~b 
chemical reactions such as the rusting of iron. the burning 
fuels. respiration and photosynthesis inv oh e red ox reactions. 

OXIDATION AND REDUCTION 

Oxidation is commonly denned as the loss of electrons or 
increase in oxidation state. Take for example. the chem 
reaction 

Zn - ~e _,. Zn· 
•J.-....1 

Here solid zinc has lost two electrons to form the Zn cat, 
There is a change in oxidation state from zero to + 2, there 
an increase in oxidation state. The zinc atom is oxidized to z 
10n. 

Reduction is commonly denned as the gain of electrons or 
decrease in oxidation number. Consider the example 

u 

The cu= cation has gained two electrons to form the Cu ato 
The oxidation state has changed from -2 to 0. show ing a decre. 
in oxidation state. The Cu cation is reduced to Cu atom. 

Oxidation and reduction does not occur independently, th, 
always occur together. Oxidation and reduction reactions 
usually written as balanced ionic half equations. The two ior 
half equations are then merged together to generate a f• 
equation. The two equations above can be written as the ! 
equation below. 

z, n - Cu 

Similarly. the fol low ing redo'< reactions show the oxidation at 
reduction half equations. 



Zn + Pb(NO,L -1 Pb + Zn(NO.), 
t ~ I ' _ 1.1'-Jl t ._I .1. _ (llq I 

ln this reaction the oxidation number of zinc changes from O to 
-::! and that of lead changes from ..1. ~ to 0 

-+ Zn 
__, Pb" 

(.1-J 
oxidation 
reduction 

In the redox reaction 
2Fc· -r ~J -• 2Fe=' + l , 

LHII (,h! I ,I•] I .J ,Ill 

Fe ~ rs reduced and I is ox Id i zed 
Fe + e - Fe- 
21 - 2e ---- I. 

reduction 
oxidation 

REDOX EQUATIONS 

, , 1 , • • • ~ 1 • __ ; .• - • '<;, • • I I t 

The following rules must be applied when balancing half 
equations: 

( 1) Balance the element that rs being oxidized or reduced first. 

MnO~ 
on the LHS 

lMn 

-~ Mn- 
on the RHS 
IMn 

!~) Add the correct number of moles of water to balance the 
oxygen ignoring the amount of H contained in the water 
temporarily. 

MnO -+ Mn~ + -1-H,0 
on the UIS 

..j.Q 
on the RIIS 
-lO from -l molecules of water 

13 l Add H to balance the hydrogen as a result of the hydrogen 
added from water. 

Mn01 r8H - Mn- - -l,H_O 
on the LHS on the RHS 

8H RH from water 

t4) Finally. balance the charges hy adding electrons to either 
side of the equation: 

MnO + 8H - Mn' -1 -l,H,0 
" 

on the LHS on the RHS 
-1-8=-'-7 _.., 

- 
\Ve therefore add fi, e electrons on the left hand side to produce 
a + ~ charze. 



The equation is therefore: 

MnO - + 811 -r 5e ---" Mn: + -1.H 0 
-l 1 ,I 11 I .ltl !,lL,11 ~ t I 

Example 2 

Cr o_: -· Cr3 

Step I: Balance the Cr 

Cr.O." _. 2Cr· 

Step ~: Balance the oxygen with water 

Cr O -• 2Cr" + 7H_O 

Step 3: Balance the hydrogen 

CrJJ_: + 1 "1-1 I -• ~Cr'' 1 7H_O 

Step -k Add electrons to balance the charges: 
Cr_O_"' -- UH- · nc- - ~Cr-1 + 7H,O 

.. 1 '1,_' l.h1 I ;:1q1 ii 

Example 3 

10 - ; J 
--+ I - 3H.O 

- I - · JH,O 
1 ·· + 3H 0 

1.1q " ii 

JO~ 
10 ·· 6H 

IO. .- 6H -·· 6c 
j,lt,.I I.Ai.j' 

Half equations arc written as electrode reactions and usual! 
as reduction reactions. There is an electrode potential , aluc 
( E°) given in , o I rs associated "ith each equation. If the va I u-. 
giv en is posi ti, e then the reduction reaction is an encrgcticall 
feasible reaction ,, hcrcas a nczativ c v alue is considered to be an ._ 

energetically non-feasible reaction. For example 
cu=- - :::!e ~- Cu I" = -0 .3-t V (feasible) 

t,l.:JI "I 

zn-: -2c ~ Zn E'' = -0. 76V (non-feasible, ~ 
Uql ,,, 

A~ e ::;=,, A2: J::'' 0.8V (feasible) 
..__ r JL1l L...- I ~ ' 

In these examples. reaction 1. and 3 are feasible. Reaction 3 
more feasible than reaction I while the negativ e value for rcactior 
2 indicates that it is not energetically feasible and will not take 
place under normal conditions. 



\1 rite a balanced equation from half equations. the 
_ rules must he followed. 

'.\ rite both equations to be combined in different Jines. 

~lnO~- T 811 -se- -+ M112- + -1-ILO (I) 
Fe2 - Fe1·-e (~) 

Bal a nee the e lectrons in each equation. T n equation ~. 
nultiply b} 5. 

Srnke out the electrons from both equations. 

~lnOJ +8H -x __. Mn- --1-H.O 
5fe> __. .5Fe1 

...,... ~ 

.\dd the equation together keeping a II the species Oil the 
l HS of the a now on the L HS and add a II the species Oil 
rhe RHS of the mTO\'\ on the RHS. 

Mn0
1 

+- SH -; !Vin-- - -1-H,O 
5Fe= _.. 5Fc ·- 

'11.foQ 5Fe= -- :-:H - Mn· ~ 5Fe~ ~ -1-H,0 
(balanced equation) 

~ of iron is an example of a redox reaction Solid iron 
. trans to form the Fe cation \'\ hile oxygen combines 
--=- \\ here it gains four electrons to form the hydroxide 

ov erall process can he summarized as shov n below 

I Fe - Fe2- + 2e- 1s1 t.141 

0 + 2H O + -le- - 21g1 2 111 

ation 1 by) 
4QH- 

1.14 

2Fe . - 2Fe> + 4e 
(, I la<) I 

- 0 + 2H O - 2Fe:- + 40H- 2 I s I c I I I I J<jl I aq I 

n converted to iron (Ill) oxidc ee Fe,O,. xH,O (rust). - _, - 

.nced equation for the following half equation 
\1n0~ +SH-+ Se- ___,. \:tn> + -1-H,0 

21- -• I,+ 2e- 

1\1n0j + 16H- - l Ol: -+ 2Mn2- - 8lLO + 51 

equations for the reaction between 
~ o. (S:0.2- is oxidized to S_p,,2 l 
and I in acid solution 



Note that a11 species on the LHS are converted to new specie 
the RI IS. lf a species rs not converted to anything new (specra 
ions). then it is removed from the equation. For example 

10 -t- 6H + 61 I - 3H.O T 31. 

The I on the RHS is removed and one of the I on the LH S 
remov ed giving 

10~ -611 ~51 - 31LOL31, 

Consider this example 

E,111atio11 I 10, - 6H ·1· 6e - I - JH,O 
Equation l 21 -• I,+ ~e 

.l FI rsr ha la nee the e lecn ons in cquat ion 2 by mu] tip! ying 
3: 

61· - JI.-1-6e 

~ Remme the elections from both equations giv ing: 

IO,· + 6H - 1 , JH,O 
61- - 3L 

.;> Merge RH S of both equations and L HS of both equations· 

101 ... 6Il-' 6] - 31, - l T 3H,O 

.;> Finally remove one iodide ion from each side of ch 
equation. 

10. + 6H· - 51 - 31, - 3H,O 

Electrode potential ( E0
) ,. a lues a re a great he Ip in wnnng balance 

equations for redox reactions. The P values tell us the direction 11 

,, I11ch the half-equation proceeds. The more positive the P value 
the stronger is the ability of the substance to act as an ox1d1z111 
agent. For example. 

Equation I 
Et.jlWI ion ] 

Ag + e- --+ Ag 
'-- IJljl I '"'I 

N 1=- + 2e· -i· Ni 
i,hll 

E" = +0.80V 
E" =-0.~5V 

Equation." is not energetically feasible since the E'' is neganve. I 
the equation is re, ersed. the E" becomes positix e and the reaction 
is then feasible. 

Ni,1 
, E" = +0.25V 



We can now merge the following two half equations to produce 
the full equation. 

Ag- + e ---+ A~ 
'- iJLJ I i...:;f.,) 

Ni - Ni' + 2e 
1,1 1,1,L 

P=-0_80V 
P=+0_25V 

Balance the electrons 

:!Ag,.,,· - 1e - 2Ag, P =+0.80V 

Ni 
I 

I notice E" remains the same) 
- 2e P = +0.25V "~. 

\l~rge both half equations 
2Ag , 't\i 

~ 1J'-1 I 1..,1 
2A[! - Ni~ ~,-) .,q1 

P = -l.05V 
1'11 

-\n overal I positive P .. r tells us that the overall reaction is 
i easible. 

OXIDIZING AGENTS 

oxidizing agent is a substance \\ hich accepts electrons. As 
accepts electrons. its oxidation state decreases and it becomes 

"ll"duced. Consider the reaction between magnesium and zinc 
chloride below. 

Me + ZnCl ._I~: :,, ,llj I 1\.12:CL + Zn 
.._ ."tll( ' I ~ I 

The ionic half equations are: 

\1 Q - 2e -• .\1g: 
I>! 01,p 

zn: . - 2...: - Zn 
l,li.... I 

hercfore Z11.:, is the oxidizmz agent. it oxidizes Mg 10 Mg' 
I ,It.. ' .._ ._ ._ '- I .ltl 

-hile itself \\ as reduced to Zn 

he strength of an oxidizing agent is measured by its ability to 
.ept electrons. Standard electrode potential values are a direct 
ieasure of the oxidizing ability of substances. Consider the 
low ing electrode potentials: 

P' va Jue 
Cu' .... 2e _.,,. Cu 

q I 

H - e -~ 1·i H 
(,1q1 ~ll4I 

Zn + 2e - 7n ("y I 

-0.3-lV 

0.00 V 

0.76V 



The more posi l i \ e the E'' \ a lue. l he stronger is the ab i I ity of the 
substance to act as an oxidizing agent. Therefore in the prior list 
Cu is the most powerful ox idi/i ng agent follow ed by H and 
then Zn- as is reflected by their E" values 

The standard electrode potentials for some half equations ar, 
given below. The stronger oxidizing agents hav e the more positive 
E11 values, 

Table -U 

REDUCING AGENTS 

A reducing agent is a substance \\ hicl: has the a bi Ii Ly to donate 
electrons. On giving up electrons. 11s oxidation stale increases 
and it is oxidized. Reducing agents also range in their ability to 
donate electrons. For example. metals tend to gi\ e up electrons 
and 111 is in turn is de.ermined by their ionization energy \ alues. 
F 1cc trode poten tia l \ al ues are a !so good indicators or the reducing 
ability of a substance. 

Table-U 

From ta blc -L~ abov e. the more neua l i \ e the [H val ue, the stronzer ~ - 
is the a bi lit) of the substance lo act as a reducing agent. Therefore 
stronger reducing a gems hav e more negarix e E" \ alues. 



TEST FOR OXIDIZING AND REDUCING AGENTS 

In rcdox reaction. the electrons lost from the reducing agent are 
accepted by the oxidizing agent. Therefore an oxidizing agent 
\\ hich uivcs a \ i \ id colour change \\ hen reduced can be used to 

L ~ 

re s l for a re due ing a gen l and \ i cc , ersa. 

:.a An oxidizing agent liberates I. from KI. 

~I -7 1.-.:e 

Sol u Li on changes from co lour less to brow n. 

~ An oxidizing agent oxidizes F e · (aq J Lo 1-"e (aq) 

Fe: ---4 Fe: + e 

So lu tio n changes from pa le green to ycJIO\\ -brow n 
.J An oxidizing agent precipitates sulphur from H_S. 

8S> · · I 6c w... S. 

Solution forms a ye] low suspension of su lphur . 

.J Areducing agent deco] ourizes acidified potassium manganarc 
(VII). 

T\.foO + 8H _, Sc _, T\.1n- - ...J.H 0 J - , 

Colour changes from purple lo colourless . 

..1 A reducing agent reduces acidified dichromatc (VI l ions to 
chromium ( 111) ions. 

Cr_O_: - 1-1-H - 6e -* 2Cr::.- + 7H,O 
Colour changes from orange lo green. 

SIMPLE DISPLACEMENT REACTION 

Di spl acemeru reacti ons involv e one e lernen l or group 111 

a compound being replaced by another element or group. 
Displacement reactions depend on the oxidizing and reducing 
abilities of substances and whether the substances arc metals or 
non-metals. 
Elements arc arranged in terms ofoxidizing and reducing abilities 
m the electrochemical series. Elements higher in the series arc 
stronger reducing agents while those lower in the series are 
stronger oxidizing agents. Two types of displacement reactions 
are considered next. 



The 111e1a 1 i ron nail displaces 
ihe blue Cu ions from 1he 
C11SO., solution to form the 
brown metallic Cu 

'\1111-1Hl'(.1h 

The more reactive non-metals are lower in the series and can 
displace or oxidize the less reactive non-metal ion. The equations 
below show how iodide ions can be displaced or oxidized b) 
fluorine. chlorine and bromine. 

F, + 2KI 
CL+ 2KI 
Br,+ 2Kl 

Bromide ions can be displaced or oxidized by fluorine and 
chlorine but not by iodine. 

F, - 2KBr -• 2KF + Br, 
CL~ 2KBr --+ 2KCI - Br, 

-• 2KF + L 
-• 2 K C I -·- I. 
-• 2KBr + I, 

Chloride ions can be oxidized by fluorine but not bromine or 
iodine. 

L + 2KC1 -• .2KF + CL 

Fluorine is not oxidized by any of the ha lide ions. 

The above reactions show that the order of oxidizing ability is 
F. >CJ.> Br_> L. 

The more reactive metals are higher in the series and can displace 
or reduce the ion of a metal lower in the series. Thus magnesium 
metal will displace or reduce zinc ions from a solution of its salt 
since magnesium is higher than zinc in the series.. 

\1g,,
1 
+ ZnCl~1J,,l -• MgCl!,,.;: + Zn, 

Exercise 

Use the cable below to determine the order of reactivity of X. Y.Z 
and Cl. 

Sn/11tio11 

When X reacts \\ ith the cat ion of Y a displacement reaction 



occurs. Therefore X is a more powerful reducing agent than Y. X 
is higher than Y in the electrochemical series. 

When X reacts with the cation of a. it displaces the ions of u. 
from solution. Therefore X is a more powerful reducing agent 
than rt.Xis higher than a 111 the electrochemical series. 

When Y reacts with the cation of a. it displaces it from solution. 
Therefore Y is a more powerful reducing agent than a. Y is higher 
than a in the electrochemical series. 

The cation of Z is no1 displaced by metal X or Y therefore it is the 
most powerfu I reducing agent. 

Thus the order of increasing reactivity of the metals is u... Y. X 
and Z. 

Reducing ability: Z > X > Y > a 
Oxidizing abili ty: a > Y > X > Z 



~ :-:: . ...--c-- 

, 
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1. In the equations below, identify the redox reactions stating 
which species are oxidized and which arc reduced. 

(a) Cl. ~ 2KBr - ~KCJ ·· Br. 
(b) Mg - Pbi NO. l: _. Mg(NOJ, + Pb 
(c) BaCL - l I.SO. -• BaS0.1 ~ 1HC1 
(d) ~, + 311, - 1NI I. 
(e) AgNO. 1 NaCl -· AgCJ + NaNO ... ~ 1 

2. In the redox reactions identified in question I I) above. name 
the oxidizing and reducing agents. 

3. Wri Le l wo ha 1 f-equarions for the red ox reac lions named in 
question ( l l abov e. 

-t. Write balanced equations for the following rcdox reactions 
by combining the half equations: 

(a) Fe~-+ 2e __, Fe 
I, - 2~ -~ 2] 

(h) Ag + c --> Ag 

Cu' + 2e -· Cu 

(c) Fe - c- -~ Fe~ 

Al · 3c- - Al 

(d) Br.Iaql r Ee -> 2Br 
- 2c --,, 'I _\ 

(e) Cr,O_-·-'-- 1-lH- + 6e --· 2 Cr·1· - 7H,O 
MnO, , 8H- ~ Sc _,, Mn" -t- ..iH,O 

5. Describe the observations expected in the follow ing reactions: 

(a) aqueous bromine is added to sodium chloride 
(b) aqueoud bromine is added to sodium iodide 
(c) zinc is added to copper (II) sulphate solution. 



Kinetic Theor 
~./.11111·- 

The kinetic theory of matter explains the extent to which particles 
move in solids. I iquidsandgascs. In solids. the intermolecular forces 
of attraction are strong enough to keep particles close together 
and held in fixed positions. They arc not easily compressed due 
to lack of space between the particles. The particles are arranged 
in an orderly fashion to fo1111 a crystalline structure which gives 
it definite shape as well as volume. The kinetic energy in the 
particles causes them to vibrate in their positions. 

CHANGE OF STATE 
The kinetic energy of particles in a solid increases as its 
temperature gradually increases. l\lclting starts when the energy 
the solid takes in is used to overcome the forces holding the 
particles together. The structure of the solid breaks down to form 
a liquid and the particles become free to move relative to each 
-ther. The temperature remains constant during melting and this 
constant temperature is called the melting point. The amount of 
energy required to convert one gram of a solid to a liquid without 
changing its temperature is known as the heat of fusion. Once 
melting is complete the energy absorbed causes the temperature 

. . 
1 ) nse agam. 

Candle wax 
melting 

Liquids have more kinetic energy than solids. The energy is 
enough to overcome the forces of attraction which held particles 
n fixed positions. The forces of attraction in particles of liquids 
are not as strong as that of solids therefore. the particles can 
ibrate as well as rotate. giving them the freedom to flow and 

assume the shape of whatever container they arc poured in. The 
narticles are almost as close together as particles in a solid hence 
quids have a definite, olume and are not easily compressed. 

\ hen the kinetic energy of the particles in a liquid becomes 
=reater than the forces of attraction betw een them. particles can 
:scape from the surface of the liquid to form a , apour. This is 
.allcd evaporation. Evaporation can take place well below the 
"'()iling point of the liquid e.g. perfume. If e, aporation takes 
olacc in a close container. the molecules of the vapour exert a 
a pour pressure. As the vapour is confined 0\ er the surface of 



the liquid, some will condense and re-enter the liquid. When the 
molecules reach a state of dynamic equilibrium, that is when the 
rate of evaporation is equal to the rate of condensation. the Ya pour 
pressure is known as the saturated vapour pressure. When the 
saturated vapour pressure becomes equal to the external pressure 
the liquid boils. This is called vaporlzation. The temperature at 
which the liquid boils is called the boiling point at that pressure. 
When boiling occurs the temperature remains constant as the 
energy is used to overcome the forces of attraction between the 
molecules. 

ASSUMPTIONS OF THE KINETIC THEORY 
The kinetic theory of gases explains the extent to which particles 
move in a gas. It allows us to account for the behaviour of gases ~ ~ 
by making 5 basic assumptions. These are: 

I;) The gas molecules are in a constant state of random 
motion. The molecules mov e in a straight line unti I they collide 
with other molecules or the sides of the container. When the 
molecules collide with the sides of the container. they exert a 
force which results in the pressure exerted by the gas. As the 
number of molecules of a gas increases. the more frequently the: 
will collide with the sides of the container and the greater the 
pressure will be . 

.;) The molecules themselves occupy negligible volume when 
compared to the volume occupied by the gas. The volume of the 
gas consists of mainly empty space with tiny molecules random I: 
distributed with relatively large intermolecular distances . 
.;J The average kinetic energy of the molecules is directly 
proportional to the absolute temperature of the gas. The amoun 
of kinetic energy the molecules possess will determine the speed 
of the molecules. Therefore as temperature increases. the kineti, 
energy of the molecules increases and the speed increases. This in 
turn increases the frequency of collisions of the molecules . 
.;) Collisions are perfectly elastic. When molecules collide. 
they bounce off each other with no loss of energy. This mean 
that no attractive or repulsive forces are involv ed during collision 
and the total energy of the molecules remains the same . 
.;) The molecules exert no force on one another. The molecule 
are not close enough for intermolecular forces of attraction ti 
exist between them. The only interactions between molecules ar .. 
their elastic collisions. 
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THE GAS LAWS 

The gas laws are results of experiments explaining the responses 
of gases to changes in physical quantities. The gases are referred to 
as ideal gases when they obey the gas laws under all conditions. 

Robert Boyle ( 1627-1691) im estigated the relationship between 
the \ olume of a fixed mass of gas and its pressure at constant 
temperature. He found that when the pressure of the sample 
of gas was doubled, the \ olume was halved. The results of his 
work indicated that The volume ofafixed moss ofgas is inversely 
proportional to its pressure at constant temperature. This is 
known as Boyle's law and can be expressed mathematically as 

pa: 1/V 
P = k/V where k is a constant 

PIL 
a 

\' 
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Fig. 5.1 

PV = constant 
PIVI = P:V: 

< ·harl-:.·,' I ,in 

Jacques Charles ( 17-1-6-1823) and Joseph-Louis Gay-Lussac 
( 1778-1850) made detailed measurements on how the volume 
of a gas was affected by changing the temperature. They showed 
that raising the temperature of a gas increased the volume of the 
gas if its pressure remained constant. Since Gay-Lussac made 
reference to Charles· unpublished work. the gas law is generally 
known as Charles' law which states that The volume of a fixed 
mass ofgas is directly proportional to its absolute temperature at 
constant pressure. Mathematically this is represented as 

Va: T 
V=kT where k is a constant 
V IT = constant 
Y/T1 = Y/T: 

\\'hen we plot a graph of volume of gas against temperature, we 
get a straight line. 

Fig. 5.2 

\' 

-273 0 
Temperature -c 

Fig. 5.2 

If we extend Charles Law to extremely low temperatures. the 
volume of the ideal gas should become zero. However, in reality 
a gas would change phase or liquefy long before it reaches zero 



volume. The temperature at which the volume of a gas would 
become zero if it did not condense is called the absolute zero and 
can be found by extrapolating the graph to cut the temperature 
axis. When this is done. the temperature -273 is obtained for 
all gases. In 18-t.8 Lord Kelvin used this as the basis for a new 
temperature scale called the absolute temperature or the Kelvin 
( K) which uses -273°C as the zero on the scale. On this scale, we 
can convert the degrees Celsius to Kelvins by adding 273. For 
example, 

25°C = 25 + 273 = 298K 

Note it is important to use the Keh in scale for calculations 
involv ing Charles' law. 

When gases collide w ith the walls of their container they exert a 
pressure. The speed of the molecules and the number of collisions 
they make are affected by temperature. The relationship between 
the temperature and the pressure of a gas at constant volume is 
called the 'constant volume· law. It states that the pressure of a 
fixed mass of gas is directly proportional to the temperature at 
constant volume. Thus 

p ex: T 
P= kT 
PT = constant 
PITI = P:::,T::: 

where k is a constant 

I dea I :.:~" l'(f u a tion 
Combining Boyle's law. Charles· law and the 'constant volume' 
law gives the equation 

PV!T = constant for a fixed mass of gas 

lf we use one mole of gas, the constant is 8.31-J. J K 1 11101-1. This 
constant is called the gas constant and is given the symbol R. 
Thus for one mole of gas 

PV:T= R 

So for II moles of gas 

or 
PVIT = nR 
PV = nRT 

This is called the ideal gas equation. Units used in the ideal gas 
equation must be consistent. Thus the following units are used in 
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calculations involving the ideal gas equation: 

P is measured in Pa 
Vis measured in rn' 
T is measured in K 
R is 8.31-+ J K-1 mor ' 

The ideal gas equation can be used to find the relative molecular 
mass ( M ) of a gas. r ~ 

Since 
Number of moles of a gas ( n) = mass of the gas ( m) / M 

~ ~ I 

Then 

PY= mRT/M r 
Therefore 

M = mRT,PV 
r 

Example I 

0.035 g of a gas was found to occupy a \ olume of 20 cm' at 
1.09 x IO' Pa and 27°C. What is the relative molecular mass of 
the gas. 

P = l.09 x I 0) Pa 
V = 20 cm' = 20 X 1 o-h 1113 
T = 27°C = 273 + 27 = 300 K 
R = 8.31-+ J K-1 mol' 

m = 0.035g 

Using the ideal gas equation 

1\1 = mRT. PY r 

= (0.035 X 8.3]..j. X 300) / ( 1.09 X ]Q' X 20 X ]Q h) 

= 39.86 

The equilibrium state of a gas is specified by its temperature. 
pressure and volume. The gas laws can be combined into a single 
equation where the temperature. pressure and volume of a gas 
in one equilibrium state can be related to the corresponding 
properties in another. For example. if a gas has a volume V

1
• 

pressure PI and temperature T
I 
in one system. then 

P,V.'T. = nR 
I o 



If the same gas occupies a new volume V 2 at pressure P, and 
temperature T 2• then 

P,V, /T, = nR 

Thus 

This is called the ideal gas equation of state. 

Example 2 

A gas occupies 2 m3 at 27°C and 1.01 x 10=- Pa. What volume will 
it occupy at 87°C and 4.04 x l O' Pa. 

P1 = 1.01 x 105 Pa 
vi =21113 
T

1 
= 27°C = 273 +27 = 300 K 

Using the equation 

P, = 4.04 x 105 Pa 
V, =? 
T, = 87°C = 360 K 

P1V/T1 =P:V/T2 

V, = ( I.OJ x 105 x 2 x 360) / (300 x 4.04 x 105) 

= 0.6 m' 

REAL & IDEAL GASES 

When molecules of a gas behave independent of each other. the 
gas is termed as an ideal gas. The kinetic theory assumes that 
all gases are ideal and most discussions on gases assume that 
gases show ideal behaviour. On examining the behaviour of 
gases. these assumptions of the kinetic theory show that such a 
gas does not exist in reality. However, under conditions of high 
temperatures and low pressures real gases approach ideal gas 
behaviour. 

Increase temperature of a gas increase the average kinetic 
energy of the gas molecules and cause them to speed up in their 
motion to one another. This increase in speed overcomes the 
intermolecular forces of attraction between the molecules and the 
gas behaves more like an ideal gas. 

Decrease pressure allows the gas molecules to spread far apart 
from one another. As the molecules move farther apart. the 
intermolecular forces of attraction approach zero and the gas 
behaves as an ideal gas. 



I imitations of ideal ga•, heh ·\ iou 

For ideal gases. it is assumed that a gas can be infinitely 
compressed or cooled and it will not liquefy. However. in reality 
if the gas is compressed or cooled enough it will deviate from 
ideal behaviour. 

Real gases deviate from ideal gas behaviour at 

~ low temperatures 
~ high pressures i.e > 100 atm. 

At low temperature the kinetic energy of the molecules decreases. 
This results in the collisions becoming less elastic and no longer 
being able to overcome the intermolecular forces of attraction 
between the molecules. So the assumption of the kinetic theory 
that there are no forces of attraction between the molecules no 
longer holds. Also the attractive forces of the molecules bring ~ ~ 
them close enough so that the volume of the gas becomes smaller, 
thus the assumption that the volume of the molecules is negligible 
,, hen compared to the volume occupied by the gas becomes 
invalid . 

. As the temperature decreases below a critical value, the deviation 
from the ideal gas behaviour becomes severe because the molecules 
get close enough to form clusters of particles and condense to 
form a liquid which is held together by intermolecular forces of 
attraction. 

At high pressure ( l 00-200 atm) the molecules are pushed close 
together so that the intermolecular distance becomes shorter and 
attractive forces between the molecules become significant. Apart 
from reducing the , olume occupied by the gas, the attractive 
forces reduce the momentum of the molecules as they bombard 
the walls of the container. This results in the pressure exerted by 
the gas being less than that for an ideal gas. Thus for one mole of 
gas PV < RT. 

At very high pressure (200-1000 arm) the molecules are pushed 
so close together that they repel each other. The repulsive forces 
between the molecules increase the momentum of the molecules 
as they bombard the walls of the container so that the pressure 
exerted by the gas is greater than that for an ideal gas. Thus for 
one mole of gas PY > RT. At high pressures. the , olume of the 
molecules becomes significant compared to the volume occupied 
by the gas and the gas shows non-ideal behaviour. Gases with 



stronger intermolecular forces of attraction show greater deviation 
from ideal gases. 

p 

Fig. 5.3 
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I. (a) List five assumptions of the kinetic theory. 
(b) State Charles· law. 

(c) Describe how the kinetic theory explains Charles· law. 
( d) A mass of gas occupies 1000 cm; at a fixed pressure 

and a temperature of 25°C. What volume will the gas 
occupy at 35°C if it shows ideal behaviour. 

., (a) What is meant by the term ideal gas'? 

(b) Under what conditions of temperature and pressure will 
a real gas deviate from ideal gas behaviour. 

( c) What T\VO assumptions of the kinetic theory of gases do 
not hold under the conditions described in ( b) above. 

(d) In an analysis. O. lg of a sample X occupied 25 cm' at 
100°C and atmospheric pressure. Calculate the relative 
molecular mass of X. 

3. (a) Sketch the graph showing the relationship between the 
volume and temperature of a gas at a fixed pressure. 

(b) Show on the graph the temperature at which the volume 
of an ideal gas becomes zero. 

( c) 1.09g of a gas occupied 920 cm' at 30°C and 93kPa. 
Calculate the relative molecular mass of the gas. 

~- Use the kinetic theory of matter to explain the following: 

(a) the nature of the liquid state 

(b) the change of state from liquid to gas 

( c) gases have lower densities than liquids 

5. A weather balloon containing 5-.J. dm 1 of gas at 30°C and 
2 atmospheres rises to an altitude where the temperature is 
20°C and the pressure of the gas is 1 atmosphere. 

(a) Calculate the change in \ olume of the gas in the 
balloon. 

(b) Suggest a consequence of the change in vo lurne of the 
gas. 

(c) State an assumption made in your calculation. 

- 



Ener etics 

Chemical reactions are usually accompanied by energy changes. 
principally in the form of heat energy. The energy within a 
system is referred to as the enthalpy and is denoted by the symbol 
H. Thus the energy change in a reaction is called the enthalpy 
change or .6.H. 

The enthalpy change = energy of the products - energy of the 
reactants 

Chemical reactions involve bond breaking followed by bond 
making. Bond breaking is endothermic while bond making is 
exothermic. Therefore all chemical reactions require a minimum 
amount of energy to break the bonds of reactant molecules 
before new bonds are formed to make the product. This energy is 
called the activation energy (EJ As reactant molecules absorb 
the activation energy. the bonds lengthen and weaken to forrr 
an activated complex or a transition state. In this complex the 
energy content is high and the complex is highly unstable. Fron, 
the transition state two processes can occur. either the complc 
can decompose to the products or reform the reactants. 

' EXOTHERMIC REACTION 

When the energy of the products is less than the energy of th 
reactants .6.H is negative and the reaction is exothermic. I 
exothermic reactions heat is given off from the reaction to th, 
em ironrnent. If the reaction is conducted in a reaction vesse 
the contents of the vessel get hotter as heat is released from tr 
reaction to the surroundings in the reaction vessel. /\ 

I E \ . / J \' ''" ""' "'"" ":" 
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Fig. 6.1 

Progress of reaction - 

PrnJuct, 

Fig. 6.1 



Fig. 6.1 shows the reactants gain the actix ation energy and 
increase in energy content forming the activated complex. The 
highly energetic complex can now decompose to form products 
or re-form the reactants. Reactions usually take place in order to 
fonn the most stable products. Since the products of this reaction 
have less energy than that of the reactant. the activated complex 
breaks down fanning products. The products have less energy 
than the reactants thus ~H is negative. 

ENDOTHERMIC REACTION 

When the energy of the products is greater than the energy of 
the reactants ~H is positive and the reaction is endothermic. In 
endothermic reactions heat is absorbed from the surrounding into 
the reaction. If the reaction is conducted in a reaction vessel, the 
temperature within the vessel decreases as heat is absorbed from 
the contents of the reaction vessel. 

In an endothermic reaction. the reactants gain the 
activation energy to form the activated complex. 
The complex then decomposes to form the products 
of the reaction. It can be seen in fig. 6.2 that in 
endothermic reactions the products have more 
energy than the reactants and are less stable. Most 
endothermic reactions do not take place readily. 
Appropriate conditions must be provided for these 
reactions to occur. 

(T\ 
~ 

T L "'I,,, 
E, 

Fig. 6.2 

Reactants 

Progress of reaction -- 

Fig. 6.2 

STANDARD ENTHALPIES 

-runduru conditiun- lur cnrhulpy mcavurcmcnt- 

To compare enthalpy changes it is important to state the conditions 
.mder which the reactions take place. The enthalpy change for 
a reaction depends on the amount of the substance used. the 
temperature and the pressure at which the reaction is performed. 
Standard conditions of 298K (25°C) and I atmosphere are used 
to measure and compare enthalpy changes. Enthalpy changes 
measured under these conditions are referred to as standard 
enthalpy changes and arc given the symbol 6HH. The symbol 
mplies that 

i.;> all substances are in their normal physical state at 298K 
and l atmosphere 



~ enthalpy changes are measured per mole of th: 
substance 

~ solutions involved have a concentration of 1 mo! dm 

Therefore the standard enthalpy change ofreaction r.JHH,) can be 
defined as the enthalpy change when the mole quantities shown i 
the balanced chemical equation react under standard conditions 
In cases where elements exist as different allotropes, the 11105 

stable form at 298K and 1 atmosphere is used as the standard 
Thus the standard enthalpies for reactions im olving carbon refei 
to graphite rather than diamond. 

xtandard l'nth:tlp~ of f11n1nti1111 1 \H' I 

The standard enthalpy of tonnation ( JHH, J is the heat change when 
0J1e mole ofsubstance isformedfrom its constituent elements ii 
their normal states under standard conditions. Thus the enthalp: 
of formation of ethanol can be written as 

This represents the equation 

2C + 3H + Y:,O -+ C H.OH (grnph1tcl ~1gl ~lg) 2 ... ,11 

L-.H\ = -277 k.U 

This means that 1 mole of ethanol is fanned from 2 moles 01 

carbon atoms. 3 moles of hydrogen molecules and "2 mole 01 

oxygen molecules. 

Similarly. the equation for enthalpy of formation of water is given 
below. 

H, + Y:,O, - H,O I -'~I _1g• _ I I 

[L-.H\ ( H20,11)] = -286 kJ mol 

It must be noted that the standard enthalpy of formation refer 
to the formation of only I mole of a compound and the equation 
for the reaction must be balanced to show the production of 
mole of a substance. Hence only Y:, mole of oxygen molecules is 
required in the formation of water. Also the enthalpy change ot 
an element in its normal physical state is zero and is used as the 
reference state of the element. No heat change is involved in the 
reaction as shown in the equation below. 
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rundard enthalp ,f r,•mhu- ,: .... ', 11 

The standard enthalpy of combustion (JH1
',) is the hear change 

· hen 1 mole oia substance is completely burnt in ox.1ge11 under 
standard conditions. The standard enthalpy of ethane is written 
JS 

6H11
0 [ C :H,, ig,] = -1560 kJ 1110!-1 

This represents the equation 

c.HH =-1560kJ 
C 

The substance must be completely burnt in oxygen to ensure 
mole of the substance reacts. 

vtandard cnrhulpv of m-utrulizatiun ( \II 

The standard enthalpv of neutralization (JH",,J is the enthalpy 
change when an acid reacts with a base tofortn 1 mole ofwater 
nder standard conditions. For example 

c.HH [ HCl .. NaOH ] = -57.9 kJ mol 1 
11 IJy) 

This represents the equation 

HCI + NaOH -• NaCl - H 0 
I ,I~ I I aq I I J(J I c I ] I 

c.H11 = -57.9 kJ 
11 

Although a balanced equation for the reaction between sulphuric 
acid and sodium hydroxide is 

H.S0-1. + 2NaOH -i Na.SO,. + 2H.O 
1 _ I .I<] I I aq I _ ~1 Jl] I _ I I 

.. 

the standard enthalpy of neutralization for this reaction is 
57.9 kJ 11101-1 because it measures the heat change per mole of 
\ ater formed. 

tundurd cuthulpv of atomization (\II 

The standard enthalpy ofatotnization rJH",
11
) is the heat change 

hen 1 mole ofgaseous atoms isformedfrom the element under 
standard conditions. 

Na -• Na 1,1 lgl 

1/2H -, H 
~(gl lg) 

c.HH [ Na J = + 108 kJ mol' 
Jl h) 

L1H'1
01 

[ H
21
:;:

1 
] = + 21 8 kl 11101-1 

iunizutiun t'lll'I':,!\ 

The I'' ionization energy is the enthalpy · change when 1 mole of 
gaseous atoms is converted to gaseous ions with a single positive 
_ harge. 



~H 11 [Na] = + 494 kJ mol-1 
l 

1'1 electrnu affinit~ 

The ]'' electron affinity is the enthalpy change when I mole of 
gaseous atoms is converted to goseous ions with a single negative 
charge. 

Cl + e -+ Cl 
(g) !gl 

~H11 [Cl] = -364 kJ mor ' 
e 

LATTICE ENERGY (~H\,11) 
The lattice energr (~HHiait) is the enthalpy change when 1 mole 
of an ionic solid is formed from its gaseous ions under standard 
conditions. 

~H~ - - 781 kJ mol' Ian 

All lattice energies are negative since it involves forming bonds. 

Lattice energy is a measure of the strength of the inter-ionic 
attraction. Consequently, the magnitude of the lattice energy 
increases as the size of the ion decreases and the charge of the ion 
increases. For example, the lattice energy of RbCl is less than that 
of KCl which is less than that of NaCL 

( Rb-< K- < Na- ) 

Similarly. the lattice energy of NaCl is less than that of Caf"l. 
which is less than that ofAlCL. 

·' 
( Na- <ca>< AP- ) 

Small. highly charged ions give the strongest electrostatic 
attraction. 

A calorimeter is a piece of apparatus used in the laboratory to 
measure the enthalpy change for a reaction. The calorimeter is 
an insulated vessel in which the reaction takes place. Thus the 
temperature change in a reaction can be measured inside the 
calorimeter. The enthalpy change can then be calculated using 
the temperature change (~T) along with the mass (m) and specific 
heat capacity ( c) of the contents in the calorimeter. 

Heat change = mets T 



Like water, it is assumed that 1 cm3 aqueous solutions = 1 g and 
the specific heat capacity of a dilute solution= ...J..2 J K-1 g 1• 

HESS'S LAW OF CONSTANT HEAT SUMMATION 

In 1840, a Russian chemist named Germain Hess developed the 
thermochemical application of the law of conservation of energy 
known as Hess's law. Hess s law states that the heat change in a 
reaction depend'> 011~1· on the nature ofthe reactants and products, 
110 matter what reaction route is followed This means that the 
heat change in a reaction is the same whether the reaction takes 
place in one stage or through intermediate stages. 

Consider the example below, the enthalpy change in the reaction 
A to B is the same whether the reaction proceeds in one stage 
. ..\.- B or in three stages A- x- z- B. This is represented in the 
enthalpy cycle below. 

.1H 
.\ ~ B 

\ /. '"\ 
\: z 

.111 

. According to Hess, the enthalpy change in the reaction A to B is 
the same as the sum of enthalpy change for the reactions A to X, 
X to Z and Z to B. 

< alculatinu rhc cnthalpv ch.muc i \HJ in a reaction 

While calorimeters are effective in measuring the enthalpies 
of combustion and neutralization, some enthalpies cannot be 
measured directly. For example, in the formation of methane, 
carbon will not react with hydrogen under standard conditions in 
a calorimeter. 

Although the standard enthalpy of formation of methane cannot 
be measured directly, it can be calculated indirectly by applying 
Hess's law or using bond energies. 

l ,ing Hl·,, ·, law 111 calculate cnthalpv chance- 

Hess's law can be used to determine the enthalpy of formation for 
methane indirectly from other known standard enthalpy changes 



such as enthalpy of combustion. This is done by constructing an 
energy cycle diagram. 

~ First write the equation for the enthalpy change of formation 
of methane. 

C + 2H, 
I> I -1 g I 

..'.H 

~ Use given data to complete an energy cycle which may look 
like the one below. 

C +2H hl 2(g) 

CO + 2H 0 2( g, 2 ( g) 

~ Applying Hesss law 

LiH, + ~H, = !'-.H, _._ LiH, . ' 

Therefore 

LiH = LiHI + ~H, LiH, 

This means that the enthalpy of formation of methane is the 
same as the enthalpy of combustion for 1 mole of carbon 
plus the enthalpy of combustion for .2 moles of hydrogen 
molecules minus the enthalpy of combustion for 1 mole of 
methane. A minus sign is used for L\H3 since the direction 
of the arrow is reversed. 

-.> Calculate the enthalpy of formation for methane using the 
following combustion data 

~H,(CH-1,) = -890 kJ mol' 
LiH ( H ) = -286 kJ mol' 

~ 2(1~ I 

LiH (C ) = -39-t. kJ rnol' 
C hi 

LiH, = (-39-t.)+.2(-286)-(-890) 

= -76kJmol 1 

Examples 

(i) Calculate LiH for the hydrogenation of ethene given the 
following data: 

LiHH, (C:H} = -1-t.l l kJ mo! 1 



6H ( HJ = -286 kJ 11101-1 
v 

6H (CH) = -1560kJmoI-1 
' - h 

CH +H ~ -1-(g) 2(g) 
..'lH 

CcH61g1 

Applying Hess's law 

6H ~ 6H, = LiH, + 11H, 
' - 

Therefore 

L1H = 11H 
1 
+ L1H, - L1H, - . 

= -1-l 11 + ( - 2 86 ) - ( -1 5 60 ) 

= -137kJrnol-1 

(ii) Calculate LiHH of ethene given the following data: 
L - .._ 

LiH
1 
(C2H) = 52 kl mol' 

LiH (COJ = -39-+ kl 11101-1 

I - 

11H ( H,O) = -286 kJ 11101-1 
I - 

CH +30 ~ -1-(g) 2tgl 

~H 2CO + 2H 0 
2(g) 2 (~_!) 

= -L1H + 11H + 11H 
I ' ' - _, 

= -52 - 2(-39-+) + 2(-286) 

-1126 kJ 11101-1 

l ,in!! hond l'nl·r:.dl""' to calculate \II 

Enthalpy changes can be calculated from bond energies. The 
bond energy is the energy absorbed when a bond is broken or 
the energy evolved when a bond is formed. The overal I change 
in energy for bond breaking and bond forming is calculated as 
the enthalpy change for the reaction. For example. the enthalpy 



of combustion of methane can be calculated from bond energy 
\ alues as shown below. 

Bonds broken =..i(C-H) + 2(0=0) 
= "f(-r-ll3) + 2(+498) 
= +2648 

= 2( C = 0 l + 4( 0 - H) 
= 2(-805) + 4(-464) 
=-3466 

= + 26-l8 - 3466 
= -8 1 8 kJ mo 1 1 

Bonds fanned 

Example 
Calculate the enthalpy change for the following reaction using 
average bond energies. 

H-N=CH-CH=N-H + 2H - H,N-CH -CH -NH (~) ~(g> - ~ ~ ~(g) 

Bonds broken = 2(H-H) + 2(C=N) 
= 2(+436) + 2(+613) 
= +2098 

= 2(N-H) + 2(C-H) + 2(N-C) 
=2(-388) + 2(-412) + 2(-305) 
= -2210 

Bonds formed 

f'..HH = +2098-2210 
r 

= -112 kJ mo l 1 

Generally the values of enthalpies calculated from bond energies 
are similar to those that are determined experimentally. However. 
occasionally these values may differ from experimental values. 
This may be due to the environment of the bond in the molecule. 
For example a C -H bond in methane is in a different environment 
then the C - H bond in methanol. 

ENTHALPY CHANGES IN SOLUTION 
When an ionic solid dissolves in water two processes occur. 
Firstly the ions in the solid become separated from each other 
i.e. the reverse of lattice energy. This process is endothermic 
since bonds are broken. Secondly the separated ions become 
surrounded by water molecules. This process is called hydration 



or solvation. It is an exothermic process since bonds are formed 
between the water molecules and the ions. 

~!jndard enthalpv of h~ dr.nion 1 \II" 

The standard enthalpy of hydration is the enthalpy change when 
one mole of gaseous ions is completely hydrated in water to 
infinite dilution under standard conditions. 

The enthalpy of hydration for sodium chloride is the sum of the 
enthalpy of hydration of the cation and anion. 

Na- + water --> Na- 
1g1 IJyl 

Cl + water --> Cl - 
lgl IJql 

~H11 = -377 kJ mo! 1 
hv d 

Therefore the enthalpy of hydration for sodium chloride is -783 
kJ mol ". 

xtaudard enthalpy of volutiun ( \II 

Standard enthalpy of solution is the enthalpy change when 1 
mole of a solute dissolves in a solvent to form an infinitely dilute 
solution under standard conditions. 

NaCl +- water --: Na + Cl 
hi l3CJI l~l)I 

The relationship between the enthalpy of solution, the lattice 
enthalpy and the enthalpy of hydration is shown in the energy 
cycle below. 

NaCl 1,1 ,\ /., 
+ Cl -1.,q1 

Therefore 

It is the sum of the negative lattice enthalpy and the enthalpy 
of hydration of the ions in solution. Therefore the enthalpy of 
solution of sodium chloride is 

-(-787kJmol 1) + (-783kJmol-:) 

+ 4 kJ mol: 



The reverse of the lattice energy is always positive since it is 
an endothermic process which involves separating the ions in 
the ionic solid. On the other hand. the hydration energies for the 
ions are always negative since it is an exothermic process which 
involves fanning bonds with water molecules. Thus the enthalpy 
of solution can be exothermic or endothermic depending on which 
of the process is larger. On dissolving solid sodium chloride, the 
energy required to break the lattice is more than the energy given 
off when the ions are hydrated therefore the overall reaction is 
endothermic. 

BORN-HABER CYCLES 

Max Born and Fritz Haber extended Hess's energy cycle to find 
enthalpy changes for ionic compounds. The energy cycle showing 
the formation of an ionic compound from its elements in a series 
of steps is called a Born-Haber cycle. The Born-Haber cycle for 
sodium chloride is shown in fig. 6.3 below. 

D I .'.<.H" (Cl); I I .'.<.Il",,,(CI ,,: 

- 

C I ~H" t Na ) l,t l=I 

I 2.H"/'-Ja,) 

F 
B 6H\.,(NaCI,) 

- 

A i l'iH"11NaCI,) 

Fig. 6.3 

Hess's law states that the enthalpy change for a reaction 1 

independent of the pathway. Therefore the enthalpy of formati 
of sodium chloride is the same as the alternative pathway (B to F 

,, ___. 



The direct path A for the formation of solid sodium chloride is 
given by the equation 

Na - Y:,Cl - NaCl 
(-.) - ~lg) l~) 

6H1 = -1-11 kJ 11101-1 
t 

The indirect path has five different steps (B. C, D. E and F). 

~ B is the atomization of solid sodium 

Na -i Na 
\ s I I ,'I 

6H11 = +108 kJ mol 1 .u 

..;) C is the 1st ionization of sodium atoms 

6H11 = +-1-98 kJ mol 1 
11'1 

~ D is the atomization of chlorine gas 

Y::Cl __, Cl 6HH = + 121 kJ 11101-1 
~(g) (gf .u 

~ E is the I st electron affinitv of the chlorine atoms 
Cl .,.. e __, Cl - 

lgl 1g1 
6HH = -36-1- kJ 11101 1 

c l-t 

~ F is the lattice energy of sodium chloride 

Na- + Cl --+ NaCl 
{gt (g) h) 

According to Hess 's law. the enthalpy change of formation is 
equal to the sum of the enthalpies for reactions B to F. Since all 
the enthalpies above except the lattice energy can be measured 
directly from experiments. the Born-Haber cycle can be used 
to determine the lattice energy indirectly. From the Born-Haber 
cycle 

..1H11 (NaCl ) t ( ~, - 6HH (Na ) + 6H11 (Na ) .,.. 6HH (Cl ) + 
.rr ('-) 1bl (g) at :!tgl 

6HH (Cl ) + 6H11 (NaCl ) 
c l vt t8"l Ian is) 

Therefore the lattice energy is 

..1H0 (NaCl ) = 6Hll(NaCl )-[6HH (Na ) + 6HH (Na ) + 
Iuu 1,1 I 1,1 Jt Isl 11't lf!I 

6H\/Cl21g1) - 6H\1)Cl,g1)] 

= (---1-11 )- [108 +-1-98 + 121 + (-36-1-)] 
= -77-1- kJ 11101-1 



! 

12-... [ .. '..H',,1F,,)] 

! 

I ~H :,)Ca ,) 

r ~H",,.,(C:.i,_ l 

Fig. 6.4 

According to Hess 's law 

~HH (CaF ) = ~H0 (Ca ) + ~H1 (Ca )+~HH (Ca ) 
1 2(~) at L,l 11'-t lg) 1~nJ (gl 

+[2x ~H\(f 211)] + [2x ~HHe1)F1,)] 

~HH1J11 (CaF:1) 

Note that gaseous calcium is ionized twice to obtain the calcium 
cation with a + 2 charge. Also twice the enthalpy of atomization 
is required to produce two moles of fluorine atoms and each mole 
of fluorine atom must gain electrons to produce two moles of 
negative anions for the reaction to occur. 



- - ~~- 

1. Define the following terms: 

(a) Enthalpy change 
(b) Enthalpy change of formation 
(c) Enthalpy change of combustion 

2. With the aid of energy profile diagrams and bond energies, 
explain the difference between an exothermic reaction and 
an endothermic reaction. 

3. The enthalpy change for the formation of carbon monoxide 
cannot be obtained experimentally. Illustrate by means 
of an energy cycle diagram how the standard enthalpy of 
combustion of carbon and that of carbon monoxide can be 
used to obtain the standard enthalpy of formation for carbon 
monoxide. 

4. What is the standard enthalpy change for the formation of 
liquid benzene given the following : 

5. Discuss the factors that affect the size of the lattice energy of 
a substance. 

6. The enthalpy changes for two reactions are given below. 

2Fe + I ~2 0, ---. Fe,O, i6.H = -822 kJ mol' 
- - J 

C + Y2 0, ---. CO i6.H = -110 kJ 11101-1 

Calculate the enthalpy change for the following reaction: 

Fe~03 + 3C ---. 2Fe + 3CO 



7. (a) State Hess's law. 
(b) Use the data below to draw the Born-Haber cycle foi 

the formation of solid potassium chloride. 
( c) Calculate the enthalpy change of formation of potassiurr 

chloride. 

Enthalpy change of atomization of potassium 
= -+-90 kJ mo! 1 

Enthalpy change of atomization of chlorine 
= - I 2 I kJ 11101- I 

Frist ionization energy of potassium 
= +-1-18 kJ rnol 1 

Electron affinity of chlorine 
= -364 kJ mol 1 

Lattice energy of potassium chloride 
= -70 I kJ 11101-1 

8. (a) Draw a Born-Haber cycle for the formation of aqueous 
potassium chloride. 

(b) Given that the enthalpy of hydration of potassium ion is 
-322 kJ mol I and the the enthalpy change of hydration 
of chloride ion is -36-1- k.l mo! 1

, calculate the enthalpy 
change of solution of potassium chloride, using the 
lattice energy value in 7(c) above. 

9. Explain the following observations as fully as you can: 

(a) The enthalpy change for the neutralization of l mole 
of hydrochloric acid is -57 kJ mol' while that for the 
neutralization of sulphuric acid is -11-1- k.l mo! 1• 

(b) The enthalpy change of solution of lithium chloride is 
negative while that of potassium chloride is positive. 

10. The standard enthalpy changes offormation ofcarbon dioxide 
and water are -39-1- kl 11101-1 and -286 kJ mol' respectively. 
Calculate the enthalpy change offonnation of propyne given 
its enthalpy change of combustion is -1940 kl 11101-1. 
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1les of Reactions 

All chemical reactions have different rates for example th, 
decomposition of hydrogen peroxide may take a few weeks o 
even years while the combustion of gasoline takes place in a fev 
seconds. The rate of a chemical reaction is affected by a nurnbe 
of factors such as temperature. concentration, surface area, th. 
presence of a catalyst as well as other factors. The study of th. 
factors that affects the rate of a chemical reaction is known a: 
kinetics. 

For a reaction to take place we must consider the collision theor 
which states that for a reaction to occur the reactants must collid ... 
the reactants must collide with sufficient energy to break bond 
and the molecules must collide with precise orientation for th. 
reaction to occur. 

THE RATE OF A CHEMICAL REACTION 

The rate of a chemical reaction can be defined in two gene; 
ways: 

.;> rate of consumption of a reactant ( amount of react. 
used per time taken) 

,;) rate of formation of product (amount of product fonr-. 
per time taken) 

For the reaction 

A ---. B 

the rate ofa reaction can be regarded as the change in concentra: 
of A or B for the reaction with respect to time. 

Rate = - d [A] /dt i.e. the loss in [A] with respect to tin 
l 

= d[B], /dt i.e. the gain in [BJ with respect to n 

The changes represent the instantaneous rate of the reactic 
time t. 

Concentrations are generally in mo] dm' and time is in seer 
Thus the units for the rate of a reaction arc mo! dm' s'. 



The average rate of a reaction can be represented as 

amount of product formed 
time taken 

Instantaneous rate measures rate for a particular time during the 
reaction whereas average rate measures the ov erall rate for the 
entire time period of the reaction. 

METHODS OF MEASURING RATE 
To measure the rate of a reaction. we must be able to measure the 
the change in concentration of a reactant or a product with respect 
to time. In chemical reactions. any property that is proportional 
to concentration can be measured. Measuring different properties 
would require different techniques. For example. a reaction 
producing a gas requires a different technique to one that produces 
coloured liquid. 

Find in~ the rate from a cuncvntrution , ervuv time ~raph 

To determine the rate of a reaction, changes in concentration at 
suitable time intervals must be obtained. A graph of concentration 
\ ersus time is plotted. The rate of the reaction at time (z) is 
determined by drawing a tangent at time (z) and calculating the 
gradient at this point. The tangent at zero is called the initial rate 
which is the rate at the start of the reaction. 

Fig. 7.1 

rate I at th 1, m-tnn: I - , ) 
I 

\ 

I , 

Time 

Fig. 7.1 

Titration method 

This is suitable for reactions in solutions. For example, the 
rate of hydrolysis of an ester can be measured using titration 
.echniques. 

CH;COOC,H511) + OH (Jql --t CH,coo-,aq) + C~H50H,aq1 

\ small sample known as an aliquot is pipetted at intervals during 
the course of the reaction and quench. Quenching involves adding 
reagent to the mixture to stop the reaction. The small portion 

hat was pipetted will continue to react if it is not quenched. 

"he aim of quenching is to remove the kinetic energy so that the 
-articles lack sufficient energy to react or to neutralize one of 

reactant without affecting the other reactant so that it can be 
nalyzed. Quick freezing is done by immersing the sample in an 
_e bath or a reagent such as sodium carbonate is added to quickly 

• 
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Fig. 7.2 

neutralize an acid. 

Analysis of the sample is done by titrating against a standard acid 
solution to determine the concentration of alkali in the sample at 
every time interval. A graph of concentration versus time ma) 
then be plotted from which rate can be found by drawing tangents 
at different times and the gradient determined. 

( ulnrirnctric method 

When a reactant or a product is coloured. the time taken for the 
colour of the reactant to disappear or the colour of the product 
to appear can be measured. The change in colour can also be 
recorded continuously using a colorimeter or spectrophotometer 
These measure the absorption ofv isible light due to the presence 
of a colour substance. The concentration can then be determined 
from the absorbance. The rate of a reaction involving iodine can 
be measured as follows: 

H O + 21- + 2 H --+ I + 2H 0 
~ :::!1aq1 t aq : (at.]l ~,J~I ~ 111 

colourless red-brown 

~ Standard solutions of iodine are placed in a spectrophotomete 
which records absorbance \ alucs. 

~ A standard calibration graph of absorbance versu 
concentration is plotted (normally gives a straight line) . 

.;) As the reaction starts. samples are withdrawn at measure. 
time inter. als and the absorbance is measured in th, 
spectrophotometer . 

.;) Lsing the standard calibration graph. interpolate to obtar 
the concentration of the sample . 

.;) Data is therefore obtained in the form of concentration versu 
time for which a graph can be plotted and reaction rate ca 
be determined by tangent. 

If a gas is formed, its volume may be measured at suitable tirr, 
intervals using a graduated gas syringe. If the gas is insolub . 
in water it may also be measured by the displacement of w ate, 
from a measuring cylinder filled with water, The concentrati 
of reactant at time ( t) is proportional to the \ olume of gas at th, 
time. As such. a graph of volume of gas versus time may then 
plotted from which the rate of reaction can be calculated. 

Fig. 7.2 



If the reaction is carried out at a constant volume and temperature. 
the change in pressure with time can be measured. This is done 
by attaching a manometer to the reaction flask. 

RATE CONSTANT 

Experiments show that there is a relationship between the rate 
of a reaction and the concentrations of individual reactants used 
in the reaction. This experimental relationalship is known as the 
rate equation for the reaction. 

For the reaction 

A-. B+C 

the rate equation is 

Rate = k [A]11 

where k is the rate constant and n is the order of the reaction. 
The brackets [ J represents concentration in mo! dm'. In the 
rate equation, k is referred to as the constant of proportionality 
\\ hich is unique for each reaction. It has units which must be 
incorporated in the equation. As the concentration of A decreases, 
the rate decreases so that the rate constant remains constant. 

THE ORDER OF A REACTION 

The order ofa reaction with respect to a particular reactant is the 
DOH'er to which the concentration otthe reactant is raised in the 
cxperunentallv determined rate equation. The overall order of a 
reaction is the sum of the individual orders as they appear in the 
rate equation. For example. in the reaction 

A -t- B -+ products 

the rate of the reaction is related to the concentration of the 
reactants by the rate equation 

Rate = k [A]' [BJ' 

. here k is the rate constant and x and y arc the order with respect 
IO the reactants A and B respectively. Usually x and j: have values 
f 0. I and 2. The overall order of the reaction is (x + y). 

,\·hen the order is O (zero order). the concentration has no effect 
n the rate. When the order is 1 ( first order). the rate doubles as 
ie concentration doubles. When the order is 2 ( second order). 

the rate quadruples as the concentration doubles. 



(..\) 

Deterrnininu the order of a n .. actunt from conn .. ntrutiun-tirne 
l,!r:.1 p h 

L sing experimental results. a concentration-time graph for reactant 
. ..\ can be plotted. The rate of the reaction can be determined by 
drawing tangents at different intervals on concentration-time 
graph. The rates at different times can then be used to plot a 
graph of rate versus concentration. The order of the reaction with 
respect to the reactant A can be determined from the shape of the 
rate-concentration graph. Fig. 7.3 shows the shapes of the rate 
concentration graphs for a zero order. first order and second order 
reaction. 

Fig. 7.3 

! lalf-lifr method 

The half-life of arcactionrt'<) is the time taken for the concentration 
of a reactant to fall to half its initial value. For first order reaction· 
the half-life is constant. Therefore the first half-life (t11:1s1) of 
reaction is equal to the second half-life (t~2nJ) of the reaction 
This means that it will take the same time for the concentration o 
the reactant to fall to half its initial value. 

The half-life is related to the rate constant of a first order reacti 
by the expression 

t1/2 = ln 2 I k 

thus if the half-life of a reactant is known then the rate consta: 
of a first order reaction can be calculated using the relationsh 
below. 

k = 0.693/ t\ 2 

Example 1 
A dilute solution of l-l.O, can be used to bleach hair. It decompos 
slowly in aqueous solution. 

A solution containing 3 mo! dm' ofH202 was placed in a bottle 
contaminated with transition metal ions which act as a catal 
for the decomposition. The rate was measured by withdraw 
10 cm' portions at various times and titrating with acidified 
mo! dm' KMnO~ (5 moles H20:: react with 2 moles KMnO). l 
results are shown in the table 7. 1 



II Table 7.1 

Determine the order of the reaction with respect to the 
h: drogen peroxide. 
vrite an expression for the rate equation and calculate the 
rate constant for the reaction. 

Calculate the concentration of the H,O, at the time when the 
first portion was withdrawn. Hence estimate how long the 
solution had been in the contaminated bottle. 

Suggest a method whereby the half-life of the H202 solution 
can be increased. 

•, ution 

Since the concentration of acidified KMnO .. is proportional 
to the H202, plot a graph of volume of KMnO .. used versus 
time. The first half-life of hydrogen peroxide would be 
equivalent to the time it takes for the KMnO .. to change from 
30 cmto 15 cm '. The second half-life would be equivalent to 
the time it takes for the KMnO .. to change from 15 cm' to 
7.5 cm'. 

1-l 28 

Therefore the reaction is first order with respect to H,O, 
since the half-life is constant. 

- 



(b) 2H,O, - 2H,O ..).. 0, 

Rate = k [H:OJ 

k = 0.69J: tY2 
0.693 14 
4.95 x IO: 

( c) At zero minutes. the first portion was withdrawn. 
30 cm' of 0.1 mo! dm 3 KMnO~ contains 3 x I 0 
KMnO~. Since 5 moles H202 reacts with 2 moles KMnO. 
7.5 x 10-3 mole H,O, was present in IO cm ' of sol 
therefore the concentration of H,O, = 0. 75 mo! dm' 

If the concentration at zero minutes is 0. 75 mol dm 
14 minutes earlier it would have been 1.5 mol drrr' a 
minutes before that it would have been 3 mol dm 1

• Th· 
the solution would have been in the bottle 28 1111 

before. 

( d) The hydrogen peroxide can be placed in a dark bottle 
light catalyzes its decomposition. 

Initial rutv 1t'(ih11d 

This method is used for reactions that take long to occur. 
rate of a chemical reaction is quite slow then obtaining a 
set of measurements would take an inconvenient arno 
time. However, we usually know the initial concentration 
reactants that we mix in the reaction flask and we can m 
the initial rate of reaction. The data is then presented in J 
and the effect on the rate of the reaction is noted as concern 
changes. Table 7.2 below shows the result for the reaction be 
propanone and iodine which is catalyzed by acid. 

Table 7.2 

If we compare experiments 1 and 2 we will see the [H ] 
half that in 1. The initial rate has also been approximately 
From this data we can assume the reaction is first orde 
respect to the acid catalyst. 
Also by observing 1 & 3 and 1 & 4 the reaction is firs 
with respect to propanone and zero order with respect to 1 



ereforc the rate equation is 

Rate= k [H-J [Propanone] [IJ11 = k [H ] [Propanonc] 

us the overal I order of the reaction is 2 ( second order). 

REACTION MECHANISMS 
•:ice the rate equation is established. it is possible to suggest a 
.echanism of a reaction. The mechanism of a reaction shows all 
ic steps and species that are inv olved in the reaction. A reaction 
- .ially has a slow stage which is called the rate determining step 
hich is followed by one or more fast stages. The species that 
opear in the rate equation is involved in the rate determining 
rep. Any other reacting species that does not appear in the rate 
equation are involved in the fast step. therefore by looking at 
e rate equation and the other species involved in the reaction 
ne can propose a reaction mechanism that is consistent with the 

.iata . 

• on sider the reaction 

A+s____..c 
Rate = k [A] [BJ 

"his states that if the concentration of A is doubled then the rate is 
also doubled. This means that as the concentration of A doubles. 
there are twice as many particles of A to collide with 8 particles. 
Thus the rate increases proportionally. Similarly. doubling the 
concentration of B doubles the rate. The order is first order with 
-espect to A and first order with respect to B. The overall order 
of the reaction is 2. 

For the reaction 

2A----+ B 

doubling the concentration of A implies that there are twice as 
many A particles to react. This means that twice as many A 
particles will collide with twice as many A neighbours. Thus as 
the concentration of A is doubled. the rate of production of 8 is 
quadrulples, Therefore the reaction is second order. Generally for 
a simple one step reaction. the rate law can be predicted from the 
stoichiometric equation. For example. 

Rate = k [H:J [IJ 



Both [HJ and [IJ directly affect the reaction rate. If eith, 
concentration is modified then the same modification is apph 
to the rate. 

\lukcularit, 

Molecularity refers to the number of reactant particles ( atom 
molecules. radicals or ions) involved in a step of a reaction. \\'h 
there is one reactant species inv olvcd in a reaction. the reaction 
called a unimolecular reaction. For example 

eye lopropanc 

When there are two reactant species. the reaction is called 
bimolecular reaction. 

H, + CH,Br, -- CH.Br + HBr 
-· 

,, it h :, sPries of ,tl~p 

Many chemical reactions are not simple one-step reaction 
occur in a series of steps. Each step has its own activation ener, 
The slowest step in the reaction is the rate determining step. 

Consider the reaction 

A+ 2B------. AB, 

The steps for the reaction are 

A, B ~AB 

and 

AB_,_ B ~AB, 

Rate= k [A] [B] 

The coefficients of A and B in the rate determining step are 
orders in the rate equation. 

For the reaction 

A+2B------. AB, 

Rate = k [Bf 

This reaction is second order with respect to B. Since A is 111 



_ rate equation. it is not in the rate determining step. 

e rate determining step for this reaction may be 

.~ the fast step would be 

nsider the decomposition of H:'O:' by HBr 

: overall equation is 

HBr 2H,O, --; H,O + 0, 

c suggested steps for the reaction are 

~ialysts have constant concentrations. The catalyst is the same 
fore and after a reaction. Thus [H ] [Be] is a constant. so the 

=: equation can be modified as follows: 

Rate= K · [H:'02] whese K · is a constant 

is is called a pseudo-first order reaction. 

nsider the hydrolysis of a tertiary halogenoalkane with rate 
.. quation 

Rate= k [halogenoalkane] 

ie mechanism proposed for the hydrolysis of a tertiary 
.Jogenoalkane e.g. 3-bromo-3-methylpentane involves the 
ssociation of the halogenoalkane into a carbocation and a halide 
n. 

trnn s mon slJle 

hen the carbocation quickly reacts \\ ith the hydroxide ion to 
-rm an alcohol. 



fast ____. 

Since one species is involved in the formation of the transition 
state. the reaction is unimolecular. The breakage of the C-Brbond 
in the reactant is the rate determining step. This bond is relatively 
strong and takes longer to break requiring more energy. 

The mechanism proposed for the hydrolysis of a pnmary 
halogenoalkane e.g. bromoethane with a rate equation 

Rate = k [halogcnoalkane] [OH ] 

involves bond breakage and bond formation at the same time. A 
transition state is reached where C is bonded to both O and Br 
The transition state is then quickly converted into products. 

:~ 
1/01,· ____. I 

/ 
fast ____. 

Since two species are involved in the formation of the transition 
state, the reaction is bimolecular. This means the rate determinin , 
step also involves the OH- ion. 

COLLISION THEORY 

Collision theory explains how chemical reactions occur and 
why reaction rates differ for different reactions. It postulates the 
following for a reaction to occur: 

~ The reactant particles must collide. Collisions bring the 
particles together for them to react. 

~ The reactant particles must have energy greater than the 
activation energy. This means that a minimum arnourr 
of energy is required to break the bonds of reactan 
particles before new bonds are formed. Only a fractior 
of the reactant particles have energy greater than th, 
activation energy. 

~ The reactant particles must collide in the corre, 
orientation. Reaction can only happen if reacta·· 
particles approach each other in the correct position. 



the reactants are not in the correct position they would 
bounce off each other and no reaction would occur . 

all molecules that collide reacts. Only effective collisions 
... -e the transformation ofreactants into products. This is because 

: a fraction of the molecules have sufficient energy and the 
_ht orientation at the moment of impact to break the existing 
nds and form new bonds. The rate of a reaction may thus be 

. tined as the number of effectiv e collisions per unit time. 

FACTORS AFFECTING RATE 

••nl'l'rt1 r.1fiu11 

\~cording to the collision theory, increase in concentration 
· reactants increases the frequency of collision between the 
cactants. Thus the effective collision frequency also increases. 
Therefore an increase in concentration of the reactants increases 
ic rate of a reaction. 

In heterogeneous reactions, the greater surface area exposed to 
-:actant particles. the more collisions can occur. Finely divided 
-olids give a larger surface area and hence a faster rate ofreaction 
than larger solids. 

kmpd nrur« 

An increase in temperature increases the kinetic energy of the 
reactant particles. This increases the number of collisions and 
also the fraction of particles having kinetic energy higher than 
the activation energy. Thus the effective collision frequency 
increases. Therefore an increase in temperature of the reactants 
increases the rate of a reaction. 

vlaxwell and Boltzmann calculated the distribution of velocities 
amongst molecules of gases using the laws of probability. The 
kinetic energy ofmolecules is shown in the graphical representation 
of the Maxwell-Boltzmann distribution in fig. 7.4. 

fig. '/.4 

The curve in fig. 7 .-t. gives a representation of how energies are 
distributed in the reactant particles at a particular temperature. 
The shaded area under the curve shows the number of reactant 
molecules with energy greater than the activation energy at that 
temperature. The bulk of the molecules have energies below the 
activation energy. 

. .\ large number of partrcles hav e le" 
energ) than the acuv n1i,111 energ~. 

. .\ small number or 
parucles represented 
h~ the <haded area 
h:11 c more en erg~ 
tl1J11 the ac111 mion 

nerg) 

Fig. 7A 
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As the temperature increases. the number of molecules 
energies equal to or greater than the activation energy incr .. 
Thus the shape of the curve flattens out and shifts to the n , 
shown in fig. 7.5. It is noticed that with an increase of 1(1 
number of molecules with energies greater than the acn 
energy doubles. Thus an increase of I 0°C roughly double 
rate of a chemical reaction . 

Fig. 7 

( atulv ,, 

A catalyst is defined as a substance which increases the ra 
a chemical reaction but remains unchanged at the end 
reaction. The catalyst may be consumed in the reaction but 
regenerated at the end of the reaction. A catalyst speeds up 
rate of a chemical reaction by lowering the activation energy 
It provides an alternative pathway with lower E for the re .. 

,\ 

to occur. 

~ 

Adding a catalyst provides an alternative route for the rea 
That alternative route has lower activation energy. This is s 
on the energy profile diagram in fig. 7.6. 

Fig. 7. 

Catalysts are divided into 2 groups. These are 

,;> synthetic catalysts 
,;> biological catalysts (these are known as enzymes \1. 

are proteins and are found in all living organisms I 

Synthetic catalysts are further divided into two groups. 
arc 

~ Homogeneous catalysts - the catalyst and the reac 
are in the same physical state. 

,;> Heterogeneous catalysts - the reactants and the cat 
are in a different physical state. e.g. Vp5 in the Co 
process and Fe in the Haber process. 

Humo~l'IH'III" t·.11.il~ ,1, 

Homogeneous catalysts are catalysts that are in the same stare 
the reactants. They are predominantly catalysts in solution a 
with reactants. Since they are dispersed within a solution. 
surface area of the catalyst is maximized. A common examp 



.\ hich catalyzes a number of organic reactions such as the 
.ation reaction between a carboxylic acid and an alcohol. 
.: hydrolysis of sucrose to produce glucose and fructose. 

=eneous catalysts provide an alternativ e pathway with 
.ictiv ation energy for the reaction. The reaction between 
-disulphate (YI) ions and iodide ions is given below. It is 
zed by Fe:' ions. 

S O > + :21- 
:' X (JI.JI IJ\.jl 

2SO:, + I 
-l I uq I 213\.j I 

._jgh peroxodisulphate (YI) ions are wry powerful oxidizing 
s and iodide ions are very easily oxidized to iodine. the 
on between them in aqueous solution is very slow. This 

· .... a use there is collision between two negative ions hence 
-ion slows down the reaction. However adding Fe2' ions 

. ..ises the rate. 

uggested that the catalyzed reaction takes place via two 
First the peroxodisulphate (VI) ions oxidize the Fe2 ions 
ions. 

S 0.2 + 2fe> --. 2SO:, + 2Fe3- 
2 S IJ\.jl IJc]I -l tJ\.jl IJ<.jl 

. · the Fe3 ions oxidize the iodide ions to iodine, regenerating 
::- e> catalyst. 

21 -r 2Fe3- --+ I -r 2f e> 
1,1\.jl r aq: :'1aq1 <Jql 

Ll11C3t31) ?Cd 

_ suggested energy profile diagram for the reaction is shown in 
= -. '. It shows the activation energy of the uncatalyzed reaction 

is higher than the activation energy of the two steps of the 
lyzed reaction (E31 and EJ)· 

n ... -.ictant 

mterrnedrate I, J products 

Reaction Progress 

g.7.7 
Fig. 7.7 

catalyst results in collision between positive and negative 
is. These would be more successful than collision between two 
;ati\e ions in the uncatalyzed reaction. 

nc~··nt•ou ... l':tl.tl~ ... t, 

pica! examples involve a solid catalyst with the reactants as 
her liquids or gases. Gases that are reacting on metal surfaces 
.h as transition metals in which the transition metals are acting 
catalysts provide suitable examples of heterogenous catalysts. 

--ansition metals are frequently used as catalysts as they have 
filled d orbitals which can be used to form bonds. 



Most examples of heterogeneous catalysis go through th, 
stages. First the reactants are adsorbed on to the surface 
catalyst at active sites. Adsorption is the temporary attrac: 
molecules of a gas or liquid to a solid surface. The reacti 
be catalyzed in either or both of the following ways. 

;, When the reactant molecules are adsorbed onto the - 
the bonds within the reactant molecules weaken as 
of its electrons are used to form bonds with the metal 
allows the reaction to take place more readily as the c 
for bond breaking is less. 

~ The reactant adsorbed onto the metal may be held 
correct orientation for a reaction to occur. This increase 
number of favourable collisions and hence increases th. 
of the reaction. 

The overall effect is to lower the activation energy. The pr 
molecules then break away from the metal surface leavin, 
active sites available for a new set of molecules to attach t 
react. A good catalyst needs to adsorb the reactant rnolec 
strongly enough for them to react, but not too strong so tha 
product molecules cannot break away. If the product ca. 
break away from the surface of the metal. it blocks the active 
and prevents further reaction. Impurities in the reaction mi 
usually adsorb more strongly than the reactants and block 
active sites. The catalyst is then said to be poisoned. 

The catalyzed reaction for hydrogenation of a carbon-car', 
double bond in ethene is shown below. 

Hydrogen and ethene adsorb onto the metal surface. The do 
bond between the carbon atoms breaks and the electrons are 
to bond it to the metal surface. 

ethene and ll\ drogen 
adsorb ,,11tL1 meta I 

/ 

The bond between the carbon and hydrogen is formed. 



• - - • "' - -- ... 
H form, a bond 

,, ith ethcne 

<. 
0 0 

h"nd breaks 

._ ethene molecule breaks free leaving space on the surface 
e metal for new reactant molecules to go through the same 

,._ess. 

. 'C•' Oil the lcav 111!! 'P" ' J · c, - b ore The product '""'"C' '"-_ :mi:m"' adsor m d 
i, no,, cnnrcly tree -------... .Q... .al) ~thenc molecules an 

~ / '"''°'"' 
0 0 

drogenation of vegetable oils to make margarine involves 
ctinz a carbon-carbon double bond in the vezetable oil with ~ ~ 
crogen in the presence of a nickel catalyst. 

·alytic converters use heterogenous catalysts. They change 
-rnful molecules like carbon monoxide and various nitrogen 
des in car exhausts into less harmful molecules like carbon 
wide and nitrogen. They use transition metals like platinum. 
iadium and rhodium as the heterogeneous catalyst. The 

eials are expensive thus they are deposited as thin layers onto a 
ramie honeycomb. This maximizes the surface area and keeps 
" amount of metal used to a minimum. 

e catalyst works in the same way as above. The carbon 
noxide and nitrogen monoxide adsorbed on the surface of the 

talyst where they react. Then the product molecules break away 
m the metal catalyst 

Table 7.3 
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On the Maxwell-Boltzmann distribution shown in fig. 7.8 on. 
those particles in the shaded area have energies higher than tr 
activation energy and can react when they collide. The oth 
molecules do not have enough energy to react. 

Fig. 7.8 

A catalyst lowers the activation energy for the reaction. Therefo 
with lower activation energy. a greater number of molecul 
would have energy greater than the non-catalyzed activatio 
energy. This is shown in the distribution curve in fig. 7.9. 

Fig. 7.9 

These are catalysts found in living systems called enzyme-; 
Generally enzymes are defined as biological catalysts whic 
speed up the rates of chemical reactions in living systems. Withm. 
them the rate of reactions will be too slow to sustain life and th 
organism may die. Enzymes in the human body are numerou 
however they are specific in function catalyzing one reaction o 
one group of reactions. Enzymes work at an optimum pH an 
temperature ( 3 7°( ). 



The rate of the reaction between nitrogen monoxide and 
oxygen is given below. 

Rate= k [NOJ'[OJ 

Predict quantitatively what would happen to the rate of the 
reaction when the following changes are made: 

(a) The concentration of 0, is halved. 
(b) The concentration of NO is doubled. 
(c) The concentration of 02 and NO are both tripled. 

Explain your answer in each case. 

The equation for the reaction between nitrogen monoxide 
and oxygen is given below. 

2NO + 0, ---, 2NO, - - 
(a) Suggest a method of monitoring the rate of this ~~ ~ 

reaction 
(b) Suggest a precaution that should be taken when 

performing the experiment. 

Four experiments were carried out to find the relationship 
between the initial concentration of NO and O" and the 
initial rate of formation of NO,. 

(c) What is the order of the reaction with respect to each of 
the reactants? 

( d) What is the overall order of the reaction? 
(e) Write the rate equation for the reaction. 
(f) Calculate a value for the rate constant. 



3. Use the collision theory to explain how the following factors 
affect the rate of a chemical reaction: 

(a) Temperature 
(b) Concentration 
(c) Particle size 
(d) Catalyst 

4. Using the Maxwell-Boltzmann distribution of energy. 
explain the effect of temperature and a catalyst on the rate of 
a reaction. 

5. The table below gives the results of an experiment to 
investigate the decomposition of compound X. 

I I I I I I I I I I . I 
(a) Explain the meaning of the following: 

(i) rate of reaction 
(ii) order of reaction 

(b) (i) Plot a graph of the concentration ofX against time. 
(ii) Determine the concentration of X after 75 seconds. 
(iii) Describe how the graph plotted can be used to 

construct a graph of rate against concentration. 

(c) Define the term half-life of a reaction. 
(d) Using the graph in (b) (i) and the half-life method. 

determine the order of the reaction for the decomposition 
ofX. 

(e) Deduce the rate equation and hence calculate the rat, 
constant. 

6. The compound nitrosyl fluoride (ONF) is produced frorr 
nitrogen monoxide and fluorine according to the equation 
below. 

2NO - F, -~ 20NF 

The rate equation for the reaction is 

Rate= k [NO] [FJ 

Suggest a mechanism for the reaction. 



DYNAMIC EQUILIBRIUM 

.... n solid iodine is placed in a glass tank and covered at 
erature T sublimation of the solid occurs. Gaseous iodine 

· rple in colour and as sublimation occurs the intensity of the 
-1e vapour gradually increases until it stays constant. At this 
, the solid iodine has reached equilibrium with the iodine 
-ur. 

e macroscopic level it would seem that there is no movement 
.rring. The concentration of the iodine vapour as well as the 
. entration of solid iodine remains constant once equilibrium 
been achieved. At the microscopic level there is movement in 
-ystern. The iodine vapour is being converted to solid iodine 
~ same rate the solid is being converted into the vapour. We 
that the system is in a state of dynamic equilibrium when 
rate of the reverse reaction is equal to the rate of the forward 

---"ilon. It should be noted that the tank was covered to create a 
.d system. A closed system is one in which no substances are 
.r added to or lost from the system. In this system the reaction 
-lated from external changes. For example. an equilibrium 

. rion involving gases must be sealed to prevent loss of gases 
.h will affect concentration. 

,amic equilibrium implies that movement persists within the 
.cm. Consider the following reaction: 

A-t-8 ~ C+D 

this reaction the concentration of A would decrease as the 
.. .ction proceeds until it reaches equilibrium. The concentration 
\ remains constant when equilibrium has been achieved. This 

n be represented graphically as shown in Fig. 8.1. 



(A] 

Fig. 8.1 
Tune 

If we monitor the concentration of C. we will notice that t 
concentration of C increases as the reaction proceeds until 
reaches equilibrium. At equilibrium. the concentration of 
remains constant. This can be represented graphically as sho: 
. F. 8.., 
111 1g. ·- 

(CJ 

Fig. 8.2 

T11111: 
hqurhbnum 

At equilibrium. the concentration of A and C remains consta 
Combining the two graphs above gives the graph below. 

Fig. 8.3 

Tim~ 
Equilrbnum 

Since the reaction is in dynamic equilibrium. A and B comb: 
to produce C and D while C and D combine to produce A and [ 
At equilibrium. the rate of conversion of A and B to produce 
and D is equal to the rate of conversion of C and D to produce 
and B. The concentration of both the reactants and products w 
remain constant and neither of their concentration ever falls 
zero. 

If the rates of the forw ard and reverse reaction arc plotted agan 
time the graph in Fig. 8...l is obtained. 



.. 
forw ard reaction. 

Rate of 
reaction 

Fig. 8A 
rev er,e reaction. 

Time Equilibrium 

he rate of the forward reaction falls with time as A and B are 
-ed to form C and D. At the start of the reaction there is no C and 
but as A and B form C and D. their concentrations increase. 
the concentration of C and D increases. the rate of the reaction 

·~ tween C and D increases. 

i equilibrium, the rates of the two reactions will become equal. 
and B will form C and D at exactly the same rate as C and D 
nvert back to A and B. At this point there would not be any 
.rther change in the amounts of A, R C and D in the mixture. 

r va ture ... 01 a ,, <rern in <h namic cquilihrium 

Macroscopic properties are constant. At equilibrium it 
appears that no reaction is occurring as no movement is 
observed, that is no visible reaction is taking place. 

Microscopic properties are continuous. Since the rate of the 
forward reaction is equal to the rate of the reverse reaction. 
there is continuous conversion of reactants to products and 
vice versa. Microscopic movement occurs however there is 
no change on the concentration of reactants and products at 
equilibrium. 

Equilibrium can be achieved from any direction. Consider 
the reaction between an acid and an alcohol to produce an 
ester and water. 

To achieve equilibrium we can mix the alcohol and the acid 
or we can combine the ester with water. Whichever direction 
we choose to start from. equilibrium will be achieved. 

Equilibrium can only be achieved if the system is 
closed. This refers to a system in which there is no external 
interference. No substances are either added to or lost from 
the system. 

- 



~ If the system is subjected to a disturbance e.g. a chanu, 
concentration or temperature, it responds to minimize 
effect of the disturbance and returns to equilibrium ov c: 
finite period of time. 

THE EQUILIBRIUM CONSTANT Kc 
In dynamic equilibrium. the rate of the forward reaction is ~ _ 
to the rate of the re, erse reaction as mentioned earlier. Con 
the reaction 

A+B ~ C+D 

If we assume that increasing the concentration of A or B 
proportionally increase the concentration of products, the: 
rate is proportional to the concentration of A and B. 

This can be expressed mathematically as 

Rate = k, [A][B] 

The rate of the reverse reaction will therefore be 

Rate = k. [C][D] 

At equilibrium the rate of forward reaction is equal to the r, 
the ren~rse reaction. 

Therefore k, [A][B] = kJC][D] 

This can be rewritten as 

k, ! k, = [C][D] .' [A][B] 

The constant k, divided by a constant k2 gives a new c 
K. Since we are using concentration of reactants and pr 
a subscript c is used to highlight this. Thus the equation 
written as 

K = [C][D] .' [A][B] 
' 

Kr is called the equilibrium constant and is written as th 
of the concentration of the products and reactants. Genera 
ratio is related to the stoichiometry of the reaction. For ex 

aA+bB ~ cC-dD 



[CJ" [DJ0 
K, = [A]' [B]f- 

er to which the concentration of a substance is raised 
equilibrium expression is the same as its coefficient in 
chiometric equation. In this equation a. b. c. and d are 
=ective coefficients of the substances A. B. C and D in 
rchiornctric equation. This relationship between the 

· rium constant and the stoichiometric equation is known as 
ilibrium law. 

~r the following 

A+2B ~ AB. 

[ABJ 
[A][BF K = 

hat the numerator is the product and the denominator is the 
'1(5 . 

. er the reaction 

K 
[HI,gJ ~ 

[H~1)[l~1,J 

the concentration is in moles drn .1. the units for K must 
' -oe determined. For the reaction above. the units for K can 

" und by including it in the equilibrium equation. 

K = 
(mol dm -')c 

s example. all the units cancel out thus K has no units. 
' 

e Haber process which is the manufacture of ammonia 

2NH, (g) 

K 
[:-JHJ 2 

[N~J[HJ ~ 



The units for would be 

K 
(mot dm ' )c 

( mol drrr ' ) x ( mot dm ' I J. 

When calculating a value for the cqu i I ibrium constant ti . 
concentration of at least one of the reactants or products must b 
known. This is \ ery important in calculating the concentran 
of all the other species at equilibrium. Consider the followir z 
example: 

Ethanol and ethanoic acid were mixed and allowed to reac 
equilibrium at temperature T. The mixture which initia 
contained one mole ethanol and t\VO moles of cthanoic acid ir 
dm ' now contains 0.35 mol drn 3 of ester at equilibrium. 

( i) Calculate the concentration of the other species m 
equilibrium mixture. 

( ii I Determine K and state its units. 
' 

The equation for the reaction is 

C2H,OH - CH,COOH ~ CH,COOC2H::, H 

Since 0.35 mole of ester was formed, the same amount of w a 
will be produced i.e. 0.35 mole of water. 

Initially there was I mole C=H50H_ since 0.35 mole of r 
was converted to the ester. the number of moles remaining 
equilibrium is I - 0.35 = 0.65 mol dm ·' 

Initially there were 2 moles CH3COOH, since 0.35 mole ot 
acid was used to produce the ester. the amount rernainin, 
equilibrium is 2 - 0.35 = 1.65 moles. 

Now that the concentration of all the species at equilibriun 
known, the next step is to write the expression for K~. 

K = 
' 

[CH3COOC:H5(1J [H:011,J 
[C,H,OH11J [CH,COOH11J 



.titutc the following values in the equation 

K ~ - .: 
0.35mol dm ' x 0.3511101 dm ' 
0.65mol dnr ' x 1.6511101 dm ~ 

0.12"5 
1.0725 
O. l l-t2 

"re are no units since they cancel. 

., • 11, 1 .l n I 

determine the equilibrium constant of a reaction a number 
steps must be followed. The following example involving 
anoic acid and ethanol to produce ethyl ethanoate and water is 
ed to illustrate the steps involved. 

Ile balanced equation for the reaction is 

C2H50H111 + CH3COOH111 ~ CH1COOCcH5111 + H2011, 

rst the experiment is set up using known concentrations of 
.thanol and ethanoic acid. The mixture is covered and allowed to 
-.?ach equilibrium . 

• ftcr equilibrium has been achieved, the concentration of one 
f the reactants is determined. Various techniques are available 
.ich as colorimetry (for coloured reactants or products). 

<ressurc measurements (for reactants involving gases) or 
.olumetric analysis (for reactions involving acids and bases). 
n the esterification reaction. the concentration of the ethanoic 
.cid at equilibrium can be found by \ olumetric analysis using 
-tandardized aqueous sodium hydroxide with phenolphthalein 
indicator. 

Once the concentration of one of the reactants at equilibrium is 
determined. the equilibrium concentration of the other species 
n the reaction can then be calculated. The concentration of all 
species must be calculated in mol drn'. 

The values are then substituted in the equation for K . The 
equilibrium constant is calculated and the units are worked out. 



The cquilihriurn convtant for :!:l't.·011, ,\,tt.·m, t.... 

It is more convenient to measure the pressure of gases at 
equilibrium rather than concentrations. Thus K is used as the p 
equilibrium constant for gaseous systems. The subscript p refers 
to the pressure of gases. The total pressure of a mixture of gases 
is the sum of individual pressure of each gas in the system. The 
individual pressure is referred to as the partial pressures of the 
gas in the mixture. The symbol used to express partial pressure 
IS p. 

Thus for a mixture of gases A. B and C the total pressure is the 
sum of the partial pressures. 

The partial pressure (p) of a gas 

number of moles of gas 
x total pressure total number of moles 

Therefore 

p - X p 
1,11JI 

Thus the partial pressure of gas A is 

P = X p 
\ \ total 

where P. is the partial pressure of a gas A 
X is the mole fraction of the gas A \ ~ 
P

1
,,,a1 is the total pressure 

Consider the the reaction of nitrogen and hydrogen in the Haber 
process 

N, + 3H ~ 2 NH, 
- igJ ~ 1gJ -"' 1£:1 

K r 
(pNH.f' 

• ~'-l 

N H . (p : ).,q (p : )'~q 

Example 

2.5 atm of nitrogen gas and 3 arm of hydrogen gas were place 
in an empty container and allowed to reach equilibrium. It w .. 
found that the pressure of the nitrogen gas decreased by 0.5 atrn 
Estimate the value of K for this system. 

11 



(pNH3 )\q 

KP = (pN2 \q (pH, )\q 

( 1 atm )2 
(2atm) x ( lSatm): 

O. l 5atm 2 

, equilibria met so far are called homogeneous equilibria 
. all the chemical species are in the same phase. The species 
.re either all dissolved or were all gases. However, equilibria 
\\ hich the species are not in the same phase are referred to 
heterogeneous equilibria. Examples of heterogeneous 

x.uilibria are ionic compounds partially dissolved in water and 
e decomposition of calcium carbonate. 

"hen writing an expression for the equilibrium constant for a 
eterogeueous equilibrium the concentrations of solids arc not 
eluded in the equilibrium expression. The concentration of a 
ibstance is the number of moles per unit volume. For solids, the 

. ncentration would thus be equivalent to its density. i.e. mass 
er unit volume. Since the density of the solid does not change, 
ien the concentration of the solid remains constant. For example, 
the decomposition of calcium carbonate 

K = [Ca01) [CO2!!) 
c [CaC031,J 

Since the concentrations of the solids are constant. the equilibrium 
constant can be written as 

K' = [COJ ' - 

., here K' is a new constant which takes the concentrations of the 
C 

solids into consideration. 

Similarly K for the reaction can be written as 
I' 

K = [CO,] 
I' - 



FACTORS AFFECTING EQUILIBRIUM 

When equilibrium mixtures are subjected to small changes in 
conditions such as concentration, temperature and pressure, the 
equilibrium tends to shift so as to minimize the effect of the 
change. This was investigated by Henri Le Chatelier in 1888 and 
is referred to as Le Chateliers principle. 

!' ih·~·• of concentration 

Con sider the reaction at a fixed temperature 

aA + bB ~ cC + dD 

K = 
C 

[C]' [D]u 
[A]" [B]h 

If either A or B is added to the mixture at equilibrium, more 
C and D would form so that the new concentration ratio in the 
equilibrium expression would be the same for K . The equilibrium .. 
is referred to as 'shifting to the right'. If either C or Dis added to 
the equilibrium mixture, more A and B would fonn shifting the 
equilibrium to the left so that the new concentration ratio in the 
equilibrium expression would be the same for K . 

' 
The effect of concentration on equilibrium can be seen in the 
acidification of sodium chromate( VI). 

2Cr0 :. + 2H- ~ Cr O." + H 0 
~ I ,lcJI I aq I 2 I Cle) I C 111 

The yellow solution of sodium chromate( VI) turns orang 
when acid is added. As the concentration of H- ions increases 
equilibrium shifts to the right and chromatet IV) ions are convertec 
to dichromatci Vl) ions. On adding an alkali, the H ions ar~ 
removed and the equilibrium shifts to the left turning the solutioi 
yellow again. 

,. lfrrt .. l' tvmpc- utur« 

A change in temperature causes a shift in equilibrium as \\ c 
as a change in the value of the equilibrium constant. The effec 
temperature has depends on whether the reaction is endotherrm .. 
or exothermic. Reactions which arc endothermic in the forwar 
direction are exothermic in the backward direction. For exampl 
the reaction involx inz the conversion of dinitrozen tetroxide ... ... 
nitrogen dioxide is endothermic in the forward direction an 



rhermic in the backward direction. 

NO ~ ~lg) 2T\O ~(gl ~H = +ve 

increase in temperature shifts the equilibrium towards the 
.iothermic direction ( to the right in this case) and increases the 
ue of K or K . Therefore the colour changes from vellow to 

l' p ~ - 

\\ n. A decrease in temperature shifts the equilibrium towards 
exothermic direction ( to the left in this case) and decreases 

.: , alue of K or K . Here the colour changes from brown to ' r , 
~ I low. 

reactions where there are changes in volumes, a change 
pressure causes a shift in equilibrium but the value of the 

.. quilibrium constant remains the same. In the reaction involving 
, conversion of dinitrogen tetroxide to nitrogen dioxide, there 

~ an increase in the number of moles in the forward direction. 

2NO 
~I gl 

K = 
I' 

(pNO_/~<.J 
(pN~0-1 ti 

Since one mole of any gas occupies the same volume at the same 
temperature and pressure. we can say that there is an increase in 
\ olume in the forward direction. So with an increase in pressure, 
there would be a decrease in volume as molecules are pushed 
closer together. Thus equilibrium would shift in the direction of 
the smaller volume i.e. towards the left. Therefore an increase in 
pressure would result in more dinitrogen tetroxide being formed 
so that the new pressure ratio in the equilibrium expression would 
be the same for K . 

p 

A decrease in pressure would result in an increase in volume. 
Thus equilibrium would shift in the direction of the larger x olurne 
i.e. towards the right. Therefore a decrease in pressure would 
result in more nitrogen dioxide being formed. 

c .ualv ,t 

A catalyst alters the rate of a chemical reaction. In a reversible 
reaction, it can increase the rate of the forward and backward 



reaction to the same extent so that equilibrium is reached more 
rapidly. However, it has no affect on the position of equilibrium 
and does not change the \ alue of the equilibrium constant. 

Application of Le Chateliers principle to industrial processes 
such as the Haber process and the Contact process are discussed 
later on under the section of· Industry and the Environment". 

lactv ahout the equilibrium convtunt h. 

The equilibrium law only applies to systems that arc 111 

dynamic equilibrium. 

K is verv sensrtive to changes 
C • '- 

constant when temperature is 
changes. the K value changes. 

.... l .... 

Changes in concentration and pressure do not affect Kc since 
the equilibrium is adjusted to ensure that Kl remains constant 
For example. if the concentration of reactants increases the 
concentration of products would tend to increase. Eventually 
the system adjusts itself to restore equilibrium such that the 
concentrations of the reactants and products give the same 
K value. 

C 

in temperature. It is only 
constant. If temperature 

K !:!i\ es an indication as to the extent of a chemical reaction C .. _ 

A large K, value indicates that there is a larger proportion of 
products to reactants. A small value indicates that there ar 
more reactants than products. K, gi\ cs no indication as t 
how fast the reaction will occur. 

~ K values can be compared with each other. It indicate- 
' whether one reaction will go to completion more than 

another. When sulphur dioxide reacts with oxygen, the 
reaction takes a long time but the K is large. At the same - ~ ~ 
temperature. when nitrogen monoxide reacts with oxygen t 
form nitrogen dioxide. the reaction is rapid but the K valu ~ ' 
is smaller. The K values indicate that the reaction of sulphu 

l 

dioxide with oxygen goes to completion more than that o: 
nitrogen oxide with oxygen. 



\\"hat do you understand by the following terms: 

(a) dynamic equilibrium 
(b) equilibrium constant 
(c) equilibrium law 
(d) heterogeneous equilibria 

( a) State four characteristic properties of a system in 
dynamic equilibrium. 

(b) Write an equation for the equilibrium reaction for 
the decomposition of phosphorous ( V) chloride to 
phosphorous ( 111) chloride and chlorine. 

( c) Write an expression for the equilibrium constant for the 
reaction in (b) above. State the units of the equilibrium 
constant. 

The equation below represents the reaction for the production 
of ammonia. 

LiH = ~92 kJ mol 1 

Equilibrium is established w ith the gases hax ing the following 
partial pressures in atmospheres. 

(a) Write an expression for the equilibrium constant for the 
reaction. 

(b) Calculate a value for the equilibrium constant and state 
its units. 

(c) Explain the effect of an increase temperature on the 
value of the equilibrium constant. 



~. (a) State Le Chateliers principle. 
( b) State two factors that can disturb a system in 

equilibrium. 
(c) Sulphur dioxide is converted to sulphur trioxide in the 

Contact process according to the equation below. 

2SO + 0 ~ 2SO 
~(g) ~qp ~(g) 

~H = -197 kJ mol 1 

State the effect of the following on the position of equilibrium 
in the Contact process: 

(i) an increase in temperature 
(ii) increase in pressure 
(iii) use of a catalyst 

5. Calcium carbonate decomposes according to the equation 
below. 

Applying Le Chateliers principle. explain the effect on the 
position of equilibrium when the following occurs: 

(i) the concentration of CaCO, is increased 
(ii) CO2 is removed from the system 

6. 2 moles of N:O~ was placed in an empty I dm' bottle and 
allowed to reach equilibrium according to the equation: 

NO ~ 2NO ~ -4!g:) ~(g) 

At equilibrium. 1.2 moles of N:0-1 dissociated. Calculat, 
the value of the equilibrium constant for the reaction at thai 
temperature. 

7. A mixture of 0.5 mole of ethanoic acid and 1 mole of ethan. 
,, as allowed to reach equilibrium at room temperature. Th. 
equilibrium mixture was quickly titrated and -1-0 cm' 
2 11101 dm " sodium hydroxide was used in the titration. 

(a) Why was the reaction titrated quickly? 

(b) Using the titration results. calculate the number 
moles of 
(i) ethanoic acid left in the equilibrium mixture. 
(ii) ethanoic acid reacted. 
(iii) ethanol reacted. 
(iv) ethanol left in the equilibrium mixture. 

( c) Calculate the equilibrium constant for the reaction betw. 
ethanoic acid and ethanol at room temperature. 



THE BRONSTED-LOWRY THEORY OF ACIDS AND BASES 

,e Bronsted-Lowry theory of acids and bases states that 

~ an acid is a proton ( H ion) donor. 
~ a base is a proton ( H ion) acceptor. 

· hen hydrogen chloride gas dissolves in water to produce 
drochloric acid. the hydrogen chloride molecule donates a 
ton (H- ion) to a water molecule to form the hydroxonium 
. Hp-. 

hen hydrogen chloride gas dissolves in water, almost all of it 
rzes in water to produce hydroxonium ions and chloride ions . 
.refore hydrochloric acid is described as a strong acid. 

ten ammonia dissolves in water to produce ammonium 
Jroxide. the ammonia accepts a proton ( H- ion) from the 
droxonium ion. H,O . 

2H,O 
1 - I I 

NH - H o- ~ NH - H 0 
31g1 ', 1.1,11 -1 (Jejl 2 11, 

monia accepts a proton to form the ammonium ion and its 
_ -efore acting as a base. When ammonia gas dissolv es in water. 
, some of it ionizes in water therefore ammonia is described 
. \\ eak base. 

CONJUGATE ACID-BASE PAIR 

e reaction between HCI and water is reversible only to a minor 
cnt. Consider the reversible reaction 

HCI -i- H O ~ H .o- + Cl 
I aq I 2 i 11 .' I Jlj I I Jcj 1 

the forward reaction. the HCI is an acid because it donates 



a proton ( H- ion) to the water. The water is a base because it 
accepts a proton from the HCI. 

In the backward reaction, the H10 is an acid because it donates 
a proton ( H ion) to the Cl ion. The CJ- ion is a base because it 
accepts a proton from the H10 . 

When the acid. HCL donates a proton it forms the base, Cl . When 
the base. Cl. accepts a proton. it reforms the acid. HCI. Thus HC 
and CJ· arc referred to as a conjugate acid-base pair. 

CJ-is the conjugate base of the acid HCL while HCI is the conjugate 
acid of the base Cl . Similarly with the water as the base, the 
hydroxonium ion is its conjugate acid and with the hydroxoniun: 
ion as the acid. the water is its conjugate base. 

Identify the conjugate acid-base pair in the following examples: 

CH,COOH + H,O 
' - CH1coo- + H10 

CH,CH,NH, + OH- 
, - ' 

CH,CH,NH, + H,O _, .. - 

THE STRENGTH OF ACID AND BASE 
\ ['. ,i ' 

Acids are classified into two categories based on their ability 
ionize in aqueous solutions. These are strong acids and \\ eJl 
acids. 

A strong acid is defined as an acid that ionizes completely 
aqueous solutions producing a high concentration of hydroge 
ions. 

HCI --:: H- + Cl 
laql 1aq1 1aq1 

Notice that the arrow points in one direction only. Strong ac 
are described in terms of their basicity or proticity. The basici 
or proticity of an acid refers to the number of moles of H il 
that are produced per mole of acid. 

HCI --- H- + Cl- ,.,,11 IJ(jl ls1cp 

I mole of hydrochloric acid produces I mole of H- and it is s c, 
to be monobasic or monoprotic. 

H SO ____.. 2H- + SO 2- 
:: -1 t .iq I I uq I .j I Jc]l 



mole of sulphuric acid produces 2 moles of H per mole of acid 
and it is said to be dibasic or diprotic. 

H PO ----. 3H - PO :,- 
) -l 1a,p IJ~I -l 1a41 

mole of phosphoric acid produces 3 moles of H per mole of 
acid and it is said to be tribasic or triprotic. Phosphoric acid is 
present in the soft drink Coca Cola. which explains the acidity of 
this beverage. 

Bases are also classified as strong and weak bases. Bases that 
dissolve in water are referred to as alkali. Strong bases ionize 
completely in w ater. For example 

\\'eak bases do not ionize completely in aqueous solutions. For 
example 

NH, - H O ~ NH - OH- 
_, I aq I .:' , 11 -l I aqi lay 1 

In this reaction, the equilibrium lies to the left indicating that the 
ammonia is not completely ionized. Only a small concentration 
of hydroxide ions is generated in solution and the solution is 
slightly alkaline. 

CALCULATING pH 
I he pH ,call 

The relative strengths of acids can be compared by measuring the 
concentration of hydrogen ions. The concentration of hydrogen 
ions in solution can range from about 10-1" to IO mol dm ). Using 
a logarithmic scale can reduce this \\ ide range to a narrow range. 
Using negative logarithmic would produce a positive value for 
these concentrations. The pH scale is thus used to measure acidity 
and range from Oto 1-l. It is the negative logarithm to base ten of 
the concentration of hydrogen ion in a solution. 

PH = -Ioz [H ] .:=-111 

The lower the pH .. the more acidic is a solution . .-\ change in pH 
from 2 to 3 represents a IO time decrease in the concentration H 
ions, and a change from 2 to -l represents a one-hundred ( l O x 10) 
time decrease in the concentration H- ions. 



Fig. 9.1 

The concentration of the hydroxide ion can be measured similar! 
using a pOH scale. 

pOH = -Iog ]II [OH la,) 

Rclutiun-hip l,l't\\ l'<..'11 pll and pOII 

The concentration of hydrogen ions in water at 25°C is lo-, rn 
drn 3. The pH of water is 

pH = -Joo [H-J 
b](1 

= -log
111 
[10--] 

= 7 

The concentration of hydroxide ions in water at 25°C is l O:' r 
dm'. The pOH of water is 

pOH = -log111 [OH ] 

= -Ioz [ 1 o-~J 
~111 

= 7 

Thus pH+ pOH = 14 

Strong acids are fully dissociated in aqueous solution and 
concentration of H- ions can be found using stoichiometry. 

• varnple I 
Calculate the pH of a 0.1 mo! dm' HCl solution. 

HC! 
[O<.J) 

1 mole 

0.1 mole 

H + Cl 1,q1 (.lcJI 

1 mole H 

O. I mole H 

Therefore pH = -log111 [H J 
= -logJII (0.1) 
= I 



mple 2 
culate the pH of a 0.1 mol dm' H:cSO.j solution. 

H SO ----. 2H- ..,.. SO:: 
: .j laql (aq) .j 1aq1 

I mole ----. 2 moles H- 

0.1 mole _____. 0.2 mole of H- 

,,t?refore pH = -log 111 [H ] 
= -Ioz (0 ..,) 

bJ(I ·- 

= 0.7 

lculatinl,! the pH ••t' a ,tronl,! have 

.... calculate the pH of a strong base it is necessary to determine 
c hydroxide ion concentration in mole per drn 3 and then 

.ctermine the pOH using pOH = -log,JOH-J. From here pH can 
ten be determined using 

pH = 1-t.-pOH 

· x.unple J 

. alculate the pH of a 0.23 mo) dm 3 Ca( OH)~ solution. 

irst determine OH- ion concentration 

Ca (OH) ----. Ca> + 20H c 1a4l 1.iql t aq: 

1 mole ----. 2 moles OH- 
0.23 mole _____. O.-l6 mole OH 

\.ext calculate pOH 

POH = -Ios [OH-J -=111 

= -log111 (0.46) 
= 0.3-t. 

Then determine the pH using 

pH = 1-t.-pOH 
= 14 - 0.3-l 
= 13.66 

THE ACID DISSOCIATION CONSTANT (K ) a 

A weak acid dissociates only to a small extent in aqueous solution 
until equilibrium is achieved, The equilibrium expression written 



for the reaction is called the acid dissociation constant (K ). 
J 

The acid dissociation constant (K ) can be used to compare the 
3 

strengths of acids. Consider the reaction in which the weak acid. 
ethanoic acid dissolx es in water 

Since water is the solvent. it is in large excess and is excluded 
from the equation. Water is only included in an equilibrium 
expression if it is a reactant or a product in a chemical reaction 
Thus K can be written as 

3 

[CH,COO ] [H-] 
K., = [C-H

3
COOH] 

If the concentration of the acid is known together with the 
concentration of the ions. a value of K can be easily calculated ., 
In the above example K has units of mol drn \ A large K value 

J ~ I 

means that the acid is highly dissociated therefore it is a stron , 
acid. 

The pK., can be calculated from the negative logarithm to bas. 
ten of K 

.l 

PK - log K 
J ~ [II 3 

The larger the KJ value. the smaller is the pK
3 
value and th, 

stronger the acid . 

. rlr u lat ini; ilu- p H ol :1 \\l":tl.. .nid 

Calculate the pH of a solution of propanoic acid of concentrati. - 
0.2 mo! dm '. given that the pK. of propanoic acid is ..J..82 

The equation for the reaction is 

C~H5CQQHl3ql ~ C~H5CQQ t aq: + H (Jcjl 

At equilibrium only a small number of molecules of the al 
dissociate to produce the C ~H,COO- ions and H ions. If 
assume that x moles of the acid has dissociated to produce 
moles of the C ,H _coo- ions and x moles of H- ions. then - ~ 



I' - .... - 
J 

[C2H,COO ] [H ] 
[C:HFOOH] 

(X )(X) 

(0.2- X) 

.: propanoic acid is a weak acid and little dissociation of the 
ccurs, the value of 0.2 - x is approximately equal to 0.2. 

' 
K :\ - =- 

I 0.2 

K" = anti log 111 (-pK) 

= anti log 
111 

(---1-. 82) 

= J.5}3X 10-s 

' J.5 J 3 X l O o = ;.,'-~ 

. H ions concentration. x = I. 7-1-0 x l O 3 11101 dm 3. 

pH -Ios [H ] ::=, 111 

2.76 

THE BASE DISSOCIATION CONSTANT (Kb) 

.c dissociation constants can be used to compare the strengths 
nascs. Just as acids. an equilibrium expression can also be 
nen for the dissociation of a base. 

B + H O ~ BH + OH- 
'"ct1 2 '11 l,1,p lal[ 

[BH l,ll[J [OH Id) 
K, = [B ] 

,, lJ41 

cak bases such as methylamine are proton acceptors. Consider 
- reaction of rnethylarnine with water 

CH NH -"- H O ~ CH NH - -t- OH- 
3 21aq1 2 111 3 3 r aq i 1041 

K = [CH3NH1-] [OH-J 
" [CH.".\!HJ 

·' - 
r.J,:ing negativ e logarithms to base 10 gives 

pK1, = -log111 (Kh) 

small K value means that the base is dissociated to a small ,, 



extent therefore it is a weak base. The stronger the base the larger 
is the K

1
, and hence the smaller the pKh value. 

THE IONIC PRODUCT OF WATER 
Water at 25°( dissociates to a very small extent producing a 
minute quantity of the hydrogen cation and the hydroxide anion. 
An equilibrium expression can be written for the dissociation as 
dynamic equilibrium is achieved. 

H O :a.=: H + OH 2 II I (a<.JI (Jl]J 

K = [H ] [OH J 
[H20J 

K_ [H20] = [H ] [OH-J 

K is a constant and the concentration of water is considered to be 
< 

a constant because so little of the water has dissociated that the 
change is neligible. Two constants when multiplied together give 
us a new constant. which we call K . the ionic product of water 

I\ 

At 25°( it has been found that the concentration of H and OH- is 
l x 10-- mo! dm' respectively 

( l Ormol drn ") x ( 10 ~ mo! dm ') 

= I 0-1-1 mof dm " 

The relationship between K., of the conjugate acid and Ki, of th. 
base is as follows: 

Let BH be the conjugate acid of a base. then the cquilibriur 
constant ( K) for the conjugate acid is 

BH- ~ B + H- 

K = [BJ [H ] 
" [BH ] 
= [BJ [H J [OH-J 

[BH J [OH J 
- [B] 
- [BH-] [OH ] [H-] [OH-J 

.... , 
Thus 

1 



K I< = K J L~ \\ 

mg negative log. .._ ._ () 

PK + pK = pK ., h \\ 

PK = 1-1- at 25°C 
\\ 

?re tore 

pK + pK = 1-1- 
.1 h 

e above equations can be used to calculate the pH of a weak 
.se. Consider the following example: 

rat is the pH of methylamine of concentration 0.45 mo] drrr ' 
_ en the pKJ of CH,NH3 to be 9.25'? 

vrep 1: If we have pKj then we calculate pK0 

pKJ + pKti = 1-l 

9.25 + pKti = 1-1- 

pK1, = 4.75 

-rep 2: Calculate K1, 

K0 = antilog (-pKti) 

antilog (-4. 75) 

= l.775x JO'moldm3 

Step 3: Write an equation for reaction and insert the data given 
in the question 

CH NH,- + OH 
) ., IJy) {'1'f I 

X" 
K=o,.:;-x h .-t~ 

ince methylamine is a weak base and little dissociation occurs. 
the value of 0.45 - xis approximately equal to 0.45. 

Therefore x- 
0.45 = J. 775 X JQ-5 

X = ~.829 x [ Q--· mo! drn' 



So 

pOH = -log 111 [OH ] 

-log111 [2.829 X IQ-'J 
2.55 

pH+ pOH = 1-l 

pH= 1-l-pOH 

l-l-2.55 

11 .-l5 

ACID-BASE INDICATORS 

An acid-base indicator is a conjugate acid-base pair in which the 
acid is a different colour to the base. Using litmus as an example 
we can write the undissociated molecule as HL and the dissociated 
molecules as H- and L- at equilibrium. 

HL ~ H + L- 

When an acid is added. there is an increase in the concentration o· 
H ions. equilibrium shifts to the left and the colour changes to red 
When an alkali is added. there is a decrease in the concentration 
of H ions as H- ions react with the OH ions of the alkali to foITT 
water. The equilibrium shifts to the right and the colour change 
from red to blue. 
Indicators do not change colour at a specific hydrogen io 
concentration but rather over a narrow range of hydrogc 
ion concentrations. This range is called the pH range of th 
indicator. 

Fig 9 1 

Bromthy 11101 Blue 

Phenolphthalein 

Phenol Red 

0 I c -l 5 o - , 9 10 II 12 13 
pl/ 

Fig. 9.1 

Table 9.2 

Indicators can be used to test the acidity and alkalinity of solution 
and to determine the end point of a titration. The end point is 
signal that marks the completion of the reaction in the titratio 
When an indicator is used in a titration. it is the point at whi .. 



.:- colour of the indicator changes in the titration. The end point 
.. st coincide with the equivalence point in the titration. The 
, uilivalence point is the point where the number of moles of 

_ d equals the number of moles of base in the titration. 

pH CHANGES DURING TITRATIONS 

.e pH of a solution changes during a titration as an acid is added 
an alkali or vice versa. A plot of the changes in pH as an acid is 

dded to an alkali or vice versa is known as a titration curve. In 
e titration curves in fig. 9.2. (a) shows how the pH of the solution 
vanzes when an alkali is added to an acid during titration. while ~ ~ 
· shows how the pH of the solution changes when an acid is 
.ided to an alkali during titration. The pH changes sharply by 
.:\ era! units at the cquilivalcnce point. 

1 the curve (a). the pH changes gradually as the alkali is added 
the acid. As end point is approached. the pH of the solution 

ncreases sharply. Once the endpoint has been passed. the pH 
.hange slows down again. The midpoint of the most vertical part 
f the graph will correspond to equivalence point. 

,ot all titration curves are the same. The graphs in fig. 9.2 show 
the titration curves using a strong base and a strong acid. Graphs 
differ in shape depending upon whether the acid or alkali that is 
being titrated is strong or weak. See fig. 9.3(a)-(d). 

Any acid-base indicator that changes colour at a pH in the 
. ertical part of the graph is suitable to detect the titration. Any 
.ndicator which changes colour between pH 3 to 11 is suitable 
for a strong acid-strong base titration. Both methyl orange and 
phenolphthalein could be used. 

An indicator which changes colour between pH 3 to 7 is suitable 
for a strong acid-weak base titration. Methyl orange which 
changes colour at pH 3. 7 is suitable for a strong acid-weak base 
titration. however. phenolphthalein which changes colour at pH 
9.1 is not a suitable indicator. 

For a weak acid-strong base titration. an indicator which changes 
colour between pH 7 to 11 is suitable. Methyl orange which 
changes colour at pH 3.7 is not suitable whereas phenolphthalein 
which changes colour at pH 9.1 is a suitable indicator. 

pl l 1-1 

~- equivalence 
point 

II J...=======---,----- 
:!5 

volume ofalkah added 1,111') 

pH 1-1;----- 

...,__ equivalence 
rl)ll1t 

:!5 
volume oiulkah added 1cm l 

Fig. 9.2 

(a) ,trong nerd - ~LC011b! ba~e 

pHJ - 

1
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(b) 
pH 

strong acid - ,, eak base 

O , olume of acid added 
( C) "eak acid - strong base 

pHJ - 

O , olume or acid added 

(d) 
pH 

11 , olume or acid added 

Fig. 9.3 



In the titration curve of a weak acid-weak base titration. the 
change of pH is too gradual to show a distinct end point using 
acid-base indicators. Instead conductomctric titration can be used 
to find the end-point. 



(a) Explain the difference between a weak base and a strong 
base using the Bronsted-Lowry theory. 

(b) Ammonia forms a weak basic solution in water. 

(i) Write an equation for the reaction between ammonia 
and water. 

(ii) Write an expression for the equilibrium constant 
for the reaction. 

Use the equilibrium systems below to answer (a) to (e) 
below. 

H CO + H 0 2 .1(J<.j I 2 ti I 

Hco- +Ho 
_1 IJyl .'.' (I I 

HCO - +Ho- 
3 r aq) 3 1.1q1 

CO> +HO' 
3 (uq) 3 (Jql 

(a) Explain the meaning of the term conjugate acid-base 
pair, 

(b) 

(c) 

(d) 

Write the formula of the conjugate acid of HCO,- . 
~ -' ldlj) 

Write the formula of the conjugate base of HCO, . ...._. _, CJ(ll 

Which species is considered the strongest acid? 

( e) Which species is considered the strongest base? 

(a) Define the following: 
(i) K 

.J 

(ii) pKJ 

(b) The equation and acid dissociation constant for H,CO, 
- 'IJ']I 

is given below. 

H CO .J.. H O == HCO - + H 0 c 31aq1 c - ill 3 1aq1 3 (Jell 

Calculate the pK value of H,CO, . 
J - _,[Jcj I 

4. (a) Define the term pH 
(b) Calculate the pH of a solution of hydrochloric acid of 

concentration 0.5 mol dm'. 
(c) Calculate the pH of a solution of aqueous ammonia of 

concentration 0.1 mo! dm' given that the K" of aqueous 
ammonia is 1.8 x l O:' at experimental temperatures. 



(d) Account for the different pK
0 
values of the bases given 

below. 

Base pKh 

NH, 4.75 
CRNH. 3.43 _, - 
C~H.,NH2 

3.37 

5. Define the following terms: 

(a) end-point 
( b) equivalence point 
( c) indicator range 

State the relationship between the three terms above. 

6. (a) Sketch the titration curve forthe reaction between sodium 
hydroxide and ethanoic acid. Suggest an indicator that 
will not be effective in this titration giving reasons for 
your answer. 

(b) Explain why acid-base indicators are not suitable 
to determine the end-point of weak acid-weak base 
titration. Suggest a suitable method that can be used tc 

'--'-- 

find the end-point of such a reaction. 

7. (a) Derive the relationship for the ionic product of water 
(K ). 

\\ 

(b) State the units for the ionic product ofwater ( K ). 
\\ 

(c) How does the value of K" vary with temperature? 
(d) Explain why water at 25°C has a pH of 7. 



Buffers and pH 

ffer is defined as a solution which resists changes in pH with 
.ddition of a small amount of acid or alkali. In simple terms. 
-olution has the ability to maintain its pH value when a small 
.mt of acid or alkali is added. then it is referred to as a buffer 
·1011. There are naturally occurring buffers in the body which 
ire that the pH of the body remains constant. These include 
carbonate/hydrogencarbonatc buffer system ( CO/-iHCO,-) 
ell as the amino acids in the body which exists as zwitterions 
have the capacity to accept or give up H- ions to maintain 

thetic buffers are produced in the laboratory and are of two 

i;) Acid buffers 
i;) Basic buffers. 

ACID BUFFERS 

, acid buffer consists of a weak acid (e.g. ethanoic acid) and a 
t that gives the conjugate base of the weak acid (e.g.sodium 
anoate), The pH of this buffer is less than 7. usually between 

- and 6 and hence it is called an acid buffer. 

solution 

CH_;COOHII) + H~Olli ~ CH3COO t aq: + H:;o-lO(j) 

, .nee the ethanoic acid is only slightly dissociated there is a large 
mount of the undissociated ethanoic acid molecules which is 
. ferred to as a large reservoir of cthanoic acid. 

The sodium ethanoate ionizes completely according to the 
.quation 

CH COONa - CH,COO- + Na- 
, I '1(J > _, (aCjl ( uq 1 

Salts such as sodium ethanoate arc completely dissociated in 
aqueous solutions producing a large reservoir of the ethanoate 

ins. This overall ionization can be expressed as 



I CH3COOH,1, It H:Pn, 

CH.COO Na- 
, 1.1q1 

H COO- 
' (al)I 

HO 3 t aq) 

CH COO .+ Na- 
, 3 IJl)I I t aq) 

) 

The excess OH- ions combine with the H,O ions to produce 
(.ll)I _, (aq) 

water. 
l-l.O: + OH- -+ 2H 0 

, !.t4I I JLjl ., 

This reduces the concentration of HiO" ions in the buffer. The 
-' 

equilibrium shifts to the right causing ethanoic acid molecules t< 
dissociate to restore the concentration of l-lO" ions to its original , '- 

\ alue. Thus the pH of the solution remains relatively cons tam 
This is an application of Le Chateliers principle. Note that the 
pH may change but to a very small extent that is. the change 
considered to be negligible. 

On addition of the acid. the concentration H_o- ions will increas 
·' 

This shifts the equilibrium to the left. The additional H .o ion- 
combine with the large rcscrv oir of ethanoate ions to produce 
ethanoic acid. 

CH3COOH111 + H:0,11 ~ CH3COO \J<.jl + H30 iaq> 

Since the excess H30 ions arc removed, the pH is maintained 
The small increase in the concentration of the ethanoic acid 
considered to be negligible since a large reservoir of acid cxis. 
in the buffer solution. 

BASIC BUFFERS 

A basic buffer consists of a weak base and a salt that gives th. 
conjugate acid of the weak base ( e.g. NH1 and NH.iCI ). A ba 
buffer usually has a pH , alue between 8 and I 0. ln the arnmon . 
ammonium chloride system, the weak base ammonia ionize 
incompletely in aqueous solutions leaving a large reserv oir oft 
unprotonated ammonia molecule. 

Ammonium chloride is a salt and dissociates completely 



us solutions producing a large reserv oir of the ammonium 

NH Cl ---. NH - Cl- 
... I aq I .j I Jq I I Jq I 

mall amount of acid is added to this buffer. the concentration 
0 ions increases. The excess H10 ions react with the OH 
trom the equilibrium mixture to produce water, 

reaction results in the removal of the H10- ions thus the pH 
amtained. The equilibrium in the reaction below shifts to the 

10 restore the OH- ions concentration. 

NH - + OH 
.j l,ll.jl l,h.p 

_, the concentration of the undissociated NH~ decreases 
- 'itlv. 

small amount of base is added to the buffer. the increase 
~.Jncentration of the OH ions causes the equilibrium in the 
.ction below to shift to the left. The excess OH- ions are removed 
more undissociated ammonia is formed thus maintaining the 
of the solution. 

NH 
J lg> 

NH· + OH- 
-1 1.1q1 1aq1 

CALCULATING THE pH OF A BUFFER SOLUTION 

anoic acid dissociates according to the following equation: 

CH3COOH,aqi ~ CH,Coo-,aq, + H-,aqi 

c.n expression for the acid dissociation constant can be written 

[CH1coo-J [H J 
Ka = [CH

1
COOH] 

\ laking [H-] the subject of the formula 

[CH,COOH] 
[H ] = K.1 X [CH,COO ] 

Equation 1 

Equation 2 

If a buffer solutions is made up of equal concentrations of the 
acid and the conjugate base. then 

[CH,COOH] = rcn.coo ] 



Equation 2 can be written as 

Thus 

[HJ K 
,I 

Since 

Then 

PH = -Iou (Kl 
- (I J 

( since [H J K) a 

=pK ., 

Hence if a buffer solution is made by mixing equal concentrations 
of the weak acid and its salt then the pH is equal to the pK of the • 
weak acid. 

Hcudcrvon-Huvwlbalch l·qunti,,n 

It is often convenient to relate the pH of a weak acid to the pK 
Consider the reaction 

The acid dissociation constant (K ) would be • 
_ [H ] [A J 

" - [HA] 

This equation can be rearranged to make the concentration o. 
hydrogen ions the subject. Thus 

K [HA] 
[H-J = _J 

Taking negative logarithms on both sides of the equation 

K [HA] 
pH = -log

10 
-·' 

L •• J 

= - loo K - Joo [HA] 
~ill .1 =-111 [A] 

_ [HA] 
pH - pK_, - log111 [A-] 

or 
[A] 

pH = pK., + log111 [HA] 



b the well-know n Henderson-Hasselbalch equation that is 
used to perform the calculations required in preparation of 

mple I 

,\ hat is the pH of a buffer solution made by making up 
dnr' of solution containing I mol dm 3 CH,COOH and 

I mol dm ' CH,COONa. K of ethanoic acid= 1.7-l x IO-' 
' .J 

mo! dm 1. 

Calculate the change in pH when 0.1 mole ofNaOH is added 
to this buffer. ( Assume there is no change in volume) 

Find H ion concentration 

K = 
.1 

'If ,. 

[H-J [CH~coo-J 
[CH1COOH] 

Assumption: [CH1COONa] = [CH1COO] 

Therefore [CH1COO] = I rnol dm 3 

[CH1COOH] = I mol dm ~ 

Thus 
) .7-l X JQ-5 = 1.00 [H Jil.00 

[H-J = I. 7-l x IO ~ mo) dm' 

pH = -l.76 

The pH can also be calculated by substituting values in the 
Henderson-Hasselbalch equation 

pH = pKa + log.; ([A]/ [HA]) 
= -J..76-+-Joa (\,]) 

~111 

= -l. 76 

1 On adding O. lmole NaOH. 0.1 mole of ethanoic acid reacts 
with the NaOH to form 0.1 mole of sodium ethanoate. 
Therefore the concentration of ethanoic acid decreases by 
0.1 mole and the concentration of sodium ethanoatc increases 
by O. lmole. 



[CH3COOH] = I -0.1 
= 0.9 mol dnr ' 

[CH,COO-J = 1 + 0.1 
= I .1 mol drn 3 

J.7-J. X IQ-' = 1.1 [H ]/0.9 

0.9 X J. 7-J. X JO-' 
1.1 

-L85 pH = 

Or using the Henderson-Hasselbalch equation 

pH = pKJ+log111([A-J·[HA]) 
-1-.76 - log111( 1.1 0.9) 
-1-.76 + 0.09 

= -1-.85 

The change in pH is 0.09 units. 

Example 2 
Calculate the pH of a buffer solution made by dissolving 18.5 ; 
of propanoic acid (C-=H5COOH) and 12.0 g of C2H,COONa ir 
water and then making the volume up to 250 cm'. K., = 1.35 
l O 5 mo! dm'. 

1 . f . id 18 .:::; x -1- I d , mo anty o propanorc act = ·7-1- = l mo m ·' 
[2 X ..j. , 

[C
2
H

5
COONa] = 96 = 0.5 mo! dm ··' 

Substituting values in the equilibrium expression 

1.35x 10-5 = 
0.5 x [H ] 

I 

[H ] = 2. 7 x IO ' mol dnr' 

Hence 
pH = -1-.57 

Or using the Henderson-Hasselbalch equation 

pH= pKJ4-log
111
([A-J/[HA]) 

= -1-.87 + log111(0.5/1) 

= -1-.87 - 0.30 

= -1-.57 



,dy maintains the pH of blood at about 7.-..J.. If the pH level 
· maintained. serious health consequences can result. A 
.ase in blood pH is called acidosis while an increase in blood 
called alkalosis. Three main buffer systems in blood are 
rbonic acid/hydrogencarbonate buffer. the phosphate buffer 
,e amino acid buffer. 

~· carbonic acid/hydrogencarbonate buffer. the carbonic 
H:CO,) is the hydrogen ion donor. hydrogencarbonate ion 
0 ) is the hydrogen ion acceptor. 

H,CO ~ H + HCO, _ 3iJ,p C.tyl ·' ,.,qi 

tional H is trapped by HC03 ions and equilibrium shifts 
c left. Additional OH is trapped by H- to form water and 
ibrium shifts to the right to restore H- ions. 

carbonic acid concentration is controlled by respiration. 
-onic acid is in equilibrium with dissolved carbon dioxide 

increase in dissolved carbon dioxide stimulates increased 
.athing and the excess carbon dioxide is exhaled by the lungs. 

1e phosphate buffer system consists of dihydrogen phosphate 
ns (H/0.i ) as hydrogen ion donor (acid) and hydrogen 
iosphate ions (HPO} ) as hydrogen ion acceptor (base). These 
o ions are in equilibrium with each other as indicated by the 

-ernical equation below. 

· acid is added to the system. the equilibrium shifts to the left. If 
_. droxide ions are added to the system, they react with H- ions 
, form water and the equilibrium shifts to the right to restore the 

H ions. 

The amino acid consists of the -COOH group as the hydrogen 
.on donor and the -NH: group as the hydrogen ion acceptor. 
Amino acids exist as dipolar ions in aqueous solution called 
zwitterions. 



Z\\ itterions can act as buffers in biological systems. If a bit of 
H- is added to an aqueous solution of amino acid. the zwitterion 
quickly accepts the H- protonating the coo- group as shown in 
the equation below. 

H is removed thereby maintaining pH. 

lf a bit of OH-· ions are added, the NH,' group quickly gives up an 
H- forming water as shown in the equation below, 

H,N CH, COO - + OH --- H,NCH,COO + H,O 
.... - - 

The OH- is rernov ed thereby maintaining the pH of the solution. 

II 



(a) State what is meant by a butler solution. 
( b) Give an example of a buffer solution. 
(c) Explain how the buffer solution named in (b l above 

resists changes in pH when an acid or alkali is added to 
it. 

A buffer solution was made by adding 6.56 g of sodium 
ethanoate to I dm' of 0.02 mol drn " ethanoic acid. 

(a) What is the concentration of the sodium ethanoate? 
(b) What is the concentration of the ethanoic acid? 
(c) Use the relationship 

pH = pK.i - lg [acid] {salt] 

to calculate the pH of the buffer solution. 
( K CH,COOH = 1.8 x 10-5 mo! drn 3) 

J ' 

0.002 g of solid sodium hydroxide was added to the buffer 
solution in question 2 abov e. Assuming that there was no 
change in volume. find the following: 

(a) The new concentration of the sodium ethanoate. 
(b) The new concentration of the cthanoic acid 
( c) The change in pH of the buffer solution. 

~. Explain the following as fully as you can how: 

(a) HC01-1.1
-1

1 
helps to control the pH of blood. 

(b) amino acids function as buffers in the blood. 

Use equations to show how each system maintains the pH of 
the blood when an acid and an alkali is added. 

5. 1 dm ' of a solution contains 0.2 mole of ethanoic acid and 
0.5 mole of sodium ethanoatc. 

(a) Calculate the pH of the solution. 

pH = pK_, - lg [acid] [salt] where pK. is -1-. 76 

(h) What is the change in pH when 0.005 mole of HCl is 
added? 

(c) What is the change in pH when 0.005 mole ofNaOH is 
added'? 



Many salts which we refer to as insoluble do actually dissolve 
to a small extent. The term sparingly soluble is usually used for 
these types of salts. In a saturated solution of a sparingly soluble 
salt equilibrium can be established between dissolved ions and 
undissolved salt at a given temperature. Consider the following 
example at 25°C 

+ so 2 
-1 1a41 

We can write an equilibrium expression as 

K 
[B ,_ ] [SO '- ] a- (aql -1- 1aq1 

[BaS0-1,,J 

Since only a very small amount of BaS0-11s, dissolves and its 
concentration is in large excess. the concentration of BaSO, 

~ •I 

remains relatively constant. Thus cross-multiplying gives 

K [BaSO J = [Ba> J [SO > ] 
C -Ii, I I aq I -I I uq I 

A constant K multiplied by a constant (the concentration of 
' BaS0-1,) gives a new constant which we call the solubllity 

Product (K ). Thus the solubility· product of BaSO, at 25°( ,p -,J, I 

is the product of the concentration of the cation and anion in a 
saturated solution. Like other equilibrium constants. solubilit. 
product varies with temperature. 

Consider the another example 

Ag CO, ~ 2Ag + CO2 
~c .' (S) (34) 3 (ULJ) 

K 

[A - ]' [CO ,_ ] g r aq I - 3 - I aq I 

K r 

Notice the squared term of the concentration is on the silver ion 
The stoichiometry must be taken into consideration for K . Thu 

'I' the solubility product of a sparingly soluble salt can be define 
as the product of the concentrations of the ions in a saturate 



ution of the salt. raised to the appropriate powers. 

SOLUBILITY AND THE SOLUBILITY PRODUCT 

.bility product can be calculated from the solubility of a salt. 

.rnple I 

..: solubility ofAsrCl at I 8°C is 1.00 X 1 o-5 mol dm 3, calculate 
i.... ,...,) 

ue for K at this temperature. sp 

. solubility means that 1 x 10 5 mole of AgCl is dissolved in 
of water at equilibrium. From the equation 

, 'mo! dm 'AgCI( s) would form 1 x IO "mol dm 3 Ag- ions 
I , IO 5 mo! dm 3 Cl ions. 

K,r = [Ag-] [Cl ] 
= [ 1 X 10-5 mol drrr'] [ 1 X I 0-5 mol dm'] 
= } X J O:!" mol dm " 

:alple 2 

.: solubility product of silver carbonate at 20°C is 8 x 10 i: 
-im", calculate the solubility of the Ag~C01• 

lubility of the Ag:C01 be .v, that is, x moles of Ag:C01 is 
v ed in l dm ' of water at equilibrium. 

the equation 

-1-x3 = 8 x 10 i: moldm" 

.v = 1.26 x IQ-+ mol drn' 

. fore the solubility of silver carbonate at 20°C is 1.26 x 1 o-~ 
Jrn-;. 



Example 3 

Calculate the solubility of AgCl in a solution of 0.1 rnol drn 3 

hydrochloric acid at l 8°C. 

K = 1 x 10-111 moF drn " 
sp 

Since hydrochloric acid is fully ionised and little dissociation 
occurs with AgCL the CI- ions from AgCI is neglected. 

:. [CJ-J = 0.1 mo] dm • 

So 1 x 10 ](I= [Ag] [0.1] 

[Ag] = 1 x 10 ~ 11101 dm' 

Thus the solubility of AgCI decreases in 0.1 rnol dm' hydrochloric 
acid. 

K is valid only for saturated solutions in which the ,p 
concentration of the ions is no more than 0.01 11101 dm'. 

i.:J K,
1

, is affected by temperature since it is an equilibrium 
constant. 

THE COMMON ION EFFECT 

This is simple application of Le Chataliers principle. If some 
sodium sulphate is added to a saturated solution of BaSO-+(s). the 
equilibrium system would be disrupted but the solubility product 
( K ) would remain the same. sp 

Ba ' + SO::, 
l,l(J) -+ l3(J I 

.- 2Na- + SO~- 
IJLJ I -+ t aq I 

The presence of the sodium sulphate increases the concentration 
of SO/- ions in the mixture. An increase in the concentration 
of SO/ ions would cause a decrease in concentration of Ba: 
ions to keep the solubility product at a constant value. Thus the 
equilibrium shifts to the left and reduces the solubilitv of BaSO 

- 4 

The addition of the sulphate ions results in the precipitation 01 

solid BaSO-+. The precipitation of a solute on addition of another 
solution which has an ion in common with the solute is referred 
to as the common ion effect. 



PREDICTING PRECIPITATION 

~ ipitation of a sparingly soluble salt on addition of another 
tion which has an ion in common with the salt occurs only 
~ ionic product of the solution at that moment exceeds the 
bility product. To predict whether precipitation of a salt 

I occur when a solutions with a common ion is added we can 
- nare the ionic product of the solution upon mixing to the 
ability product. 

If the ionic product 
If the ionic product 
If the ionic product 

< K . then no precipitation occurs -r 
K . then a saturated solution forms 
'I' 

> K . then precipitation occurs . r • 

-isider the following examples: 

ample I 

tcrmine if a precipitate will forrn when a solution of calcium 
phate containing 5 x IQ-+ mo! dm' of ca> ions is mixed with 
equal volume of a solution of 5 x 10--i mol dm' SO/- ions at =~ C. The solubility product of CaS04 is 2.4 x 10-' mol dm" at 

=~:c. 
CaSO)s) ~ Ca2 (aq) + SO_t(aq) 

K = [Ca> ] [SO :-- ] 
sp 1aq 1 -l 1a41 

2.-l x 1 Q-' mol dm" 

_ pon mixing and before any precipitation occurs. the [Ca ] ..__ ,.1 .. 11 
- halved since 5 x IO -i mole of Ca' is now present in 2 drn' of 
olution. The [SO,> ] remains the same since twice the number ., 1aq1 

f moles is in 2 drn " of solution. 

2.5 x 10-4 mo! dm ' 

[SO 4='-1ayJ 5 x I 0-1 mo! dm -' 

The ionic product upon mixing [Ca2 ] [SO/-J 
(2.5 X 10--1) ( 5 X 10--1) 

= 1.25 x Io-- mol" dm" 

Since K = 2.-l x 1 o-" mol dm ''. the ionic product upon mixing 'P ._, 
is less than the solubility product ( K) therefore no precipitation 
occurs. 



Example 2 

Will a precipitate form when a solution of calcium sulphate 
containing 5 x 10 :2 mol dm' of ca> ions is mixed with an equal 
\ olume of a solution of 5 x 10-c mol dm _ _, SO_t ions at 25°C. 

[Ca> ] = 2.5 x l O> mol dm' 
i aq ) 

[SO> ] = 5 x 10-: mol drrr' 
~ t aq) 

The ionic product upon mixing = [Ca: ] [SO/ ] 
(2.5 X 10-::') (5 X lQ-::') 

1 .25 X I 0-3 mol dm " 

Since K,r = 2...1- x 10-5 mol ' dm ", the ionic product upon mixing 
exceeds the solubility product (K,

11
) therefore precipitation occurs. 

Equilibrium shifts to the left to decrease the concentration of 
ions in solution so that the ionic product becomes equal to the 
solubility product. Precipitation occurs to restore equilibrium to 
the system. 



1 a) With reference to lead (II) iodide. explain the meaning 
of the term solubilitv ·producr ( K,r) of a sparingly soluble 
salt. 

(b) What is the units of the K of lead (II) iodide'? ,r 
(c) The solubility product of lead (II) iodide is IA x 10-~ 

moldm " at 25°C. calculate the solubility of lead ( II) 
iodide at 25°C. 

Although Ba2 ions are toxic. a suspension of BaSO.j can be 
swallowed as a 'barium meal' to inv estigate gastrointestinal 
problems since the solubility of BaSO.j is very low. Given 
the molar solubility ofBaS0-1 is 2.2 x 10--1 at 25°C. calculate 
the solubility product of BaS0-1 at 25°C. 

A saturated solution of barium sulphate is made at 25°C and 
the mixture is filtered. Explain how each of the following 
is affected if a few drops of I mol dm' sodium sulphate is 
added to the filtrate: 

(a) The solubility of BaSO.i 
(b) The K,r of BaSO.i 

The molar solubility of lead (II) chloride is 2.5 x IO 2 mo! 
dm' at 298K. 

(a) Write an expression for the solubility product of lead 
(II) chloride. 

(b) Calculate the solubility product of lead (II) chloride. 
(c) When a little concentrated sodium chloride solution 

is added to the filtrate of a saturated solution of lead 
(II) chloride. a white precipitate is formed. Explain this 
observation. 

(d) How does an increase in temperature affect the solubility 
product? 



5. Calcium fluoride is used as a source of low concentration of 
fluoride ions in toothpaste. Since ca> ions strengthen the 
teeth. it is suggested to add CaC12 to toothpaste to enhance 
its performance. 

(a) Given the K ofCaf , is 4 x 10-11 mo!' dm", calculate 
'fl - 

the solubility of calcium fluoride. 
(b) Calculate the solubility of calcium fluoride in a solution 

of Ca Cl, of concentration 0.02 mol dm '. 
( c) Comment on the suggestion to add CaCl2 to enhance the 

performance of the toothpaste. 

6. In an experiment to determine the solubility product of 
calcium hydroxide, a staurated solution of calcium hydroxide 
was made at room temperature and filtered into a clean dr. 
container. 25 cm' of the filtrate was pipetted into a conical 
flask and screened methyl orange indicator was added. ThL 
solution required 22 cm' of 0.05 mol drn:; hydrochloric acic 
for neutralization. Explain how the titration results can b, 
used to calculate a value for the solubility product of calciun 
hydroxide at the temperature of the experiment. 



ELECTRODE POTENTIAL 

Jox reactions are reactions that inv oh e the transfer of electrons 
, een species. For example. if a strip of zinc is placed in a 
ution of its ions, the zinc metal loses electrons to form Zrr" 
::,. 

Zn -+ zn:- - 2e 
I'- I I J\.j I 

'";(' electrons stay on the surface of the metal which becomes 
.gatively charged. The Zn ions in solution may then accept 

. cctrons from the surface of the metal and be discharged as zinc 
•• 1111s. 

Zn> + 2e- -+ Zn 
I JLJ I I SI 

. the reaction, a dynamic equilibrium is established when the 
te at which ions are leaving the surface of the metal is exactly 

.. iual to the rate at which they are being discharged on it again. 
"hus the equation for the redox reaction at equilibrium is written 
uh the reversible arrow. 

Zrr" + ~e- ~ Zn 
I Jy I 1,1 

\t equilibrium there is a constant negatix e charge on the zinc, 
nd a constant number of Zn" ions present in the solution around 
This charge difference that dewlaps between the negatively 

charged zinc strip and the solution is called a potential difference 
we say the zinc strip has a negative potential). 

Fig. 12.l 

.\ less reactive metal does not form ions readily. It can develop 
., positive potential if equilibrium is established in the direction 
,, here the metal ions in solution take electrons from the metal 
-trip to form metal atoms. For example, if a strip of copper is 
placed into a solution of copper (II) sulphate, the copper develops 
a positive potential. The Cuc ions in the solution accept electrons 
from the copper strip since there is a greater tendency for the Cu" 
ions to reform Cu atoms. The electrons leave the copper strip 
giving it a positive potential. 

/111<.: 

soluuon 

Fig. 12.1 
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v oltmetcr 
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salt 

bndgc 

z111c sulph.uc -olunon cc•ppcr I II 1 sulphate 
[7n J = I mol elm solution 

[Cu- J = 1 rnol dm 

Fig. 12.2 

The potential difference between a metal and a solution of its 
ions depends on the nature of the metal and the concentration of 
the ions in the solution at equilibrium. Zinc has a more negative 
potential than copper since it tends to form ions more readily than 
copper. Using the equations below, we say that the equilibrium 
for the zinc reaction lies further to the left than the equilibrium 
for the copper reaction. 

Zn" la~I ~ Zn 1,1 

By convention, the electrons arc written on the left-hand side of 
the equation for redox equilibria. 

A metal immersed in a solution of its metal ions is called a 
half-cell. It is possible to combine two half-cells to form an 
electrochemical cell. An electrochemical cell is a type of cell 
in which a chemical reaction generates an electric current. The 
arrangement of an electrochemical cell is shown in Fig12.2 

Frg 12.2 

It consists of a zinc half-cell and a copper half-cell connected b: 
an external wire. a voltmeter and a salt bridge. Cells are usuall. 
drawn with the more negative electrode on the left hand side 
Since the Zn has a more negative potential than the Cu. the 
electrons flow through the external circuit from Zn to Cu. Th, 
Zn electrode dissolves in solution and Cu is deposited on the C 
electrode. Therefore the electrode reactions are 

Zt\.1 Zn' + 2e 
I ClcJ I 

2e ~ Cu 
hl 

Oxidation occurs at the anode therefore the zinc electrode 
the anode. 
Reduction occurs at the cathode therefore the copper electrc 
is the cathode. 

The electrons flow through the external circuit from the mo 
nezarive electrode to the less negative electrode. ~ ~ 

The overall cell reaction is 

A salt bridge completes the circuit without allowing the t 
solutions to mix. lt allows the migration of ions in both directic 



maintain electrical neutrality. A salt bridge may consist of 
piece of filter paper soaked in saturated potassium nitrate 
ution or it may consist of a glass shaped U tube filled with 

.. ar jelly saturated with potassium chloride. When a half-cell 
ses electrons. positive charges build up in the half-cell. The 

· or Cl ions migrate from the salt bridge into this half-cell 
maintain electrical neutrality. When the other half-cell gains 
ectrons. it becomes negativ ely charged and K ions from the 
It bridge neutralize this build up of negative charges. Potassium 
·ate. potassium chloride and sodium chloride are suitable salts 

.at can be used in construction of a salt bridge since they are 
. cry soluble and does not react with other ions commonly used in 
. 'cctrochernical cells. It is important to note that ions pass through 
re salt bridge while electrons move through the external circuit. 

i'. flow of electrons in the external circuit indicates that there is a 
tference in potential between the two electrodes. This difference 
potential is called an electornotive force (emf) and is measured 
\ olts. A high resistance voltmeter is used to measure the emf. 
uses negligible current therefore registering the maximum 

-otential difference. The emf of the zinc/copper cell is 1.10 volts 
nder standard conditions. Standard conditions are 25°C and 1 
-101 dm' solutions. 

"he half-cells and the emf of the electrochemical cell can be 
,:presented as shown below. 

Zn1,, II Cu P =I.JOY 
hi 

Bv convention. the half-cell in which oxidation occurs is written 
ri rs t. 

THE STANDARD HYDROGEN ELECTRODE 

The potential difference or emf of a cell is the difference in 
potential of the two half-cells. The electrode potential of a single 
half-cell cannot be measured by itself However, if we assign an 
electrode potential of a half-cell with an arbitary value of zero. 
the electrode potential of other half-cells can be measured with 
reference to this standard. 

The standard hydrogen half-cell also called the standard 
hydrogen electrode is used as the reference half-cell and is 
assigned a potential of zero \ olts. It consists of hydrogen gas 
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Fig. 12.4 

bubbling over a platinum electrode immersed into a solution of 
H- ions under standard conditions. Standard conditions are: 

gases must be at 1 atm ( 101.3 kPa or 1 bar) 
the concentrations of the solutions must be I mo! dm ' 
the temperature must be 25°C ( 298K) 
Platinium is used as the electrode if a metal is not 
included in the half-cell. 

Equilibrium is established between the hydrogen gas and the H 
ions in the solution. 

2H 
ldLJ) 

P = 0.00 \' 

The platinum electrode is an inert electrode and does not form 
platinum ions. It consists of'vplatinized" platinum which catalyze 
this reaction. Platinized platinum means that the Pt metal i~ 
coated with finely divided platinum to increase its surface are .. 
for equilibrium to be established in a relativ ely short time. 

Fig. 12.3 

The standard electrode potentials of other half-cells can be found 
by connecting them with the standard hydrogen electrode an. 
measuring the potential difference of the cell. 

ST ANDA RD ELECTRODE POTENTIAL OF A CELL 

The standard electrode potential (EH) of a standard half cc 
is the potential of that half-cell relative to a standard hydroge 
electrode under standard conditions. The standard electrode 
potential of the Cu: /Cu half-cell is measured by connectin .. L•ql hi 

it to a standard hydrogen electrode as shown in Fig 12.-f. 

Fig. 12 4 

Cu The standard electrode potential of the Cu: 
Cu half-cell is the potential difference betw c 

hi 

the standard hydrogen half-cell and the stand 
cu> /Cu half-cell. In this cell, the reactions 

I ay I \SI 

the electrodes arc 

H. ~ 2H + 2e 
-·~I I ~h.J 1 

I mol dm ( u'.(J and 

cu~ + 2c 
I Jljl 

~ Cu 1,1 

The electrons flow from the standard hydrogen electrode to 



Cu half-cell. Thus the Cu electrode is positiv e. 
hi 

voltmeter registers an emf of 0.3-l volts. Since Cu is the 
\ e terminal. the standard electrode potential for the 
Cu half-cell is -i-0.3-1-, olts. This is written as 

1,1 

E° = + 0.3-l V 

en the standard zinc half-cell is connected to the standard 
-ogen electrode the \ oltmeter registers an emf of 0. 76 \ olts. 
its cell. the reactions at the electrodes are 

Zn ___.._ z-> + .., -- 
i-1 IJ4I - 

..: electrons flow from the zn:--( aq )/Zn( s) half-cell to the standard 
crogen electrode. Thus the Zn electrode is negative. Since Zn 
ie negativ e terminal. the standard electrode potential for the 

'"' t aqj/Znt s l half-cell is-0.76 volts. This is written as 
temperature: - ~<IX K 

- c flo« 

~ Zn 
1,1 

0 
ten the standard hydrogen electrode is connected 
the zinc half-cell the electrons flow in the opposite 
-.:ction to that which occurs when it is connected to 
copper half-cell. 

Zu 

hv drogcn 
at I bar 

platinum 
11 ire 

1 
I I I I I I salt r_. roi H bridge 

:· convention. the hydrogen electrode is on the left 
and side of the cell. This means that the sign of the 
.andard electrode potential of a half-cell indicates 
hether that electrode is positive or negative. 

p"11i11u111 
,,,, crcd in 
porous platinum 

! mol Jm H I 111010111 fn',ll. 

Fig. I Vi 

-ome redox systems do not inv oh e metals but im oh e ions of 
.e same element in different oxidation states. For such systems. 
platinum electrode is immersed in a solution containing 
mol dm' of both metal ions. For example. the Fe" / Fe> 

1a41 t aq: 

'ialf-cell is set up with a platinum electrode immersed in a solution 
containing I mol dm' Fe3-- ions and I mol drrr ' Fe> ions. The 
-tandard electrode potential of the Fe' / Fe> half-cell can be 

1.141 1"4' 
measured by connecting it to a standard hydrogen electrode. 

In redox systems that inv olve non-metals in contact with their 
aqueous ions. a platinum electrode is used. For example. the 



Br, /Br half-cell is set up with a platinum electrode immersed .. 1aq1 1.iq1 
in a solution containing 1 mol dm 3 Br- ions. The standard 
electrode potential of the Br, / Br half-cell can be measured _1aq> t aq) 
by connecting it to a standard hydrogen electrode. In a case 
\\ here the half-ce II involv es a gas, for example. the Cl, I Cl- ._ _u.n ta 

half-cell, the half-cell consists of chlorine gas bubbling over a 
platinum electrode immersed into a solution of CJ- ions under 
standard conditions. 

USES OF STANDARD ELECTRODE POTENTIALS 

The standard electrode potentials of redox systems are arranged 
in order of its values to give the electrochemical series. The: 
give a measure of the relative oxidizing and reducing strengths 01 

species. The standard electrode potentials of some redox system 
are shown in the table below. 

Table 1 ~-1 Standard electrode potentials 

"' 



.gativc value indicates that the species lose electrons more 

.I~ than hydrogen. This means it is a better reducing agent. A 
rive value means that the species gain electrons more readily 
hvdrozen. This means it is a better oxidizing agent than "' .._ .._ .._ 

'rogen. Using the following standard electrode potentials. 

- 0.76 V 

P = --- 0.3-l V 

_ .an say that Zn is a stronger reducing agent than Cu while Cuc 
stronger oxidizing agent than Zn . The stronger reducing 

. _ nt has a more negative potential and the stronger oxidizing 

.. nt has more positive potential. Therefore standard electrode 
cntials can be used to predict the relatix e strengths of oxidizing 
_ reducing agents. 

II 

en two half-cells are connected under standard conditions. the 
ximum potential difference between the two half-cells is called 

. standard cell potential. The standard electrode potentials of 
'" half-cells can be used to calculate the standard cell potential. 

example. using the standard electrode potentials of the zinc 
d copper half-cells, the standard cell potential of the zinc/copper 
I can be calculated as follows: 

1e standard electrode potential for the copper half-cell is 

E° = + 0.3-+ V 

he standard electrode potential for the zinc half-cell is 

P=-0.76V 

"he E° value that carries a more negative value is the negativ c 
. lectrode In this case, zinc is the negative electrode while copper 
the positive electrode. Electrons will therefore flow from the 
nc half-cell to the copper half-cell. The equation for the reaction 
the zinc electrode is in the reverse direction thus the sign of the 
, al ue changes. This is written as 

E° =+0.76\! 

he overal I equation for the reaction can be written as 

Zn + Cu= ---t Zn2 + Lu 
1,1 1,1,tJ J.1,p hi 



Hence the standard cell potential is 

Cu: + 2e ~ Cu 
(a<J I I,) 

add 

P = + 0.3-l V 

E°=+0.76V 

cu= T Zn - Cu + zn= 
I JLj I h \ (,) ( aq l 

II =+I.IOV 
cell 

This means that the emf of an electrochemical cell can be 
calculated from the standard electrode potentials. The Daniell 
cell which has a similar arrangement to the zinc/copper cell has 
an emf of 1.10 volts. It was one of the first practical cells to be 
used. 

A reaction will only be feasible if the emf of the cell is positive. 
In the zinc/copper cell. the emf of the cell is+ 1.10 volts. 

Zn - cu= _. zn=- + Cu 
1,1 1a,p IJ<jl I>) 

P =-'-1 .lOV (d\ 

The overall positive potential of the cell suggests that the reaction 
is energetically feasible. This means that the Zn reduces cu> to 
Cu while it was oxidized to Zn". A negative emf implies that the 
reaction is non-feasible. 

Consider a iron/cobalt half-cell. 

Using standard electrode potentials 

co= + 2e- ~ 
IJc]I Co,,

1 

P =-0.44 V 

P=-0.28 V 

r-. 
The standard electrode potential for iron is more negative therefore 
it is the negative electrode. The iron electrode loses electrons thus 
the sign of the P \ alue changes. This is written as 

E° = + 0.44 V 

The O\ era II equation for the reaction can be written as 

Fe + Co" - Fe> + Co 
(, I I J<]I I Jo.JI 1' I 

Thus the standard cell potential is 

add co=- + 2e ~ Co raq 1 1, I 

E° = + 0.44 V 

E° = -0.28 V 

Co2 + Fe - Fe= + Co I JcJ I 1, I { cl<J I 1, I P =+0.16\' 
cell 



he reaction is energetically feasible since the overall emf is 
oositive. 

~ om pare the reaction below, 

1 will not be energetically feasible because the O\ erall emf is 
egative as calculated below. 

Co ~ co=- + 2e 
1, I I Jy I 

Fe::, + 2e :;;:=,, Fe 
IJc]I hi 

P = - 0.28 V 

E" = -0 . ..t--J. V 

P =-0.16 V 
vcl l 

Consider a coppersilver cell. 

Cu> + 2e ~ Cu 
I aq I 1, I 

P=-0.3...J. V 

F' = - 0.80 V 

"he standard electrode potential for copper is more negative ( less 
oositive) than that of silver therefore it is the negative electrode. 
"he copper electrode loses electrons thus the reaction at the Cu 
.lectrode is 

Cu ~ Cu" + 2e 1, I I ,IC] I E"=-0.3...J.V 

The overall equation for the reaction can be written as 

Thus the standard cell potential is 

fl'=+ 0.80 V 

P=-0.3..t-V 

2 Ag + Cu - 2Ag + cu=- E" = + 0.-J.6 V ~ 1aq1 hJ ~1,1 1.1q1 cell 

The positive emf v alue of -0 . ...J.6 volts indicates the reaction is 
feasible. Note the silver equation is multiplied by 2 to balance 
the overall reaction however the E" value remains the same. E" 
\ alues relate to the probability of a reaction occurring and not to 
the quantity of reacting species. 

Compare the reaction below. 

2Ag + cu=- - .:!Ag --i- Cu 
.._. ..... , 1;,_i41 - !JI.JI l..,f 



It will not be energetically feasible because the overall emf is 
negative as calculated below. 

P = -t- 0.3-1- V 

2Aa ~ 2Ag +2e P=-0.SOV 
01,1 ~ (aqJ 

Cuc + 2Ag - Cu + 2Ag+ E° = - 0.46 V 
1.11.11 ~ ,, ISi (aqJ cell 

It is important to remember that the P value indicates the 
feasibility of a reaction from an energetic point of view. It relates 
only to the relative stabilities of reactants and products however 
it gives no information about the rate of a reaction. Therefore it is 
possible for a reaction that is energetically feasible to be so slow 
that it appears not to occur. i.e. the rate is almost zero. 

EFFECT OF CONCENTRATION ON ELECTRODE POTENTIAL 
The , alues of standard electrode potentials are measured 
under standard conditions. Ho\, ever. changes in concentration. 
temperature and pressure will affect the values of electrode 
potentials. Standard temperature and pressure may be maintained 
but as soon as a reaction starts the concentration of reactants and 
products changes. 

Consider the equilibrium betw een Cu and Cu 
I Jy} h I 

Cu2 + 2e ~ Cu 
laq I i-1 

E° = + 0.3-1- V 

If the concentration of the Cu2 decreases. then according tr I au I ..._ 

Le Chaterliers principle. the equilibrium would shift to the let· 
producing more Cu:'- and more electrons. Therefore the P value 

- IJLll 

of the half-cell would become more negative (less positive). Th. 
electrode potential of Cu immersed in 0.1 mo! dm' Cu:- solutio, 
is reduced to -1-0.3 I , olts. 

Consider the equilibrium between Zrr" and Zn 
(,lcJ I Isl 

Zn2- + 2e ~ Zn 
t aq) hi 

E° = - 0.76 \" 

If the concentration of the Zn2 decreases. then accordinc t 1.iq) ...... 

Le Chaterliers principle. the equilibrium would shift to the le 
Producing more Zn2 and more electrons. Hence the E" value 

._ I 1y I 

the half-cell would become more negative. The electrode potent ... 
of Zn in contact with 0.1 mo! dm' Zri" solution is -0. 79 volts. 

0 



Consider the overall reaction in the zinc/copper cell. 

P=+I.IOV 

If the concentration of Cu2- is increased. then according to Le 
l~I - 

Chaterliers principle equilibrium shifts to the right and the cell 
notential becomes more positive. As the concentration of Cu2- 
• 1,hll 

increases. the P value of the half-cell becomes more positiv e. 

cu> + 2c ~ Cu rnq I hi E" = + 0.3-1- 

Thus the overall the P value of the cell \\ ill increase. 

ENERGY STORAGE DEVICES 

Cells and batteries are useful and convenient energy storage 
devices. They com ert chemical energy into electricity. A battery 
consists of two or more cells connected in series or para! lei. but the 
tern, is sometimes used for single cells. Batteries which produce 
emf from irreversible chemical reactions are called primary 
cells. This means that when the chemicals in the cell are used up. 
the cell cannot be restored or recharged and must be discarded. 
Batteries which produce emf from re, ersible chemical reactions 
are called secondary cells or accumulators. In these batteries. the 
chemicals can be restored by passing an electric current through 
them in the opposite direction of normal cell operation. 

The Daniell cell was one of the first practical cells to be used. 
It was invented in 1836 by John Frederic Daniell. It consists of 
a Zn2 / Zn and a Cu> /Cu half-cell. Figure 12.6 shows a 

1a41 Isl la41 1,1 - 

diagram of the Daniell cell. 

Fig. 12.6 :\ Daniell cell 

The zinc anode is central and dips into a porous pot containing 
zinc sulphate solution. The porous pot is. in turn. immersed in a 



copper pot containing copper (II) sulphate solution. The overall 
reaction in the cell is 

Zn + Cu~- --+ Zn + Cu 
1,1 IJ,)I IJ<tl hi 

The Daniell cell is a primary cell. The emf of the cell under 
standard conditions is I. IO volts. 

I he drv 1.n:lanch~ l't•II 

The Leclanche cell was invented in 1867 by Georges Leclanche. 
In the dry Leclanche cell. the central carbon cathode is surrounded 
by a paste of manganese dioxide and carbon powder which 
increase the surface area of the positive terminal. This is. in turn. 
surrounded by a paste of zinc chloride and ammonium chloride 
dissolved in water. All is enclosed in a zinc case which sen-es as 
both a container and the anode. 

zinc case 

manganese diox idc 
and po" dered carbon 

amnion 111111 chloride 
and zinc chloride paste 

Fig. 12. 7 The Leclanche cell 

When the cell is in operation. the outer zinc case is oxidized 
according to the following half-equation: 

At the cathode, the following reactions occur: 

2Mn0, + 2H + 2e- ~ Mn,O. + H,O 
1 _(,I tnql _ .,(>) - I I 

The H ions are provided by ammonium ions NH.-. through the 
reaction 

The NH,. then combines with the Zn" to form the complex ion. 
[Zn(NHJ.F-. 

When the dry cell is used for some time. the zinc containc 
becomes thinner as zinc case is oxidized to zinc ions. Thus the 



~ te leaks out the battery. Furthermore, the zinc casing gets 
slowly even when the cell is not being used since the 

mum chloride inside the batterv is acidic and reacts with 
=r. The dry Leclanche cell is a primary cell with a shelf 
around 1.5 years. The cell has an emf of about 1.5 V and 
d: used as a source of electric energy in small appliances 
as radios and torches. 

lint tw tt L n 

me batteries are comparable to the dry Leclanche cell. The 
cnce is that alkaline batteries use potassium hydroxide as 

. ectrolyte instead of ammonium chloride or zinc chloride . 
. . mode is made of zinc powder which increases the rate of 
non. while the cathode is made of manganese dioxide. The 
-reactions are 

Zn + 20H- 
1,1 l,l'-11 

2Mn0, + H,O 
1 
- 2e- ~ Mn,O, + 20H 

_I, I - I I - .'I, I I Jl.j I 

er time, alkaline batteries leak potassium hydroxide which can 
.sc skin irritation. Leakage can be avoided bv using the same '- ., '- 

tery types in the same dev ice and replacing all of the batteries 
the same time. Also batteries should be removed from devices 
fore storage. 

ad-:11. id arcu mu laro: 

c lead-acid battery is a secondary cell \\ hich is charged before 
se. Once used, the battery can be recharged. It consists of three 
r six cells connected in series. Each cell produces an emf of 
out 2 \ olts. This provides 6 or 12 , olts \\ hich generates enough 

electriciry for starting an engine in a , ehicle. Each cell consists 
f a lead anode and a lead ( IV) oxide cathode immersed in 

concentrated sulphuric acid. When the cell is operating, the Pb 
anode dissolves to form Pb' ions and the PbO, cathode reacts 
'.\ ith the H- ions in the sulphuric to form Pb: ions. 

At the anode 

Pb 
"' Pb IJ<il 

At the cathode 

PbO -t- -1-H + 2e ~ Pb: - 2H 0 
:'hi 13<.JI IJ<11 : di 



The Pb: ions formed at the electrodes react with SO/ ions in the 
acid to form insoluble lead ( 11) sulphate. 

Pb: + SO > ~ PbSO 
cay I .J raq: -+bl 

As the battery discharges. the concentration of sulphuric acid 
decreases and the electrodes are coated with a fine precipitate 
of lead (II) sulphate. This reduces the efficiency of the battery. 
However, when the vehicle is in operation. the alternator in 
the vehicle recharges the battery by passing an electric current 
through the battery in the opposite direction of the cell reactions. 
This reverses the ce II reactions thus restoring the battery to its 
original condition. It must be noted that if discharge occurs for 
a long period of time. the PbS0-1 builds up and becomes coarser 
and inert. In this case. recharging the battery cannot restore it tc 
its original condition. A lead-acid battery can be used for about 
four years. 

I ht I llL I l·,·11 

Fuel cells are electrochemical cells that use fuels such as hydrogen 
hydrocarbon or alcohol to produce electricity. It is a primary ce 
which differs from other electrochemical cells in that the foe 
producing the electricity can be constantly replaced. Also the 
electrodes of the fuel cell are relatively inert and only catalyz, 
the cell reactions. As long as the fuel is supplied. the fuel cell w 
continue to generate electricity. 

The fuel cell in use today is the hydrogen-oxygen fuel cell. 
consists of warm potassium hydroxide solution held betwee 
porous carbon electrodes as shown in the fig. 12.8 below. T~ 
electrodes are coated with a catalyst such as platinum or nick. 
which increases the rate of the cell reactions. 

steam 

porous carbon cathode 

Fig. 1.2.8 The hydrogen-oxygen fuel cell 

Hydrogen enters into the negativ e compartment of the cell 
diffuses through the porous carbon anode. As hydrogen fl, 



-ugh the anode. the catalyst on the anode helps to separate the 
into hydrogen ions and electrons. The electrons flow through 

• xtemal circuit while the hydrogen ions enter into the potassium 
Iroxide electrolyte. The hydrogen ions then combine with the 
.irox ide ions at the anode to form water. 

e ovcral I reaction at the anode is 

~ gen enters into the positive compartment of the eel I and 
'fuses through the porous carbon cathode into the potassium 
droxide. Oxygen. water and electrons catalytically combine to 
m1 hydroxide ions . 

caction at the cathode is 

-mbining both equations. the overall equation for the hydrogen- 
-xygen fuel cell is 

"he hydrogen-oxygen fuel cell is highly efficient and pollution 
rrec. They are used in spacecrafts to provide heat. electricity 
.nd drinking water for astronauts. The American Gemini Space 
-robes and the Apollo Moon Vehicles used fuel cells. They are a 
promising technology for the future to use as fuel in vehicles and 
ro provide power for homes and industries. 



---- -·---- 

1. Define the follow ing terms: 

(a) standard hvdrozen electrode - ~ 
( b) standard electrode potential 
(c) standard cell potential 

2. Draw a labelled diagram to show how the standard electrod. 
potential of a Zn" Zn half-cell can be determined b- 

I ,llJ I I> I • 

connecting with the standard hydrogen electrode. Identify the 
cathode and anode in the diagram and indicate the directior 
in which the electrons flow through the external circuit. 

3. A standard Zn" .Zn half-cell is connected to a standarc 
l~H.l) I..,) 

Ag .Az half-cell as shown below. 
- 1aq1 -1:-.1 

Zn /Znc II Ag' /Ag 
hi 1aq1 ~ (aql ~i-1 

, .... ... 
1111[ 

(a) Draw a labelled diagram of the z inc-si lvei 
electrochemical eel I. 

(b) Write the equation for the reaction occurring at eacl 
electrode. 

(c) Indicate the direction in which the electrons flo« 
through the external circuit. 

(d) Calculate the standard cell potential. 
(e) Suggest how the cell potential would be affected if a 

solution of 0. I rnol drn 3 Ag- ions was used instead of I 
mo! dm 'Ag ions. Explain your answer. 

4. Draw a labelled diagram to show how the standard electrode 
potential of the following half-cells can be measured. 

(a) Fe3' /Fe" 
(aq) (aq) 

(b) Cl~1g/Cl-1aq1 

(c) Ag- / Ao 
(3L]I bi,1 

5. (a) Write a balanced equation for the reaction between 
aqueous Fe> ions and acidified dichromate ions . 

(b) Calculate the emf of the cell in (a) above. 



With reference to standard electrode potentials, discuss the 
possibility of the reaction below. 

Fuel cells operate continuously as long as reactants 
are supplied. The hydrogen-oxygen fuel cell is used in 
spacecrafts to provide heat. electricity and drinking water 
for astronauts. 

(a) With the aid of a labelled diagram identify the 
components of a hydrogen-oxygen fuel cell. 

(b) Write an equation for the reaction taking place at each 
electrode. 

( c) Write a balanced equation for the overall reaction. 
(d) Using standard electrode potential values. calculate the 

e.m.f. of the hydrogen-oxygen fuel cell. 
(c) Environmentalists suggest that the problem of air 

pollution can be greatly reduced by making use of fuel 
cells to prov ide electrical energy for industries. 

( i) Do you agree with this suggestion? Give a reason 
to support you answer. 

(ii) Give one limitation to this suggestion. 

Lead-acid batteries arc used in automobiles. 

(a) Identify the components of a lead-acid battery. 
(b) Write an equation for the reaction taking place at each 

electrode during discharge. 
(c) Calculate the standard cell potential. 
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CAPE CHEMISTRY 

SECTION 3 
Chemistry of the Elements 



Periodic Table consists of elements arranged in horizontal 
-ds and vertical groups. It provides a framework to compare 
predict the properties and trends of the elements and their 
,ounds based on their location on the table. The periodic 

... is divided into four main blocks. These are the s block. the 
-ck. the d block and the f block. The s block are elements in 
p I and IL the p block are elements in group III to VII and 
ip 0. the d block are the transition metals and the f block are 
·,ents 57- 71 and 89-103. 

terent properties and trends are observed when 1110\ ing 
ncally down a group or horizontally across a period. On 
ing across a period from left to right the elements hav e the 

-,e number of electrons in the inner shells but the number of 
~..:trons on the valence shell increases. A new period starts 
en an electron enters a new shell. On moving down a group. 

: clements have the same number of valence electrons but the 
. nber of inner shells increases. 
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The elements in the periodic table are divided into metal 
metalloids and non-metals. The metals are on the left of element 
shaded pink. Metalloids are shaded pink. Non-metals are on th. 
right of elements shaded pink. The properties of the element 
change on moving across a period. Some of these properties 
are highlighted as we look at some trends in period 3 elements. 
sodium to argon. 

TRENDS IN PERIOD 3 ELEMENTS (Na TO Ar) 

In period 3 of the Periodic Table. the 3s and 3p orbitals are beiru, 
filled with electrons. 

The electronic structures for the eight elements are 

Na ls: 2s: 2p6 3s1 3p" 
Mg 1 s: 2s2 2p'' 3s2 3p" 
Al 1 s: 2s2 2p'' 3s2 3p1 

Si Is: 2s2 2p" 3s2 3p2 

p 1 s: 2s2 2p" 3s2 3p3 

s 1 s: 2s2 2p" 3s2 3p~ 
Cl l "'I ., ., '1 6 3 .., ..., .:; s- _s- -P s- .,p· 
Ar l s2 2s2 2p" 3s2 3p" 

The elements have the same number of electrons in the inne 
shells but the number of electrons on the v alence shell increase. 
These determine the structure and bonding of the elements whic 
in turn relate to their properties. 

\tomh ruclii 

It is not possible to measure the radius of an isolated atom sine. 
the electron cloud of an atom has no definite boundary. The atorr 
radius is found by measuring the distance between the nuclei 01 

two identical atoms. and then halving that distance. The radiu 
depends on the type of bonding that exists between the atom, 
The covalent radius is measured for atoms which are covalent! 
bonded to each other while the metallic radius is measured for 
atoms in a metallic structure. The noble gases which are nor 
chemically bonded but held together by v an der Waals forces, the 
van der Waals radius is measured. The van der Waals radius 1 

larger than the covalent and metallic radii because the atoms arl 
not held tightly together as seen in the noble gases. 



~l-.~ atomic radius of an atom is affected by the nuclear charge 
the atom and the shielding effect of the inner electrons. As we 
\ e across period 3. the nuclear charge increases but the number 

· shells is the same. Thus there is a greater nuclear attraction for 
~ same number of shells. This results in the outermost electron 

. ~. mg more tightly held by the nucleus. Hence the radii of the 
ms of period 3 decrease as we move across the period. G 

Fi!!. 13.2 

-gon is not chemically bonded and is usually left out of the 
mpanson. 

1111. r:11 Iii 

s the metallic character changes to non-metallic character 
.ross the period, the radius of the metallic ion is smaller than 
:- corresponding atom while the radius of the non-metallic ion is 
rger than its corresponding atom. 

11,l)L/5 (1,1)(15 II.US 

Fiz. 13.3 

\s we move across from sodium to aluminium in period 3, the 
mic radius decreases. This is because the ratio of protons to 

_ lectrons increases as the metal loses its outer shell of electrons. 
Fnis increases the nuclear attraction on the remaining electrons. 
hus the size of the metal lie ion decreases. 

-\s we move from phosphorous to chlorine in period 3, the ionic 
':ldius of the non-metallic ion is larger than its corresponding atom. 
[his is because an additional electron is added to the valence shell 
hich results in more electron repulsion. However, it must be 

-oted that the ionic radius of phosphorous is larger than sulphur 
hich is larger than chlorine. As the nuclear charge increases. the 
-nic radius of the negative ions of period 3 decreases. 

,\ hen investigating the melting point of a period 3 element, we 
ask three questions. 

I;) What are the forces holding the solid state together? 
(metallic, covalent, ionic. intermolecular) 

I;) Can these forces be broken down easily? 
I;) Is the lattice stable? 

-\s we move across the period from left to right, we observe that 
the melting point increases from the sodium to silicon and then 
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the decreases from phosphorous to argon. 

Fi~. 13 

Sodium. magnesium and aluminium arc all metals. They have 
metallic bonding. in which positive metal ions are attracted to 
delocalized electrons. Moving from sodium to aluminium, the 
charge on the metal ions increases from + 1 to ..;... 3 therefore the 
number of delocalized electrons increases. Thus the strength ot 
the metallic bonding increases and the melting points and boiling 
points increase. 

Silicon has giant molecular structure. It forms a giant lattice ~ - 
structure similarto that of diamond. Each silicon atom is covalently 
bonded to four other silicon atoms in a tetrahedral arrangement. 
This forms a three dimensional giant molecule. Silicon requires 
large amounts of energy to break its giant lattice. Thus it has a 
high melting and boiling point. 

P. Sand Cl exist as small discrete molecules held together by van 
der Waals forces of attraction. The melting points and boil in; 
points are very low because van der Waals forces of attraction arc: 
very weak and not much energy is needed to O\ ercome them. 
The melting and boiling point of non-metals also depend or 
the size of the molecule. Generally, the larger the molecule, th, 
greater the strength of the van der Waals forces of attraction. Th, 
explains why sulphur (which exists as S) has a higher meltin , 
point than P (which exists as P) which has a higher melting poin 
than Cl (which exists as CL.). 

For an element to be able to conduct electricity, mobile charg. 
carriers must be present. In general, metals are good conductor 
of electricity while non-metals are poor conductors of electricir. 
Sodium, magnesium and aluminium are all metals. They ar. 
involved in metallic bonding, in which positiv e metal ions ar, 
attracted to delocalized electrons. The delocalized electrons a 
free to move and carrv charge. Moving from sodium to aluminiur - ~ ~ 
the number of delocalized electrons increases thus there are me 
charge carriers and the electrical conductix itj increases. 

The electrical conductivity then falls at silicon. Silicon is 
metalloid, its four electrons are held stronglj in covalent bon 
F cw electrons have enough energy at room temperature to em 
the higher energy levels. At higher temperatures. more electro 
become delocalized and are available to carry charge. 



remaining elements phosphorus, sulphur, chlorine and argon 
non metals and do not conduct electricity. In phosphorus. 

phur and chlorine, the electrons are held in covalent bonds 
j are not free to move and carry charge. Argon which exists 
single atoms. the outer electrons are not free to move because 
~ are held in a stable third energy level. 

X 

X 

X 

r g ':, 
Fig. 13.5 

cctrical conductivity increases going across period 3 from 
dium to aluminium, then decreases to silicon. It further 

. creases to negligible conductivity in the remaining elements. 

ectronegativity measures the ability of an atom to attract the 
nding electron pair in a covalent bond. Electronegativity cannot 

_ measured directly but it can be measured relative to another 
m. Fluorine is the most electronegative element and in the 

auling electronegativity index, it is given an electronegativity 
lue of 4. The other elements are measured relative to this. 

\::. we move across period 3, the nuclear charge increases while 
•. .ie atomic radius decreases. There are more electrons, but the 

.el ding of inner electrons is negligible because each additional 
. lectron enters the same shell. Thus the effectiv e nuclear attraction 
,r the electrons increases hence the electronegativity increases 
cross the period. 
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Fig. 13.6 

vote that no values are given for argon as it does not usually form 
. O\ a lent bonds. 

The density of a substance is the ratio of the mass of a substance to 
ts volume. For elements, this can be expressed in units of grams 
··2r cubic centimetre. The density of a pure substance varies little 
from sample to sample and is often considered a characteristic 
r-roperty of the substance. Most substances expand when heated 
.nd therefore have lower densities at higher temperatures. Many 
- .ibstances. especially gases, can be compressed into a smaller 
. olume by increased pressure. Thus the temperature and pressure 
rt which the density of a substance is measured are usually 
-pecified. The densities of period 3 elements are given in table 
3. I. 



I ' I I I I I 
Table 13.1 

On mov ing across the period. the density increases from sod 
to si I icon and then there is a general decrease from phospho 
to argon. From sodium to silicon. the forces of attraction betv .• 
the atoms increase causing them to be packed closer togei 
Thus the mass per unit v olume i.c. the density increases. 

P. S and Cl exist as small molecules held together by weak 
der Waals forces of attraction. The molecules are not packe 
close together thus the mass per unit \ ol ume or density decrca-, 
Similarly atoms in argon are held together by weak \ an der \\ 
forces therefore it also has a IO\\' density. 
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There is a general increase in the first ionization energy aero, 
period. As we 1110\ e across a period. there is an increase in ! 

nuclear charge and a decrease in the atomic radius. Although tb. 
arc more electrons. the shielding of inner electrons is neglig 
because each additional electron enters the same shell. Thu 
effective nuclear attraction for the electrons increases and rr 
energy is required to remove an electron hence ionization en 
increases. 

Fig. 13.7 Fig. 13. 

However, there are two irregularities in the pattern across 
period. In period 3 the first ionization energy of aluminiu 
smaller than magnesium. and the first ionization energy of sul 
is smaller than phosphorous. These observ ations can be exp la 
by the presence of sub energy levels. 

Mg has the configuration 
Al has the configuration 

Is= 2s: 2p" 3s: 
ls= 2s= 2ph 3s= 3p1 

The outermost electron of aluminium is located in the p o 
and experiences the screening effect. It is further from the nu 
and unpaired so it is not held as effectively and can be lost 
Thus it requires less energy to remove the first electron frorr 
3p orbital in aluminium than it is to remove one from the fill 
orbital in magnesium. 



..: case of phosphorous. the three electrons in the 3p orbitals 
ave the same spin. but in sulphur the fourth electron is paired 
' of the 3p orbitals. 

the configuration 1 s::, 2s::, 2p0 3s::, 3p3 

s the configuration 1 s::, 2s::, 2ph 3s::, 3p-1 

_ electron-electron repulsion in the paired 3p orbital makes it 
.r to remox e the paired electron with opposite spin. thus the first 
zation energy of sulphur is less than that of phosphorous. 

SOME CHEMICAL REACTIONS OF PERIOD 3 ELEMENTS 
, el I as showing trends in physical properties. the elements 

period 3 also show trends in chemical properties. Table 13.2 
olays the reactions of the period 3 elements from sodium to 

::-l)n with water. oxygen and chlorine. 

He , f : ! · ,-. 1 • [ ll ,, I I\L ' II<. ,-.1 
- __ ;:J, 

~1 1 ,- =· [ 1 l 111 , ,- 
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Table 13.2 



VARIATION IN OXIDATION STATES OF THE OXIDES 
AND CHLORIDES OF PERIOD 3 ELEMENTS 

The formulae of the oxides and chlorides of period 3 elements 
show a pattern based on the elements highest oxidation state. 
The element highest oxidation state is equal to the number of 
electrons on the outer shell of the atom. This means that all the 
outer electrons in the period 3 element are involved in the bonding. 
Bonding occurs with just the one outer electron on sodium. to all 
sev en outer electrons on chlorine. 

Table 13.3 

(b) Oxidation states of the chlorides of period 3 

The highest oxidation state for the chloride of sulphur is in SCI 
Sulphur does not form the hexachloride. possibly due to the 
atom not being able to accommodate more than four chlorine 
atoms around it. SCI~ is unstable and readily decomposes to forrr 
S,Cl". 

PROPERTIES OF THE OXIDES AND CHLORIDES 
OF PERIOD 3 

The oxides and chlorides show patterns in their properties acros 
period 3. On the left hand side of the period. both the oxides and 
chlorides show properties typical of ionic compounds. Moving t 
the right of the period. the properties change to those typical 1 

cov a lent compounds. 



. .: 13.-l 
, properties of the oxides of period 3 clements 

a.O dissolves readily in water to form an alkaline solution. 

Na,O - H,O 
1 
-> 2NaOH 

_ (, I _ I I (.rq I 

\lgO is only slightly soluble in water to form an alkaline 
solution . 

. .\1,0, does not dissolve in H,O. It is, however. amphoteric i.e. it - ., - 
has both acidic and basic properties. 

Al20,1,1 + 6HCll.lljl -> 2AICIJIJljl + 3H:P111 
Al20,is, + 2NaOH1J41 

+ 3H:Pn, -+ 2NaAl(OH)~13q, 

Si 0, is insoluble in water but it reacts with hot concentrated alkali 
to form silicates. 

SiO, + 2NaOH -> 
_I, I 1.1,]I 

Oxides of sulphur. phosphorous and chlorine react readily with 
water to form acidic solutions. 

.. -H"' -+ H,S0
3 



PO -t- 6H,O - 4H,PO, -4 n - _, ~ 

P!O!" + 6H.:P - -1-H,PO 

+ H,O 1 -. 2HCIO-l 
- I J 1aql 

On moving across the period. the trend is from strongly basic 
oxides on the left-hand side to an amphoteric oxide in the middle 
to strongly acidic oxides on the right. These changes occur as 
the oxides change from metallic oxides which are bases to non 
metallic oxides which are generally acidic. Thus the acid-base 
nature changes from basic to amphoteric to acidic on 1110\·ing 
from left to right across the period. 

The metallic oxides and silicon dioxide hav e high melting and 
boiling points because a lot of energy is needed to break the 
strong bonds that hold these three dimensional lattices together 
The oxides of phosphorus. sulphur and chlorine consist of simple 
molecules held together by weak \ an der Waals forces. Therefore 
their melting and boiling points are low. 

Table 13.5 Some properties of the chlorides of period 3 elements 

C r : ,, ', r•e:: . r ,. ,. , r ' cl ~ :- ,. 

I 

I 
NaCl and l'v1gCI~ dissolve in water to form aqueous ions. T 
aluminium chloride reacts with the water rather than just dissolx 
in it. First it dissolves in water to form the hcxaaquaalumini. 
ion and chloride ion. 

A1c131,, + 6H:P111 - [Al(H~O\J 1.,q, + 3c1-1.141 

Since the Al3 ion is relatively small and highly charged, it dr ... 



· electron density away from the water molecules in the complex 
n causing them to giv e up H- ions. 

hus aluminium chloride is acidic in water, 

1e non-metal chlorides react with water to fo1111 acids. 

SiCl-1 - 2H20 -+ Si02 + -.J.HCl 

PCL + -.J.H,O -• H,P0-1 + 5HCI 

2S,Cl, - 2H,O - 3S +SO,+ -.J.HCI 

-cdium and magnesium chlorides are ionic solids and require a 
irge amount of heat to break the strong ionic attractions. These 
lids thus have high melting and boiling points. The other 
lorides have low melting points. They form simple molecular 

tructures with weak intermolecular forces of attractions. 

The oxides and the chloride oft he period 3 elements show a change 
rom ionic to covalent bonding in their compounds on 1110\ing 
cross the period from left to right. The change from ionic to 

CO\ a lent character can be related to increase in electronegativity 
«ross the period. Atoms of low electronegativ ity. like Na and Mg 
ill give up electrons to atoms like oxygen and chlorine to fo1111 
rnic compounds. Conversely, the more electronegative elements 
n the right of the period form CO\ a lent bonds \\ ith oxygen and 

chlorine. 



1. Account for the vanation of the following physical 
properties of the elements in period 3 in terms of structure 
and bonding: 

(a) Atomic radii 
(b) Melting point 
(c) Electrical conductivity 
(d) Electronegativity 
(e) Density 

2. Describe the reactions of the elements in period 3 with the 
following: 

(a) oxygen 
(b) chlorine 
(c) water 

3. Explain the variation in the oxidation number of the oxides 
of the period 3 elements. 

4. (a) Describe the trend in acid-base character of the oxide 
of period 3 elements. 

( b) Aluminium oxide is described as an amphoteric oxide 

(i) What is an amphoteric oxide? 
(ii) lllustrate the amphoteric nature of aluminum oxide 

with suitable chemical equations. 

5. (a) With reference to ionic radii and electronegativitie 
account for the type of chemical bonding present in th. 
chlorides of period 3 elements. 

(b) Describe the reactions of the chlorides of period 
elements with water. Include equations where relevant 

(c) When aluminium chloride dissolves in water. 
solution is acidic. Account for the acidic nature of 1 
aluminium chloride solution. 



The elements of group IT are Beryllium (Be). Magnesium 
vlg), Calcium (Ca). Strontium ( Sr). Barium ( Ba) and Radium 
Ra). Bery I Ii um does not follow the norm a I trend of the group 
I elements. Radium is radioactive and we do not look at its 
.hemistry in analyzing group II. The focus is therefore on the 
. ements Magnesium to Barium. This group is generally refened 

; as the 'alkaline earth metals'. 

PHYSICAL PROPERTIES 

"he elements in group II show characteristic trends in physical 
=roperties on descending the group. Table 1-1-.1 gives some 
=roperties of the group II elements. 

able I-+. I Some properties of group II elements . 

. .omic radius increases as we descend group II. This is expected 
a fully filled orbital is added from one successive element to the 

c xt down the group. The primary screening effect also increases 
, these fully filled inner orbitals shields the outer electrons from 
e increasing nuclear charge. This results in the outer electrons .... ... 

- .nng further from the nucleus causing an increase in the size of 
.e atom. Although the proton number increases, the screening 

. feet outweighs this increase in nuclear charge. 
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Fig. 1-l-.1 variation in atomic radius of group II 
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First ionization energy is the energy needed for the complete 
removal of an electron from its outermost shell. Notice that fir 
ionization energy decreases as you go down the group. 
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Fig. 1-l-.2 Variation in I'' ionization energy of group I I 

Since the atomic radius increases down the group. the out, 
electrons get further 3\\ ay from the nucleus and less energy 
required to remove an outer electron. Thus the ionization ener _ 
decreases down the group. 

With the exception of magnesium the melting point falls as : 
go down the group. The general decrease in melting point 
explained in terms of the atomic and ionic radii. On moving dow 
the group. the atomic and ionic radii increase and there is le 
attraction between the positive ions and the delocalized electro 
in the metallic structure. Thus less energy is required to melt t 
structure. 
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Fig. 1-U Melting point of group II 

CHEMICAL REACTIONS 

dt:· porcnu 

the values for the reverse reactions are positive, therefore. 
_ • trons are easily lost from these elements. It can be observed 

barium loses electrons easiest since its value is 2.91V. From 
--:-sc values we can also see that reactivity increases as we move 

_ \\ n the group. 

~. 'l group II elements react with oxygen to form its metallic 
vide. For example. Mg bums with a brilliant flame in oxygen to 
-rnduce MgO . 

.\II burn readily in oxygen. reactions are highly exothermic and 
reactivity increases down the group. All of the group 11 metals 
tarnish in air as a layer of oxide is formed on the surface of the 
metal. 

Beryllium does not react with water while magnesium reacts 
slowly. Magnesium reacts rapidly with steam to form magnesium 
oxide and hydrogen gas. It reacts slowly with \\ ater producing a 
small amount of magnesium hydroxide. The reaction soon stops 



as the magnesium hydroxide formed is almost insoluble and 
forms a barrier on the magnesium preventing further reaction. 

Ma + 1H O - Ma( 0 H) + H 
='hi - 2 111 ° 21,1 21~1 

Calcium. strontium and barium all react with cold water with 
increasing vigour to give the metal hydroxide and hydrogen 
gas. The hydroxides formed are not very soluble. but solubility 
increases down the group. Less precipitate is seen going down 
the group because more of the hydroxide dissolves in the water. 

All the group 11 metals react with acids to produce salts and 
hydrogen gas. For example. magnesium reacts with hydrochloric 
acid to produce magnesium chloride and hydrogen gas. 

The reactivity increases down the group. Calcium reacts vigorously 
with acids while barium reacts violently. When sulphuric acid 
reacts with barium. insoluble barium sulphate forms which coat 
the metal surface and prev cnts the inner barium from reacting. 

SOLUBILITY OF GROUP II COMPOUNDS 
Solubility of solid compounds is determined by the encrg: 
required to break the lattice into ions ( reverse of lattice en erg: 
and the energy released when ions are hydrated ( hydration 
energy). The energy required to break the lattice is endothernu. 
while the hydration of the ions are exothermic. Low solubilit 
results when the lattice energy exceeds the hydration energy. 

The solubility of the sulphates in group 11 decreases down tr. 
group. Dissolv ing a group II sulphate involves 3 main processe- 

..> Reverse of lattice enerzv (- ~H
1 

) -.l .HI 

:l Enthalpy of hydration of the cation (~H11,) 

l\lg2 - \fa2- 
- (g) - lj~J 

~ Enthalpy of hydration of the anion ( ~H11~) 

---+ O.:' 1,1<JI 



'rce energy is inversely proportional to the sum of the radius 
ne cation and the radius of the anion. From this. if either ionic 
us increases. lattice energy decreases. The anion is constant 

.. e all the sulphates contain the SO_t anion. The cation increases 
-rze however this increase in size is negligible compared to the 
;c size of the anion. Thus the increase in ionic radii is very 
II hence the decrease in lattice energy is very small. 

size of the cation increases down the group. the charge 
nsity decreases. This decreases the forces of attraction which 

_ clop with polar water molecules. Thus the hydration energy 
.reases. 

ie 1-L2a Some Enthalpies of Group [I sulphates 

- 
I 

mcc the decrease in the reverse lattice energy is less when 
. ornpared to the decrease in hydration energy. the enthalpy of 

lution for the sulphates become more positive going down 
,e group. Therefore the solubility of the sulphates decreases 
own group II. If the dissolving process is exothermic, then the 
.lphate will be soluble. e.g. magnesium sulphate. However if 

.he dissolving of the sulphate is endothermic. it will be sparingly 
-oluble in water, e.g. calcium sulphate. 

"able 14.2b Solubility of group II sulphates 

Solubility of the carbonates decreases down the group. The 
decrease in solubility is similar to that of the sulphates. On going 
down the group. the decrease in lattice energy is small compared 
to the decrease in hydration energy. Thus the reverse lattice 
energy exceeds the hydration energy and the enthalpy of solution 
is positive. 

The solubility of the hydroxides increases down the group. Since 
the hydroxide ion is not as large as the sulphate or carbonate ions. 
the lattice energy decreases significantly dow n the group. This 



outweighs the change in the hydration energy so the solubility of 
the hydroxides of group II elements decreases down the group. 

Table 1-U Variation in solubility 

THERMAL STABILITY OF GROUP II COMPOUNDS 
The compounds of group 11 elements have different thermal 
stabilities. This means that they decompose at different 
temperatures when heated. The thermal stability of a compound 
depends on the charges and the sizes of the ions in the compound 

The nitrates of group II undergo thermal decomposition to giv, 
the metal oxide. nitrogen dioxide and oxygen. For example 

2Mo(NO,) - 2Mo0 ...J... 4NO + 0 b _) 21~1 .6. b (,) 2(!.!) 2(2) 

Going down the group. the nitrates become more stable so high, 
temperatures are required to decompose them. This means that t _ 

thermal stability of the nitrates of the group II elements increas. 
down the group. 

Decomposition of the nitrate involves breaking down the la11; 
nitrate compound into a smaller more stable oxide compound. T 
is promoted by the polarizing effect of the cation that attracts i 
electron cloud of the nitrate ion. Smaller highly charged can. 
are more polarizing and tend to attract the electron cloud of l 
nitrate ion enough to weaken the structure and break the bon 
On going down the group. the cations get larger and the char 
remains the same. so that there is less polarizing effect of 
cation and the compound becomes more stable. 

The carbonates of group II undergo thermal decornpositior 
give the metal oxide and carbon dioxide. For example 

MoCO. - MoO + co b _,{ ... ) t» b) 2(gl 

The small double positive charged ions at the top of the ~ 
polarize the carbonate ions more than the larger double p 



-~d ions at the bottom. Thus the thermal stability of the 
narcs of the group II clements increases down the group . 

electron Jcn:-.Jt~ 
pulled toward-, 

• thh end Iorm-, 
the c.rrbon 
d11.1,1Jt.: 

.~ 
Iorm ... the 
1.1\1Jc 1c,11 

USES OF GROUP II ELEMENTS AND THEIR 
COMPOUNDS 

;nesium is the most commonly used element in groLtp II. It 
.sed to make lightweight alloys with high tensile strength . 
.malium is an alloy of Mg and Al. It is used in the manufacture 
narts for cars and aircrafts. Magnesium oxide is used to make 
.r ctory lining in furnaces because of its high melting point and 
reactivity. It is also used as a medication to relicv e heartburn 

· J acid indigestion since it is basic. In addition it can be used as 
ild laxative. Magnesium sulphate on the other hand. is used as 

· owerful laxativ e. It is also used in beauty spars as a softening 
.ent for the hands and feet. 

.dciurn. strontium and barium have Jess uses due to their high 
.activity. Calcium compounds however do hav e significant 

. -mmercial uses. Calcium carbonate is used in the construction 
idustry as a building material. e.g. marble. or as an ingredient 
;" cement. It is widely used in medicine as dietary calcium 
.ipplement and an antacid. Calcium carbonate. calcium oxide 
nd calcium hydroxide an: used in agriculture to counteract soil 
.idity. These are also used in water treatment to reduce acidity 
nd as a flocculant. In the industry, they are used in scrubbers to 
esulphurize waste gases and to neutralize acidic effluents. 

alcium oxide also called quicklime reacts exothermically with 
ater to form calcium hydroxide. The reaction produces sufficient 

heat to ignite combustible materials in some instances. In the 19th 
.entury, wooden boats were used to transport calcium oxide. The 
crew often had to extinguish fires when any of the calcium oxide 
reacted with water . 

At high temperatures, salts of calcium. strontium and barium 
emit brilliant flame colours. Calcium salts produce a red colour 
while strontium salts produce a crimson colour and barium salts 
produce a green colour. Compounds of these elements are used in 
fireworks and coloured flares. 

• 



1. Explain the variation of the following in terms of structure 
and bonding of the elements in group II: 

(a) atomic radii 
(b) melting point 
( c) ) '1 ionization energies 

2. Describe the reactions of the group 11 elements with the 
following: 

(a) oxygen 
(b) water 
(c) dilute hydrochloric acid 
Using a named group II element. write equations for th, 
reactions in (a) - (c) above. 

3. With reference to the lattice energy and hydration energ 
account for the v ariation of the solubility of the sulphates 
group II elements. 

-t Describe and explain how the thermal stability of ti . 
carbonates of the group II elements varies down the groi.r 
Write an equation for the decomposition of a carbonate of 
named group II element. 

5. Explain the variation in the thermal decomposition oft 
nitrates of the group II elements. Write an equation fort 
decomposition of a nitrate of a named group II element. 

6. Account for the following as fully as you can: 

(a) Magnesium sulphate is soluble in water while bar 
sulphate is not. 

(b) Calcium carbonate decomposes at a lower tempera, 
than barium carbonate. 

(c) Magnesium reacts slowly with water whereas calci 
... reacts\ igorousl\: · ~ >- ~ •• 



<ne group IV elements are carbon ( C ). si licon (Si). germanium 
:;d. tin (Sn) and lead (Pb). All have four electrons on the valence 
,ell. There is a change in nature from non-metallic to metallic 
,aracteristics as we descend the group. Carbon is a non-metal. 
icon and germanium are metalloids. and tin and lead are metals. 

_ -rne of the physical properties of the elements as well as unique 
.:atures of the elements are described below. 

PHYSICAL PROPERTIES 

The elements in group IV show characteristic trends in physical 
-,operties on descending the group. Table 15. I below gives some 
-roperties of the group IV clements . 

. ible 15. I Some properties of group I\' clements 

11 

tnmir rudiu-, 

Atomic radius increases as we descend group IV. This is expected 
JS a full orbital is added from one succcssix e element to the next 
down the group. The screening effect also increases as these full 
inner orbitals shield the outer electrons from the increasing nuclear 
charge. This results in the outer electrons being further from the 
nucleus causing an increase in the size of the atom. Although 
the proton number increases. the screening effect outweighs this 

- 



increase in nuclear charge. 

The ionization energy decreases down the group. Since the atomic 
radius increases down the group. the outer electrons get further 
away from the nucleus and less energy is required to remove an 
outer electron. There is a large difference in ionization cncrzv ~ ~- 
from C to Si. after that the difference is relatively small as shown 
in Table 15.1. This is a consequence of the d-block elements 
within the periodic table. The d orbitals do not screen the nucleus 
as efficiently as the s and p orbitals thus the effective nuclear 
charge is higher. This results in little difference in the ionization 
energy after silicon. 

,,.-1,.,1111·,· .111il 1 .. ,11d111:..: 

The variation in the physical properties of the group IV element 
is related to the change in structure of the elements from giant ~ ~ 
molecular to giant metallic. Silicon and germanium show a giant 
molecular structure similar to diamond while tin and lead have 
metal lie structures. As the atom gets larger. the attraction 01 

the nucleus for the electrons in the covalent bond gets weaker 
This results in electrons becoming delocalized. The delocalize, 
electrons are attracted to the positively charged nucleus hence 
bonding changes from covalent to metallic. 

The change in bonding gives rise to the variation in the melting 
point and conductix ity of the elements. Carbon exists mainly 3 
graphite and diamond. In diamond. each carbon atom is covalent I 
bonded to four other C atoms in a tetrahedral arrangement. I 
melting point is 3 730°C. No free electrons are present and hen cl:' 
it is a non conductor of electricity. In graphite. each carbon ator 
is bonded covalently to three other carbon atoms. The fourt 
electron of each carbon atom forms a delocalized electron clou 
This allows graphite to conduct electricity. 

Silicon has a melting point of 1-l 10°C and is referred to as _ 
semi-conductor. Silicon forms a giant molecular structure hax ir , 
strong covalent bonds. Germanium has a melting point of 9r 
and is also a semi-conductor. Tin has a melting point of 23: 
and exists in the form of two allotropes. grey and white tin. Gr. 
tin is a semi-conductor while white tin is a good conductor 
electricity. Lead has a melting point of 237°C and is a go 
conductor of electricity. 

The decrease in melting points reflects the increasing weakn 
of the covalent or metallic bonds as the atoms get bigger and r 



get longer. 

Bond 

C-C 
S1-Si 
Sn-Sn 

Bond energykl rnol 1 

347 
226 
150 

Bond length. nm 

0.154 
0.252 
0.280 

_ know that the larger the bond energy, the stronger the bond. 
, the shorter the bond length, the greater is the strength of the 
d. Since C -C has the greatest bond energy and the shortest 
d length, it has the strongest bond and has a high melting 
nt. 

THE TETRACHLORIDES OF GROUP IV 

.rbon, silicon. germanium. tin and lead all form tetrachlorides 
th the formula XCl-1. They are all simple covalent molecules 

.. th a tetrahedral shape. The group IV element is at the centre 
d bonds with four chlorine atoms by four single co, a lent bonds. 

- c shape of the silicon tetrachloride is shown below. 

\II the tetrachlorides have low melting and boiling points. They are 
, olatile liquids at room temperature. As the X - Cl bond becomes 
longer down the group. it gets weaker and the tetrachlorides get 
less stable. 

THE HYDROLYSIS OF THE TETRACHLORIDE$ 
OF GROUP IV 

With the exception of tetrachloromethanc, all of the tetrachlorides 
readily react with water to produce a precipitate of the hydrated 
dioxide and fumes of HCI. For example 

Si(].Jrli + 4H20111 - Si02. 2H:Pr,i + 4H(Jr.rqr 

Silicon. germanium. tin and lead all have empty d orbitals close 
enough in energy to the occupied p orbitals. These atoms allow 
incoming water molecules to donate a lone pair to their d orbitals 
to form a bond. For example in SiCl-1, a water molecule can 



donate a lone pair into the empty 3d orbitals of silicon to form 
a dative covalent bond. As the Si - 0 bonds form. the Si - Cl 
bonds weaken and break. The bonds make and break one by one 
until all four chlorine atoms are displaced. Thus hydrolysis of the 
tetrachloride occurs. 

Tetrachloromethane (CCI} is immiscible in water and does not 
undergo hydrolysis. The empty 3d orbitals in carbon are too 
different in energy for carbon to expand its octet to form dative 
bonds with the water molecules. Thus a similar mechanism 
for hydrolysis cannot occur and tetrachloromethane shows no 
reaction in water. 

THE OXIDES OF GROUP IV 

Table 15.2 and table 15.3 below give some properties of th 
oxides of the group IV elements. 

Table 15.2 Properties of the dioxides of group l V elements 
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Table 15.3 Properties of the monoxides of group IV elements 

I hr 1110110,i,h 



hf' elements in group IV have four electrons in their valence 
, ns2 np: ). None form the x .. - ion in the solid state due to 
igh ionization energies required to remove four successix e 
irons from the atom. Consequently, bonding is covalent. 
g down the group. germanium. tin and lead tend to form 
: compounds in which the group IV clement has an oxidation 
_of+ 2. ln these compounds. the Ge>, Sn~- and Pb" ions are 
·eJ when the two p electrons are lost from the valence shell. 

_ two s electrons remaining on the \ alence shell is relatively 
le and not easily remox ed. This is because the effective 

_ ear attraction towards them is greater since the d orbitals do 
-:,Creen the nucleus as efficiently as the s and p orbitals. This 

.. al led the inert pair effect and it occurs as a result of the two 
aining electrons behaving inertly since the ionization energy 

. 4uired for their removal is v cry large. 

mpounds of group IV elements exist with oxidation states + 2 
d --t The -t-4 state is most common in compounds. For example 
en the elements arc heated in oxygen. with the exception of 

_ ... d. they all form oxide with oxidation state -t-4. It must be noted 
,, ever that the relative stabilities of the -t-2 state relativ e to the +..J. 
ate increase down the group as bonding changes from covalent 
ionic. In carbon and silicon. the +4 state is more stable than the 
~state.CO is readily oxidized to CO2 while SiO is unstable and 
-es not exist under normal conditions. Germanium, tin and lead 

_ nd to form ionic compounds and form oxides of both - 2 and 
-i state. GeO is less stable than GeO, and is oxidized to GeO,. 

- - 
"he +4 state in tin is s1 ightly more stable than the + 2 state \\ hile 
nc ..,...2 state in lead is more stable than the +--1- state. The increase 
n stability of the+ 2 oxidation state on going down the group is 
.xplained in terms of the inert pair effect. 

The standard electrode potentials of the X' . x> for 
IJql t aq) 

germanium, tin and lead can be used to show the relative stabilities 
of the + 2 and _,_--I- oxidation states of these elements. 

Sn-1- -t- 2 e 
Pb-1- + 2 e 

P =-1.60 V 

E" = + 0.15 V 
P=+I.80V 

As the standard electrode potentials get more positix e from Ge-1 
to Pb-1 . aqueous ions in the+-+ state is more easily reduced to the 



~ 2 state. 

'- cid-ha-v nature of the uvidc- 

The basic character of the oxides increases down the group. The 
dioxides are more acidic than the monoxides. 

fill' din\ iclt-. 
The bonding in CO2 and Si02 is covalent. These oxides show 
acidic behaviour. They react with alkalis to form salts. 

SiO, + 2Na0H _, Na
2
Si0, + H,O 

The bonding in Ge02• Sn02 and Pb02 shows both ionic and 
covalent character. These oxides are amphoteric. They show both 
acidic and basic properties. 

For example tin ( IV) oxide reacts with concentrated hydrochloric 
acid to give SnCI ... 

SnO:- ...j.. -lHCI _, SnCl-1 + 2H20 

This dissolves in excess HCI to form the complex [SnCIJ2 . 

In the case of lead (IV) oxide. the reaction has to be done at lo\~ 
temperature because the lead (IV) chloride formed is unstabl 
and decomposes to give lead (II) chloride and chlorine gas. 

PbO, + -lHCJ -• PbCI, + Cl, + 2H,O 

The dioxides also react with alkalis. For example. tin (IV) oxio. 
reacts with concentrated sodium hydroxide solution to give ti 
complex [Sn(OH)J2-. 

SnO, + 20H- + 2H,O _, [Sn(OH) ]2 
1, IJ<.j I 

In the case of lead (IV) oxide. molten sodium hydroxide is use 

PbO, + 1NaOH - Na,PbO, + H,O 

11 l ow 'd 

CO and SiO are neutral and react neither with acids or alka 
GeO, SnO and PbO are amphoteric. They all react \\ 
concentrated hydrochloric acid. For example, tin (II) oxide rea 
with hydrochloric acid to form tin (II) chloride. 



SnO + 2HCI - Snt"l, + H,O 1' I I .1,p _( aq I _ ii I 

reaction with lead (II) oxide. insoluble lead (II) chloride 
- -rned. This however dissolves in excess concentrated 

_ .Jorie acid to form the soluble complex [PbClJ' . 

SnO and PbO also react with bases. For example 

SnO + 20H - SnO ::- + H 0 
( :- J I Jll l ~ t dlj) 2 I [) 

SILICATES 

geologists estimate that 90° o of the Earth 's crust is made 
silicates. The basic chemical unit of silicates is the SiO/ 
,.=dron. The central silicon ion has a charge of positive four 
_ each oxygen atom has a charge of negative two. This 
·1011 leaves each oxygen atom with the option of bonding 
other silicon ion and thus links one SiO/- tetrahedron to 
er and another. Silicates tetrahedrons can combine to form 
. sheet and ring structures. 

Fig. 15. l 

icates. some of the negatively charged oxygen atoms are able 
nteract with positively charges ions like Mg> .. Ca' and Al1 . 

. nestos is a single chain silicate which contains magnesium. 
.ium or iron ions. It is fire resistant and a poor conductor of 

It is used as building material however care must be taken 
. ause exposure to asbestos fibers can cause lung cancer. 

~- is a sheet silicate containing magnesium ions. It is a soft. 
r~ry material which is used in soaps and talcum powder. 

. s are also sheet silicates but about half of the silicon 
ms are replaced by aluminium atoms. They are also called 
-ninosilicates. When clay is wet. water is trapped between 

.. sheets and the material becomes flexible and can be molded 
different shapes. If the clay is heated at high temperatures. 

,,~r is removed and a three dimensional giant structure similar 
.iuartz is fonned. 

t: ramies is the name given to materials which are made from clay 



and then heated at high temperatures. Ceramic products include 
pottery. bricks and tiles. More recently. ceramic production is 
geared towards crystalline ceramics which is considered to have 
superior properties to those that were produced in years before. 
These are designed to have properties such as hardness. strength 
and ability to withstand high temperatures for applications such 
as heat shields in spacecrafts. and amour protection in military 
vehicles. 



Explain the variation of the following physical properties of 
the group IV elements in terms of structure and bonding. 

(a) Melting point 
(b) 1 si ionization energy 
(c) Metallic character 
( d) Electrical conductivity 

Group IV elements show the + 2 and +4 oxidation states in 
many compounds. 

(a) Account for the relative stability of the oxides of the 
group IV elements of oxidation states+ 2 and +4. 

(b) What is the trend in the acid-base nature of the oxides 
of the group IV elements in the +4 oxidation state'? 
Illustrate your answer with suitable equations. 

(c) Describe the trend in bonding of the oxides of the group 
IV elements in the +4 oxidation state? 

(d) Explain why carbon dioxide is a gas and silicon dioxide 
is a high melting point sol id. 

The group IV tctrachlorides are volatile. non-polar liquids. 

(a) Draw the molecular shape of carbon tetrachloride. 
(b) Explain why carbon tetrachloride is a non-polar 

molecule. 
(c) Ex.plain the trend in the volatility of the tetrachlorides 

of the group IV elements. 

With the exception of tetrachloromethanc. the tetrachlorides 
of group IV elements are readily hydrolysed by water. 

(a) Write an equation for the hydrolysis of one of the 
tetrachlorides with water. 

(b) Account for the unreactiv ity oftetrachloromethane with 
water. 

Some properties of ceramics include hardness. strength and 
ability to withstand high temperatures. Explain the structure 
of silicon IV oxide which makes it suitable as the building 
block of ceramics. 



The halogens are the clements found in group VII of the periodic 
table. They all contain seven electrons in their outermost shell 
and have the ability to accept an electron to gain an octet of 
electrons and hence take part in ionic bonding. The halogens also 
have the ability to share electrons in CO\ alent bonding with itself 
as well as with other non metals in the periodic table. One of 
the most unique features of the halogens is its ability to exist as 
diatomic molecules when it combines with itself The members 
of this group include fluorine. chlorine, bromine. iodine and 
astatine. Since the element astatine has no stable or long-lived 
isotopes. most physical properties of astatine have been predicted 
from theory and by extrapolation from the properties of other 
elements. 

Table 16.1 

VARIATION IN PROPERTIES 

Properties of the halogens 

lll'l'I I\ wri1H 11•,rin, umin Iinc ' 
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As we descend group VII. the number of electrons in the haloger 
increases as a fully filled energy shell is added. These added 
electrons give rise to an increase in atomic radius down the group 
Also there is grearer v an der Waals forces of attraction since these 
electrons can move freely setting up temporary dipoles. Thes, 
attractiv c forces which exist between the molecules increase a 
we descend the group. These stronger intermolecular forces 



.raction means that more energy is needed to break the bonds 
-tween the molecules. Therefore the melting point and boiling 

-,.'int increase as we descend the group. Thus the halogens 
.come less volatile going down the group. The increase in the 
111 der Waals forces of attraction also results in a change in the 
hysical states of the molecules from a gas to a liquid to a solid. 
addition. as the forces of attraction between the molecules 

.crease, the molecules pack closer together thus the mass per 
nit volume increases i.e. the density increases. 

"he colour of the halogen molecules at room temperature gets 
arker as we descend group VII. The colour exhibited by these 
-mpounds is the complementary colour of the light they absorb 
om the v isible region of the electromagnetic spectrum. Electrons 
.bsorb energy in the visible region of the spectrum and become 
-·romoted to a higher energy level. The colour of the molecules 
epends on the amount of energy the outer electrons absorbs. 
hlorine appears as a green gas. bromine is a dark red-brown 
quid, iodine is a dark crumbly solid that sublimes into a purple 
apour and astatine is a black solid. 

\s the atomic radius increases down the group. the bond length 
=ets longer. It is expected that as the bond length increases. 
css energy would be required to break the X - X bond. With 
ie exception of fluorine. the bond energy of halogens decreases 

down the group. Since fluorine atoms are small. the lone pairs 
f electrons on the atom get close enough to set up a significant 
mount of repulsion within the molecule. This repulsion weakens 
'ne F - F bond to give the unexpected low bond energy. 

OXIDIZING AGENTS 
\n oxidizing agent is a species that has the ability to accept 
electrons. The halogens can all accept electrons as they all have 
at least one unpaired electron in their outer shell. However as we 
descend the group oxidizing ability decreases. This means that 
[he ability of the halogens to accept electrons decreases down 
the group. The standard electrode potential \ alues are a direct 
·neasure of the oxidizing ability of the halogens. The stronger 
-xidizing agent has more positive potential. Therefore standard 
electrode potentials can be used to predict the relative strengths 
of oxidizing agents. 



Table 16.2 Standard electrode potentials of the halogens 

Rl·;ll 11011 I 

~ f 

-· t : 

~-. 

Ii - ' . ' ~. 

Fluorine is such a strong oxidizing agent that it oxidizes water to 
oxygen and so it is not possible to do simple aqueous reactions 
with it. 

2F, + 2H,O --. -tHF + 0, 

In the case of chlorine. bromine and iodine. a halogen highe 
in the group can oxidize the ions of one lower. For example. 
chlorine can oxidize the bromide ions to bromine and iodide ion 
to iodine. 

Cl + 2KBr --+ 2KCI + Br ::'1aq1 laql iaql ::'1aq1 

The bromine forms an orange solution. 

Cl + 2KI --. 2KC1 - 1. 
Cl '1lj} I J<.p I aq I -1 .rq I 

The iodine dissol vcs in potassium iodide to give a red-brow 1 
solution. 

Bromine can only oxidize iodide ions to iodine. 

Br - 2KI --. 2KBr - I 
::'i.tyl I JL]I l"(J I ::'i aq: 

Iodine docs not oxidize any of the halide ions above it. 

All halogens can oxidize sulphite ions to sulphate ions ant 
hydrogen sulphide to sulphur. However, only fluorine. chlorine 
and bromine can oxidize iron (II) ions to iron (III) ions. anc 
thiosulphate ions to sulphate ions. Iodine is too weak an oxidizin, 
agent to oxidize iron (II) ions to iron (III) ions. and thiosulphate 
ions to sulphate ions. In the case of thiosulphate ions. it oxidiz ... 
the thiosulphate ions to tetrathionate ions. 

Reaction of thiosulphate ions with iodine is 

S O,: + I - 2 I + S O c- 2 • IJ<.jl ::'1.1q 1 \,h.jl -l t, IJljl 



_._ction of thiosulphate ions with bromine is 

-Br + S 0,.2- + 5H O -+ 2SO > + 8Br - I OH 
c1aq) c _, t aq) c Iii ~ IJ(JI (:ll)) (,llJI 

Oxidizing reactions of halogens 

REACTION OF HALOGENS WITH WATER 
uorine and chlorine are able to oxidize water while bromine 
d iodine are not. Fluorine is such a strong oxidizing agent that 
oxidizes water to oxygen. 

2F, + 2H,0 -· -1-HF +- 0, 

ilorine reacts slowly with water to form hydrochloric acid and 
. iloric (I) acid (HCIO). 

Cl, + H,O - HCl + HCIO 

hloric (I) acid decomposes in sunlight to give oxygen. 

2HC10 - 2HCJ + 0, 

REACTION OF HALOGENS WITH ALKALI 
,,. hlorine. bromine and iodine undergo similar reactions with 
alkalis. The products depend on the temperature at which the 
reaction is carried out. 

uld di/life <,« J// 
\\'hen chlorine is added to dilute sodium hydroxide at about 15:ic_ 
a mixture of sodium chloride and sodium chlorate (I) is formed. 

Cl~101 + 2Na0H,aq, - NaCl1a41 
- NaCI01~,p - H~0111 

The sodium chlorate (I) produced in the reaction slowly 
decomposes to sodium chloride and sodium chlorate (Y). 
:'.\JaClO,. 

·' 



3I\aC10 - 2NaCI + NaCIO, 
(Jc.JI IJljl Yl.h.jl 

Both reactions are fast at 15°C for bromine and iodine. 
Decomposition of iodate (I) to iodate ( V) occurs rapidly even at 
ooc. 

!I •I I 

When chlorine is bubbled directly into hot aqueous sodium 
hydroxide at about 70°C. a mixture of sodium chloride and 
sodium chlorate (V) is formed. 

The reaction forms sodium chlorate (I) first which rapid I 
decomposes at 70°C to sodium chlorate (V). Sodium chlorate I I 

is used as a mild antiseptic and is produced by bubbling chlorin. 
into cold sodium hydroxide solution. Sodium chlorate ( V) is use 
as a ,, eed killer and is produced by bubbling chlorine into h 
sodium hydroxide solution. 

In the reactions of chlorine w ith sodium hydroxide. the chlorn _ 
molecule is simultaneously oxidized and reduced in each oft . 
reaction. Reactions like these arc called disproportionatio 
reactions. 

reducuon 

Cl + 2NaOH - NaCl + NaOCl """ H 0 
::' I~ I I d<J I t aq I ldlJ I ~ i I I 

O\llbt1011 t 

REACTIONS OF HALOGENS WITH HYDROGE 

The halogens react directly with hydrogen to produce hydro, 
halides. The reaction between hydrogen and fluorine is exp! 
even at low temperatures. 

H + F -- 2HF ::'(gl ::'(g) (gl (explosive) 

Hydrogen reacts with chlorine slowly in the dark and explo 
in sunlight. 

H + Cl -- 2HCl ~tg) ~lg) (gl 

Bromine combines with hydrogen at high temperatures ir 
presence of a catalyst. 



H + Br --+ 2HBr 
~(g) ~(g) lg) 

_ reaction between hydrogen and iodine is slow and reversible 
ng a low yield. 

c formation of hydrogen halides are likely to occur because they 
e negative enthalpy value. that is, the energy of the products is 
than that of the reactants. making the products more stable. 

e enthalpy of a reaction is equal to the sum of the bond energy 
the bonds broken minus the sum of the bond energy of the 
ids formed. This is shown in table 16 . ..J. below. 

Table 16 . ..J. 

STABILITY OF HYDRIDES 

The hydrogen halides are all colourless gases at room temperature 
ind pressure except for hydrogen fluoride. which boils at I 9°C 
due to strong hydrogen bonding. They dissolve in water to form 
-trong acids. The strengths of the acids increase down the group 
c. HI > HBr > HCI > HF. This is because the bond energy for 

the hydrogen halides decreases down the group so they dissociate 
more easily. They dissociate according to the equation: 

HX .,.. H O -+ H o- - X 
1g1 :! 'II J 1e141 1a41 

Table 16.5 

From table 16.5, it can be seen that as we descend group VIL the 
bond lengths of the hydrides increase. Longer bonds are weaker 



bonds. This implies that the stability of the group VII hydrides 
decreases as we descend group V 11. This is also reflected by the 
decrease in bond enthalpies from HF to HI. Thus the stability of 
the hydrogen ha! ides decreases as the group is descended. 

The thermal stability of the group VII hydrides can be 
experimentally verified by placing a hot nichrome wire into test 
tubes each containing HCI. HBr. and HI. No change is seen with 
the HCL However, the HBr forms a reddish-brown gas since the 
hydrogen bromide dissociates to produce bromine gas. 

2HBr -~ H -1- Br 
(gl ~lgl ~tgl 

In HL a purple vapour of iodine is seen. Dissociation of HI takes 
place since the H - I bond is weak. 

TESTS FOR HALIDE IONS 
Most metal halides are soluble except silver and lead halide 
Therefore solutions of lead and silver ions can be used to test for 
the presence of halide ions in solution. For example 

Pb" + 2CI -+ PbCl 
( ,,4) I aq I els I 

Ta hie 16.6 The reactions of aqueous ha! ide ions. 

lhagrnt 

Solid halides react with concentrated sulphuric acid to form 
hydrogen halides. When concentrated sulphuric acid is added 
a solid halide, the first product is fumes of the hydrogen halic 



+ NaHS0-11,1 
+ NaHS0-1

1
,1 

'\al1,) + H2S0-1111 - Hli81 + NaHS0-11,1 

,...-entrated sulphuric acid is also an oxidizing agent and it is 
s enough to oxidize HBr to Br2• and HI to 12. However it is 

strong enough to oxidize HF and HCl. 

_HBr _._ H,SO ___. Br, - SO, + 2H,O 
1:;1 - .Jill -•::-• _ igl - ii) 

_HI + H SO ___. I + SO + 2H 0 
1g1 c .Jill cigl 2 igl c 111 

en concentrated sulphuric acid is used in the presence of a 
nzcr oxidizing agent such as MnO,. it can oxidize HCl to Cl, ~ ~ ~ - - 
HF is still not oxidized. 

example 

'\aCl1,) + H~S0-1111 - HCl 
(gl 

'\aBr + H SO - HBr i Sl : .Ji 11 1~1 

-lHCl + MnO, lgl _!',, ) 

-ncentrated sulphuric acid cannot be used for the preparation of 
Br _

1 
and Hlii:i· Instead concentrated phosphoric (V) acid. H_,P0-1. 

used since i't is a relatively poor oxidizing agent. 

NaBr1,) + H/0-1111 ----. HBri[!I + NaH/0-lh) 

Nalts) + Hl0-1i11 - Hl181 + NaH/0.i,,, 

ble 16. 7 The reactions of solid halides. 
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1. Explain the variation in the following physical properties 
of the elements in group VII in terms of structure and 
bonding: 

(a) State 
(b) Volatilirv 
( c) Electronegativity 

2. (a) Describe the reactions of the halogens with hydrogen 
lllustrate your answer with relevant equations. 

(b) Describe how bond energies help to explain the trend 
in the relative stabilities of the hydrides of group VII 
clements. 

3. The elements of group VII are all oxidizing agents. but some 
are more strongly oxidizing than others. With reference t, 
the standard electrode potential , alues. explain the relativ e 
strength of chlorine. bromine and iodine as oxidizing agents 
Illustrate your answ er with relevant equations. 

4. (a) Describe the reactions of the halozens w ith the reducin, ~ - 
agent sodium thiosulphate. 

(b) Referring to the following standard electrode potenti. 
values: 

Explain the reactions of the halogens with thiosulpha . 
IOllS. 



Chlorine. bromine and iodine undergo similar reactions with 
alkalis. The products depend on the temperature at which 
the reaction is carried out. Describe the reactions that occur 
when chlorine is bubbled through 

(a) cold aqueous sodium hydroxide 
(b) hot aqueous sodium hydroxide. 

Account for the following observation as fully as you can: 

(a) When chlorine is bubbled through an aqueous solution 
of KL the solution turns a red-brown colour. 

(b) A yellow precipitate is formed when aqueous silver 
nitrate is added to a solution of Kl. 

( c) An orange vapour is seen when concentrated sulphuric 
acid is added to solid KBr. 



nsition Elements 
-~./.1111• • - 

Fig. 17.1 

The Periodic 
Table 

The transition elements are in the d-block of the periodic table and 
form a transition between group II and group 111 of the periodic 
table. They are metals that form one or more stable ions \\ ith 
incompletely filled d orbitals. The transition metals have general 
similarities in their physical and chemical properties . 
.,----,. - II e 

Li Bt' IB C ' () F ,, 
11.111,1111111 metal- - - 

1,a \lg .\I Si p s CI \r 

jK Ca Sc Ii \ Cr \In l·l' Co '\i Cu Zn Ga Cc .\, St' Br "' 
Rh Sr ' Zr '\h \lo Tc Ru Rh I'd \j! (d In Sn Sh Tc I \, 

Cs Ba I Hf Ta " Rd o, Ir Pl ·\U Ill! Tl Pb Bi Po .\t Hn 

, Fr Ra 

La Ce Pr \d Pm Sm [u (;d Th D, Ho [r Tm 'h Lu 

Ac Th Pa l °'ll Pu Arn Cm BI-. Cf £, Fm \Id ,o Lr 

The d-block starts where the electrons start to fill the d orbital, 
Remember. once the 3p orbitals are filled. the -is orbital is fille. 
before the 3d orbitals. Thus elements in the d block of the period 1. 
table hav e their electrons \\ ith highest energy in a d orbita 
Therefore in pcriod-l, the electronic configurations of K and C. 
are as follows: 

K (Ar) .+s1 

Ca ( Ar) -is2 

The d orbitals start to fill after calcium. The next ten elernen 
are called the first row d block elements. Scandium is the fir 
d-block element. 

Sc (Ar) 3d1 -is2 
Ti ( Ar) 3d2 -is: 
V (Ar) 3d3 -is2 
Cr ( Ar) 3d' -is 1 
Mn (Ar) 3d' ..is2 
Fe (Ar) 3d" --l-s2 

(Half-filled orbital are more stable) 
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Co (Ar) 3d- -ls: 
'\i (Ar) 3d~ -ls: 
Cu (An Jd'" -ls1 

Zn (Ar)3d1"-ls: 
( Full d orbitals are more stablc.) 

- ust be noted that when d-block clements form ions. it is the 
electrons which are lost first. This occurs as a result of the 
electrons repelling the -ls electrons further from the nucleus. 

--:rdore. the -ls electrons are pushed to an energy level higher 
n 3d. Consequently. when a transition atom becomes an ion . 

• electrons from the -ls orbital are lost before those of the 3d. 
example 

Ti (Ar) 3d: -l-s: 
Ti1- (Ar) 3d1 

"lee a transition element is ad-block clement that forms at least 
e stable ion with a partially filled d orbital. scandium and zinc 
.: generally excluded as transition clements. Scandium only 
mis Sc' ions in its compounds and zinc only forms Zn' ions . 
.: Sc1 ion has no electrons in the d orbitals (3d") and the Zn 
n has completely filled d orbitals (3d111

). The chemistry of these 
_ tals shows only few of the characteristics associated with the 

--ansition metals. 

PROPERTIES OF THE FIRST ROW TRANSITION 
ELEMENTS 

"he properties of the transmon elements do not vary greatly 
cross a period. Like other metals they are good conductors of 
cat and electricity. strong. hard. shiny. malleable and ductile. 

They differ from a typical s block metal such as calcium in the 
.llowing ways: 

~ They haw higher densities 
~ They have higher melting and boiling points 
~ They form coloured compounds and ions 
~ They form complex ions 
~ The compounds are often paramagnetic 
I;) They often show catalytic activity 

They show variable oxidation states in their compounds 

vloving Jen to right across the first row transition elements. 
properties such as atomic radius and ionization energy change 
relatively little across a transition series. 



Table 17.1 Properties of l '1 row transition metals 
I I'· 1. ! . ... / di, II 

11, 
I' ( I I 1111 I ~ •. \ . ' 

x t orn ic rudiu- 

The decrease in atomic radii from left to right across the first row 
of the d-block is small and irregular, The decrease is much les 
than that seen on moving across a sh011 period such as sodium 
to argon. In the first row of the d-block. as the nuclear charse ~ ~ 
increases across the period. each additional electron enters the 
penultimate 3d orbital which increases the shielding experienced 
by the -ls electrons. This results in a relatively small difference 
in the effective nuclear charge as the shielding effect nullifies. 
to a large extent. the increase in nuclear charge. As the atomic 
radius decreases with increasing relative atomic mass. the densit 
increases. 

I 111111.,11 o II l' 11 l' r'...'. \ 

The first ionization energy increases from left to right across the 
first row of the d-block. However the increase is relatively srnal 
compared to that of the short period sodium to argon. In the fir 
row of the d-block. as the nuclear charge increases each addition. 
electron enters the penultimate 3d orbital. These 3d electron 
efficiently shields the -ls electrons from the nucleus. Thus th .. 
increase nuc lear attraction for the outer -ls electrons is minima 
across the period. This results in relatively small changes in th, 
energy required to remov e an outer -ls electron. 

The d-block elements form metallic structures. Electrons ar 
available from both -ls and 3d orbitals for delocalization to forr 
metallic bonds. This results in relatively high melting points an 
boiling points. The melting and boiling points drop at l\1n an 



rs is because the extra stability of the half-filled Mn (3d~) 
led Zn (3d111

) d orbitals make electrons less available to the 
- of electrons for metallic bonding. As a result the bonds are 
er and the melting and boiling points are lowered. 

VARIABLE OXIDATION STATES 

.urm, for example, only has oxidation state number +:2 in 
»ounds due to ease at which -1-s electrons are lost but any 
er loss would need much greater energy since the third 
iron is to be found in an inner shell 3p orbital. Transition 
cnts however form compounds with variable oxidation states 
to the close similarity in energy of -1-s and 3d electrons. The 
zation energy increases only gradually as each successive 

. iron is removed thus the electrons in both these orbitals can 

. part in bonding. 

~ 17.2 Summarizes the known oxidation states for the first transition 
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he oxidation states that arc commonly encountered are in bold 
:· pe, although they are not necessarily stable. 

"he following generalizations can be made from a study of the 
ariable oxidation states of the transition metals: 

~ With the exception of Sc and Zn. all the elements show 
an oxidation state of - I and + 2 in their compounds. 
These correspond to bonding im olving only the -1-s 
electrons. 

~ The maximum oxidation number displayed by these 
elements implies that both the -1-s and all of the unpaired 
3d electrons arc used in bonding. Mn can haw an 
oxidation state of +7 since the maximum number 
of unpaired electrons av ailable for bonding is 7. The 
number of unpaired electron decreases steadily on either 
side of Mn hence the pattern show n above. 



~ Com pounds containing transition metals in low oxidation 
states tend to be ionic in character (e.g, CuS0-1. FeCl:1 
Compounds in higher oxidation states tend to be bonded 
covalently to electronegative elements like oxygen or 
fluorine, forming polyatomic ions such as Cr.O.: and 
l'vln0-1-· 

Since oxidation numbers of the transition metals can \'ary in their 
compounds. they take part in many redox reactions. Mn0-1 and 
Cr:o_> are relatively strong oxidizing agents which show colour 
changes in redox reactions. 

Mn0-1 + 8 H-..:.. 5 e ~ Mn:-+-+ H,O 

Cr,O_: ..;.. 1--l H + 6 c ~ 2Cr.1- + 7 H,0 

The chemistry of ammonium vanadate (VJ in aqueous solution 
a suitable example to show the variation in the oxidation states 01 
, anadium. Vanadium has potentially 5 different oxidation state 
as its outer electronic configuration is ..is: 3d~. Vanadium can be 
reduced from the +5 state right down to the +2 state by zinc. Eac 
oxidation state of vanadium can be recognised by its colour. 

Ammonium vanadate (V). NH-1VOr is an orange solid. Wher 
about 2g of ammonium vandanate is added to 25 cm ' of 2 nu 
drn .1 NaOH and then mixed with 50 cm' of 2 mol dm 3 H,SO 
a yellow solution containing dioxovanadium (VJ ions. Vo:-· 1 

formed. 

vo1
- + 2H --. VO - + H 0 

I aq I I J(J I : I uq: : 1 J I 

Shaking the dioxovanadium ( V) solution with granulated zir .... .... 
will cause a gradual transition of vanadium from the +5 to -: 
oxidation state. The colour of the solution changes from yello 
to green (mixture of VO: and VO" ) then to blue (VO: ) then 
green (V3-) and finallv to violet (V=' ). .... - 

02 +.2H +e --. V3 +H, 



I ',, 

n zinc is added to a solution of vo2- ions, the following half 
ctions are involved: 

Vo,-+ 2H- + e --+ VO:" + H,O 
- - 

Zn --+ Zn2 + 2e hl (aq) 

P = +1.00 V 
E1) = +0.76 V 

overall cell reaction is 

2VO + 4H- + Zn --+ 2VO:'- + 2H O + Zn2 
' I s1 2 I aq I 

E° = 1.00 V +O. 76 V cell 

+1.76V 

nee the vo2- ions are formed it can then be reduced further to 
tons. 

VO:' + 2H + e- --+ y3~ + H,O 

Zn --+ Zn2 + 2e- 
1>) I Jq I 

P = +0.34 V 
P = +0.76 V 

The overall cell reaction is 

2VQ> + 4H- + Zn --+ 2V3- + 2H O + Zn2- 
1, I 2 (aq) 

E\11 = 0.34 V +O. 76 V 
= +1.10V 

nee the v> ions are formed it can yet be reduced further to y> 
tans. 

yJ~ + e- --+ y2- 

Zn --+ Zn2- + 2e- 
1s) (Jq) 

E0 = -0.26 V 
P= +0.76 V 

The overall cell reaction is 

2v3- + Zn --+ 2v2- + Zn" 
(S) (aq] 

E0
cell = -0.26 V +O. 76 V 

= +0.50 V 



Since the cell potential for each reaction is positive. zinc is able 
to gradually reduce , anadium from the -5 oxidation state to the 
+ 2 oxidation state. 

COMPLEX IONS 
A complex ion consists of a central transition metal ion surrounde, 
by other molecules or ions called ligands. A ligand is a neutral 
molecule or an anion with a lone pair of electrons which can be 
donated into the empty d orbitals of the central transition metal 
ion. Thus the ligands form co-ordinate bonds with the central ion 
Some common ligands arc H20, NH1, Cl and CN . Examples 01 

complexes are: 

[Cu(NHJ/H20)J 

[Cu(H20)J2 

[CuCl_J- 

[Fe(CN)J3- 

[Fe( H20),J3- 

[Ag(NH,)J- 

The number of co-ordinate bonds the ligand forms with the centr. 
ion is called the co-ordination number of the central ion. Tr. 
most common co-ordination numbers are four and six howex _ 
co-ordination number t\YO is widespread in copper (I) a, 
silver (I) compounds. In the examples above. the Cu2- ion has 
co-ordination number of six in [Cu(NHJ)H.::OlJ-an,._ 
[Cut H.::O)J'-. and four in [CuCIJ'- . The Fe-1- ion has 
co-ordination number ofn in [FeCN l': and [Fe(H,O) r-. Notk. 

t, - h 

that the net charge on the complex ion is the resultant of t 
charge contributions from the central ion and the ligand. 

When dissolved in water. transition metal ions form hydrat, 
complexes with water molecules. The high charge density 
the central ion polarizes the O - H bond of the water molecu . 
causing the water molecules to become proton donors. Thus m. 
aqueous solutions of transition metal compounds are acidic. 

[Fe(H 0) ]3- ~ [Fe(H 0).(0H)]J+ + H- 
2 h 1aq) J ) 1.iql 1aq1 

In compounds where the transition metal ion has an oxidat 
state higher than + 3 .. the polarizing effect of the central ior 
even greater in aqueous solution. This causes a loss of pron 
and water molecules resulting in the formation of the oxy-anio 
For example, Mn0-1 and CrO/- exist in aqueous solution inst. 
of [Mn( H.::O u·- and [Cr( H:O )J'' respectively, 



[\1n( H:O)J ~ Mn0-1 + 8H + 2H,O 
[Cr(H,O)J' ~ CrO/ + 8H + 2H,O 

·d, are classified according to the number of bonds they 
rm with the central ion. Some ligands have more than one 
~1ch can form a bond with the central ion. These arc cal led 

dentate ligands from the root words meaning "many tooth". 
~ that the number of bonds formed is not equal to the number 

~ pairs of electrons on the ligand. Each co-ordinating atom 
donates one lone pair to the central ion. 

: -.3 Tvpes of ligands 

=-ands such as H:O and NH, that share one lone pair ,, ith 
central metal ion are known as monodcntate or unidentate 

.ands. 1.2-diaminoethanc (shortened ·en') is a bidentate ligand 
ile the ethylcnediarninctctraacetate ion (shorthened EDTA) is 

~.nadentatc ligand. 

/ 
/ / 

1g. 17.2 

The shape of a complex ion depends on the number and type of 
igands bonded to the central ion. In complexes w ith monodentate 
igands. the central ions with co-ordination number 6 are 
.ctahcdral in shape. Most complexes with co-ordination number 

..i are tetrahedral while few show square planar shapes. Complexes 
., ith co-ordination number 2 give a linear shape. 

[Ag(NH)J 

II II 



[Zn(NH/J· 

'\H 

H II 

I'\11 

[Pt(NH/J 

H 

H 

'\H 

H "-.: 

H 

.. Fig I 7 .3 Shapes of complex ions 

Ligands which bond to the metal ion with two or more pairs 
electrons form ring complexes called chelates. The name corr. 
from the Greek word meaning claw. In these complexes t 

ligands form a claw-like grip on the central ion. These cornplev. 
have enhanced stability as the central ion is held firmly by tr 
ligands. The complex ion [Cr(en)J contains three bident. 
ligands co-ordinated around the chromium ion in an octahcdr 
manner. Note that although there are only three ligands. 
co-ordination number of the complex is still 6 as each ligd 



t\\ o bonds to the central ion. 

,71; 
C'\J~c~-/ 

"/ t' 
\ 

_ 17...l 

[Zn(EDTA)f. the hexadentatc ligand forms a Yery stable 
-nplex in which the metal ion is essentially wrapped up by the 
TA -l- ligand in an octahedral manner. 

rg. 17.5 

2 

"he chelated ions have different properties from the uncornplexed 
ms. Chelating agents such as EDTA can be used medically to 
-eat d-block metal ion poisoning. For example. in cases of lead 
r mercury poisoning. EDTA traps the metal ions forming stable 

complexes. These complexes are then excreted in urine. EDTA 
lso traps calcium ions which are important for a healthy body. 
alcium supplements must therefore be taken with treatment. 

The name of a complex ion has three parts . 

.;> The first part indicates how many ligands are bonded to 
the central ion. The prefixes mono. di. tri. tetra. penta 
and hexa are used. Ligands that are anions. the name 
end in -o. e.g. F: (fluoro). C:\J- (cyano). Cl (chloro) and 
OH- ( hydroxo ). Aqua is used for H:O and ammine is 
used for NH,. When more than one type of ligand is 
present the names are written in alphabetical order. 



:.J The second part indicates which metal it is. If the 
complex is positively charged. the English name is used. 
However, in ncgativ ely charged complexes. the Latin 
name with suffix -ute is used. c.g. aluminate. plumbate. 
cuprate, ferrate and zincate. 

~ The third part gives the oxidation state of the central 
metal. This is usually written in roman numerals and in 
brackets. 

Examples 
[Cu( H,O) f- is named hcxaaquacopper (II) ion. Hexa means 6. 

- n 
aqua means the ligand is water. the metal is copper and the ( II 
tells us that the oxidation number of the copper is -t- 2. 

[CoCl~(NHJJ- is named dichlorotetraamminecobalt (Ill) ion 
There are 2 chlorine ligands . ...J. ammonia ligands and the metal is ~ ~ 
cobalt which has an oxidation number of+ 3. 

[CuCIJ- tetrachlorocuprate (II) ion 
[i\ iC I_J- is tetrachloronickelate (II) ion 
Ni(CO).j is tetracarbonylnickel (0) 
[Ag(NH1)J is diarnminesilver (I) ion 
[Co(NH~ ),J is hexaamminecolbalt (III) ion 
[Fe(CN)J-l hexacyanoferrate (II) ion 

LIGAND EXCHANGE REACTIONS 
Some I igands form stronger bonds with a particular metal 1 

than other ligands. As a result stronger ligands may displac, 
weaker ligands from a complex. For example. when cyanide ior 
arc added to an aqueous solution of Fe 1 • the water ligands a 
replaced by the cyanide ligands. 

[Fe( H 0) r- + 6CN· 
: (l I JQ) i aq I [Fe(C~)t,F ,.1q1 + 6H,O. 

0 

This reaction is referred to as a ligand exchange reaction. T 
individual ligands are displaced stepwise. and an equilibr 
expression could be written for each step, however it is m 
convenient to write an equilibrium expression for the ove 
ligand displacement reaction. This equilibrium constant is cal 
the stability constant. Like all equilibrium constant. the stab 
constant varies with temperature. 



stability constant measures the stability of the complex 
»ed with respect to the aqua species. The values usually haw 
.de range and are often expressed as its logarithm, log K h' ~ ._ - ,L..1 

higher the value of the stability constant. the more stable 
,1e complex formed. Thus the value of the stability constant 
~s an indication of tendency of a particular ligand to replace 
her ligand in a complex. Colour changes usually occur when 
incoming ligands replace the existing ligands in a complex. 

e 17 . ..J. Thi? stability constants of some complexes 

- 

-mplex K lo K stuh h stab 

fe(CN) ]-1 l X lQ:C-1 24 
(, 

Fc(CN) J1 l X I 031 31 I, 

'- u( NH1 )} H,O ),f- J.2 X ]013 13.1 
CuCI_J 4.2 x Io~ 5.6 
Cu(EDTA)f 6 X I 01x 18.8 
Co(NH1)J2 8 X 10-1 4.9 
Co(NHJJ3- 5 X 103:S 33.7 
Cot EDTA)F- 2 X 1011, 16.3 
Co(EDTA)J- 1 x 1 o- 36 

_ gand exchange reactions can be interpreted in terms of stability 
. nstants. For example. copper (II) sulphate forms the blue 
exaaquacopper (II) ions, [Cu(H20)J> in solution. On adding 
queous ammonia, a pale blue precipitate is formed "hicl1 is 
oluble in excess ammonia to give a deep blue solution. The 
.mmonia acts as both a base and a ligand. With a small amount 
f ammonia. the ammonia ions accepts hydrogen ions from the 

~ ater ligands attached to the copper (11) ion to form a pale blue 
precipitate of copper (II) hydroxide. 

[Cu(H:0)0F + 2NH3<aqi ~ [Cu(H20)..(0H)J,, + 2NH.i l.iqi 

This precipitate is often written as Cu( OH )2• without including 
the water ligands. In excess of ammonia. the water ligands are 
replaced to form tetraamminediaquacopper ( 11 l ions. 

[Cu(H20),J t aq ) + 4NH3<ay) ~ [Cu(NH_j}H:O)J IJljl + 4H20cl, 

The position of equilibrium for the reaction of [Cut H
2
0 )J:- ions 

with excess ammonia lies to the right. Therefore as [Cu( H
2
0 ),J 



ions are used up in the reaction. the [Cu(H:O))OH)J precipitate 
dissolves to restore [Cu(H20)rJ ions. 

If EDTA is added to the deep blue solution [Cu(NHJ..(H20)J: 
ions. the colour lightens as the ammonia and water ligands arc 
replaced by the hexadentate EDTA ligands. 

[Cu(EDTA)]:- + -lNH, + 2H,O 
1.1,p .'l,14) - ' 

If concentrated hydrochloric acid is added to a blue solution of 
copper (II) sulphate. the solution turns green and then yellow 
The chloride ions gradually replaces the water ligands in the blue 
[Cu( H20)J~- ions to form a yellow solution of[CuCJJ- ions. The 
equilibrium mixture of the blue [Cut H,O) ]> ions and the yellow - " 
[CuCl_J'- ions give the green colour. Dilution of the solution 
reverses the colour change. 

[Cut H,O) ]> + -lCl- ~ [CuCI ,]: + 6H,O 
1 _ t> 1aq1 1aq1 ~ t,141 _ t I 

Adding water to the system has the effect of moving the positior 
of equilibrium to the left. Thus the water molecules replace th. 
chloride ions and the solution returns to blue. 

In the case of cobalt complexes, cobalt (II) chloride forms t 
pink hcxaaquacobalt (II) ions. [Co( H,O) f-. in solution. 1 - " 
adding aqueous ammonia. a green precipitate is formed \\ hie 
is soluble in excess ammonia to give a light brown solution. T- .. 
light brown solution is oxidized in air or with an oxidizing age 
such as hydrogen peroxide to form the dark brown cobalt ; 
complex. 

In excess of ammonia. the water ligands are replaced to f1 
hexaarnminecobalt (II) ions. 

The hexaamminecobalt (II) ions are oxidized to hexaamminecr+ 
(III) ions. 

[Co(NHJ ]> ~ [Co(NHJ ]-'- + e 
• ,, t aq t .' b ta41 

If concentrated hydrochloric acid is added to a pink solun 
cobalt (II) chloride. the solution turns blue. The high conccntr .. 
of chloride ions shifts the equilibrium to the right. This causes 



ride ions to replace the water ligands in the pink [Co(H,O)J' 
to form a blue solution of [CoClJ- ions. - 

[Co(H 0) ]2- + 4Ct- ::::;=,: [CoCI ]> + 6H 0 
2 h IJql t aq} .J 1.1ql 2 ill 

ding water to the system shifts the position of equilibrium to 
. left. Thus the water molecules replace the chloride ions and 
solution returns to pink. Notice the co-ordination number of 

_ cobalt changes as bigger chloride ions replace the smaller 
tcr molecules. 

-mozlobi n is found in red blood cells. It consists of four globular ~ ~ 
neins. At the centre of each protein is a F e2 ion complex 
\\ n as haem. The Fe' ion has a co-ordination number 6. Five 
the co-ordination sites arc occupied by nitrogen, four from a 
nar ring structure called a porphyrin and the fifth from one of 

,:; protein. Water or a molecular oxygen ligand can rev ersibly 
rach itself to the sixth site. 

f
<..H 

CII II ; 
C 

CH "" 

'~"· ~~,,~{ 
CH,r1' -~- \ CH 
HOOC COOH 

globular protein haem at the centre 
of each protein. Fig. 17. 

n the lungs. oxygen attaches to the Fe2- ion fanning 
xyhacmoglobin. In the other parts of the body, the oxygen is 

-eplaccd by a water ligand forming deoxyhaemoglobin. This 
illows haemoglobin to transport oxygen in the blood from the 
iungs to the other parts of the body. Haemoglobin is capable of 
ransporting -l molecules of oxygen at any one time. Stronger 
.igands such as cyanide and carbon monoxide can also bond to 
.his site. However. they bond irreversibly to the site and prevent 
haemoglobin from transporting oxygen in the body. This accounts 
for the poisonous nature of these substances. 



vmall part l)LI rrnlt"lfl 

molecule globm 

110 

1 
H,O 

Fig. 17.7 Water and oxygen ligands can be reversibly bonded to the Fe complex. 

COLOURED COMPOUNDS 
Transition metal ions show a \\ ide range of colours. both in 
the solid state and in solution. Most of them form coloured 
complexes when surrounded by co-ordinating ligands. For 
example. anhydrous copper (II) sulphate is white but in aqueous 
solution it is blue. This is a result of the interaction between th .. 
water ligands and the d orbitals of the Cu ion. In the isolate, 
Cu' ion. the fiv c d orbitals are degenerate ( of the same energv 
However, when the Cu::- ion is surrounded by water I igands, th, 
3d orbitals closer to the ligands arc pushed to a slightly highe 
energy level than those orbitals that are further away. This cause 
the fiv e 3d orbitals to split into two groups of different energies 
In tetrahedral complexes. three of the d orbitals experience mt. .. 
repulsion and are pushed to a higher energy level. In octahedr 
complexes. two of the d orbitals experience more repulsion a. 
are pushed to a higher energy level. The splitting of the d orbit. 
in tetrahedral and octahedral complexes is shown below in F ::c 

17.8. 

.3J ,1rt,11JI-. "1th durereru t.:n1.:rg \. . ., 
f n-n tn retruhedr-al hgand h~IJ 1 

Energv 
.3J orbu.il- \\ uh drltercru 

I ton m oct:thedrnl Ilg 

J\.·d\.·n\.rJk .3J orbual- 
1 ivolared ion 1 

Fig. 17.8 Splitting of d orbitals 

The magnitude of the energy ~E depends on the strength of 
electrostatic field caused by the lone pairs of the ligand. T 
different ligands gi, e rise to different ~E , alucs. 

A substance appears coloured if it absorbs light in the , b 
region of the electromagnetic spectrum. The energy gap 
between the split orbitals for most transition metal cornplc 
corresponds to energies in the \ isible region of the spectr 



ncrefore electrons in the lower d energy level can absorb visible 
;ht of particular frequencies and jump up to the d higher energy 
. el. The colour of the complex is a complement of the colours 
osorbed from the visible light. Thus absorption of v isible light 
· responsible for the colours observed. [Cu( H20 )J

2 absorbs in 
e red/orange region of the spectrum and the the solution appears 

-Iue in colour. It must be noted that ions with d11 or d11
' electronic 

rrangement have no possible d-d transitions and hence appears 
lourless. So ions like Ti-1 and Sc3~ ( both 3d'l and Cu and Zn2 

Doth 3d 111) generally do not give rise to coloured compounds. 

ible I 7.5 Some coloured ions 

MAGNETISM 
1 laterials may be classified by their response to externally applied 
magnetic fields as diamagnetic. paramagnetic or non-magnetic. 
Diamagnetic materials are repelled from the magnetic field. 
paramagnetic materials are attracted to the magnetic field and 
non-magnetic materials are not affected by the magnetic field. 

\ 11 atoms have sources of magnetism because the electron spin 
contributes a magnetic moment. In diamagnetic materials. the 
electrons are paired and the magnetic moments of the electrons 
cancel one another. Most chemical compounds are weakly 
diamagnetic as all their electrons are paired. Paramagnetic 
substances however have unpaired electrons. The strength of the 
paramagnetism depends on the the number of unpaired electrons 
present. Table 17.6 I\ Iagnetic moments 



Many transition metal complexes are paramagnetic because they 
contain unpaired d electrons. The number of unpaired electrons in 
the non degenerate d orbital is related to the energy gap 6E in the 
complex. If ~E is small. the electrons occupy both high and lo" 
energy orbitals to avoid inter-electron repulsion. This is described 
as a 'high spin· complex. If Af is large. the electrons occupy 
only the lower orbitals since it is more energetically worthwhile. 
This is described as a 'low spin" complex. Fig. 17.9 below shows 
how Fee ion can show diamagnetic or paramagnetic properties 
depending on whether the complex is high spin or low spin. 

paramagnL'IJ\m duunagn, .. ·11,m 

high spin complex 
(-f unpaired electron, I ~/ 

ltiltltltltl 

[ill] 
Lo11 ~E t 
~lt+~I t r I 

lo« spin complex 
(all electrons parred) 

F.:- inn 1J' I 

Fig. I 7. 9 Magnetic properties of Fe" 

1 ron, nickel and cobalt exhibit a unique magnetic behaviour whi, 
is called ferromagnetism. Ferromagnetic materials tend to sta 
magnetized to some extent after being subjected to an extern, 
magnetic field. 

TRANSITION METALS AS CATALYSTS 
Many transition metals and their compounds show catalyt': 
properties because of their ability to change oxidation state a 
in the case of the metals. to adsorb other substances on to th 
surface. They prov ide an alternative pathway which has low 
activation energy than that of the uncatalyzed reaction. All oft" 
is discussed in the kinetics section. 

Catalysts are very important in the chemical industry. F 
example. iron is used as a catalyst in the Haber process. 
vanadium (Y) oxide is used in the Contact process. Humans 
many other liv ing organisms require some transition metals tc 
present as trace clements in their diet. as they are essential for 
many catalytic activities of enzymes. For example. the enz 
cytochrome oxidase. which is involved in the metabolisrr 
food. requires copper. 



r.~ORGANIC QUALITATIVE ANALYSIS 

analysis of a substance involves adding a reagent to 
n substance to convert it into a new compound which 

.teristic properties such as its colour and solubility. 
should be added gradually until no further change is 
and gases e\ olved should be tested. 

reagents used to test for cations in aqueous solution are 
ueous sodium hydroxide and dilute aqueous ammonia. 
can be identified based on the colour and solubility of 
.xide formed. Sometimes aqueous sodium carbonate is 
precipitate insoluble carbonates. 

Tahle 17.7 Tests for cations ~ 
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- ions can be distinguished from AP ions by the insolubility 
the lead (II ) ha! ides. 

- 



Ievt for ga,l', 

Reactions which liberate gases require that the gases be tested. In 
these cases. the gases are tested while they are generated in the 
reaction. When a gas needs to be tested in an aqueous solution 
such as calcium hydroxide. the gas is bubbled into the solution. 
When the gas is tested with materials such as moist litmus paper 
and a lighted splint. the material is placed at the mouth of the test 
tube where the gas is escaping. 

Table 17.X Test for gases 

r • .t c 

Flaml· tl•,t, 

Flame tests are used to test solid compounds for cations. It involv c 
dipping the tip of a metal wire such as platinum or nichrome 
into a little hydrochloric acid to clean it. Then the wire is dippe .. 
into the powdered sample and placed in the flame of a Bunse 
burner. The cations present in the compounds give characterisn 
colours. 

Tables 17.9 

Flame tests 



Fig. 17.1 

tor anion, 

-n ,, ith dilute acid 

_;as liberated indicates the presence of CO/ ions 

~as liberated indicates the presence of SO/- ions 

rn with Ha~ (uq} It la(II 

te ppt.. insoluble in dilute acid indicates the presence of SO/ 

1c ppt., soluble in dilute acid and CO: liberated indicates the 
cnce of CO/ ions 

re ppt., soluble in dilute acid and SO~ liberated indicates the 
- -cncc of so_~ ions 

ion ,,ith \!_! \:Hp H (aql '\II t:up 

He ppt.. soluble in )JH3 ( aq) indicates the presence of Cl-ions 

.arn ppt.. partially soluble in NH, (aq) indicates the presence 
Br ions 

~'low ppt. insoluble in \IH1 (aq) indicates the presence of I 
s 

"fion "ith iron; 11 l vulphate lullowvd In cone, I L'-1< •. 
brown ring formed at the junction of the two liquids indicates 
_ presence of NO,- ions 

,·tion "ith \I powder tulluwvd ll\ '\aOII 

H. gas evolved indicates the presence of N01 ions 

.rction ,,ieh cone. ll'\O, lulluwvd h~ ammonium mulyhdute 

: ellow ppt. indicates the presence of PO_/- ions. 



1. (a) List four characteristic properties of transition metals. 
(b) Account for the relatively small changes in atomic radii 

and l '1 ionization energies of the first row transition 
metals. 

(c) With reference to atomic size and structure explain whv 
transition metals have higher melting points and higher 
densities than s block metals. 

2. Write the electronic configuration of the following: 

(a) Cu 
(b) V 
(c) Zn 
(d) Fe 
(e) Ni> 

3. (a) Define the term ligand. 
(b) Account for the formation of coloured ions by transitic 

metals. 
(c) Explain why zinc is not considered a transition metal 

.. t, Account for the following observation in terms of fonnatir 
of complexes: 

(a) Anhydrous copper (II) sulphate forms the blue solun 
in water. On adding aqueous ammonia. a pale b: 
precipitate is formed which is soluble in excess ammor 
to give a deep blue solution. If EDTA is added to ! 

deep blue solution, the colour lightens. 
(b) If concentrated hydrochloric acid is added to a b 

solution of copper (II) sulphate, the solution turns grt. _ 
and then yellow. Dilution of the solution reverses , 
colour change. 

(c) Cobalt (II) chloride forms the pink solution in water 
adding aqueous ammonia. a green precipitate is for 
which is soluble in excess ammonia to give a light br 
solution. The light brown solution turns dark brow - 
standing. 

(d) If concentrated hydrochloric acid is added to a ,.. 
solution of cobalt (II) chloride. the solution turns b 
Dilution of the solution rev crses the colour chance 



(a) Transition metals can exist in variable oxidation states. 
Suggest an explanation for this. 

(b) Shaking an acidified solution of ammonia vanadate (V) 
with granulated zinc causes a gradual change in colour 
of the solution from yellow to green to blue then to green 
again and finally to violet. Explain this observation as 
fully as you can. 

Explain why Cr" ions do not exist but CrO ~ ~ ions are formed 
instead. 

Iron is an important component of haemoglobin in blood. 

(a) Describe the function of haemoglobin in the body. 
(b) The presence of carbon monoxide in the body can inhibit 

the function of haemoglobin. Use the ligand exchange 
theory to explain how this can occur. 

(a) Part of the Periodic Table is shown below. 

Write an ion of an element shown in the table abox e 
which gives the following reactions: 

(i) Forms a yellow precipitate with acidified aqueous 
silver nitrate. 

(ii) Forms a \\ hite precipitate with aqueous lead (II) 
nitrate. 

(iii) Burns with a bright yellow flame. 
(iv) Forms no precipitate with aqueous sodium 

hydroxide. 

Y is a powdered mixture containing a soluble and an insoluble 
salt. Water is added to sample Y and the mixture is filtered. 
The residue and filtrate are treated as follows: 

(a) The residue dissolves in dilute nitric acid and liberates 
a colourless gas \\ hich forms a white precipitate with 
aqueous calcium hydroxide. The resulting solution 
reacted with both aqueous ammonia and sodium 
hydroxide to form an insoluble green precipitate. 



(b) The filtrate reacted with acidified barium chloride to 
form a white precipitate. It also reacted with aqueous 
ammonia and sodium hydroxide to form an insoluble 
,, hite precipitate. 

Using the given data above. deduce the possible ions 
present in the residue and the filtrate. 

0 



STRUCTURE AND FORMULAE 

Carbon is unique in that it forms a large variety of compounds. 
Other clements haw relatively few compounds compared to carbon 
which has an estimate of over ten million organic compounds 
to date. One would wonder then as to why carbon ( C) has this 
ability to form so many compounds. This is largely due to the 
types of bonds it can form and the number of different element, 
that can bond with it. Some properties of carbon which makes 11 

one of the most , ersatile clements on the periodic table are: 

~ Carbon is tetra, alent which means it has four electrons on it 
outermost shell that arc a, ailable for co, a lent bonding. F o 
example. in methane the tetra, a lent carbon atom can form . 
covalent bond "ith each of four hydrogen atoms. 

/\~ 

Carbon has the ability to bond with other carbon atoms · 
fo1111 straight chains. branched chains and ring cornpoun. 
with interconnecting C-C bonds. This property is call 
catenation. Carbon-carbon bonds are fairly strong, a 
abnormally stable. This property is important as it all 
carbon to form a large number of compounds. 

Straight Chain c.z. CH.CH,CH,CH. 
u '-' .) - - -' 

I 
-t-1- 

1 

Branched Chain e.g. CH,CH,CH(CH.)CH, 
-' - ~) ·" 



ng Structures 

0 

0-0 
Carbon has the ability torn ix and rearrange the four orbitals 
in the outer shell. This property is called hybridization. 
Carbon has the electronic configuration I s2 2s2 2p2 and can 
promote an electron from the 2s orbital to the empty 2p 
orbital. Since both the 2s and the 2p subshells arc half-filled. 
the excited state is relatively stable. 

H H t t - - - 
],' 2'.',- 2p 

H t t t t - - - - - 
1 s' 2s 2p 

_ 18.1 Stable half-filled orbitals in the excited state 

Two or more atomic orbitals can mix to create new orbitals 
of equal energy called hybrid orbitals. If the s orbital and 
all three p orbitals mix. then four hybrid orbitals of equal 
energy level are formed. This type of mixing is called sp' 
hybridization. 

t t t t 
2s 2p 

t t t t 

Fig.18.2 sp ' hybridization 
Similarly, if the s orbital and two of the p orbitals mix, then, 



three sp" hybrid orbitals of equal energy level are formed . 

t • t • 
2s :r 

t t t t 

Fig. 18.3 sp' hybridization 
Also when the s orbital and one of the p orbitals mix. two sp 
hybrid orbitals of equal energy lev el are formed. 

t t t t 
-' 

t t t t 

Fig. l R.-l sp hybridization 

As a result of hybridization, carbon can form single, doubl, 
and triple bonds with itself. The four sp ' hybrid orbitals allc 
carbon to fo1111 four single bonds. In sp hybridization. or 
of the sp ' hybrid orbitals and the one pure p orbital give r 
to a double bond. While in sp hybridization. one of the 
hybrid orbitals and the two pure p orbtals give rise to a trip 
bond. All three types of bonding pattern are very strong a 
contribute to the formation of stable organic compounds. 
the alkanes there are single C-C bonds. in the alkenes the 
are C=C double bonds and in the alkynes there are C 
triple bonds. 

Homoloeoux -,erh.,, 

Organic compounds can be placed into various well-defined groi 
called homologous series e.g. alkanes, alkenes and alcohols. T' 
members of a homologous series conform to the following: 

.;> They all hav e the same general formula. that is. 
common relationship exists between the numbers 
different atoms in these compounds. For exam .. 
ethene ( C 2H .1) and propene ( C ~H1

) have the same gen 
formula C H, where n is the number of carbon a torr n _n 
the compound . 

.;> Each member differs from its nearest neighbour 



molecular mass of l..J. or a CH2 group. For example. the 
molecular mass of cthene (C;H) is 28 whereas that of 
propene ( C,H,,) is -l-2. a mass difference of l ..J. or a CH2 
unit. 

o They all have the same functional group. For example. 
all alkenes have a double bond (C=C) whereas all the 
alcohols have a hydroxyl (OH) group. 

~ They hav e similar chemical properties because reactiv ity 
is determined by the functional group and since they hax e 
the same functional group they will react similarly . 

.J Physical properties \ ary directly to the number of C 
atoms in the homologous series . 

-iricul formula 

s is the simplest whole number ratio showing the atoms that 
-bine to form a compound. For example. CH2 is the empirical 

rrnula of all alkenes. 

calculate the empirical formula from the percentage mass of 
mpound: 

~ Divide the percentage of each element by its atomic 
mass to com ert to moles. 

~ Divide the \ alues obtained by the smallest number to 
find the ratio of moles. 

~ If need be multiply by a common factor to bring all to 
whole numbers. 

varnple 1 

. hen butene \\ as analyzed it was found to contain 85. 72° o 
.arbon and l..J..28% hydrogen. To calculate its empirical formula. 
e following steps are done: 

Percentage 
Divide by atomic mass 
Divide by smaller ratio 
Empirical formula is CH2• 

\loll·cular formula 

The molecular formula shows the actual number of each kind 
of atom in a molecule. It is a simple multiple of the empirical 
formula. For example the empirical formula of butene is CH, 
whereas the molecular formula is C.jH,. 

85.72 % l..J..28 ° o 
Element C H 

85.72 12=7.l-l- l-l-.28/1=1..J..28 
7.I..J./7.1..J.= I I..J..28/7.1-l-=2 

To calculate the molecular formula of a compound. the empirical 
formula mass and the molar mass of the compound are required. 



Since the molecular formula is a multiple of the empirical formula. 
then 

n x the empirical formula mass = molar mass 

where n is a multiple. 

Therefore 

n = molar mass/ the empirical formula mass 

Once n is determined. we can multiply the subscript of each atom 
in the empirical formula by n to get the molecular formula. 

Example 2 
Quantitative elemental analysis shows that the empirical formula 
of a compound is CH. The molar mass is found to be 78g. Wha· 
is the molecular formula'? 

Empirical formula mass of CH is I 12g +lg)= 13g 
Using the formula 

n x empirical formula mass = molar mass 

11 X 13g = 78g 
n = 78g / 13g 

= 6 

Molecular formula= 6 x (CH)= C H . 
n n 

xtructurnl formula 

The structural formula shows the bonds in the molecule. It can 
expressed as: 

~ displayed formula where all the bonds are clear 
shown with the location of the atoms. For example 

I 
-·- - 

I 
and 

I -,-,- 
1 

~ Condensed structural formula which shows 
placement of atoms in the molecule. For example 

H~CH,OH 



Benzene ( C 
0
H") is represented as 

NAMING OF ORGANIC COMPOUNDS 
I•\( nnuu ll~ l.u IJ I\" 

e International Union of Pure and Applied Chemistry is the 
erning body in the world that is responsible for naming 

=anic compounds. They hav e dew loped several rules \\ hich 
_ used to allocate names for the millions of organic compounds 
.H exist today. 

mm 

lkanes are described as aliphatic or alicyclic compounds. 
hphatic compounds are those organic compounds with straight 
- branched chains while alicyclic compounds contain rings of 
arbon atoms. When naming an organic compound the following 

1.tles apply: 

i.> Look for the longest unbranched chain in the molecule. 

I 
- - - 

I 

Longest unbranched chain is 6 C atoms. 

i.> Look for the branches I side groups attached to the main 
chain and locate which C atoms they arc attached to. 

On the 3rJ carbon there is a methyl group 
On the -l'11 carbon there is another methyl group 

i.> The name will be 3,-l - dimethyl hexane. In this example 
numbers are separated from each other by commas and 
numbers are separated from names by a dash. 



Consider the structure below 

,.11ni11:.! aH~l Ill' 

Alkenes with four or more carbon atoms can display structural 
isomerism. For example 

and 

The position of the first unsaturated carbon must be given in 
the name. that is to say the position of the double bond must be 
specified. Pent-1-ene has a double bond between the first and 
second carbon atom while pent-2-ene has a double bond between 
the second and third carbon atom. 

If the molecule has more than one double bond. then the position 
of each double bond must be given also the prefix takes an extr. 
.a'. For example, 

Like alkenes, the position of the hydroxyl must be given in th. 
name. The alcohols also exhibit structural isomerism and so th 
position of the functional group is important in identifying th 
different isomers that can exist. 

I 
- -1- 

1 

I 
-t-(- 

1 



n more than one hydroxyl groups are present, the position 
sr be stated. For example, 

ere one of the two hydroxyl groups is attached to the first carbon 
om and the other is attached to the second carbon atom . 

. uninu phenol-, 

phenol, the hydroxyl (OH) group is attached directly to the 
.nzene ring and the compounds are named as in the naming of 
romatic compounds 

,Jmin:! arumaric compuund- 

Aromatic compounds also known as arenes are derived from 
benzene. Aromatic compounds can be named by identifying the 
;roups attached to the benzene ring. For example 

The carbon atom bearing the substituent group is assigned the 
number one carbon atom. so it is no surprise that some books 
quote the name of compounds with the numerical value one 
111 front of the name. c.g. nitrobenzene is also written as 1- 
nitrobenzenc, Aryl groups are derived from benzene or from a 
benzene derivative by removing a hydrogen atom that is bonded 
to the benzene ring. The radical from benzene is called "phenyl" 
and is used to identify the -C ,,H, group. For example. 



Table 18.1 
Names and 
formulae of 
some benzene 
derix ativ es. 

Molecules with two substituent groups can show structural 
isomerism. For example, 

0 '-- / 

Groups in the 2 and 6 positions are said to be in the "ortho" 
positions while groups in the 3 and 5 positions are said to be in 
the "meta" positions. The ...\.111 carbon atom is the "para" position. 
Table 18.1 below gives the IUPAC names of some derivatives of 
benzene: 

The list is placed in order of priority such that when there ar. 
two or more substituent groups on the ring. the group which 
nearest to the top of the list is given the number one position 
the benzene ring. For example. 

The -COOH group is higher on the list and is given posit. 
one. 



in» aldchv dl·, and h.l·tolll'' 

pounds that have the carbon-oxygen double bond ( C=O) or 
carbonyl group are called carbonyl compounds. Aldehydes 
ketones are carbonyl compounds. Aldehydes ha, e at least 
hydrogen atom attached to the carbonyl carbon atom while 
nes have two R-groups (aliphatic or aromatic) attached. 

II II 

··: are named as a derix ative of the parent alkanc. The 'e ' in the 
· ane is changed to "al ' for the aldchydes while "one is added 
the ketone. 

/ 

ese can also respectix ely be drawn as follows: 

the ketone shows structural isomerism. the position of the 
_ arbonyl carbon must be stated. 

/ " / 

Aliphatic carboxylic acids are also named as a derivative of 
its parent alkane. The ending ·ane· is replaced by 'anoic acid'. 
The carbon atom in the COOH is always given the number one 
position. 

II 



When naming aromatic carboxylic acid. the name carboxylic acid 
is added to benzene. For example. 

'\ a ming of add <kri\ ath l'' 

Acy! halides are named by replacing the "oic ending of the 
carboxylic acid with 'oyl. For example, 

<Q>- 
1 

Esters are named as the aliphatic or aromatic salt of the pare 
carboxylic acid. The first part of the name of the ester is derix 
from the alkyl portion of the alcohol. This means that if the est. 
is made from 111e1ha110/ then the first part of the name of the est ... 
would be niethvl. The second part of the name of the ester 
derived from the carboxylic acid. For example. ii pvoponoic ac 
is used to make the ester then the second part of the name 
the ester would be propanoate. Thus the name of ester fo1111~ 
from methanol and propanoic acid would be methyl propanoa 
However it must be noted that the acid part is written first in 
molecular and structural formula. 



midc- 

amides. the 'oic acid' is replaced by the 'amide". 

Itri ll·.., 

triles contain the cyano group (C = N) on the carbon skeleton. 
no other functional group is attached to the carbon chain. then 
e "oic acid' is replaced by "onitrilc '. 

-- another functional group is attached to the carbon chain. it takes 
' prefix 'cyano '. 

vmines are derivatives of ammonia. They are classified as 
rimary, secondary and tertiary amine depending on the number 
- R (alkyl or phenyl) groups attached to the nitrogen atom. They 

.re named by adding the 'alkyl' or 'phenyl prefix to 'amine. 
,, hen one R group is attached to the nitrogen atom. a primary 
.mine is formed. If two R groups are attached to the nitrogen 
atom then a secondary amine is formed. Three R groups attached 
to the nitrogen atom give rise to a tertiary amine. 

/1 /I 

If the amine shows structural isomerism. the position of the R 
group is stated. For cxamp le. 



0-1 
"N" is used to show the methyl group is attached to the nitrogen 

When amines contain other functional groups. the name · amino 
is used. For example. 

-- -- 

ISOMERISM 
Isomerism occurs when an organic molecule has the sam 
molecular formula but different structural formula. Isomers arc 
classified into two main groups as shown below. 

Structural isomers - this is where atoms arc Ii nked together 
in different bonding orders. 
Stereoisomers - this is where atoms are attached in the same 
bonding order but arc placed differently in space. 

There are three main types of strnctural isomers. 

-~ Chain isomers - these have different arrangement of carbon 
chains. but belong to the same homologous series. For 
example. 

alkanes 
and 

I 
- - - - - 

I 
I 
- - 

I 
I 
-L- 

I 



Positional isomers - these haw functional groups located 
at different positions on the same carbon skeleton. They 
have the same functional groups and belong to the same 
homologous series. For example. 

alcohols 
and 

I 
- - -l - - 

I 

I 
- - - - - 

I 

alkenes 

I 
- - - 

I 
I 

- - 

I 

Functional group isomers - these exist between compounds 
which have different functional groups and belong to different 
homologous series. For example. 

an aldehvde and a ketone 
and 

I 
- - - 

I 

a carboxvlic acid and one of its ester 

I 
- - - 

I 



Stercoisorners are compounds which have the same molecular 
and structural formula but different spatial arrangements of atoms 
or groups of atoms. These isomers are different from each other 
only in the way the atoms are oriented in space. but are alike with 
respect to the way the atoms are linked together. Two types are 
highlighted, these are geometric and optical isomers. 

Geometric isomerism arises from the fact that compounds which 
contain double bonds show restriction of rotation about the 
C = C. Organic compounds which exhibit geometric isomerism 
must have 

,;) a double bond i.e. it must have an alkene linkage. 
,;) two identical groups attached to adjacent C atoms. 
,;) two different groups attached to each C on the double 

bond 

E.g. the cis-trans isomers of but-2-cne 

The two identical groups above are the H atoms. When both I 
atoms are on the same side of the double bond it is called the ci 
isomer. When they arc on opposite sides of the double bond it 
the trans isomer. Geometric isomers may differ in physical anc 
chemical properties. 

t rprical l-umcrivru 

Optical isomers have the ability to rotate a plane of polarize. 
light. They are referred to as optically active compounds. 

Fig. 18.5 Rotation ofa plane of polarized light. 

When an optically active compound is placed in a polarimeter. 



= either rotate a plane of polarized light to the right (clockwise) 
·o the left (anticlockwise). The compound that causes clockwise 
tion is cal led the dextrorotary or D isomer and carries the 
bol (+), while the one which causes anticlockwise rotation is 
d the laevorotary or L isomer and carries the symbol (-). 

organic compound which displays optical isomerism is said 
chiral. A chiral compound has no plane. axis or centre of 

-nmetry. It must possess at least one asymmetric carbon atom. 
tis. a carbon atom which has four different groups attached to 
A compound with one asymmetric or chiral carbon has two 
mers which are non-superimposable mirror images of each 

rher. These non-superimposable mirror images of each other are 
. erred to as enantiomers. For example. CH/CH( OH )CH2CH, 
as an asymmetric or chiral *C atom and has two optical isomers 

"s shown below in Fig. 18.6. 

H 

IICH,C ~" 011 
CH 

H 

HO"~ CII.CH 
H 

1g. 18.6 optical isomers 

The number of optical isomers a compound has depends on 
the number of asymmetric or chiral carbons in the compound. 
-\ compound with n chiral carbons has 211 number of isomers. 
\nother example is lactic acid, CH/CH(OH)COOH. The (-) 
form can be extracted from animal muscle. The(-) form does not 
occur naturally. 

H 

HO'~ 
COOH CH 

Fig. 18.7 Lactic acid 

A sample which contains a chiral carbon atom and is optically 
inactive is called a racemic mixture. This implies that there is 
a 1: I ratio of the D and L isomer existing in the sample so that 
the rotation of the plane of polarized light to the left cancels the 
rotation to the right and the net rotation equals zero. Laboratory 
preparation of an optically active compound from optically 
inactive materials gives a racernic mixture. Optical isomers show 
similar physical and chemical properties. 



1. (a) Define the term structural isomerism. 

(b) Name the type of structural isomerism shown by each 
pair of compounds given below. 
(i) CH,CH, CH,OH and CH,CHOHCH, 

·' - - ., ., 

(ii) CH,CH2CHO and CH1COCH3 

(c) Define the term stereoisomerism, 

(d) Name the type of stereoisomerism shown by each 
compounds gi , en below. 
(i) C H.CH,CH(CHJNH, 

h ~ - ' - 

(ii) CHBrCHBr 

2. (a) Draw the displayed formulae of four isomers that 
conform to the formula C .. Hx. 

(b) Use the IUPAC system to name each isomer above. 

3. Combustion analysis of 1.0 g of a compound containin; 
only carbon. hydrogen and oxygen gives 2.3 g of carbor 
dioxide and 0.93g of water. If the relative molecular mass o 
the compound is 58. calculate the empirical and molecula 
formula of the compound. 

4. Using the compound of molecular formula C-1Hs02, illustrat, 
the following types of isomerism. 

(a) chain isomerism 
(b) positional isomerism 
( c) functional group isomerism 

5. 2-hydroxypropanoic acid obtained from sour milk rotates 
plane of polarized light. 

(a) Draw the structura I formula of 2-hydroxypropano . 
acid and explain why it can rotate a plane of polarize ... 
light. 

(b) Explain why laboratory preparation of this acid sho 
no optical activity, 



Draw the structural formula for the following compounds: 

(a) 2-chloropropanoic acid 
(b) 2,2-dimethylpropane 
(c) ds-but-2-ene 
(d) cyclopentene 
(e) 1.2-diethylbenzene 
(f) 4-bromophenol 
(g) 2-methylbutan-2-ol 
(h) Phenylethanol 
(i) 3-methylbutanone 
(j) 3-phenylpropanal 
(k) Propanonitrile 
(1) Propyl benzenecarboxylate 



The mechanism of an organic reaction gives the details of . 
stages in the reaction. highlighting the electron movements 
\\ ell as all species that arc generated within the reaction. Organ 
reaction mechanisms are of different types depending on the k1 
of reactions that are taking place as well as the homologous ser . 
that is undergoing the reactions. At this time it is necessary 
define a few terms that will occur frequently in the description 
the reaction. 

DEFINING TERMS 

f unct ion al :,!1 t•llJl 

A functional group is that atom or group of atoms in an organ 
molecule whose reaction determines its overall chemic 
properties. In the organic acids the functional group is a group 
atoms ( COOH) \\ here as in the haloalkanes the functional gr 
is an atom e.g. Cl. It is the functional group which is the react. 
part of the molecule and hence it determines the overall chenu, 
properties of the compound. For example. all alkenes contain· 
C=C double bond and react similarly. Other fi.mctional grou 
include the hydroxyl (OH) in alcohols. the (C=O) in carbo: 
compounds and esters. Table 19.1 below gives a list of so, 
common functional groups. 

Table 19. I Some common functional groups 

Homolytic fission is the symmetrical splitting of a bond 
which each atom takes an equal share of the bonding electr- 



ing free radicals. For example, the chlorine molecule (Cl.:) 
hornolytically in the presence of ultraviolet light to give 

dentical chlorine radicals. This process is called homolysis. 
hlorine free radical has one electron from the shared pair. 
lytic fission usually occurs in non-polar or slightly polar 

Cl, --. Cl. + Cl. 

is mechanism, single headed arrows are used to show single 
... tron movement. 

' 

terc.J~ tic li"ion 

eterolytic fission is the unsymmetrical breakage of a 
\ alent bond resulting in charged species of opposite poles. 
rs usually occurs in polar bonds when the two electrons are 
'led in one direction due to the presence of an electronegative 
crnent. The electrons are not evenly shared and therefore go 
·. ards the more electronegative element. 

~' 

vote that full headed arrows arc used to show the movement of 
c two electrons. In heterolytic fission an anion and a cation 

~e formed. When a positively charged carbon atom is formed 
· is called a carbocation or carbonium ion. When a negatively 
. barged carbon atom is formed it is called a carbanion. 

/ 

I'--./ / 



Fkrtniphii~·, 

These are electron deficient species usually carrying a positive 
charge ( i.e. electron-seeking reagents). They are usually very 
reactive and attack a region of high electron density. They will 
accept a pair of electrons to form a dative bond in an organic 
molecule. Electrophiles are generated within a reaction mixture 
( in situ) and cannot be isolated e.g. NO: and Br . 

These are the opposite of electrophiles. They are electron rich 
species which attack positively charged centers ( i.e. nucleus 
seeking reagents). They do not necessarily carry a negative charge 
but must contain at least one lone pair of electrons to donate to an 
electron deficient atom to form a dative bond e.g. Cl and NH 
Ammonia contains a lone pair of electrons in the p orbital and 
this lone pair is readily available for the formation of a datix e 
covalent bond. making it an excellent nucleophile. 

PoL1r ( uv a h n t B1111d 

This is a covalent bond formed by the sharing of a pair 01 

electrons between two atoms which differ in electronegativ it) 
Electronegativity is the ease with which an atom attracts th, 
electron pair in a covalent bond. If one of the atoms is more. 
electronegative and pulls the electron density closer toward 
itself. then there will be uneven sharing of the electron dens it" 
This allows the adjacent atom to be relatively bare of the electr, 
pair. As a result the bond has a partial positive charge at tr 
less electronegative end and a partial negative charge at th. 
more electronegative end. A covalent bond containing charg . 
dispersion (difference) like this is said to be polar covalent. F 
example. 

- 
This is the polarizing effect of a co, alent bond. that is. a proc 
whereby electrons are pulled along a bond to make it polar. F 
example. 



- 
( onjugati, l' l.ttcct 

This occurs where there are alternating double and single bonds 
n a molecule such as in benzene. The electrons are free to 
move in the a, ail able p orbitals of the ring system and are said 
o be dclocalizcd, that is. the electrons arc not in one particular 
nlace but are in constant continual motion. This results from the 
dcway overlap of the p orbitals which creates rr bonds. This 

gives additional stability to the benzene molecule . 

.. • 

Also in molecules such as but-1.3 diene 
( 1 CH, = ~c H - ~cH = "C H,) 

- - 
there is a considerable degree of delocalization. The p orbitals 
which overlap to form the C=C between the 1-2 and 3-...\. carbon 
atoms can also 0\ erlap between 2-3 atoms. 

ALKANES 

Alkancs are saturated hydrocarbons which hax e the general 
formula C, H:

11
-~. They contain only strong C - C and C - H bonds 

which make them relatively inert. Therefore their chemistry is 
restricted to reactions that can ov crcome the high acti \ at ion energy 



required to break the C - C and C - H bonds. Combustion and 
free radical substitution reactions can provide the energy required 
to break these bonds and force alkanes to undergo reactions. 

R,·a,.:•ion-.. of ulkun- " 
( nmhuvtion 

The combustion of alkanes is an important source of energy for 
man. Alkanes burn in oxygen to form carbon dioxide and water. 
The equation below shows the combustion of propane. 

~H = -\e 

You will observe that all of the CO\ alcnt bonds in the propane 
molecule hax e been broken and an entirely new set of covalent 
bonds is formed in the products. 

If there is an insufficient supply of oxygen. the products will 
consist of carbon monoxide. a highly toxic gas. 

The hydrocarbons become harder to ignite as the rnolecu les g1 .. " 
bigger. Bigger molecules do not \ aporize so easily so that the 
oxygen and the hydrocarbon become more difficult to mix. It 
the hydrocarbon is not very \ olatile. only those molecules on th, 
surface can react with the oxygen. 

I- ree rudical vuhvtitution 

Alkanes undergo free radical substitution reactions with halogen- ~ ~ 
In these reactions. the halogen forms free radicals which substitute 
one or more hydrogen atoms of the alkane. The mechanisrr 
of this reaction takes place in three steps known as initiation. 
propagation and termination. 

The halogenation of an alkane appears to be a simple substitutio 
reaction in which a C-H bond is broken and a new C-X bone 
is formed. The chlorination of methane is shown below as ar 
example of this reaction. 

CH.j + CL LI\ light 

Hemolytic fission is the first step in which the chlorine rnolecul, 
is broken by UV light to produce t\YO identical radicals. A radic 
is an atom with an unpaired electron and has a lot of cnerg 
therefore it is v er, reactiv e. 



-..........-----..... 
Cl __ Cl uv li!,!hl CI• + •Cl 

This im elves two steps. First the chlorine radical reacts with a 
methane molecule to generate the methyl radical and hydrogen 
chloride. Then the methyl radical reacts with a Cl: molecule 
10 regenerate the chlorine radical. This chlorine radical goes 
n to take part in another propagation reaction causing a chain 

reaction. 

CH-1 + Cl• __.., CH/+ HCl 

This involves recombination of two free radicals. This can happen 
111 three ways: 

Cl- T Cl- - CL 

C,H 
- " 

Further substitution can occur where all the H atoms can be 
replaced by chlorine. The relative amounts of the various products 
depend on the proportion of the two reactants used. Excess Cl2 
give rise to further substitution. 

CH,CI + Cl- - CH2Cl• + HCI 

CH,CI• + Cl, - CI-I,CI, -r- Cl- - - - 

The rate of halogenation varies with the different halogens. The 
reactivity of alkanes with fluorine is too fast to control, that with 
chlorine and bromine is moderate. while the reaction with iodine 
is too slow to be of practical use. 

Cracking 

Alkane molecules are cracked into smaller molecules. The 
cracked products may be smaller alkanes, alkenes and hydrogen 
molecules. The large hydrocarbon molecule can break anywhere 
along the carbon chain to form a , ariety of smal ler molecules. 
For example. dodecane can break into dccane and ethene 



or nonane and propene. 

Cracking is carried out either using heat or a catalyst (sec pages 
-.t.23--t.2-l ). 

ALKENES 
Alkenes are unsaturated compounds which have the general 
formula C H, . Alkenes have at least one double bond consistins 

11 _n ~ 

of a sigma and a pi bond between two carbon atoms. Although the 
double bond between two carbon atoms is a stronger link than a 
single bond. the pi bond is more vulnerable to attack by suitable 
reagents. Thus alkcnes tend to undergo addition reactions where 
the unsaturated carbon atoms become saturated. 

I hl· huloucnatlon of .il"l'lll'' 

Alkenes decolourize a solution of bromine in an organic solvent. 
Alkenes react with bromine decolourizing the bromine to produce 
an oily addition compound. A bromine atom each becomes 
attached to the two carbon atoms bearing the double bond. The 
mechanism of this reaction is electrophilic addition. This reaction 
is of particular significance since it is used as a test to distinguish 
between an alkane and an alkene. Tetrachlorornethanc ( CCI -1) is a 
common solv ent used since it is non-polar and will dissolve both 
the bromine and the alkene. It is also inert and does not take part 
in the reaction. 

U. I, H,C-CH 

I 
Br Br 

Alkenes also decolourize aqueous bromine however different 
products are formed. For example. ethene reacts with aqueou 
bromine to form 2-bromoethanol and hydrogen bromide. 



H,C 

I 
Br OH 

CK -t- HBr(g) 

'-f~drohalol,!l'llation of :tlhl Ill'' 

The hydrogen halides HCI. H Br and HI can all be added across 
the double bond of alkenes. For example. ethene reacts with 
hydrogen bromide to form bromoethanc. 

H,C CH,tg) 

H Br 

When the alkene molecule is unsymmetrical. t\\ o possible products 
can be formed. For example. the addition of hydrogen bromide to 
propene can form either l-brornopropane or 2-bromopropane. 

CH, HC = CH)g) + HBr(g) 

CH1HC-CH_:ll) or ClLIIC-CH,()) 

H Br Br H 

The major product in this reaction is found to be 2-brornopropane. 
Markov nikov, a Russian chemist formulated a rule to predict which 
product will be dominant \\ hen a hydrogen halide is added to an 
unsymmetrical alkcne. This rule is called '.\IarkoYnikm··s rule. 
It states that when a compound HX is added to an unsymmetrical 
alkcnc. the H becomes attached to the unsaturated carbon \\ hich 
has the larger number of hydrogen atoms. Therefore in the reaction 
above. the H is attached to the CH 2 group and not the CH group. 

·1 he ovidutinn nlulkeru« 

Alkencs are oxidized by powerful oxidizing agents such as 
potassium manganate (VII) to form a variety of products 
depending on the conditions chosen. 

I I ,I 11, /1/ 'J.. I/pf i 

In the presence of hot. concentrated. acidified Kl\ln0-1. the double 
bond of the alkene is broken and a variety of products is produced 
depending on the alkene used. As a general rule 



lo) terminal CH~ groups are oxidized to produce carbon 
dioxide and water. 

lo) an aldehyde produced is further oxidized to the 
corresponding carboxylic acids. 

lo) ketones produced are not further oxidized since they are 
stable. 

For example. when propene is oxidized with hot, concentrated. 
acidified KMnO~. the C = C double bond is broken. The terminal 
CH2 group is oxidized to carbon dioxide and water while the 
aldehyde ethanal is further oxidized to ethanoic acid. 

l 
CH,COOH 

The example below shows the oxidation of 2-mcthylbut-2-enc. 
When the C = C ruptures. propanone and cthanal are formed. The 
ethanal is further oxidized to ethanoic acid. 

/ + 

( , .l.l ,« :J,;,, .l K \ t.« 1 

Cold acidified potassium manganate (VII) oxidizes an alkene to. 
diol. For example ethcne is oxidized to ethane-1.2-diol. 

/ 

/ 1(\\110, H 

,11l<l 



colour of the solution changes from purple to colourless as 
xidation state of manganese in the MnO~ ion is reduced 
-7to+2. 

drn~l·nation A. all-1·11,, 

cnes undergo hydrogenation to produce the corresponding 
ne. There is a change from an unsaturated compound to a 
rated compound. 

H,C = CH, - - }~II l 

usually contains unsaturated fatty acids. Unsaturation in fat 
ds to lower melting points and as such they exist as liquids due 
existence of less van der Waals forces of attraction between the 
lecules. Liquid x egetable oils are not stable to heat and can go 
cid easily. Therefore hydrogenation of the double bond in cheap 
such as cottonseed oil, com oil and soya bean oil converts 

.uids into solids having the same constituency comparable to 
.t of lard and butter. This is called the "hardening" of fats . 
. urated fats can withstand the temperatures of food production 

-occsses and reduce rancidity so providing a better shelf life. 
"he rancidity of fats occurs because oxygen attacks the double 
ond portion of the unsaturated fat. Hydrogenated fats lack double 
-onds therefore they do not become rancid. 

1 nature. most unsaturated fatty acids are cis-isomcrs. However, 
during the process of hydrogenation of either vegetable or fish oils 
some cis-isomers are com erted to trans-isomers. Fats containing 
trans-isomers are called trans fats. Researchers hav e found that 
trans fats increase cholesterol which may increase the risk of heart 
disease. In addition. trans fats are associated with some types of 
.ancer. 

Hvdration of alkcnev 
vlkenes can be hydrated to alcohols using concentrated sulphuric 
acid. For example. ethene reacts with concentrated sulphuric acid 
at room temperature to form ethy I hydrogensulphate. 

H~C = CH:,,,, + H:S0 .. ,11 ----+ H;C - CH:11, 

I 
OSO~H 

When ethy I hydrogensulphate is warmed with water. it ts 
hydrolysed to ethanol. 



The overall equation for the reaction is 

,,,n.: . H _',0. 

I -o'(. 

kctruphilir addition 

The proposed mechanism for the addition of bromine to alkencs 
is electrophilic addition. For example the mechanism for the 
reaction of cthcne \\ ith bromine in an organic solv ent e.g. CCI. 
is show n below. When the bromine molecule approaches the 
ethene molecule. the pi electron cloud in the ethene molecule 
polarizes the bromine molecule. Further polarization results in 
the formation of a brornonium ion and a bromide ion. 

brornomum ion 
> 

I~ 
bromide 1<111 

The bromonium ion is attacked by the bromide ion to form 
1.2-dibromoethane. Bromine is red brown in colour and goe 
colourless as it is used up. The reaction takes place readily at 
room temperature in the laboratory. 

---~- 

In reactions with aqueous bromine. the brornonium ions real. 
with hydroxide ions to gi\ e the major product 2-bromoethan 
and hydrogen bromide. A minor product of 1.2-dibromoethane : 
formed with the bromide ions. 

:OH 
---;- ---:- 

In the case of addition of concentrated HBr to ethene, the HBr 
permanently polarized and ethene forms a primary carbocati 
instead of a bromonium ion. 



- 
- alkenes are not symmetrical c.g. propene, the H adds to the 
which has the more H atoms (Markovnikov rule). The major 

roduct is the one in which the more stable carbocation is 
formed. 

The intermediate carbocation formed is secondary. This is more 
stable than the primary carbocation which would hav e formed if 
the hydrogen became attached to the carbon with less hydrogen 
atoms. 

ALCOHOLS 

Alcohols hav e the general formula C
11
H~

11 1 
OH. The functional 

group of the alcohols is the hydroxyl group (OH). This group has 
two reactive cm alent bonds. the C O bond and the 0-H bond. 
since the electronegatix ity of oxygen is greater than that of carbon 
and hydrogen. Alcohols arc classified on the basis of the number 
of carbon atoms which are bonded directly to the carbon which 
is attached to the OH group. In primary ( I 0) alcohols. the OH 
is attached to a carbon which is bonded to one other carbon. In 
secondary (2°) alcohols, the OH is attached to a carbon which is 
bonded to two other carbons. In tertiary (3°) alcohols. the OH is 
attached to a carbon \\ hich is bonded to three other carbons. 



Till' «vidutiun of alcohol- 

Oxidizing agents such as potassium manganate( VII) and 
potassium dichromate(VI) can be used to distinguish between 
primary, secondary and tertiary alcohols. 

i.;) Primary alcohols are oxidized to aldehydes, \\ hich are 
unstable and are further oxidized to the corresponding 
carboxylic acid. 

i.;) Secondary alcohols are oxidized to the corresponding 
ketone. 

i.;) Tertiary alcohols are stable and do not undergo 
oxidation. 

II 

Acidified potassium dichromatet YI) will oxidize primary alcohols 
to aldehydes at room temperatures. At higher temperatures. it will 
oxidize the primary alcohols to carboxylic acids. 

Acidified potassium ruanganaret Vll ) is a very powerful oxidizing 
agent and does not stop at the aldehydes stage in primary alcohols. 
it oxidizes straight to carboxylic acids. 

The breathalyzer test is used to determine ifa driver is intoxicated 
The driver is asked to exhale into a vessel containing potassiur 
dichromate. Ifhe has consumed alcoholic drinks. the ethanol frorr 
his breath is oxidized to the corresponding acid. The Cr.O." ior 
which is orange is reduced to the Cr1 ion which is green. T 
oxidation number of chromium changes from +6 to+ 3. Thus. ir 
driver is drunk. there is a change of colour from orange to green 

11c,, ,,. lar. . ,,, , . ·;· I, d( //,•IT/ 

[-2H] 



- 
acidified potassium manganate (VII) is used with the primary 
secondary alcohol. the colour change would be from purple to 
lourlcss as the Mno .. - ion is reduced to the Mn: ion. 

krifh:afr ·11 

vlcohols react with carboxylic acids to form sweet smelling 
compounds known as esters. The reaction inv oh cs heating the 

I coho I and the carboxylic acid under reflux in the presence of an 
jd catalyst. The catalyst is usually concentrated sulphuric acid. 

Heating under reflux prevents loss of the volatile compounds 
.is the Yapours are allowed to condense and re-enter the round 
bottom flask in which the reaction is occurring. Esterification is a 
.ondensation reaction. that is. one in which two smaller molecules 
are joined together to form a larger molecule w ith the loss of smal1 
molecules such as water. The esterification reaction is both slow 
and reversible. The equation for the reaction between ethanol and 
ethanoic acid to form ethyl ethanoate is given below . 

Alcohols labelled with "O show that in primary alcohols. the 
0 - H bond of the alcohol is broken in esterification. 

RCOOH + R1'0H ~ RC01'0R + H,O 

Labelled 1 '0 shows up in the ester whi le none appears in the 
water. This means that H from the alcohol combines with OH 
from the acid to form water. Research has shown that in tertiary 
and some secondary alcohols it is the R - OH bond of the alcohol 
that is broken. 

Dehv drat i,,n of ulcuhols 

Alcohols undergo dehydration reactions to produce alkenes. 
Concentrated sulphuric acid is a suitable dehydrating agent and 
is used to effect this conversion. The initial step in this reaction is 

Ethy l pentanoate has a pleasant 
aroma and taste. It is used as a 
food additive to give a fruity 
flax our or apple. 



--- 

the protonation of the hydroxyl group. The oxygen atom uses its 
lone pair of electrons to fo1111 a dative bond with the H ions and 
in doing so gains a positive charge. The two electrons constituting 
the C - 0 bond 110\\. flow onto the positively charged oxygen 
atom forming water and leaving a positiv ely charged carbocation 
behind. The adjacent C - H bond now breaks, gi\ ing up H anc 
the two electrons flow between the C - C bond forming arr bona 
producing the double bond. 

- 

1( e 
\ \ 

Consider an example in which isomers can be formed 

Water can be lost in two ways. In process I, dehydration prcd.. 
but-J-ene while process 2, but-2-ene is formed. 

I 
- -, - - 

I 

But-2-ene can exhibit geometric isomerism and can hav e 
isomers. 



/ 
/ / 
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iodnturm reaction '\aOH 

he iodoform test is a specific reaction for 

H 
I 

~ alcohols of type - C - OH 

I 
CH; 

~ ketoues of type CH -C = 0 

R 

I;) ethanal CH, - C = 0 
_, I 

I 
H 

The reaction is carried out using aqueous iodine and sodium 
hydroxide which produces a yellow precipitate of triiodomethane 
iodofonn). 

First, the iodine disproportionates in the aqueous sodium 
hydroxide to give sodium iodide. sodium iodate (I) and water. 

I, - 2Na0H -~ Na! -.- Na!O + H,O - - 
The sodium iodate (1) oxidizes propan-2-ol to propanonc. 

'\Jal() IO OH 

propan-Lol propanone truudomcthunc 
I y cllo« 111111 



The sodium iodate (I) then halogenates the methyl group attache, 
to the C = 0. Finally the alkali breaks the C - Cl_. bond forrnin, 
tri iodornethane. 

Ethanol reacts similarly. 
10 OH 

HALOGENOALKANES 

Halogenoalkancs arc also known as haloalkanes or alkyl halid. 
These are compounds in which one or more hydrogen atom 
in an alkane have been replaced by halogen atoms (fluorir . 
chlorine. bromine or iodine). Halogenoalkanes arc classified 
the basis of how the halogen atom is positioned on the carb 
chain. In a primary (1 °) halogenoalkane. the carbon \\ lu, 
carries the halogen atom is attached to one other alkyl grow 
In a secondary (2°) halogenoalkane. the carbon to which t 

halogen is attached to is bonded to two other alkyl groups. In 
tertiary (3°) halogenoalkane. the carbon to which the halogen 
attached to is bonded to three other alkyl groups. 

Halogcnoalkanes undergo alkaline hydrolysis to produce t 

corresponding alcohols. The mechanism of these reactions 
nucleophilic substitution. Howex er the mechanism \ ar 
depending on whether the halogenoalkane is primary. second. 
or tertiary. 

I I~ drol~ ,i, of primarv hal,,;.:'-'no~tlkanl'' 

The mechanism proposed for the hydrolysis of a prim. 
halogenoalkane e.g. bromocthane involves bond breakage ... 
bond formation at the same time. As the electron shifts towar 
the electronegative Br. the C attached to it becomes sligh 
positive hence OH- is attracted to it. The OH approaches · 
carbon attached to the bromine from the opposite side of the 
atom in order to minimize repulsion. As bond formation occi 
between the C and O of the OH-. the C - Br bond weakens Li 

a transition state is reached where C is bonded to both O and · 
The transition state is then quickly converted into products. 



I 
/ 

''"' 

·,ce two species are inv oh ed in the formation of the transition 
re. the reaction is called bimolecular nuclcophilic substitution 
an S) reaction. Primary halogenoalkanes undergo S,2 

.. ictions. 

the halogenoalkane has a chiral C atom. then the hydrolysis 
duct would be the corresponding optical isomer since the OH 

tacked from the opposite direction. This is called reversal of 
in figuration. 

drd~ ,;, of h:rtbn halouenualkan ... ·, 

tie mechanism proposed for the hydrolysis of a tertiary 
alogenoalkane e.g. 3-bromo-3methylpentane involves the 
issociation of the halogenoalkane into a carbocation and a halide 
-n. The trigonal planar carbocation is stabilized by the electron 
-nating alkyl groups. 

I 
8 

Then the carbocation quickly reacts with the hydroxide ion to 
form an alcohol. 

/<II/ I 
- - 

I 
The OH ion can attack above or below the plane of the flat 
trigonal intermediate. If the C atom is chiral. then there is equal 
probability both the D and L isomer being formed. This means 
that a I: I isomer mixture is produced. that is. a racemic mixture 
in which the optical rotation is equal to zero. 



The rate of this reaction is therefore dependant on the strength 
the C - Hal bond. This is the slow step of this reaction "hich 
referred to as the rate-determining step. Since only one spec . 
is inx olvcd in the formation of the transition state. the reaction 
called uni molecular nuclcophilic substitution or an S, I reacti, 
Tertiary halogcnoalkane produce the more stable tcrn., - 
carbocation and hence undergo S, I reactions. 

Secondary halogenoalkanes show intermediate behav 1t 
between primary and tertiary halogenoalkane. They can take p. 
in both S, 1 and S, 2 reactions depending on the nature of 
halogenoalkane. 

I Ii m ina t ion mecha n i, m 

When halogenoalkancs undergo reactions w ith bases, nucleoph 
substitution and or elimination reactions can occur. \\ I' 
halogenoalkanes react ,, ith strong bases such as the hydrox 
anion (OH ). a mixture of both products is usually form, 
The major product depends on the reaction conditions and 1 

structure of the molecule. Elimination reaction is favoured - 
strongly basic reagent in a non-aqueous solv ent such as ethan. 
potassium hydroxide ( KOH ethanol). Secondary or tern 
halogcnoalkane fin our elimination reactions. 

Elimination reactions are commonly used in the removal of H 
from a halogenoalkane. The example below shows the rcmo 
of HBr from 2-bromopropane. 

The mechanism is as follow s 

.J The bromine atom is highly electroncgativ e and pu 
electrons tow ard it. The hydrogen atom on the adjac, 
carbon atom becomes acidic and labile and can be ca 
removed b) the base (OH ) . 

.J As the H is removed the t\\ o electrons constituting 
C - H bond flows inward to form a pi bond between 
carbon atoms . 

.J As the C=C forms, the C-Br bond is broken and the r 
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electrons constituting this bond flows onto the bromine 
atom creating a bromide anion which leaves. 

~ The net loss is an H- and a Br- which is called 
dehydrohalogenation. 

CARBONYL COMPOUNDS 

The carbonyl compounds contain the carbon-oxygen double 
bond (C = 0) called the carbonyl group. Aldehydes and kciones 
are two classes of organic compounds that contain the carbonyl 
group. Aldehydes contain the carbonyl group which has at 
least one hydrogen atom bonded to the carbonyl carbon . 
. Aldehydes haw the general formula RCHO where R is an alkyl 
or aryl group. Aldehydes are, alued for their characteristic strong 
fragrance and taste. For example. the smell of Yan ilia is given off 
by the aldehyde vanillin. 'vanilla beans are used 

to flav our and fragrance 
foods and be, erages, 

Ketones contain the carbonyl group which has two carbon 
atoms bonded to the carbonyl carbon. Ketoncs have the 
general formula RCOR · where Rand R · arc alkyl or aryl groups. 
Ketones are more stable than aldehydes and thus undergo fewer 
reactions. 

The carbonyl group is found in a variety of products including 
glucose. acetone. plastics. adhesiv es and drugs such as aspirin 
and penicillin. The structural features of the carbonyl group give 
these compounds their characteristic properties. Aldehydes and 
ketones undergo both addition and condensation reactions. Carbonyl compounds are used 

in the manufacture of penicillin. 
l·L ,11.:ti1111 ,,f ( ·" h1111~ I cumpound 

vddiriun of hydruucn cyunid, c H< \; 

Aldehydes and ketones undergo addition reaction with HCN to 
produce compounds known as hydroxynitriles or cyanohydrins. 

/ 
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HCN itself is not used in the reaction because it is Ye1)· toxic. 
Instead it is generated in the reaction mixture using sodium or 
potassium cyanide with dilute sulphuric acid. The addition of 
HCN to a carbonyl compound makes the carbon chain longer b:-, 
one C atom. 

, ucleuphilir adtlitiun 

Nuc lcophi les are added across the carbonyl group in aldehydes and 
ketones. The mechanism for the reaction is called nucleophilic 
addition. For example. when HCN is added to ethanal. the HC\ 
dissociates to produce H- and the CN nucleophile. 

- 

The electronegative O atom in the carbonyl group pulls electror 
towards itself creating a partial positive charge on the carboi 
atom of the carbonyl group. The CN attacks the partially chargec 
C atom and the pi bond breaks hcterolytically with the O aton 
taking both bonding electrons. 

-0 
I 

- - 

I 

The oxoanion quickly accepts a proton to fom 
2-hydroxypropanonitrile. 

The mechanism is similar for propanone. The slightly positix .. 
carbonyl carbon atom is attacked by the cyanide nucleophile. 



•• - .,,, • - - - ... 

2 pi bond breaks heterolytically with the electronegativ e 0 
ing both bonding electrons. The oxoanion quickly accepts a 
.ton to form 2-hydroxy-2-meth) lpropanonitrile. 

he nitrile group can easily be hydrolysed to the carboxylic 
_roup. 

cone. 11( I 

«ndcrr.ation reaction \\ ith 2..-J-I>'\ Pl I 

2.--1--Dinitrophenylhydrazinc ( 2,..1,-DNPH) also known as Brady's 
-eagent is a suitable reagent used to detect carbonyl compound. 
\\'hen 2.4-DNPH reacts with a carbonyl compound an orange 
precipitate is produced. 

0 
I 

11 aicr is remox ed 

I ~4-dioilmph"'' lhydrazine 

l 
1-b- Acetone forms 

an orange ppr. 
"ith 2A-DNPH. 

:::i.-1-dimtrophen) lhy drazone 
( orange ppr I 



The reaction is an example of a condensation reaction in which 
two small molecules combine with the elimination of a molecule 
of water. The product is known as a 2.-.J.-dinitrophenylhydrazone. 
The product from the reaction with ethanal would be called 
ethanal 2.-.J.-dinitrophenylhydrazone. That from propanone would 
be called propanone 2.-.J.-dinitrophenylhydrazonc. Both aldehydes 
and kctones give a positive test with .2.-.J.-dinitrophenylhydrazine 

Reaction "ith I ehliuu » ,11lution 

The difference between an aldehyde and a ketone is the presence of 
a hydrogen atom attached to the carbonyl carbon in the aldehyde. 
The presence of that hydrogen atom makes aldchydes very easj 
to oxidize. Therefore thev are strong reducing agents. Ketones .., .... .... - 
do not haw that hydrogen thus they are not easily oxidized 
Aldehydes are easily oxidized by mild oxidizing agents whereas 
ketones are not. 

Fehlings solution contains complexed copper (II) ions in an 
alkaline solution. It is a weak oxidizing agent which can be used to 
distinguish between an aldehyde and a ketone. Aldehydes reduce 
the blue complexed copper (II) ions to the brick-red copper ( I 1 

oxide. Since the solution is alkaline. the aldehyde itself is oxidized 
to a salt of the corresponding carboxylic acid. No reaction occur, 
\\ ith kctoncs. 

The equation above shows how ethanal is being oxidized to the 
ethanoate ion while the blue Cu: complex ion is reduced to a 
brick-red precipitate of copper ( I) oxide. 

To liens· reagent is a complex ofdiaminesilver (I) ions [Ag(N H )~] 
in an alkaline solution. Like Fehlings solution. it is a weak 
oxidizing agent that oxidizes aldehydes but not ketones. The Ag 
cation is precipitated as metallic silver. The silv er forms a silver 
mirror on the inside wal ls of the test tube. This reaction is also 
called the silver mirror test. 

n 
Propanal form 
:.1 sib er mirror 
on the inside wall 
of the test rube. 



equation above shows how ethanal is being oxidized to the 
noatc ion while the colourless Ag complex ion is reduced to 
all ic silv er. 

le 19.1 Fehlings solution and Tolleus' reagent can be used to distinguish 
ecn aldehy des and kctones. 

eduction «f alddncln :111<1 kdo11l'' 

\ en the polarization of the carbonyl group. the reagent which 
dds hydrogen to the electron deficient carbonyl carbon must 
cliver it as a hydride ion ( H-). Thus aldehydes and kctones 
re readily reduced with hydride reagents. Reducing agents 
uch as lithium tetrahydridoaluminate ( LiA.lH) and sodium 

retrahydridoborate (NaBH) act as sources of hydride ions . 
Aldchydcs are reduced to primary alcohols while ketones are 
educed to secondary alcohols. 

For example. ethanal is reduced to the primary alcohol ethanol. 

Similarly propanone is reduced to the secondary alcohol propan 
~-ol. 

Li .-\IH diethv 1 ether ' . 

LiAIH .. is a highly reactive and extremely powerful reducing 
agent. IL is capable of reducing the carbonyl group in aldehydes. 
ketones and carboxylic acids. NaBH_. is less reactive and a more 
selective reagent. It will reduce aldehydes and ketones into 



alcohols. but it will not reduce carboxylic acids. Aldehydes and 
ketones can also be reduced to alcohols with hydrogen gas using 
a metal catalyst at high temperature and pressure. 

CARBOXYLIC ACIDS 

Carboxylic acids have the general formula C11H211_1COOH. The 
carboxyl group ( COOH) characterizes the carboxylic acids. It 
is made up of a hydroxyl group bonded to a carbonyl group. 
The change in chemical and physical properties of compounds 
resulting from the interaction of the hydroxyl and carbonyl group 
is so profound that it is treated as a distinct and different functional 
group. 

In water, carboxylic acids are proton donors i.e. a hydrogen 
ion is transferred from the COOH group to a water molecule 
The equation below shows ethanoic acid protonating a water 
molecule. 

CH.COOH + H,O ~ CH.COO + H,O 
... - ' ... 

Thus the reactions of carboxylic acids are similar to those 01 

inorganic acids like hydrochloric acid except they tend to b, 
rather slower. 

\\ ith metal 11,idl·, and hyrh ovidc-, 

If di lute ethanoic acid is mixed with aqueous sodium hydroxid 
a colourless solution containing sodium ethanoate is formed. 

CH COOH + NaOH -+ CH.COONa + H 0 
_1 iJql i.h.JI .' (a\.jl ~ I ii 

Similarly ethanoic acid reacts with calcium oxide to form calciu. 
ethanoate and water. 

2CH3COOH,aq, + Ca01a,p -, (CH3C00)2Ca,.,4, + H2011 

These are simple neutralization reaction in which hydrogen ion 
from an acid react with hydroxide ions from an alkali to fo 
water. 

\\ ith carhunatc-, and 11\ dr112t>m:arhonat.:, 

Carboxyl ic acids react with carbonates and hydrogencarbonat, 
to fo1111 a salt. carbon dioxide and water. The equations bek 
show the reaction of ethanoic acid with sodium carbonate a 
sodium hydrogencarbonate respectively. 



- -- -~-. 

2CH,C00Nal.ll.JI - co21~) + H201!1 

H.COOH + NaHCO, ~ 
• l.h.jl _,1ay1 

CH3COOI\:a1Jg, ...... C02,g, + H20111 

n these reactions effervescence is obscrv cd as carbon dioxide is 
roduced. Thus sodium carbonate or sodium hydrogencarbonate 
.an be used as a test to distinguish carboxylic acids from other 
rganic compounds that are weaker acids such as ethanol and 
rhenol. 

\ uh nwtal, 

·~ arboxylic acids react with the more reactive metals to produce 
salt and hydrogen. For example. when magnesium reacts with 

dilute ethanoic acid. magnesium ethanoate and hydrogen gas is 
produced 

2CH,COOH + Mg ~ (CH COO),Mg + H, 
_, L.h.J J '-I••.) _, - '-laq) _( gl 

\\ ith ak,ilwl, 

When a carboxylic acid and an alcohol are heated under reflux in 
the presence of an acid catalyst. an ester is formed. The catalyst is 
usually concentrated sulphuric acid. The equation for the reaction 
between ethanoic acid and ethanol to form ethyl ethanoate and 
\\ ater is given below. 

( um erviun to :tl'~ I chluridev 

Powerful halogenating agents displace the -OH of a carboxylic 
acid to fo1111 an acyl chloride. The acyl chloride is very reactive. 
This is because two highly electronegative elements are attached 
to one carbon atom. This leads to the development of a large 
partial positive charge on the carbon atom which is susceptible to 
attack by nucleophiles. 

Although reagents such as phosphorus pentachloride and 
phosphorous trichloride are used. the most popular halogenating 
reagent is thionyl chloride ( SOCI) also called sulphur dichloride 
oxide. SOCL is more convenient to produce acyl chlorides since 
all of the other products are gases. Misty white fumes are formed 
as the hydrogen chloride makes contact with the air. 



I lu h~droh ,i, of l',1~·1, 
There are t,, o \\ ays an ester can be hydrolysed in the laboratory 
These are acid hydrolysis and base hydrolysis. 

The reaction is catalyzed by dilute acid. The ester is heated under 
reflux with dilute hydrochloric acid or sulphuric acid. The ester 
linkage is broken to form an alcohol and a carboxylic acid. 

CH.COOCH_+ H.O ~ CH.COOH + C,H_OH 
' - °'I - ' - :'."' 

Since the reaction is reversible. excess dilute acid is addeo 
to prov ide the \\ ater to make the hydrolysis as complete 
possible. 

This is the common way of hydrolysing esters. The ester is heate _ 
under reflux with a dilute alkali like sodium hydroxide. Takir , 
the same esters as abov e. but using sodium hydroxide solutu 
instead of a dilute acid. the following reaction occurs: 

The ester linkage is broken to form the salt of the carboxylic ac 
and the alcohol. There arc two main advantages of doing be 
hydrolysis rather than using a dilute acid. First the reactions a 
one-way rather than reversible so the reaction goes to complctu 
Second the products are easier to separate if all of the ester 
hydrolysed. 

Saponification is the base hydrolysis of natural fats and oils. F 
and oils from plants and animals are natural esters formed fr 
long chain organic acids and propane-1.2.3-triol ( glycerol I 
animal or vegetable fats and oils are heated with concentra 
sodium hydroxide solution. base hydrolysis of the esters occu 



he products arc the sodium salt of the long-chain organic acid 
-oap) and glycerol. 

II 

II 
ap 

II 
Fat 

II I., ·. 

f ransesterification is the conversion of an ester into another ester 
-f that same acid. 

RCOOR' + R"'OH ~ RCOOR" + R'OH 

These reactions are often catalyzed by the addition of an acid or 
base. One of the first uses of transesterificd vegetable oi I was in 
making biodiesel which was used to power heavy-duty vehicles 
111 South Africa before World War 11. 

AROMATIC COMPOUNDS 
The most frequently encountered aromatic compound is benzene. 
The structure of benzene as a six carbon ring with three double 
bonds was proposed by Kekule. The ring and the three double 
bonds fit the molecular formula. but the structure did not 
explain the chemical behaviour of benzene. Each of the double 
bonds was expected to show the characteristic behaviour of an 
alkcne and undergo addition reactions, but this did not occur in 
benzene. Kekule suggested that there are two forms of benzene in 
equilibrium which differ in the positions of the double bonds. But 
this did not explain the fact that all the carbon-carbon bonds in 
benzene are the same length. Since the double bonds are separated 
by single bonds. it means the structure inv oh es conjugation. 
Therefore an alternative symbol uses a circle inside the hexagon 
to represent the six re electrons. 



0 0 
The benzene ring is a highly negative system due to the presence 
of re electron density which has the ability to mo, e or resonate 
in the available p orbitals. The electrons are not in one particular 
position but are in constant motion as a cloud of electron density 
a bow and below the plane of the ring. 

Electrophiles tend to attack the benzene ring system but in all 
cases the aromaticity of the ring is preserx ed. This implies that 
as an electrophile enters. an atom of hydrogen leaves. Since the 
electrophile is substituting the Hin the ring system the mechanism 
is called electrophilic substitution. 

Benzene does not react with halogens on its own. However in 
the presence of a Friedel-Crafts catalyst. halogcnation of benzene 
takes place at room temperature. A substitution reaction occurs. 

Br 

FeBr 

Brornobenzene 

A Friedel Crafts catalyst ( also referred to as a halogen-carrier 
is a halide such as Fe Br, or AlCl, which has an electron deficier 
central atom. The central atom can polarize the halogen molecuk 
and accept a pair of electrons from the partial negative haloge 
atom. For example iron (III) bromide can polarize the bromi .. 
molecule and accept a pair of electrons from the partial negatr . 
bromide atom. This weakens the Br - Br bond and forms 
Br FeBr~- complex. 

- 

I 
ti 

The partially positive bromine atom can now act as the electroph 
and attack the pi electrons of the benzene ring system. 
intermediate is formed where the bromine bonds to one of ; 
carbon atoms in the ring. Then the intermediate rapidly loses 
proton to form bromobenzene. 



Br 

~~o 6 ~ 
brornobenzene 

The nitration of the benzene results from the attack of the 
iitronium ion or nitryl cation (N02-). This cation is very reactive 
and highly unstable and cannot be isolated on its own. Therefore 
r is generated in situ which means within a reaction mixture. A 
.itrating mixture is made by mixing concentrated sulphuric and 
concentrated nitric acid at a temperature of 50 to 60°C. 

~11-hO"C _H SO + HNO - 2HS0 - + H,O + NO - 
2 -l (aq) 3 (aq) -l t aq) _, (aq) 2 1aq1 

The nitronium or nitryl cation (N0
2
-) is generated in situ. The 

ritronium or nitryl cation ( N0
2 

) is then attracted to the de localized 
:: electrons of the benzene ring. The N02 cation is added to the 
ring to form a short lived intermediate. 

'\O. 

~---0 
'\U. <:> 

<hort-liv ~d intermediate also 
called a sigma complex 

The symmetry of the delocalized rr electrons is disrupted. The 
ring has lost some of its rr electrons and is now electron deficient. 
Thus the intermediate rapidly loses a proton and the two electrons 
constituting the C-H bond are now donated into the ring to preserve 
the aromaticity of the ring system. The proton is quickly taken up 
by the hydrogensulphate ion in solution to form sulphuric acid. 

Notice that the sulphuric acid is regenerated and therefore sen es 
as a catalyst in this reaction. 

llalo:,!tl1:tti1111 1,I nu-thy lbcnzcnc 

Mcthylbcnzene commonly called toluene is a derivative of 
benzene in which one of the hydrogen atoms of the ring system 
has been replaced by a methyl group. 



CH 

The methyl group on the benzene ring tends to be electron donating 
and has a positive inductive effect. It pushes the electron density 
towards the benzene ring system thus activ ating the ring. This 
enables electrophilic substitution to occur easier than in benzene 
As a general rule activating groups push the incoming electrophile 
into the 2 . ...J. and 6 positions. The second and sixth positions are 
'ortho - positions while the fourth position is the 'para - position. 

When bromine reacts with methylbcnzcne in the presence o: 
Fefsr, catalyst. the bromine atom becomes attached to the orth 
and para position. Only mono-substituted products are formed a: 
room temperature. There is an equal probability of the bromine 
atom becoming attached to the ortho and the para position thu 
producing a I: I ratio of either isomer. 

i ,_ rf r .. l · :n I l 11 t 
In the nitration of methylbenzene, the Noc- cation is generat 
in situ by mixing concentrated sulphuric and concentrated nitr 
acid. The Noc- ion is substituted on the ortho or para positi 
producing a 1: 1 ratio of each isomer at room temperature. 

mixture 

Nitrating 



·nee methylbcnzene is more reactive than benzene, a lower 
.rnperature ( 30°C) is used to prev cnt more than one nitro group 
eing substituted on the ring. At higher temperatures ( 50°C ), two 
.roups or three groups may be substituted on the ring. 

d uct i1111 ,-, r 11 i I J11l,l'll/',:lh' 
·, itrobenzene is reduced Lo phenylaminc using a mixture of tin 

111d concentrated hydrochloric acid. The mixture is heated under 
cflux for about half an hour. 

\.(). :--.H. 

Sn cone I !Cl 

I !\a OH I iberute-, pheuy luminc from 1111 complex: 

Sodium hydroxide solution is added to the product to liberate the 
phenylamine from the complexed tin ions. 

'i:acti,,n of phl·n,,1, 

Phenol is a derivative of benzene in which one of the hydrogen 
atoms of the ring system has been replaced by a hydroxyl group. 
One of the lone pair of electrons in the p orbital of the O atom of 
the OH group of phenol overlaps with the p orbital of the benzene 
ring system. 

p orbital of benzene 
/ 

The interaction between the dclocalized electrons in the benzene 
ring and the lone pair on the oxygen atom effects both the 
properties of the ring and the -OH group. The donation of the 
lone pair of the oxygen atom into the ring system increases the 
electron density around the ring. This activates the ring in phenol 
making it more reactive than benzene itself. Activation of the 
ring results in substitution reactions taking place at the 2.-l and 
6 positions. It also causes the O ~ H to dissociate more easily 
therefore making it a weak acid. 



\\ ith ,aoll 

Since phenol is slightly acidic i.e. it has weak tendencies to lose 
the H- ion from the hydroxyl group. it dissolves readily in sodium 
hydroxide solution to produce a salt and water. 

Oil 

phenol sodium phcnovide 

\\ ith an I d1l11ri<ll'" 
Phenol reacts slowly with acyl chlorides at room temperature to 
form an aromatic ester and hydrogen chloride. To get a reasonably 
faster reaction w ith the acyl chloride. the phenol is first converted 
into sodium phenoxide by dissolv ing it in sodium hydroxide 
solution. The reaction ofbenzoyl chloride with sodium phenoxide 
to form phenyl benzoate and sodium chloride is gi , en below. 

0- -0- / "" -0 6 
benzoy I 
chloride 

sodium 
phenovide 

phenyl benzoaie 
(ester) 

\\ ith uqucou-, hrumine 

Phenol will react with aqueous bromine in the cold and in the 
absence of a catalyst to form 2.--1-.6-tribromophenol and hydroger 
bromide. The aqueous bromine is decolourized and a white 
precipitate is formed which has an antiseptic smell. 

011 

6 
OH 

Br Br 

Br 
2. ~ .6-tri brorn opheno I 

n 

1 n this reaction. tri-substitution occurs without the use ofa Fried, 
Crafts catalyst since the ring is highly activated and clectroplu: 
substitution takes place with ease. This reaction can be used 
distinguish phenol from other organic compounds. 



Jdiun, 11f am1111.., 

'nnes are derivatix es of ammonia. They are classified as 
rnary, secondary and tertiary amine depending on the number 
R (alkyl or phenyl) groups attached to the nitrogen atom. 
.nylamine is a compound in which one of the hydrogen atoms 
an ammonia molecule has been replaced by a phenyl group. 

H, 

6 
ocnylamine shows different properties from aliphatic amine 
.cause the lone pair on the nitrogen atom interacts with the 
elocalized electrons in the benzene ring. This makes the benzene 

- ng in phenylamine more reactive than benzene itself. It also 
- -duces the availabi I ity of the lone pair on the nitrogen to accept 
orotons therefore making it less basic than aliphatic amines. 

uh nitruu- add 

'xitrous acid ( HNO:) is unstable and is generated using a solution 
containing sodium nitrite" ith hvdrochloric acid below I 0°C. ~ . 

NaNO:(aq) .J_ HCl(aq) _____. HNO:(aq) + NaCl(aq) 

The hydrochloric acid reacts with the sodium nitrite to form 
nitrous acid and sodium chloride. Phenylamine reacts with the 
nitrous acid to form a diazonium salt. 

I\H. 

6 <IO-C O - 
phenylaminc benzcnedrazoniurn chlondc 

The positive ion. containing the N = N- group. is known as a 
diazonium ion. Diazonium salts are stable in solution below I 0°C 
however they are unstable and explosive in the solid state. Above 
I 0°C the solution of the salt decomposes to produce phenol and 
nitrogen gas is given off 

'-' ~ ~ 

OH 

o- \\,11"111 6 



Azo compounds are used 
to dye clothing materials. 

Aliphatic primary amines also reacts with nitrous acid to form 
diazoniurn salts howex er the diazoniurn salt is very unstable 
and decomposes to produce nitrogen gas and a carbocation. 
For example, when ethyl amine reacts with sodium nitrite and 
hydrochloric acid below l 0°C the ethyl diazoniurn ion is very 
unstable and rapidly decomposes to give off nitrogen gas and an 
ethyl carbocation. The carbocation further reacts to produce a 
mixture of ethanol. ethene and other products. 

cthunol 

ethenc 

· ,·,,n10:run,i 

The benzenediazonium ion is an electrophile. It will atrack 
reactive nucleophilic sites in activated ring system such as 
phenol. The electrophile displaces the H on the benzene ring 01 

phenol in the para position forming a 1'\=N bond between the tw: 
aromatic rings. This is referred to as azo-coupling. For a faster 
reaction. phenol is dissolved in sodium hydroxide solution to gi. ~ 
a solution of sodium phcnoxide. 

0 0 0 
The product is a vivid orange colour and is used as dyes. Sue 
dyes are called azo-dyes. They are usually stable compounds an, 
have vivid colours such as red, orange. and yellow. The N=' 
group is the structural feature which is responsible for the colou 
of azo compounds. It results in absorbance in the \ isiblc rcgi. 
of the spectrum and is called a chromophore. 

The main uses of azo compounds are as dyes, food colourin, 
and chemical indicators. More than half the dyes in cornmerc 
use are azo dyes. They are used to dye textile for clothing a. 
decoration such as silk. leather. \YOO! and cotton. Some a. 
compounds are used as acid-base indicators. due to their abil 
to show different colours in acids and alkalis e.g. methyl crane 



Distinguish between the following terms: ~ ~ 

i a) Homolytic and heterolytic bond fission 
( b) Electrophile and nucleophile 
( c) Conjugative and inductive effect 

(a) Write equations for the following reactions: 

(i) combustion of octane 
(ii) cracking of decanc 
(iii) chlorination of ethane 

(b) Describe the mechanism of the chlorination of methane. 

(a) Describe the reaction of propene with the following: 

(i) Bromine in tetrachloromethane 
(ii) Hydrogen bromide 
(iii) Acidified potassium manganate (VII) 

Write equations for the reactions (a) (i l-t iii ) above. 

(b) Describe the mechanism of the reaction of propene with 
hydrogen bromide. 

Describe the reactions of propan-2-ol with the following: 

(a) Acidified potassium dichrornate 
(b) Butanoic acid 
(c) Alkaline iodine 

Describe the mechanism for the hydrolysis of a named 

(a) primary halogenoalkane 
(b) tertiary halogenoalkanc 

6. Describe the reactions of propanal with the following: 

(a) HCN 
(b) 2.-l-DNPH 
(c) Alkaline diaminesilver (I) ions 
(d) Alkaline copper (II) ions 
(e) Alkaline iodine 
(f) LiAlH .. 



----- 

7. Describe the reactions of propanoic acid with the following: 

(a) 1\aHCO, 
(b) M g 
(c) SOCL 

8. (a) Carbonyl compounds are susceptible to attack by 
nucleophiles. Using cthanal and hydrogen cyanide 
explain the mechanism by which nucleophilcs attack 
carbonyl compounds. 

(b) Other than nucleophiles. name two species that can 
initiate reactions in organic chemistry. Give an example 
of each species named. 

9. (a) Name the type of reaction that occurs when ethene 
reacts with bromine in an organic solvent. 

(b) Describe the mechanism involved in this reaction. 

10. Benzene reacts with a mixture of concentrated nitric acid 
and concentrated sulphuric acid to produce nitrobenzene. 

(a) Write an equation to show the reaction between nitric 
acid and sulphuric acid. 

(b) Describe the reaction mechanism for the nitration of 
benzene. 

(c) Nitrobenzene is reduced by tin and concentrated 
hydrochloric acid to phenylaminc. Write an equation 
for this reaction. 

11. Benzene does not react with halogens on its own. However 
in the presence of a Friedel-Crafts catalyst. halogenation 
of benzene takes place at room temperature. Describe the 
mechanism for the halogenation of benzene with bromine in 
the presence of a Friedel-Crafts catalyst. 

12. Methylbenzene commonly called toluene is a derivative 
of benzene in which one of the hydrogen atoms of the ring 
system has been replaced by a methyl group. Describe the 
reactions of methyl benzene with the following: 

(a) Bromine in the presence of a Friedel-Crafts catalyst. 
(b) A mixture of concentrated nitric acid and concentrated 

sulphuric acid. 



3. Phenol is a derivative of benzene in which one of the 
hydrogen atoms of the ring system has been replaced by a 
hydroxyl group. Describe the reactions of phenol with the 
following: 

(a) Aqueous bromine 
(b) Sodium hydroxide 
(c) Ethanoyl chloride 

1-L (a) Phenylamine and primary aliphatic amines react with 
the nitrous acid to form diazonium salts. Giving the 
conditions and relevant equations, illustrate the reaction 
of nitrous acid with 

(i) Phenylarnine 
(ii) Ethyl amine 

(b) Compare the stability of the products fanned in (i) and 
(ii) above. 

(c) Describe the reaction of the product formed in (a) (i) 
with phenol. 

( d) State the commercial significance of the reaction in ( c) 
above. 



l'idit~ 111' ph1..·1111h 

henol has the OH group attached directly to the benzene ring. 
\cidity is dependent on the stability of the phenoxide anion. In the 
ohenoxide anion the nezative charge is delocalized and becomes .... .... 
part of the ring system. It is therefore a very weak acid since the 

.Iectron on the O in the anion is unavailable to accept a proton. 
Phenol therefore readily gives up a proton in aqueous solution. 

0-0H = o-0- + H 
Phenol is not acidic enough to react with Na::CO~ to C\ oh e 
(0, . Thus reaction with Na,CO, can be used to distinguished -lei __ .. '- 

phenol from carboxylic acids. 

xubvrituvnt- on the rill!! 

~ Electron releasing groups push the electron density into 
the ring which reduces the extent of delocalization of 
the lone pair of electrons on the O atom. The electron 
density on the O atom remains and it is available to 
accept a proton. Therefore the acidity of phenol with 
electron releasing groups is reduced. E.g. a CH1 group 
on phenol. 

,-mctll\ lphcnol 

~ Electron \\ ithdrawing groups hav c the rev ersc effect 
in that they pull electrons away from the O making it 
more acidic. Therefore the H- is lost easily and acidity 
increases. E.g. Cl. >JO:: or COOi i group on phenol. 

6 
i'-d, h 1rf•rhcn, ,I 



ACIDIC CHARACTER OF ALCOHOLS, PHENOLS 
AND CARBOXYLIC ACIDS 

Alcohols are Yery weak acids with very large pK, values. This 
originates from the fact that the oxygen atom of the O - H group 
pulls electron density away from the H atom. Charge dispersions 
therefore exist in the molecule as shown below. 

R -··-o -0 H 

This loss of electrons allows H to become labile and the ionization 
can occur. 

The shorter half arrow means it ionizes to a small extent. 
The pK of ethanol is 15.9 compared to water which is I 5.73 . 

.I 

The higher the pK., value, the weaker is the acidic strength. 
Generally if the anion formed is stable then the compound tends 
to be acidic. If the anion is unstable then the alcohol is poorly 
acidic. Consider a primary alcohol versus a tertiary alcohol for 
example, ethanol versus 2-methylpropan-2-ol. Alkyl groups 
are electron donating and tend to push the electron density onto 
the «-C atom i.e the first carbon that attaches to the functional 
group. This in turn supplies electrons to the O atom. The polarity 
O·'- - H" in alcohols is therefore lowered. The alcohols are less 
ready to lose a proton. 

CH -"CH -o· -H" ~ ~ 

CH. t . 
and CH1" c- o~ - H'+ 

i 
CH, 

The oxygen atom has a great tendency to be protonated or rather 
to stay protonated. Thus alcohols are poor acids. Generally as the 
number of alkyl groups increase the acid strength decreases. 



.\cidi1, of 1·arho,, lie acid, 

The acid strength depends on equilibrium. 

Acidity depends on the readiness with w hich the 0- H bond splits 
and the recombination of the anion with H10-. The movement of 
electrons in the carboxylic acid molecule is shown in the diagram 
below. 

The H- is lost easily and the negative charge is delocalizcd in the 
available p orbitals of the carbon and ox_ygen atoms. The diagrarr 
below illustrates the structure of the carboxylatc ion. 

The carboxylate anion is therefore stable as the negative charg, 
is equally shared by both the oxygen atoms. It is therefore a wca 
acid since the electron on the O in the anion is unavailable 1 

accept a proton. A carboxylic acid is protonated less easily tha: 
the phcnoxide ion of phenol and the alkoxide ion of an alcohol 

Chlorine is a highly clectronegatix e element and tends to pt 
electron density towards itself It pulls the delocalized clectr 
density of the COO towards itself which enables the charge clou 
to be spread throughout the anion more than in ethanoic acid. Tl 
further loss of electron density from the oxygen atom carrying t 
negative charge decreases its ability to accept a proton. As su. 
chloro substituted ethanoic acids tend to give up hydrogen ( H 
easily and are therefore stronger acids. Tri-substituted acids . 
stronger than di-substituted acids which are stronger than m 
substituted acids as demonstrated by the pK \ alues show n 
table 20.1. 

Table 20.1 
pK \ alues of 
acids 



BASIC CHARACTER OF ALIPHATIC AMINES, 
AROMATIC AMINES AND AMIDES 

h.,!ii.· amin 

=ase is defined as a proton acceptor. Amines are bases because 
-.:, all contain a nitrogen atom containing a lone pair of electrons. 
rs Ione pair can easily form a dative bond with an H- ion in 
lution. 

I amines do not have the same basic strength. The strength 
:pends on the availability of the lone pair of electrons on the 
.trogen atom to accept a proton. The more available these are 
1e greater the basic strength. If we compare the basic strength 
f ammonia and methyl amine. a good indication is its Ki,\ alue. 

Generally the larger the Ki, value or the smaller the pK0 value the 
-tronger is the basic strength. 

\ 1ethyl amine 
Ammonia 

pKh = 3.3-l 
pKi, = -l.74 

Hence methyl amine is a stronger base. Methyl amine contains 
an electron donating group which pushes electron density onto 
the nitrogen atom. This intensifies the negativity on the nitrogen 
atom making the lone pair of electrons more available to accept 
a proton. 

\r,,maik :1111in(', 

Phenylamine has a K0 value of -l.2 x 10 10 mol drn :;_ This implies 
that the lone pair of electrons on the nitrogen is not as available to 
act as a base as in methyl amine and ammonia. In phcnylamine. 
the p orbitals of nitrogen carrying the lone pair of electrons 
are in close proximity to the p orbitals in the ring system. This 
allows overlap of the p orbitals to occur and the electons becomes 
delocalized in the ring system. 



/Q-_1 
-~ I 

This delocalization means that the lone pair becomes part of the 
electron cloud of the ring system and is unav ailable to accept a 
proton. Hence it is a much weaker base than methyl amine. 

Amides hav c the general formula 

II 

In an amide. a pi bond is made by sideways overlap between 
p orbitals on the carbon and the oxygen. The lone pair on the 
nitrogen atom is almost parallel to these p orbitals. and overlaps 
with them as they form the pi bond. This is shown in Fig. 20.1 
below. 

The ::'.p electrons ,n erlap 
to form a I" bond 

~~ 

H 

/ 
The lone pair ofnitrogen ov crlaps 
11 ith the p electrons ofthe pi bond 
and bt:c,1111..:, dclocahzed. 

Fig. 20.1 Orbitals in amides 

The lone pair of electrons of N is therefore unav ailable to accer 
a proton as they are used in the delocalized electron clou 
generating greater stability. Amides show little or no tendency 
accept a proton and hence are \ ery weak bases. almost neutral 



ACID-BASE PROPERTY OF AMINO ACIDS 

mino acids have the general formula as shown below. 

I II 
- - 

I 

"he molecule has two functional groups attached to the a-carbon 
e. the first carbon that attaches to the functional group. This 
-carbon is chiral except when R is the H atom as in the glycine 

·1olecule. 

r is the variation in the R group that accounts for the twenty 
.rnino acids known. Scientists have discovered that amino acids 
can be recrystallized from aqueous solutions and these crystals 
·ad abnormally high melting points e.g. glycine (aminoethanoic 
acid) has a melting point of 234°C. This led scientist to believ e 
.hat some form of ionic characteristics was present which was 
responsible for these large values even though it was a covalently 
bonded molecule. It was discovered that amino acids existed as 
Jipolar ions in aqueous solution called zwitterions. This dipolar 
neutral ion resulted from the deprotonation of the COOH group 
and the simultaneous protonation of the NH2 group. 

I I II 
- -,- 

' /II iucrion 
The negative terminal of one amino acid is attracted the 
positive terminal of another amino acid generating electrostatic 
attractions. These attractions account for the high melting point 
of the crystalline amino acids. 

Zwittcrions can act as buffers in biological systems. They 
exhibit both the ability to donate protons and accept protons and 
are therefore amphoteric. If a bit of H is added to an aqueous 
solution of amino acid. the pH will be unaffected. The zwitterion 
quickly accepts the H- protonating the COO - group as shown in 
the following equation. 



H,N- CH, COO - + H- - H.N CH,COOH _, - ,. - 

H is removed thereby maintaining pH. 

If a bit of OH- ions are added. the NH3 group quickly gives up 
an H- forming water ensuring the removal of the added OH as 
shown in the equation below. 

_. H},JCH,COO + H,O 

The OH- is removed thereby maintaining the pH of the solution 
Other amino acids behave similarly. 



(a) Explain the acidic nature of the 0- H bond in propanoic 
acid. 

(b) Place the following molecules in order of increasing 
acidic strength. Explain your answer. 

C ,H .OH CH,CICOOH 
' - . - 

C H_OH C,H.COOH CH,COOH 
h :- - "'\ "~ 

The pK values of ethanoic acid and chloroethanoic acid are 
,I 

4.76 and 2.86 respectively. 

(a) State the meaning of the term pKJ and explain the 
significance of its value. 

(b) Account for the difference in pKJ values of ethanoic 
acid and chloroethanoic acid based on the structure of 
the molecules. 

3. (a) With the aid of an equation explain the basic nature of 
ethyl amine. 

(b) The pKh values of phenylamine and ethyl amine are 
9.38 and 3.33 respectively. 

(i) \Vhat information does the pK1, value gives about 
the strength of a base'? 

(ii) Account for the difference in these pKi, values of 
phenylamine and ethyl amine. 

(b) Ethanamide and ethyl amine are aliphatic nitrogen 
compounds. Ethanamide is almost neutral and has a pK ,, 
value of 15. Explain this difference in basic property 
between ethanamide and ethyl amine. 

4. Amino acids can be recrystallized from aqueous solutions. 
These crystals have high melting points. 

(a) Give the displayed formula of alanine 
(CH,CHNH,COOH ). 

·' - 
(b) Explain why alanine has a high melting point and is 

soluble in water. 



Polvmerization 

In organic chemistry small molecules can J0111 repeatedly to 
one another building up into a very large molecule called a 
polymer. These small molecules are rather reactive molecules 
called monomers. The tw o main main types of polymerization 
processes arc given below. 

Addition polymerization 
~ Condensation polymerization 

Polymers can exist naturally or they may be synthetic ( man. 
made). Natural polymers are those that exist in nature and include 
addition polymers such as rubber and condensation polymer 
such as proteins and carbohydrates. Synthetic polymers are quit. 
common and also include addition polymers such as polyethene 
poly vinyl chloride, and polytetrafluroethene. There are als 
condensation polymers. which are synthetic in origin such a 
nylon 6.6 and terylene. This can be summarized in Fig. 21. 
below, 

/ 
/ 
\ I 

Fig. 21 . I Types of polymers. 

ADDITION POLYMERIZATION 

Addition polymerization inv oh cs the linking together 
monomers with double or triple bonds. These unsatur. 
monomers hax e bonds w hich are able to break and link up with o: 
monomers to fonn a repeating chain. Addition polymeriza: 



nvolved in the manufacture of polymers such as polyethene. 
y vinyl chloride (PVC) and polytetrafluoroethcne (PTFE). 

h l't hcne 

the polymerization of ethene. many molecules of the monomer 
d together to form a polymer. 

nCH = CH - (- CH - CH -) ~ 2( s I 2 2 n l, l 

're pi bond is broken to fo1111 a free radical. Free radicals are 
ry reactive molecules which have unpaired electrons. The free 
dical mechanism can be divided in to three stages.These are the 
nation. the propagation and the termination stages. 

'he initiation stage is the formation of free radicals. The 
dicals can be formed from decomposition of organic peroxide 
ilecules. 

RO - OR - 2RO• 

he free radical adds to an ethene monomer. It uses one electron 
~om the pi bond to fonn a more stable bond ,, ith one carbon 
10111 while the other electron forms a free radical on the other 
arbon atom. 

RO• + CH, = CH, - ROCH, - CH,• 
- - - - 

· he propagation stage is the rapid reaction of this free radical 
molecule with another ethene monomer to form longer chain free 
-adical. 

ROCH, -CH,•+ CH,= CH, - ROCH, -CH, -CH, - CH,• - - . - - - - - 
"his free radical goes on to take part in another propagation 
reaction causing a chain reaction. 

The termination stage occurs when two radicals react with each 
other. 

RO(CHJ • + RO• - RO(CHJ RO 
- 11 - 11 

.\ less common termination stage is disproportionation where two 
radicals meet and exchange a proton which gives two terminated 
chains. One chain is saturated and the other has a terminal double 
bond. 

RO(CHJ •, RO(CHJ ·- RO(CHJ H + RO(CHJ CH= CH, - 11 _ ll _ 11 _ Ill _ 



It should be noted that the monomer here is ethene and the polymer 
is named by placing the prefix 'poly' before the monomer gi\ ing 
the name polyethenc. Polyethene may be of two types. low density 
or high density. 

~ Low density polvethene is produced at 200°C and a 
pressure of 15 atrn with a trace of oxygen as a catalyst. 
It consists of branched molecules which does not pack 
tightly and gives a density of 0.91-0.9-1- g cm'. It melts 
at about l 05°C. It is durable. weather resistant and 
withstands attack by water. acids and alkali. It is used 
to make plastic bags. wraps for food and clothing items 
and electrical insulation. 

~ High-density polyethene makes use of a catalyst at 
60°C and 1 atmosphere pressure. It consists of less 
branched molecules and is packed closely together to 
give a higher density (0.95-0.97 g crrr-'). It melts at 
I 35°C and has higher tensile strength. High-density 
polyethene is used to make tanks. crates. bottles and 
bowls. 

Poh , in~ I chloride 1 P\ C 

Polychloroethene also called poly vinyl chloride (PVC) is one of 
the most widely used polymers in the world. PVC is produced bv 
polymerization of the monomer chloroethene or vinyl chloride a 
shown in the equation below. 

nCH, = CHCl - (- CH. - CHCI -) 
- n 

The chlorine atoms in PVC prevent it from burning readil·. 
resulting in fire resistant properties. PVC is also more rigid than 
polyethene as the chlorine atoms increase attraction betwee 
chains. However it can be made softer and more flexible by add in, 
varying amounts of plasticizers ( substances added to plastics t 
make them soft or pliable). This gives rise to a wide variety o 
uses for PVC. It is used in many aspects of construction. medico 
and household applications due to its durability. flexibilit 
sterilizabiliry, cost effectiveness and flame resistant propertie 
Examples of uses include pipes. window frames. electric, 
conduits. floor coverings. blood bags, examination gloves 
dialysis equipment and mouthpieces. 

p,-,h ktraHuurudhl'lh' 11' I I· L, 

Polytetrafluoroethene ( PTFE) is synthesized by the polyrnerizatic 
of tetrafluoroethcne using high pressure. 



nCF. = CF. ----. (- CF. - CF.-) 
- - - 11 

can also be produced by the direct substitution of hydrogen 
toms on polyethene with fluorine, using polyethene and fluorine 

_JS at 20°C. 

nCH. = CH. 
-1!;1 

F, 
~<J;c (-CF. -CF.-) 
- - - ti i,. 

TFE is a chemically inert plastic known by the trade names Teflon 
nd Fluon. It is a stable heat-resistant material that exhibits anti 
tick properties. It is used as heat-shields on spacecraft. as a non- 
.tick coating on cooking utensils and as a lubricant. While PTFE 

.sclf is chemically inert and non-toxic, it begins to decompose 
.bove 300°C. 

pell unit 

"he atoms that make up the backbone of a polymer chain haw a 
-egular order and this order repeats itself along the length of the 
nolymer chain. The simplest structure or unit which is repeated in 
the polymer is called the repeat unit. It is put inside brackets. and 
the subscript n stands forthe number ofrepeat units in the polymer 
.hain. For example, part of the polymer chain in polyethene is 

- CH, - CH. - CH, - CH. - CH. - CH. - - - - - - - 
The chain is made up of a repeating - CH2 group. Thus the repeat 
unit for polyethene is (- CH

2 
-). 

For polychloroethene. part of the polymer chain is 

- CH. - CHCl - CH. - CHCI - CH. - CHCI - 
- - - 

The chain is made up of a repeating- CH2 - CHCI group. Thus the 
repeat unit for polychloroethene is (- CH2 - CHCI -). Similarly 
the repeat unit of polytetrafluoroethene is (- CF 2 -). 

CONDENSATION POLYMERIZATION 
In condensation polymerization. a condensation reaction occurs 
in which monomers are joined together with the loss of small 
molecules such as water or hydrogen chloride. The product of 
condensation polymerization is dependent on the number of 
functional end groups of the monomer. Monomers with only 
one functional group end a growing chain. Those with two 
functional groups form linear polymers while those with more 
than two functional groups form three dimensional polymers 
with crosslinkages. 



--- 

Condensation polymers are usually classified based on the linkage 
present in the polymer. For example. if ester linkages are present 
in the polymer, it is called polyester. Similarly. if amide linkages 
are present it is called polyamide. Unlike addition polymers. 
condensation polymers are bio-degradable. The amide or ester 
bonds between monomers can be hydrolysed by dilute acid or 
bacterial enzymes breaking up the polymer chain. 

·,h 

Polyester is produced in condensation reactions between diacids 
and dialcohols. They form ester linkages between monomers. 
Terylene is an example of a polyester. Also known by its trade 
name Dacron. it is made by polymerizing ethane- I. :2-diol ( ethylene 
glycol) and benzene- I. -l-dicarboxylic acid (terephthalic acid). 

11011 
ethanc-l ~-d111I I benzene- I. -l-dicarbovy lie acid 

-11.0 + 

II II 
ester 0 
link 

repeat unit oftcry Jene 

Polvester is used to make clothing such as shirts, running shorts. • c.. c.. 

track pants and windbreakers. It can also be made into curtains 
and draperies. 



,h.~mj,:. 

Polyamides can be manufactured from monomers such as di 
.rnines and di-carboxylic acid or di-acyl chlorides. A monomer 
,, ith one amine and one carboxylic acid group on the same 
molecule can also be used. The carboxylic acids and amines link 
to fo1111 peptide bonds. also known as amide bonds. 

vylon 6.6 is a polyamide made from 1.6-diarninohexane and 
hexane-Lo-dioic acid. The units are joined to make the amide 
bonds as shown below. 

II II 
l.o-diarninohexane 1 

-H.O 

hexane-Lri-dioic acid 

II 
repeat unit oi" n~ Ion 6.6 

amide 
hnh. 

In the laboratory, nylon 6.6 can be produced quite easily using 
acyl chloride functional groups instead of the acid groups. Acyl 
chlorides are much more reactive hence hexanedioyl chloride can 
be used instead of hexane-Lo-dioic acid. 

_1_0_11_ II 

II 

i \___ HCI is lost m a condensation reaction 

The Amide Linkage 

The polymer is called nylon 6.6 because each repeat unit of the 
polymer chain has two stretches of six carbon atoms. 

Nylon is very similar to the polyamides in silk and was an early 
substitute for silk. It is stronger, more durable and cheaper to 
produce than the natural fibres. Nylon is used to make a wide 
range of products such as nylon ropes, clothing. tufted carpets. 
parachutes and combat uniforms. 



NATURAL POLYMERS 

Proteins are naturally occurring polyamides formed from the 
condensation of amino acids. Amino acids are difunctional 
molecules possessing a carboxylic acid group and an amine 
group attached to an alpha carbon atom. It is the acid group of 
one amino acid that condenses with the amine group of a second 
amino acid which results in the formation of an amide linkage. 

When two amino acids are linked a dipeptide is formed. When 
many amino acids are linked a polypeptide is formed which further 
folds up into complex networks called the primary. secondary. 
tertiary and quaternary structures of protein molecules. In this 
example two different but simple amino acids are used namely 
glycine and alanine. 

II 

glycine alanine 

j 
II 

i 
H must he lost j i :\~IIDE 

0 H m ust he k"t 

II II 

.\ \IIOE 

The primary protein structure is defined as the specific sequenc , 
of amino acids in the protein. The dipeptide consisting of rn 
different amino acids. glycine and alanine could have two differer 



.. uences i.e. gly - ala or ala - gly. In gly-ala, the glycine has the 
me terminal end and alanine has the carboxylic acid terminal 
d. Different sequencing gives rise to different properties in 
reins. Each protein has a different sequence of amino acids. 

~ correct sequence being guided by the genetics of DNA and 
,A . 

arbohydrates are naturally occurring hydrated carbon 
mpounds with the formula CJH~0)

1
• Carbohydrates include 

nosaccharides such as glucose and fructose. disaccharides 
.ich as maltose and sucrose and polysaccharides such as starch 
,d cellulose. Glucose is a monomer unit that can undergo 

_ ndensation reactions to form disaccharides and polysaccharides. 
Disaccharides and polysaccharides contain the ether linkage 

_ - 0 -C) which is also called the glycosidic linkage. 

"he structure of glucose is shown below. It contains five hydroxyl 
;roups in addition to an aldehydes functional group. There are 
- rur chiral carbon atoms present in the open chain structure of 
.lucose. 

'\"ormally glucose exists in a ring structure as a result of 
mtramolecular cyclization reactions. The ring structure results in 
another carbon atom becoming chiral i.e. the number I carbon 
atom has four different groups attached to it. This carbon atom 
is called an anomeric carbon and allows glucose to exist in two 
different forms. If the hydrogen on carbon atom I is above the 
plane of the ring. the alpha form of glucose exists. If the hydrogen 
is below the plane of the ring. the beta form of glucose exists. 

"CH.OH 

H 1--0 H 

I
,'./ H "'I 

-l "'OH t-v I 
HO 1-1 OH 

H OH 



The glucose molecule can undergo condensation reactions with 
other glucose molecules to form di-, tri- and polysaccharides. 
Polymers formed from glucose include starch and cellulose. 

Divacchuridev 

When a glycosidic bond is formed by the elimination of the 
H from the hydroxyl group on the number I carbon atom of a 
glucose molecule and the hydroxyl group on the number -l carbon 
atom of another glucose molecule. an a-1.-+ glycosidic linkage is 
formed. 

· CHOH °CI I.OH 

1-1 1---o 11 H 1---n H 

I/ H "'I I/ H "'I -I "'" OH H / I -I "'" OH HI"" I 
HO "1-( OH HO "1-1 OH 

H OH H OH 

u-glucose -· H,O ct-glucose 

'CH,OH H l H 'CH_OH 

H l-o~~l-o 1-1 -11(~11 H I -I ~II H)lt 
HO "1-1 0 1-( OH 

H OH H OH 
a-1.-1 gl~ co-idic bond 

A disaccharide is formed when two glucose molecules join 
together. Above shows how the disaccharide maltose is formed 
from two glucose molecules. 

Trl-vacchurldcv 

Tri-saccharides are formed when three monosaccharides join 
together. In this condensation reaction. two molecules of water 
are eliminated. 

'CH OH 

H 1-o H 

I/ H "'I 
-I "' OI I Ill"" l 
HO 1-11 OH 

H OH i 
1-10 .1. 

CH.OH 

~,-11-0"-HI I -11, OH H / "1-11~ OH 
110 j OH 

-H.O 

H 

'CH.Oil 

H l--<> H 

I/ H "'I -I"'" OH H / l 

HO "1-( OH 
H UH 



ri-saccharidcs can undergo further condensation reactions with 
nany glucose molecules to form polysaccharides . 

arch 

Starch is the major carbohydrate reserve in plant. It consists of 
\ o types of polymers, amylase and amylopcctin (pectin). Both 
.onsist of glucose molecules which arc linked by a-1 A glycosidic 
bonds. Amylose consists of thousands of glucose units mainly 
1f unbranched chains with u.-1 A glycosidic bonds. The diagram 
below shows part of an amylose polymer. 

Amylopectin consists of glucose molecules which are linked by 
u.-1 A glycosidic bonds however about one in every twenty glucose 
unit is linked by an a-1.6 glycosidic bond forming branch-points. 
The diagram below shows part of an arnylopectin polymer. 

<.H .OH 

H 1---0 H 

I/ 1-1 "'I -+ "-. 01-1 1-1 ./ I 
HO ~1-( Oil 

1-1 01-1 

'lROH 

1-1 1---0 H 

I/ H "'I, -I "-. 01-1 H ./ 

HO ~1-( OH 
H 01-1 

-H,0 

- II 0 

/ 
OH 

I 
H-'C-11 

H l-o H 

I/ H "'I -+ "-. OH H ./ I 
HO ~1-( OH 

H OH 

a-1.-+ glycosidic bond 



Cell u love 

Cellulose is another polymer of glucose but it is formed from ~ 
glucose. It is a structural polysaccharide which gives rigidity and 
strength to plant cell walls. Cellulose is a highly complex polymer 
which is indigestible by humans because the enzyme cellulase 
which is responsible for the breakdown of cellulose is absent 
from our bodies but is present in animals such as rabbits. cows 
and other rumninant animals. Cellulose fo1111s microfibrils which 
form macrofi brils which have tremendous tensile strength. 

"CHOH 

~ 1-· -o"" ol 41"" ~H H/ 1 
HO 1-1 H 

II OH 

jJ-gluco,e 

"CH.OH 

H 1---0 OH 

~

/ H ""I 4 
""OH H/ 

1 
_[-I 1-1 H 

H OH 

/J-glucose 

It is extremely important to note the manner in which the glycosidic 
linkage is represented. There are alternative ways of represent in~ 
this glycosidic linkage. one of which is shown below. Note the 
orientation of the sugars in the molecule and its representation. 

"CH.OH HI 01-1 

H 1-o -((-I'" OH / 11-1 "- O OH 1-1 <, I 41""' OH ,v-1 - 1-" -0/1 
HO I~ H H 1-1 

H UH CH.OH 



I. Differentiate between addition and condensation 
polymerization. 

Polyester can be formed from the reaction of a dialcohol 
( HO-X - OH) and a diacid ( HOOC - Y - COOH ). Illustrate 
the formation of two repeat units of polyester using the di acid 
and dialcohol monomers. 

Using three monomer units of CH2 = CHCN, show part of 
the structure of the polymer formed from this monomer. 

Glucose is the monomer unit for the naturally occurring 
polymers amylose and cellulose. Show how part of the 
structure of each polymer is formed from a glucose 
monomer. 

Suggest with a reason the type of polymerization you would 
expect to occur in the following monomers: 

(i ) CH,= CHC H_ 
- h '.:' 

H OH 
I I 

(ii) H-N-CH,-C=O 

OH 
I 

(iii) O=C-C=C-H 
I I 
H H 



6. (a) Name the type of polymerization involved in the 
formation of polychlorocthene. 

(b) Describe the mechanism for this type of polymerization. 
(c) Name a synthetic polyamide and draw the repeat unit of 

the polymer named. 
(d) The repeat unit of polymer Xis given below. 

r 
H 0 

II 
-,-c-c- 

H CH 

(i) Name the type of polymerization involved in the 
formation of polymer X. 

(ii) Draw the displayed formula of the monomer used 
in the formation of polymer X. 
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Any measurement. no matter how precise or accurate. has some 
amount of eITor. This is because the true value of a quantity 
cannot be measured with infinite precision as there arc always 
variations in measurements that come about from errors such as 
visual judgement. faulty calibration of instruments or voltage 
fluctuations. These errors are small and uncontrollable but do cause 
variations in measurements. The difference between a measured 
quantity and what is considered to be the true value is known as 
the uncertainty ( U) in the measurement. The uncertainty is an 
estimate of the error in the measurement. Generally. uncertainty is 
stated at a confidence level. For example. a 95 percent confidence 
level means that the difference between the measured quautity 
and the true , alue is expected to be within a specified range. ±L 
95 out of I 00 times. 

tngh acc urac: 
high precision 

ACCURACY AND PRECISION 

Two concepts that deal \\ ith measurements arc accuracy ana 
precision. The accuracy of the measurement refers to how clos, 
the measured value is to the true or accepted value. Preclsloi 
refers to the agreement betw een two or more measurements tha 
have been carried out exactly the same way. 

A dartboard analogy is often used to illustrate the difference 
between accuracy and precision. Imagine yourself throwing dart 
trying to hit the middle circle of the board. The closer the dart h» 
to the middle. the more accurate throws are. However if you nu - 
the middle circle with every throw. but all of your darts land clo-, 
together. your throws can still be very precise. 

/011 accuracv 
high />l"t!CI\/OJ/ 

/011 uccurucv 
/011 tuvc 1\/011 

Fig. 22.1 It must also be noted that precision has nothing to do with the tr 
or accepted value of a measurement. Precision is determined \\ 
replicate measurements. Replicate measurements are obtarr . 
when a number of samples arc analyzed in exactly the sa: 
\\·ay. Therefore. it is quite possible to be very precise and rota 
inaccurate. 



. curacy can be expressed in terms of either absolute or relative 
1r. The absolute error (E) is found bv subtracting the true or . ~ 
.epted value (x) from the measured value (x ). 

t m 

E =x -x nr , 

e \ alue of the absolute error may be positive or negative. The 
arive error (E,J is a measurement of the absolute error relative 
the true or accepted value. 

= (x - :r) :r r m , 1 

. ative error may be expressed in percent. parts per thousand 
· parts per million depending on its magnitude. Errors affecting 
oerimental analysis are of two types. These are random or 
cterrninate errors and systemic or determinate errors. 

RANDOM ERRORS 

.. ndom errors are the existing fluctuations of any measuring 
paratus usually resulting from the experimenter's inability 
rake the same measurement in exactly the same way to get 

e exact value. Even the process itself may introduce variables 
at cause measurements to fluctuate. For example, to calibrate 
lurnetric glassware, the mass and temperature of a liquid of 
)\\ n density contained in the glassware is measured. There 

. many sources of random errors associated in the calibration. 
ese are small and uncontrollable variables such as 

~ visual judgment with respect to reading the marking on 
the glassware and the thermometer 

~ temperature fluctuations which affect the volume of the 
glassware, the v iscosity of the liquid and the performance 
of the balance 

~ drafts that cause \ ariation in the balance readings 

;.. ach error can cause a measurement to be high or low by a 
-xed amount. ±U. Each error is too small to be eliminated but 
1e accumulated effect of individual errors can cause replicate 
ieasurements ( repeating the experiment in the same way) to 

~uctuate randomly. These small errors can occur in the same 
Jrrection to produce a large positive or negative net error or they 
.an occur in opposite direction to cancel out each other. Thus the 
.:\ erage of several measurements is more reliable than any single 
measurement. The distribution ofrepl icate measurements generally 
approaches that of a bell-shaped curve as shown in fig. Y) ') 



It shows the symmetric distribution of measurements around a 
central value of a set of measurements. The mean or average is 
widelv used as the central value for a set of measurements. 

Fig. 22.2 '4 
Random errors affect the precision of a measurement. Precision is 
usually measured in terms of the deviation of a set of results from 
the mean value of the set. This is measured using the standard 
deviation (s). 

mean 
n o 

dev iation from the mean 

Fig. 22.2 

The mean is calculated by dividing the sum of the replicate 
measurements by the number of measurements in the set. This is 
represented as 

Ix 
.r=-- 

where x is the individual values of x making up the set of 1\ 
I ~ 

replicate measurements and Ix is the sum of all the values ofv 
for the replicates. 

Example I 

Table 22.1 

I , 

Calculate the mean titre value from the data in Table 1. 

Mean = X 20.10 + 20.05 + 19.80 + 20.25 + 19.95 
5 

= 20.03 cm' 

",iarular d rk, i:11io11 

The standard deviation ( s) is a measure of the variation of a 
of measurement about its mean value. It is typically called t 
uncertainty in a measurement. It tells how values bunch toget 
from the mean in a set of data. When thc v alues arc tightly bunch 
together and the bell-shaped curve is steep. the standard deviat 
is small and the uncertainity in measurement is small. When · 



- 
~s are spread apart and the bell curve is relatively flat the 
dard deviation is relatively large and so to the uncertainiry in 

... surement. 

: standard deviation is calculated from the formula 

" - ,, N-1 
~~ (x, -x f 

ample 1 

iculate the standard deviation for the data shown in table 22.2 

Table 22.2 

SYSTEMIC ERRORS 

. .\ systemic en-or is a consistent difference between a measurement 
and its true value that is not due to random chance. It affects all 
the data in a set in the same way each time a measurement is 
made. There are three sources of systemic errors. These are 

~ Instrument errors - these are caused by errors such 
as faulty calibrations. instruments being used under 
different conditions from which they were calibrated or 
unstable power supply. These errors can be eliminated 
by calibration or checking the instrument against a 
standard. 

~ Method errors - these arise from behax iour of reagents 
and reaction such as incompleteness of reaction or 
occurrence of side reactions which interfere with the 
measuring process. These errors are difficult to detect 
and correct. 

~ Personal errors - these result from personal judgment 



such as the colour of a solution at the end point in a 
titration or estimating measurements between two scale 
markings. These errors can be minimized by care and 
self discipline. 

These errors affect the accuracy of a measurement. When the 
magnitude of the error is independent of the size of the sample 
being measured. the error is referred to as a constant error. This 
means that whether a small or large sample is used for analysis, the 
magnitude of the error is the same. Constant errors are minimized 
by using a large as possible sample. When errors vary with the 
size of the sample. they are referred to as proportional errors 
This means that the magnitude of the error increases or decrease 
as the size of the sample increases or decreases. 

CALIBRATION CURVE 

A calibration curve establishes the relationship between the 
input and output of a measuring dev ice. It is generally used t 
determining the concentration ofa substance in an unknown sample 
by comparing the unknown to a set of standard samples of know 
concentration. The standard samples of known concentratio 
would be the input while the response of the measuring dev 1 •. 

such as absorbance would be the output. The measured outp 
(y) can be plotted as a function of the input known values 
to dewlap a calibration curve for the measuring instrument. F 
example. table 22.3 shows the absorbances for a set of kno 
concentration of iron. 

Table 22.3 

[Fe] .ppm Absorbance 
0.0 0.0 
2.0 0.15 
-l.O 0.31 
6.0 O.-l5 
8.0 0.59 
10.0 0.75 

Sample X 0.52 

A plot ofabsorbance versus concentration approximates a stra = 
line. 
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xotice not all the points are exactly on the line because of 
uncertainties in the measuring process. Thus the best straight line 
rs drawn through the points. The calibration curve can be used to 
determine the concentration of an unknown iron sample X based 
n its absorbance. The unknown concentration of X would be 

the input while the absorbance value would be the output. If the 
absorbance value is 0.52 then the concentration of the unknown 
sample can be found by interpolation of the graph as shown in 
Fig. 22.4 
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Sensitiv ity is the ability of a method to discriminate between 
small differences in measurements. In analytical measurements, 
sensitivity is often referred to as calibration sensitivity which is 
the change in the response signal per unit change in the analyte 
concentration. This means that the calibration sensitivity is the 
change in the output per unit change in the input of a measuring 
device which is the slope of the calibration curve. Therefore for 
the straight line, y = mx + c. the sensitiv ity ism. A method which 
produces a steeper calibration curve indicates that it is more 
sensitive. 



Bl.111k 

A blank is an analysis of a sample without the analyte. that is. a 
sample that goes through the procedure with everything except 
the species that is being investigated. The analysis of blanks is 
\ ery important to 

~ zero instruments. in many analyses sample results are 
calculated by subtracting blank readings from sample 
readings. 

~ monitor quality control of reagents and check for 
contaminants. 

~ estimate detection limits. 

Generally blank analyses are not zero because of interferences 
(see below). However for convenience, some analysts use it to 
adjust the instrument to zero. This is equivalent to subtracting the 
blank value from the values of the standards before plotting the 
calibration curve. Usually a minimum of ten blanks is analyzed 
and the mean and standard deviation of the blanks are used t 
assess interference and to determine the detection limit. 

D{·h"l'li1111 limit 

The detection limit identifies the lowest concentration 01 

an analyte that can be detected at a known confidence le, e 
Detection limit is usually expressed in the concentration un 
parts per million (ppm). Analysts use the term detection limit t 
express sensitiv ity. For example. a technique that has detectio 
limit of 0.0 I ppm is 100 times more sensitive than a techniqu. 
with a detection limit of 1.0 ppm. Detection limit is related t 
sensitivity by the expression 

DL = 111 

Where 5i, is the standard de, iation of the blank.mis the calibrati 
sensitivity and k is a factor chosen to be 2 or 3 depending on th. 
confidencele\el. 

[ nt c·rkn·rH'l'' 

Interferences are caused by substances that prevent the dire, 
measurement of an analyte. For example. electrical measurement 
are made in areas where there are electric and magnetic field, 
These fields usually produce noise which gives a backgrou 
signal that interferes with the electrical signal in measuremcrr 
Noise I imits the sensitivity of the instrument. Blanks arc used 
check the instrument performance and the assessment of noise 



~ tcrmincd from the standard deviation of a set of blanks. 

""Cctral interferences are encountered in atomic absorption 
oectrcscopy This occurs when particulate matter from the 
omization process scatters incident radiation or when the 
"'sorption of interfering species is close enough to the analyte 
avelength that overlapping of spectral lines occur. 

rterferences may also be caused by contaminants in solvents, 
eagents or glassware. The use of high purity reagents and 
.olvents and scrupulous cleaning of equipment is necessary to 
'-dp minimize interferences. 



1. Distinguish betw een the following: ~ ~ 

(a) Random error and svstemic error 
( b) Accuracy and precision 
(c) Absolute error and relative error 

2. A technician analyzes samples of a compound XO for the 
mass constituent X. The mass of X present in each sample 
is given below. 

(a) Calculate the mean and standard deviation of the valu ... 
obtained. 

(b) What does the standard deviation value indicate aboi .. 
the measurements': 

3. An analyst investigating the concentration of iron 
four samples of soil A. 8, C and D by atomic absorpti 
prepares five standard solutions which give the follow ir, 
absorbances. 



(a) Plot the calibration curve of absorbance on the y-axis 
against iron concentration on the x-axis. 

(b) Given that the absorbances of samples A, B, C and D 
are 0.50, 0.65, 0.180 and 0.80 respectively, determine 
the iron concentration in each of the four samples of 
soil. 

( c) Calculate the mean and standard deviation for the four 
samples of soil with respect to the iron concentration. 



Spectroscopy is based on the interaction of electromagnetic 
radiation with matter. When electromagnetic radiation interacts 
with matter. it can be absorbed. emitted. reflected or scattered 
from the solid. liquid. or gas. This technique utilizes the fact that 
atoms and molecules have discrete energy le, els (their energ~ 
levels are quantised l and transitions can only occur between 
them when an atom or a molecule absorbs or emits a quantum of 
energy that is exactly equal to the difference between two energy 
le, els. Spectroscopy also extends to include techniques which do 
not involve electromagnetic radiation such as mass. acoustic. and 
electron spectroscopy. 

ELECTROMAGNETIC RADIATION 

I \ 
Electromagnetic radiation can be , iewed as a stream of photons 
which are particles with no mass travelling in a wave-like pattern 
at high velocities. The number of wax es produced in one second is 
called the frequency and is measured in hertz ( Hz). The distance 
between one wave peak and the next is called a wavelength and 
is measured in metres (rn). Wavelengths can be very small e.g. 
I 0-1: m or as large as many kilometres. 

Fig. 23.1 

peak 

trough 

Fig. 23.1 

Electromagnetic radiation is measured as a function of frequency 
and wavelength. All electromagnetic radiation travels at the 
speed of light in a vacuum ( empty space). Thus the frequency 
and wavelength of electromagnetic radiation is related by 

c = ,.;. . equation ( 1) 

where c is the speed of electromagnetic radiation in a vacuum 
which is the speed of light ( 3 x IO' ms' ). 1· is the frequency and 
i. is the wavelength. 

Using Planck's equation which shows that the energy of the 
photon is directly proportional to the frequency of the radiation 

E = hr equation (2) 

'J 



E is the energy, 1· is the frequency and h is the Planck's 
mt (6.63 x 10-1-l J sec), we can substitute 1· = c / 1c from 
n ( 1) into equation (2) and so express a quantum of energy 

•: equation 

E = he/). 

the energy of the photon is directly proportional to the 
.iency and inversely proportional to the wavelength. meaning 
shorter wavelengths of radiation possess a greater quantum 

.:ncrgy. 

uantum of energy absorbed or emitted by an atom corresponds 
.:: .ectromagnetic radiation of a specific frequency or wavelength 
the electromagnetic spectrum. 
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EXPOSURE TO ELECTROMAGNETIC RADIATION 

Electromagnetic radiation is used on a daily basis as radio-waves 
in televisions and cell phones, microwaves in satellites and 
microwax c O\ ens, infrared in toaster ovens and night-vision. and 
X-rays in medical imaging. However there is no question that 
exposure to high energy wavelengths are dangerous to humans. 
X-rays hav e great penetrating pow er and can damage Ii, ing 
tissue resulting in birth defects and cancer. Although a small dose 
of ultra, iolet radiation is beneficial to humans, larger doses can 
cause skin cancer and damage the retina of the eye. 

Exposure to very high lev els of low energy radiation can also 
be harmful due to the ability of radio frequency energy to heat 



biological tissue rapidly. This is the principle by which microwave 
ovens cook food. As to low levels of exposure to radio frequency 
energy such as that used in cell phones. scientists are not yet 
certain what specific health effects may result from exposure 
over prolonged periods of time. 

Visible light is a portion of the electromagnetic spectrum with 
wax elengths between -.J.00 to 700 nanometers. It is this part of the 
electromagnetic spectrum that we see. Visible light have great use 
in the identification of different objects by their visible colours. 

Vis1hlc ~pcctrum 

Visible light 

Wa, clcngth nm 

Fig. 23.3 

ELECTRONIC, VIBRATIONAL AND ROTATIONAL 
ENERGY LEVELS 

Each atom or molecule has a unique set of energy levels that 
depends on its unique atomic structure or molecular structure. 
The lowest energy level is referred to as the ground state while the 
higher energy le, els are referred to as excited states. An electronic 
transition occurs when an electron move from one electronic 
energy level to another by absorbing or emitting radiation of an 
appropriate quantum of energy. Associated with each electronic 
energy level are discrete vibrational and rotational energy levels 
The absorption or emission of energy in these energy levels results 
in vibration and rotation of molecules ( not atoms). Atoms within 
a molecule can vibrate and also rotation about an axis through the 
center of gravity of the molecule can occur. 

rotational en erg~ I.:, cl, 

upper electronic 
energy le, el - -I , rbrutional ,_ J energy le, cl 

-, , ibrational 
>- J en erg: le, e I 

lower electronic 
e11erg: k, el 

Fi~. 23A 
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_ energy difference between electronic energy levels is greater 
n between the vibrational energy levels, which is greater 
n between rotational energy levels. Thus a larger quantum of 
crgy is needed to cause transitions between electronic le, els 
n between vibrational or rotational levels . 

cctroscopic methods of analysis depend on the different type 
transitions which corresponds to different regions of the 

cctromagnetic spectrum. Electronic transitions occur in the UV 
-ible region of the electromagnetic spectrum. Therefore UV 
sible and atomic spectroscopic techniques are used to measure 
~se transitions. Vibrational and rotational transitions occur in 
e infrared region and infrared spectroscopy is used to measure 
icse transitions. A closer look at these techniques will allow an 
nderstanding of the various spectroscopic methods of analysis. 



~~ 

1. (a) State the relationship between the energy, frequency 
and wavelength of a wave. 

(b) Compound X absorbs light of frequency 156.8 MHz 
Calculate the wave length of the I ight absorbed. 

(c) Calculate the frequency of the radiation of wavelength 
200 nm. 

2. (a) Differentiate between electronic. vibrational an. 
rotational energy levels. 

(b) Explain what is meant by energy le, els in atoms and 
molecules are quantised. 

3. What energy is associated with the following transitions: 

(a) 928 MHz 
(b) 7--lO nm 
(c) 2 x 1 o- Hz 
Identify the part of the electromagnetic spectrum wher . 
transitions ( a H c) occur. 

-'· State the approximate wavelength ranges of the following 
(a) X rays 
(b) Infrared radiation 
(c) Radiofrcqucncies 



.omic spectroscopy is mainly used for analysis of metals in air, 
ater and solid samples. It can be used to identify and measure 
~' concentration of atoms in a sample regardless of how the 
.nns are combined. The outer electrons of atoms or ions exist in 
:: ground state. When energy is supplied to these atoms or ions, 
~ outer electrons absorb energy and are promoted to short-lived 

_ vcited states. The excited electrons then emit energy and fall back 
· its ground state. This is referred to as relaxation. Since energy 
_, els are quantised, an exact quantum of energy is required 
-r electronic transition. This results in specific wavelengths 
eing absorbed or emitted which produces a spectrum. These 
avelengths usually correspond to ultraviolet and visible light. 

"he spectrum formed by an element has a unique set of spectral 
nes which can be used to identify the element. The relative 
-itensities of the spectral lines can be compared to a standard to 
uetermine the concentration of the element. 

ATOMIC ABSORPTION SPECTROSCOPY (AAS) 

If light is passed through the vapour of an element. certain 
.\ avelengths which are energetic enough to cause electronic 
transitions will be absorbed by the atoms and removed from the 
radiation. The absorption of energy by an element corresponds to 
specific wav elengths and appears as dark lines in the absorption 
spectrum. The amount of absorption depends on the number of 
atoms present which allows the concentration of the element in 
the sample to be determined. 

hg. 24.1 
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Fig. 24.l 
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A sample for investigation by atomic absorption analysis is 
introduced into the atomic absorption spectrophotometer as 
aqueous ions. The solution is pulled into a nebulizer which mixes 
it with an oxidant ( e.g. air or nitrous oxide) and a gaseous fuel 
( e.g. ethyne) to convert it into a fine mist. The mist is suctioned 
into the atomizer which is a low temperature flame which sits 
in the path of a light source. It converts ions and molecules into 
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gaseous atoms in the zround state before it interacts with the light ~ ~ ~ 
source. A low temperature flame is used to minimize promotion 
of electrons so that gaseous atoms remain in the ground state. 
As the sample is ignited in the flame. the solvent evaporates and 
gaseous atoms are excited by the light passing through the flame 
The amount of light absorbed is proportional to the number or 
atoms in the ground state in the flame. The light is usually ..i 

hollow cathode lamp of the element that is being measured. For 
example a sodium lamp is used to measure sodium concentration 
In this way the light source produces the exact wavelength for 
electronic transition. 

Fig. 24.2 

The wavelengths corresponds to transitions in atomic sodium in 
which the valence electron transitions from a 3s to 3p. a 3s to -lr 
and a 3s to 5p electronic state. 

The light then passes through a monochromator and is resolv e_ 
into spectral lines. The monochromator filters out unwanted ligb 
and isolates the absorption lines from light due to interference 
The lines are detected and a computerized system converts the 
light intensity into absorbance and gives a readout. See fig. 2-1-.3 

I Detcctor I Fig 24.3 

In double-beam instruments. a beam splitter divides the I ight fror 
the lamp into two equivalent beams. One beam passes througr 
the sample while the other beam passes through a reference eel 
The detector compares the intensities of the sample and referen, _ 
beams. This is shown in fig . .?...J.-1-. 

Fig. 24.4 
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ATOMIC EMISSION SPECTROSCOPY (AES) 

er we saw that ev idence for the arrangement of electrons 
atom comes from emission spectrum of hydrogen. When 

.s are supplied with heat or electrical energy to high enough 
eratures. an electron in the ground state absorbs a quantum 

_ ·1ergy and moves to an orbit with a higher energy level which 
urther away from the nucleus. This excited electron in the 

_':er energy level cannot maintain this position for a long time 
it falls back to a lower energy level. As it falls back it emits 

uantum of energy which is equivalent to the difference in the 
-.:rgy levels. The emission of energy by an element corresponds 
specific wavelengths on the electromagnetic spectrum and 
duces a unique emission spectrum. An emission spectrum 
\\ s coloured lines on a dark background. 

Fig. 24.5 

\"1alyzing a sample by emission spectroscopy is similar to that of 
'vsorption spectroscopic analysis. However a high-temperature 

;:-rgy source is used in the atomizer which provides sufficient 
. ergy to promote the atoms into high energy lev els. Therefore 
·1e hollow cathode lamp and the beam splitter are not necessary 
1 emission instruments. Since all atoms in a sample arc excited 

~i the same time. they can be detected simultaneously. This is an 
dv antage of atomic emission spectroscopy compared to atomic 
.bsorption spectroscopy 

Aromic absorption spectroscopy is an analytical method for 
determining the presence of metallic contaminants in both trace 
and major concentrations. More than half of the elements in the 
periodic table can be analyzed quantitatively in the range of parts 
per million. This method is sensitive and reliable for routine 
measurements such as quality control of metals in drinking water. 
factory effluents and foodstuff. It is also used in clinical diagnosis 
for example, to determine the concentration of Na- and K- ions 
in blood serum. 

xrundarrlv and culihratiou l.·un t, 

Variation in absorbance for a sample in two different 
spectrophotometers is possible due to the difference in sensitivity 
of the instruments. Therefore each time a spectrophotometer is 
used it is calibrated using a set of standards and a blank reference. 
Standards can be prepared by dissolving an accurate mass of 



dry. high purity solid in deionized water and making it up 
an accurate volume. For example. if 0.259 g of dry. high pur 
potassium nitrate is dissolved in I dm' of water, then 

..,-9 
[KNOJ = \o~ = 2.56 X I 0-3 mo] dm' 

For low concentrations. mo! drrr ' is not convenient inste 
individual ions are expressed in mg dm 1

. Thus 

['" 2.56 x IO 3 mo! 39 g 
K.. j = x_- 

dm ' mol 

0.10 g dnr ' 
= 100 mg dm 3 

... 

Percentage and parts per million (ppm) can also be used 
convenient units of concentration. Usually ppm is used for sol ~ 
howex er it is sometimes used in aqueous solution since water .. 

dil I. I d . t_l.OOg 1 ute so utions rave a ensitv o , . · cm· 

!mg 
ppm is I part in I 000 000 i.e. I kg = l on 

' - . 11 - 1 kg has a volume of 1 drri' so tor aqueous solutions ppm = d - 

The I 00 mg dnr ' solution is referred to as the primary stock • 
can be diluted accurately to get other standard solutions. Ha\ 
prepared a series of standards. a blank ( 0 ppm) is used a 
reference to zero the spectrophotometer. A blank is a sample t 
contains everything but the absorbing species. Since there 1- 

absorbing species present in the blank sample. the absorbar. 
of the light passing through the blank is set to at zero. - 
absorbance of each solution and the unknown sample is i: . 
measured. The absorbance is plotted as a function of the kn, 
concentration of the series of standards to generate a cal ibrat 
curv e. The concentration of the unknown sample can be found 
interpolation of the graph. 

Example I 

An unknown sample X contains a trace ofiron impurity. Determ 
the concentration of iron in sample X . 

Accurately make up standards of 0.0. 2.0. 4.0. 6.0, 8.0 and 
ppm Fe and measure the absorbance of each solution and unkn 
sample X at 2-1-8 nm. Plot a calibration curv e from the set of. 
shown in table 2-1-.1 
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Table 24.1 

0.75 - 

·~ 0.60 - E 
" 1 0.45 - /"'"'"' .L 

absorbancc 0.5~ 
< 

0.30 - 
concenrr.mon 
, mg dm 

0.15 - 

0 2 --+ 6 8 JO 

Fig. 24.6 
[1e] 111g dm" 

Cahhration curv e show ing 
absorbance versus [Fe] mg drn · 

- he concentration of sample X is obtained from interpolation of 
te graph. An absorbance of 0.52 corresponds to a concentration 
f 7 mg drn " of iron as shown in fig. 24.6. 



1. (a) Explain the origin of atomic absorption spectroscopy. 
(b) Discuss the importance of atomic absorption 

spectroscopy in analytical analysis. 

2. The concentration of lead in a sample of blood can be 
dctennine using atomic absorption spectroscopy. 

(a) Explain the principles on which atomic absorptior 
spectroscopy is based. 

(b) Describe how the lead content of the serum of 
blood sample can be determined by atomic absorptio 
spectroscopy. 

3. (a) Explain the difference between an atomic absorptior 
spectrum and an atomic emission spectrum. 

(b) Briefly describe the differences in principles on whic+ 
atomic absorption spectroscopy and atomic emissic 
spectroscopy operate. 
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ecular absorption of ultraviolet and visible wavelengths 
Jlly forms one or more electronic absorption bands, each of 
ch consists of closely spaced discrete lines. Each line results 
~ the transition of an electron from the ground state to one of 
-nany vibrational and rotational energy lcv els associated with 
excited electronic eneruv lev el. The wave length at which 

'- - '- 

-ampl e shows maximum absorption is denoted by 11. , this is 
rllJ" 

rail est part of the peak for an absorption band. 

l ig, 25.1 

_ .nic functional groups can be identified by their 
cal 11. values while the concentration of a ma, 

.uon can be determined from the amount of light 
rbed by a solution. The amount of light absorbed 
ends on the colour intensity of the solution which 
rectly related to its concentration. For example. 
ght red solution has a higher concentration of 
rticular molecule as compared to a light red 
tion of the same molecule. 
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Fig. 25.1 

ABSORPTION BY ORGANIC MOLECULES 

~· some types of organic molecules absorb in the ultraviolet 
ble region of the spectrum. The wavelengths at which an 

__ .nic molecule absorbs depend on how tightly its electrons arc 
dcd. Electrons in unsaturated bonds and non-bonded pairs 
-rb in the ultraviolet-visible region because they are relatively 

.. ely held and are easily excited at these wavelengths. 

icn atoms combine to form molecules, the electrons in the 
rnic orbitals form molecular orbitals. Electrons may occupy 
.rna (a) orbitals, pi (7r) orbitals or non-bonding orbitals. When 
- bond or a tt bond is formed a higher unfavourable energy 

. el called an anti-bonding orbital is formed along with the 
nding orbital. Anti-bonding orbitals are gi , en the symbols a* 
ct ;r*. Atomic orbitals with lone pairs or non-bonding orbital are 
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given the symbol n. Molecules in the ground state generally have 
electrons in the bonding and non-bonding orbitals. Absorption of 
energy can promote an electron from one of the f lied a. n or n 
orbital to an anti-bonding a" or 7r* orbital. 

Fig, 25.2 

Of all the possible transitions only 7r--+ ;r*. n --+ n" and n --+ a* 
normally produce absorption in the ultraviolet and visible region. 
the others require much more energy. Thus only molecules with 
7r and or n electrons give characteristic ultraviolet or visible 
spectra. Molecules like alkancs will show no absorption in these 
regions since electrons are only in a orbitals and transitions from 
a--+ n" and a--+ a* require energy greater than that of ultraviolet 
radiation. The structural features of organic molecules which 
cause absorption of ultraviolet and v isible wavelengths are called 
chromophores. 

Table 25.1 

Increasing the extent of delocalization in a system contanu 
double bonds increases the intensity of the absorption and sln 
the position of absorption to a longer wavelength. Conjugate 
compounds have alternating double and single bonds which re~ 
in more delocalized electrons. therefore less energy is requi 
for a tt -~ 7r* transitions. If the degree of conjugation is sufficier 
absorption can take place in the visible region of the spectn 
and the compound may appear coloured. For example. the C 



_ bond in ethene absorbs at 175 nm whereas /3-carotene 
has eleven double absorbs at 450 nm causing it to appear 
-rangc. 

0-carotcnc 
from carrots 

ABSORPTION BY TRANSITION METAL COMPLEXES 

·-.,ition metal ions show a wide range of colours. Most of them 
complexes when surrounded by coordinating groups called 

_ ids. The interaction between the ligands and the d orbitals of 
metal ion causes the d orbitals to hax e different energies. 

l [ 111 
,----,---.--.I 

:\J orbitals" ith different cncrgic-, 
I i,111 in lig:111J lie Id I 

degenerate 3d orbttals 
I isolated inn) 

Splitting of d orbitals 

e energy E is required for d-d transitions and is in the \ isiblc 
.gion of the spectrum. Therefore coloured complexes are formed 
hen electrons mm e from one d orbital to another. The colour of 
ie complex is a complement of the colours absorbed from the 
isible light. It must be noted that ions with d11 or d'" arrangement 
av e no d-d transition possible and hence appear colourless. 

Colour intensity is used to determine the concentration of a 
sample in ultraviolet-visible spectroscopy. However colourless 
compounds do not absorb visible light and cannot be quantified 
by direct measurement. In many cases the colourless sample is 
reacted with a colouring agent to fo1111 a highly coloured complex 
\\ hich absorbs visible light. The colouring agent contains a group 
which can be attached to the chomophore to modify both the 
wavelength and intensity of its absorption. This group is called an 
auxochrome. Many auxochromes contain Nor O which possess 
n electrons which may be promoted into the tt" anti-bonding 
orbital of the chromophore. 



A colouring agent used in the analysis of iron is l , IO - 
phenanthroline. The iron in the sample is dissolved in acid and 
reduced to Fe ' . It is then added to I. IO - phenanthroline to form 
an intense red coloured complex which absorbs at 512 nm. 

- Fe· - 3 

red coloured complex 

Fig. 2:'i .:'i I. IO - phenanthrol ine in analysis of iron 

Similarly ammonium molybdate [(l\H-l),,:\.1o_02-l.--lH20] can react 
with colourless phosphate to form a blue complex in SnCI 
solution. thus allow ing phosphate to be determined by U\-\ isible 
spectroscopy. 

ANALYZING SAMPLES BY ULTRAVIOLET-VISIBLE 
ABSORPTION 

An ultrav iolet-x isible spectrophotometer or colorimeter is used t 
quantitativ cly measure the amount oflight absorbed by a solution 
The basic components of a double-beam ultrav iolet-v isi ble 
spectrophotometer are a light source, a monochromator. a bean 
splitter, sample and reference cells, a detector and an amplifier 
The light source is a deuterium or tungsten lamp which supplic 
a constant amount of light to the sample. The monochromatc 
selects the required wavelength to be absorbed by the sample 
The cell or cuv ette is a transparent plastic or glass container f 
the sample or reference. The beam splitter div ides the light int. 
two paths. one passes through the sample cell and the other passe 
through the reference cell. Both paths meet at the detector whic 
compares the t\\ o beams and records it. 

'ia111pk cell 

\ lonochrumator Beam 
,plitter I Detector 

fig. 2:'i.6 Layout of am spectrophotometer 

To find the concentration of an unknown sample. the instrume 
is first set at zero absorbance using a blank sample. Then a sen, 
of standard solutions of known concentrations are prepare 
The absorbance of each solution and the unknown sample a 
then measured at a kn0\\'11 maximum wavelength. A graph 



rbance versus the known concentration of the series of 
ards is plotted to generate a calibration curve. The calibration 
, is then used to determine the concentration of the unknown 
1-. 

~ intensity oflight exiting a solution. (I). is less than the intensity 
ring the solution. ( 111). because solute molecules absorb some 
energy. The amount of energy absorbed can be expressed in 
of either the transmittance ( T) or the absorbancc (A). The 

smittance is simply the ratio of the exiting to the incoming 
ration 

T=l 
111 

- often expressed as a percentage 

%T = t x 100 
II 

nfortunately, transmittance is not proportional to the 
oncentration of the absorbing species. thus absorbancc which is 
iroportional to the concentration is used. 

I 
A = -Ioz T = Joo--; ._ :::: I 

f there is no absorption of light at a given wavelength, the 
percentage transmittance is 100 and the absorbance is 0. Howev er. 
if the sample absorbs all of the light. the percentage transmittance 
rs O and absorbance is infinity . 

.\ relationship between the light absorbed by a compound and 
Its concentration \\ as derived by Beer and Lambert. which is 
extremely convenient for quantitative analysis of concentration. 
This relationship is referred to as Beer-Lambert law which 
states that the degree of absorption at a given \\ av elength of an 
absorbing compound in a non absorbing solvent depends on the 
concentration of compound and the path length of the radiation. 
This can be written as 

A = scl 

Where A is the absorbance. £ is the molar absorptix ity constant 
in dm ' cm I mol . c is the concentration in mol dm 3 and I is the 
cell length in cm. 

Since the intensity of the incident light is decreased after passing 
through the sample. absorbance can also be expressed as 



A 

I 
A = log f = eel 

Where I,. is the intensity of the incident light and I is the intensity 
of the emerging light. ... ... ... 

When the cell length is I cm. a plot of absorbance versus 
concentration shows that the amount of light absorbed is directly 
proportional to the concentration of the compound absorbing it. 
The slope is s and its value is an indication of the sensitivity of the 
method. Once £ has been determined for a particular species, the 
concentration can be calculated directly from the absorbance. 

F!g. 25.7 

Beer-Lambert law is generally obeyed for dilute solutions. It 
is assumed that absorbing species behave independently of the 
solvent and neighbouring molecules. Concentrations that are 
greater than 0.0 I mol drn ' can lead in interactions between 
neighbouring molecules resulting in a change in the absorbance 
characteristics of molecules. In addition. the law only holds for 
light of a single wavelength or narrow band ofwavclcnzths. - ._ ._ - 

Fig. 25.7 

(' 
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This method is usually used to determine the concentration of 
an analyte in a complex mixture such as biological fluids or soil 
samples. These mixtures may contain other components that 
interfere with the analytc signal which can give an inaccurate 
value for the concentration. The technique involves adding a set 
of standard solution containing the analyte to equal \ olumes ot 
the sample (spiking the sample) and monitoring the change in the 
instrument signal. The signal is measured for each spiked sample 
and the data is used to plot a calibration curve. The slope (E) and 
the y-interccpt (absorbance of sample) are used to calculate the 
concentration of the analyte in the sample using Beer-Lamben 
law. It is assumed that the change in the signal between the sample 
and the spiked samples is due only to the change in the analyte 
concentration. 

APPLICATIONS OF ULTRAVIOLET-VISIBLE 
SPECTROSCOPY 

Qualitative applications of ultraviolet-visible spectroscopy ar, 
useful in detecting chromophoric groups. Unknown groups ir 
a compound can be identified by comparing the spectrum wit 
those of molecules containing various chromophoric groups 



er sufficient details for it to be used alone to identify a 
- ,md is not evident and data must be supplemented with 

formation such as infrared or mass spectra. 

tarix e analysis is widely used to determine the concentration 
sh organic and inorganic molecules such as glucose and urea 

-d. iron in iron tablets and cyanide in water. This method 
_hi~ sensitive and can detect substances in the range of parts 
rillion. Very often a wavelength can be found at which the 
te alone absorbs making the method moderately selective. 

.idition. measurements hav e good accuracy and are easily 
rmed with modem instruments. 



I. Explain the ongm of absorption in ultraviolet-visible 
spectroscopy. 

2. Explain why some organic species would absorb light in the 
ultra, iolet-v isible region whereas other would not. 

3. Outline the basic steps inv oh ed in analyzing a sample b~ 
ultra, iolet-v isible spectroscopy. 

4. (a) Define Beer-Lambert law. 
(b) A 1cm' sample ofa solution X showed an absorbance ot 

0.82 at a wavelength of 2-lO nm. Given the absorptix it~ 
constant is 12 000 and the cell path is I cm. calculat, 
the molar concentration of X in the I cm' sample. 

(c) State the limitations of Beer-Lambert law. 

5. Explain the meaning of the following terms: 

(a) chromophore (c) spiking 
(b) auxochrome 

6. Nitrite in water can be determined by its reaction \\ r: 
sulphanilimide and N-( l-naphthyl iethylenediamine to g1 .. 
a pink-coloured complex. Five standard solutions of nitn: ... 
were prepared. the pink colour was dex eloped and tl« 
absorbances were recorded at 550 nm as shown in the tab . 
below. 

t, 

" ... c:: 
~ 
~ 

(a) 

~ 
;,,,; 

(b) 

") 

~ 
Plot a calibration curve from the data given. 
Determine by interpolation of the calibration curve. 
nitrite concentration of an unknown sample which g, 
an absorbance of 0.035. 

( c) Using Beer-Lambert law, calculate the molar absorpu 
(E) assuming that the cell path is I cm. 

7. Explain how UV-VIS spectroscopy can be used to di sting. 
between CH,CH( OH )CHO and CH,CH2COOH. 



ORIGIN OF ABSORPTION 

rared radiation is not energetic enough to cause electronic 
.nsitions but it can induce v ibrational and rotational transitions 
chin the ground electronic state of the molecule. Absorption in 
: rotational lev e Is may gi\ c rise to a series of peaks for each 
brational state. I Iowex er rotation is often prevented in solid or 
.. uid samples and the effects of these energy changes are not 
.tected. Thus infrared spectra show closely spaced absorption 

- -aks resulting from transitions among the various vibrational 
~ iergy le, els. Absorption of infrared wavelengths can cause 

nds to stretch. bend or twist in characteristics ways. The 
ergies associated with stretching vibrations arc different from 
e another and that of bending or twisting vibrations. A molecule 

. an vibrate in a number of ways which is related to the number of 
toms and hence the number of bonds in the molecule. 

,or all bonds within a molecule absorb energy at infrared 
, ave lengths e\ en though the frequency of the radiation exactly 
natches that of bond \ ibration. Only those bonds ,, hich hav e a 
dipole are capable of absorbing infrared radiation. The molecule 
bsorbs only those infrared wavelengths that match x ibrations that 

..ause a change in dipole moment of the molecule. Symmetrical 
bonds such as those in H, or CL do not absorb infrared radiation - - 
r-ecausc stretching docs not change the dipole moment and 
oending cannot occur with only two atoms in a molecule. Infrared 
spectra for diatomic or triatomic molecules are relatively easy 
to understand. however absorption spectra become much more 
complex as the number of atoms in the molecule increase. This is 
due to the increase in the number of possible , ibrations. 

Vibrations can be div ided into two types. depending on whether 
the bond length or angle is changing. 

~ Bond length change results in stretching (symmetric 
and asymmetric) 

~ Bond angle change results in bending (scissoring. 
rocking. wagging and tw isting) 



Fig. 26.1 and Fig. 26.2 below show the fundamental vibrations in 
carbon monoxide. carbon dioxide and sulphur dioxide. 
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The two degenerate modes are equal-energy bending vibrations 
in CO:. They are identical except that one bending mode is in the 
plane of the paper. and one is out of the plane. 
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Carbon dioxide shows only two absorption peaks. The symmetrical 
stretch of CO, causes no change in dipole thus no absorption 
occurs. 
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~ .Jphur dioxide shows three absorption peaks. A change in dipole 
.curs in both stretching and bending. 

ANALYZING SAMPLES BY INFRARED SPECTROSCOPY 
he basic general design ofan infrared spectrophotometer is similar 
that of a double beam ultraviolet-visible spectrophotometer. 

However in infrared instruments. the infrared sources are heated 
nert solids and the cell compartment can be located between 
re radiation source and the monochromator. This arrangement 

1s advantageous because the infrared radiation is not energetic - - 
enough to bring about photodecomposition which may occur if 
-amplcs are exposed to an ultraviolet-visible source. Scattered 
radiation generated in the cell compartment may also be rcmov ed 
bv the monochromator. 

\lost modern infrared spectrometers are of the Fourier transform 
infrared (FT-IR) variety which makes use of a mathematical 
function known as a Fourier transformation. A Fourier transform 
infrared (FT-IR) spectrometer passes several wavelengths 
through the sample at the same time and all the wavelengths are 
detected and measured simultaneously. It has the adv antage of 
high sensitivity and speed (an entire spectrum can be obtained in 
1 ess than I second). 

Samples for investigation by infrared spectroscopy may be solids. 
liquids or gases. Solid samples may be analyzed by different 
methods. One method is to mix the sample with powdered 
potassium chloride or bromide and a portion of this mixture is 
compressed under \ acuum into a disc. The disc is inserted into 
a sample holder and placed in the sample compartment in the 
infrared instrument. The result of the sample run is recorded 
as a plot of transmittance \ ersus wavenumber ( 1 /wavelengrh). 
Wa Yen umber is measured in cm:'. 



Another method is to mix the solid sample into a thick paste in 
a drop of paraffin oil (nujol ). A drop of this thick paste or mull 
is then pressed between two sodium chloride plates or discs. The 
discs are placed into the sample compartment of the infrared 
instrument and the spectrum is obtained. A further method 
inv elves the use of a double beam instrument. The sample is 
dissolv ed in a suitable solx ent and placed in a sample cell. The 
detector compares the intensities of the sample and reference 
beams and records the differences. 

Analysis of liquid samples can be done by placing a drop of 
the sample between two sodium chloride plates or in a special 
liquid cell which is then inserted into the sample compartment. 
Usually the liquid sample is diluted to a concentration of about 
0.2 mol dm ' using a suitable organic solv ent such as carbon 
tetrachloride or carbon disulphide. Water is not used to prepare 
samples because it may damage the sodium chloride plates or 
cells. 

Gases are usually analyzed in a special cell which has a pat· 
length of about 10 cm and end walls made of sodium chloride. 
The cell is placed in the beam of infrared radiation. 

INTERPRETING INFRARED SPECTRA 

An infrared absorption spectrum consists of a wide range ofnarrow 
absorption peaks with wavenumbers from --1-000 cm 1 to abou 
600 cm 1

• A typical infrared spectrum can be v isually divided int, 
two regions. the bond spotting and fingerprint regions. The bona 
spotting region occurs in the shorter wavelength region. abou 
wav en umbers -+000 cm' to 1200 cm. and usually contains te 
peaks. This region is useful to identify different functional group 
within a molecule. The position of the peaks due to certain bond 
usually occurs in the same region of the spectrum regardless « 
the structure of the rest of the molecule. 
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The remaining infrared region normally consists of many peaks 
,f varying intensities. many of which are not readily identifiable. 
This complex region is known as the fingerprint region because 
almost every organic compound produces a unique pattern in this 
area. Therefore identity of a compound can often be confirmed by 
comparing this region to that of a known spectrum. 

It must be noted that if a reference infrared spectrum is not 
available for an unknown molecule. then infrared spectroscopy 
does not provide sufficient details for it to be used alone to 
identify a molecule. Although systemic examination can be used 
for structure elucidation. identification of the functional groups 
in a molecule is rarely sufficient to allow positiv e identification 
of the compound. 



Example 1 

\\a, enumber (cm I 

15!1!1 1.11111 I.:'1111 111111 ) 111111 'HIii 

The spectrum of the compound above shows the following: 

3400-3200 cm:' no OH or NH present 
3100 cm' no peak to suggest unsaturated CH 
2900 cm 1 strong peak indicating saturated CH 
2200 cm 1 

1710 cnr ' 
1610 cm' 

no unsymmetrical triple bonds 
strong carbonyl absorbance 
no absorbance to suggest carbon-carbon 
double bonds 

Alkane C-H bonds are usually less useful in determining structur. 
as most organic molecules contain C-H bonds. 

The spectrum appears to be consistent with a simple aliphau. 
carbonyl compound. 

APPLICATIONS OF INFRARED SPECTROSCOP~ 

Infrared spectroscopy is a less satisfactory technique 1 

quantitative analysis when compared to ultraviolet-visib 
spectroscopy because deviations from Beer-Lambert law an 
common and infrared absorbance measurements are less preci- .. 
However where modest precision is adequate, the uniqueness 
an infrared spectrum has particular application in the analy - 
of a variety of chemical compounds. Infrared photometers ar. 
used to monitor the concentration of a variety of air pollutar 
such as carbon monoxide. carbon dioxide and sulphur dioxide 
This method is sensitiv e. rapid and highly specific for a varier 
of compounds. 



I. Explain the origin of absorption in infrared spectroscopy. 

Outline the basic steps in Yoh ed in the analysis of each of the 
following samples by infrared spectroscopy: 

(a) a solid sample 
(b) a liquid sample 
( c) a gas sample 

(a) Explain how infrared spectroscopy can be used to 
distinguish between functional groups in organic 
molecules. 

(b) Use infrared spectroscopy to distinguish between the 
following compounds: 

(i) CH1CH2COOH and CH1CH20H 

(ii) CH-1CH = CHNH2 and CH,CH=CHCN 

(iii) C(,H5CH2CHO and C()H5COOH 

:t. Explain why three characteristic absorption peaks are seen 
in an IR spectrum of sulphur dioxide but only two peaks are 
seen in that of carbon dioxide. 

5. Discuss the significance of the bond spotting and the 
fingerprint regions of the IR spectrum. 



As described earlier, the mass spectrometer is used to determine 
the relative atomic mass and the relative abundance of isotopes. 
A sample to be analyzed is vaporized and bombarded with a 
stream of high energy electrons producing positive ions which 
are accelerated in an electric field. The high speed positive ions 
are deflected in a magnetic field and separated according to their 
mass to charge ratio. Ions with a particular mass to charge ratio 
are detected and recorded as a mass spectrum. The relativ e heights 
of the peaks in the mass spectrum give a measure of the relative 
amounts of the different ions present. 

FRAGMENTATION 
Mass spectroscopy is also used to analyze organic molecules. The 
beam ofelectrons used for ionization in the mass spectrometer may 
also cause the molecular ion to break into fragments. Frazmentation ~ ~ 
of the molecular ion occurs readily at positions that give the most 
stable carbocation fragments. When fragmentation occurs one 
fragment retains the positive charge while the other fragment is 
often electrically neutral. Only the positively charged fragments 
appear in the spectrum. The fragments give information about 
the structure of the original molecule. The fraument in zrcatest ~ ~ ~ 
quantity produces the tallest peak and is called the base peak. All 
the other peaks in the spectrum are measured as a percentage of 
the abundance of the base peak. 

THE MOLECULAR ION PEAK 
When one electron is lost from the complete molecule, the peak 
produced is called the molecular ion peak. ('I). The mass of 
this peak represents the rclativ e formula mass of the molecule. 
The molecular ion peak is usually found among the peaks of 
greatest mass in the spectrum but is not necessarily the peak with 
the highest mass since , arious isotopes may be present in the 
molecule. In cases where the molecular ion is not stable. the peak 
may appear weak or may even be absent. This is because the 
molecular ion fragments into more stable carbocation fragments 
and does not exist long enough for a peak to appear. 



THEM + 1 PEAK 

=cak \\ ith a mass I unit heav ier than the molecular ion is called 
\l-1 peak. This may be due to the presence of 13C or -'H 

· -pes in some of the molecules. The 1'C isotope is considered 
-: the major contributor to the J\h I peak because the relative 

- ndance of 1 'C in nature is 1 ° o of that of 1-'C while that of 
rs 0.01 % of that of 1H. So for a butane molecule, C,H . the 

-t 111 

.... urrence ofa mass I unit heavier than the molecular ion will be 
I or -l % of the time for 1'C and IO x 0.0 I or 0.1 % of the time 

· -H. This means that if the M~ I peak was caused by an isotope 
carbon, it would have a relative abundance of-l % of that of 

.: molecular ion peak. On the other hand. if it w as caused by an 
- «ope of hydrogen then it would haw a relative abundance of 
' 'o of the molecular ion peak. In the mass spectrum of butane, 

·<.: \t-1-1 peak is about -l % of that of the molecular ion peak 
ti1ch suggests that the M-1 peak may be due to one of the 1-'C 
ms being replaced by a 1'C atom. 

e presence of the M + l peak can be used to determine the 
-Jmber of carbon atoms present in a molecule. This is significant 
- distinguishing between unknown molecules which haw 

· milar relative molecular masses. For example, both C 3Hx0 and 
H~:'J'

2
0 have similar relative molecular masses but both haw 

. different number of carbon atoms. The rclatix e abundance of 
ie \1+ 1 peak can be used to determine the number of carbon 

.. toms in each molecule and hence distinguish between the two 
molecules. 

M + 2 PEAK 

Some compounds produce a peak \\ ith a mass 2 unit heav ier 
than the molecular ion. This is called the :'.\1+2 peak and is often 
caused by the presence of chlorine or bromine atom. The relatix e 
abundance of "Cl in nature is 33 ° o that of "Cl so that the mass 
spectrum of a compound containing a chlorine atom produces 
an M-1-2 peak that is about one third the relatix e abundance of 
the molecular ion peak. Similarly the natural abundance of "Br 
is 98 ° o of that of -..,BL thus the mass spectrum of a compound 
containing a bromine atom produces an \.1 ....... 2 peak that is almost 
equal to the molecular ion peak. 



FRAGMENTATION PATTERNS 

It is important to realize that the mass spectrum of an organic 
compound gives quite different information from the mass 
spectrum of an element. With an element. each line represents 
a different isotope of that clement. \\ hereas \\ ith an organic 
compound. each line represents a different fragment produced 
when the molecular ion breaks up. 

The fragmentation pattern of butane show n in Fig. 27.1 below 
produces peaks with mass.charge ratio of 15. 27. 28. 29. 39. 41. 
--l2. 43. 58 and 59. The most stable ion (C~H--) occurs at m/e = 
43 which is the base peak.. The molecular ion (C.jH111 ) is present 
at rn:e = 58 and the 1\1-1 peak is at 59. The peaks at m.e ratio 15 
and 29 are the CH. ion and C 2H,- ion respectively. These are 
produced by fragmentation as shown below. 

C -1H 
1
,,- -. CH,- - .C ,H 

C.JHin - C2H,- - .C~H., 

The other peaks in the spectrum are produced by the loss of one 
or more hydrogen atoms from these fragments. Occasicnally 
unexpected peaks appear in the mass spectrum. This is usually 
an indication that some form of molecular rearrangement has 
occurred within the instrument. 

Fig. 27.1 l\lass spectrum of butane 
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APPLICATIONS OF MASS SPECTROSCOPY 

-c combination of mass spectrometry and gas chromatography 
akcs a powerful tool for the detection of trace quantities of 
vstances in forensic science. Mass spectroscopy is used 

~ to determine relative isotopic masses and relative 
isotopic abundance. 

~ to distinguish between molecules of similar relative 
molecular mass . 

.;l to identify compounds based on their fragmentation 
patterns . 

.;l in carbon and other radioactive dating processes . 

.;l by satellites and spacecraft to identify particles 
intercepted in space. 



1. Define the following terms: 

(a) Molecular ion 
(b) l\l + I peak 
(c) Basepeak 

2. (a) In the mass spectrum of 2-methylbutan-2-oL peak 
appear at m/e values of 56. 59. 71 and 73. Suggest .1 

molecular formula for each of the peaks shown. 
(b) Explain why the molecular ion peak did not appear or 

the mass spectrum of 2-methylbutan-2-ol but it appeared 
on the mass spectrum of its isomer penran-P-ol? 

3. (a) Briefly explain how a mass spectrometer works to obtam 
a mass spectrum of a molecule. 

( b) The mass spectrum of propane is giv en below. 
100 

i so 

60J 2R 
relative 

abundance ~() 
Ill ~~ 

I 20~ 15 
() 

30 ~() so () 10 20 

Propane 

Identify the following peaks in the spectrum: 

(i) Molecular ion peak 
(ii) Base peak 
(iv) Suggest a possible identity for the species 

corresponding to the mass of 29. 



Chromatography is used to analyze small quantities of a mixture 
of substances which are chemically similar to each other. It 
involves the partition of the components of the mixture between a 
stationary phase and a mobile phase. The mixture to be separated 
is introduced nn to the stationary phase which stays still. The 
mobile phase is then allowed to 1110\'e 0\ er the stationary phase 
for separation. Partition depends on the different solubi I ities of 
the components in the mobile phase and the different adsorption 
forces of the components with the stationary phase. Adsorption 
is the temporary attraction of molecules of a gas or liquid to a 
solid surface. Components with greater solubilities will dissolv e 
in the mobile phase and 1110\'e along with it readily. Components 
with stronger adsorption forces \\ ill be held on the stationary 
phase and not move along readily with the mobile phase. The 
differences in solubilities and adsorption bring about separation. 

PAPER CHROMATOGRAPHY 

In paper chromatography, a piece of filter paper or chromatography 
paper is used which consists of stationary water molecules 
embedded in a cellulose matrix. The paper acts as the stationary 
phase. The mobile phase consists of a suitable solvent that travels 
up the stationary phase. The mixture to be separated is spotted a 
short distance from one end of the paper ( the base line). The end 
below the spot is placed in the solvent. As the solvent mm es along 
the paper it carries the mixture with it. The distance the solvent 
1110\'es from the baseline is called the solvent front. Components 
of the mixture will separate readily according to how strongly 
they adsorb on the stationary phase and how readily they dissolve 
in the mobile phase. Paper------ 

----Sul\clll 
F rout 

U?. 29.1 
• • 
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If the separated components are colourless, then a visualizing 
agent can be used to convert them into coloured spots. The 
positions of certain substances can also be determined b~ 
fluorescing under a UV lamp. 

Fig. 29.1 
The ratio of the distance 1110\'ed by a component of the mixture 
to the distance mo, ed bv the solv ent is called the retention factor. 



distance mo, ed bv a component R = . 
r distance moved by solvent 

i component has a characteristic R
1 
value for a given solvent 

.r controlled conditions. Thus R
1 
values of known substances 

re used to identify components of a mixture. 

-:r chromatography is used to analyze mixtures such as dyes 
nk. colouring in food additives and amino acids from protein 
rrolysis. A visualizing agent such as ninhydrin is used to 

_ ccting amino acids and amines. 

THIN LAYER CHROMATOGRAPHY (TLC) 

rs method is similar to paper chromatography. The stationary 
-e is a thin layer of pow dered alumina or silica gel which 
xcd on to a glass or plastic plate. Plates can be coated with 

slurry of the powdered adsorbent and then oven-dried. The 
vture to be analyzed is spotted near the bottom of the plate. The 
J below the spot is placed in a suitable solvent. This solvent is 
c mobile phase and moves up the plate causing the components 
the mixture to partition between the adsorbent on the plate and 
. moving solvent. The separated components may be recovered 
r further analysis by scraping spots off the plate. 

111 layer chromatography has the advantage that a variety of 
.dsorbents can be used for separation. It is comrnon ly used to 
eparate amino acids in blood samples and for analysis of food 
_·. es. 

COLUMN CHROMATOGRAPHY 

"his method is similar to thin layer chromatography howev er the 
ationary phase is packed into a , ertical glass column ( diameter 
-2 cm) instead of being coated on to a plate. A slurry of silica gel 
r alumina is commonly used for column chromatography. The 
iixture to be analyzed is applied to the top of the column. The 

mobile phase is a suitable solvent which is added to the top of the 
oaded column. The solvent flows down the column under gravity 
.ausing the components of the mixture to partition between the 
.dsorbent and the solv ent. Each component emerges from the 
.olumn at different times and can be collected separately. 

The time between addition of the sample at the top of the column 
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and the emergence of a component at the bottom of the column is 
called the retention time of that component. Identical substances 
will have the same retention time under the same conditions thus 
retention times can be used to identify substances. 

Column chromatography has the advantage that larger quantities 
can be separated and therefore can be used to prepare compounds 
in addition to analyzing them. This method is used in biochemical 
research and in hospitals to identify amino acids. peptides and 
nucleotides. 

HIGH PERFORMANCE LIQUID 
CHROMATOGRAPHY {HPLC) 

This technique is similar to column chromatography however 
instead of gravity feed. high pressure is used to force the solv em 
through the column. Columns are smaller than those used tr 
column chromatography. some being 10 cm to 30 cm long and - 
mm in diameter. Retention times are shorter thus rapid analyst 
of substances can be made. HPLC is used in the industry an .. 
hospitals. It is also used to identify suspected stimulants. dopin, 
and drugs that may be present in athletes and racehorses. 

\\,bit: 



GAS-LIQUID CHROMATOGRAPHY (GLC) 

LC uses a longer column than HPLC. It is usually 
- eked with the stationary phase which is an inert 
·- -wder coated with an involatile oil. The column is 
-iaintained at a constant. pre-set temperature in an 
en. The mobile phase is an unreactive gas. usually 
rrogen or helium and is referred to as the carrier 

zas. The sample to be analyzed has to be in the 
.apour state at the temperature at which the column is 
cerated. The vaporized sample is carried through the 
lumn by the mobile phase. The sample is partitioned 
.tween the oi I and the carrier gas. A detector records 

. ach component as it leaves the column at different 
mes. Emerging components can also be fed directly 
Ho a mass spectrometer for identification. 

Fig. 29.4 
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Fig 29.5 shows the chromatogram for analyte X which has 
tree peaks. Peak A is the signal that corresponds to the 

solvent and it has a retention time of 2 minutes. Peak B 
.. nd C correspond to the two components in the separated 
mixture. B has a retention time of -l minutes while C has 
nc of 6 minutes. The area under the peak is proportional 

to the concentration of the component in the mixture. 

1··1g. 29.5 

B 

Detector 
signal 

C 

A 

6 Time (mins) 

Fig. 29.5 
GLC method of analysis is wry sensitive and can be used in 
forensic testing. to monitor air and water pollution. to detect and 
identify traces of pesticides or agricultural chemicals in foodstuff 
and to check dosage of drugs in blood or urine samples. 



1. Explain the principles upon which chromatography an. 
based. 

2. Explain the following terms: 

(a) retention factor 
(b) retention time 
(c) solvent front 
(d) visualizing agent 

3. (a) Distinguish between the stationary and the mobile phase 
in chromatography. 

(b) Give one example of a stationary phase and a mobn ... 
phase used in each of the following chromatograph·_ 
methods: 

(i) thin layer 
(ii) column 
(iii) gas-liquid 

4. T\\'O different brands of purple food colouring are analyze 
by paper chromatography. Both samples contained a blu, 
pigment. In the first sample. the solvent trax elled 8.25 er 
while the blue pigment travelled 5.68 cm. In the secon 
sample. the solvent travelled 7.86 while the blue pigmei 
travelled 5A I cm. 

(a) Calculate the retention factor of the blue pigment 
each sample. 

(b) Is it a different blue pigment present in the two bran., 
of the purple colouring'? 
Justify your answer, 



. hen one liquid dissolves in another. it is possible to separate the 
rxture by fractional distillation. The principle is based on a law 

. .Jled Raoults law. 

RAOUL T'S LAW AND IDEAL SOLUTIONS 
the I 880's Raoult found that for certain pairs of miscible liquids, 

1e vapour pressure of either liquid at equilibrium was directly 
-roportional to the mole fraction of that liquid in the mixture. 
"his became known as Raoults law and can be expressed as an 
.quation. So for a pair of liquids A and B 

P, P,"x, 

,, here P \ is the partial vapour pressure of A at equi I ibrium, P \" 
rs the vapour pressure of the pure A at that temperature and x, is 
he mole fraction of A in the mixture. 

The mole fraction of A is 

x, = 11 + 11 
\ B 

\\ here n .\ and 118 are the number of moles of A and B respectively 
in the mixture. 

From the expression it can be seen that when .Y \ = I . liquid A is 
pure and the vapour pressure is entirely due to liquid A. 

For gases, pressure P is proportional to the number of moles n, 
thus the mole fraction can be expressed in terms of pressure. 

P, 

\JJ)OUI 

prc-xurc 

parual ,.p. or. 
.v \ = p + P . 

.\ 1l 

p 
I 

The vapour pressure-composition graph would be a straight line 
joining the vapour pressure of pure A and pure B as shown in 
Fig. 30.1 This shows the total vapour pressure of liquids A and 
B at any composition. The blue lines show the separate vapour 
pressures of A and Bat any composition. The total vapour pressure 

II -- mole frac11011 of A _. I II 
I o ~ mole rrncuon or B -- 11 

Fig. JO.I 
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will be the combined x apour pressure of liquids A and B. 

p = p ~ p 
11,tJI \ B 

Fig. 30.2 

111 
Raoult's law assumes that the intermolecular forces between A 
A. B-B and A-B are similar and there is no enthalpy or volume 
change on mixing. Many pairs of liquids obey Raoults law and 
are termed ideal solutions. Examples of ideal solutions are water 
and methanol both of which form hydrogen bonds. and hexane 
and heptane both of which form \ an der Waals bonds. 

For ideal solutions. the vapour pressure-composition graph is a 
straight line however ideal solutions are relatively rare and the 
graph is rarely a straight line. The vapour pressure-composition 
graph is actually a curve for liquids which do not depart greatly 
from ideality as shown in fig. 30.2. 

Fig. 30.3 

Since vapour pressure is inversely related to boiling temperature 
i.e. the higher the vapour pressure. the lower the boiling point. 
we can also plot a boiling temperature-composition graph a, 
shown in fig. 30.3. Boiling temperatures are easier to measur. 
than vapour pressures. 

Fig. 30.4 

NON-IDEAL MIXTURES 

Po,iti, '-' dl'' iutiun from Ranultv ht\\ 

In some mixtures. the A-B interaction is weaker than the A-A 
or 8-B interactions. As a result the molecules escape from the 
mixture more easily than for an ideal solution. Such a mixture 
shows a positive deviation from Raoults law. for example hexane 
and ethanol. The positive deviation is great enough for there t, 
be a maximum vapour pressure at a particular composition. Thi 
vapour pressure is greater than any other composition and either 
of the pure liquids. The same mixture will hav c a minimu 
boiling point low er than any other composition and either of the: 
pure liquids. Such a mixture is called a minimum boiling poirr 
azeotrope. Fig. 30.4a shows a boiling ternperature-compositior 
graph of a minimum boiling point azeotrope while fig. 30.41:' 
shows a vapour pressure-composition graph for a minimum 
boiling point azeotrope. 



Fig. 30.5 

other mixtures. the A-8 interaction is greater than the A-A and 
-8 interactions therefore it is more difficult for the molecules 
escape from the mixture than for an ideal mixture. Such a 

rxturc shows a negative deviation from Raoult's law. There 
, a minimum vapour pressure which is less than any other 
.omposition and either of the pure liquids. This means that 
ere is a maximum boiling point which is higher than any other 

. imposition and either of the pure liquids. Such a mixture is called 
maximum boiling point azeotrope, e.g. trichloromethane and 

ethyl ethanoate. The boiling temperature-composition graph and 
··1c vapour pressure-composition graph of a maximum boiling 
point azeotropc are shown in fig. 30.5(a) and (b ). 

PRINCIPLES OF FRACTIONAL DISTILLATION 
Simple distillation can be used to separate a volatile liquid from 
non-volatile solute as the vapour contains only the volatile 

component which can be condensed and separated. However 
fractional distillation is used to separate two liquids which are 
miscible and vary only slightly in volatility. 

Consider two components A and B. of which A is slightly more 
, olatile than B. The vapour pressure of A is 70 kPa and that of B 
is 30 kPa in a 1: I equimolar solution at a certain temperature. 

The partial vapour pressure of A= P\ = 70 x 0.5 = 35 kPa 
The partial vapour pressure of B = P 8 = 30 x 0.5 = 15 kPa 

p 
The mole fraction of A in the vapour= 1 P +\ 

\ 1 6 

35 = 0.7 
50 

p 
The mole fraction of B in the vapour= :-p- _8 

\ - \ - B 

15 
50 = 0.3 

The liquid mixture in which the mole fraction of A is 0.5 has a 
vapour in which the mole fraction is 0. 7. Hence the vapour is 
richer in component A \\ hich has the lower boiling point. This 
generally holds for ideal solutions at any composition. Fig. 30.6 
shows how a liquid in which the mole fraction of A is 0.5 gives a 
vapour richer in A. 
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Fig. 30.5a 

vapour 
pressure 

(I mole fracuon or J\ I.II 

Fig. 30.5b 
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Fig. 30.6 



The mixture of each liquid with mole fraction 0.5 has a boiling 
point of Ty and is in equilibrium with the va pour of mole fraction 
0.7. On condensing the 0.7 mole fraction. A boils at a lower 
temperature Tz and gives a \ apour even richer in component A. 

This is the principle of fractional distil1ation in which condensation 
and vaporization continuously takes place in a fractionating 
column. Columns are long and densely packed to facilitate man: 
successiv c condensation and \ aporization. As the temperature 
decreases up the column. the vapour becomes richer in the more 
volatile component A until the v apour consists of pure A. 

7 

Thermometer 

Round bottom 
\- . _J fla-k 

FRACTIONAL DISTILLATION OF NON-IDEAL 
SOLUTIONS 

Azeotropes show different distillation behaviour from 
ideal solutions. For a minimum boiling point azeotrope. 
fractional distillation of a mixture of composition y anu 
composition z is shown in the boiling point-composition 
curve in fig. 30.8 and summarized in table 30. I. 

Fig. 30.7 Fractional distillation of a minimum boiling point azeotrope 

Table 30.1 

. 

l 
I 

\\'hen a mixture ofcomposition y undergoes fractional distillatior 
the mixture gets richer in the composition of the azeotrope 
specific composition of A and B ). The azeotrope has a IO\\-. 

boil ing point than pure A and distills off lcav ing pure A in ti .. 
distilling flask. When a mixture of composition z undergo, 
fractional distillation. the azeotrope distills off and pure Brem au 

pure 8 in the dist i 11 i ng flask. These mixtures cannot be fu II y separated t 
fractional distillation. 

boiling 
temperJturc 

pun:,.\ azeotrope 

compo-tuon 

Fig. 30.8 

For a maximum boiling point azeotrope, fractional distillan 
of two separate samples of a mixture of composition y ar .. 



:omposition z is shown in the boi I ing point-composition curve 
1 Fig. 30.9 and summarized in table 30.2. 

Table 30.2 
ractional distillation ofa maximum boiling: point azeotrope 

I 
I 

When a mixture of composition y undergoes fractional distillation. 
a pure sample of A distills off leaving the azeotrope (a specific 
composition of A and B) in the distilling flask. When a mixture 
of composition z undergoes fractional distillation. pure B distills 
off and the azeotrope remains in the distilling flask. 

VACUUM DISTILLATION 
Vacuum distillation is simple distillation at reduced pressures 
1 below one atmosphere). Reduced pressure results in lower 
boiling points. Many compounds cannot be distilled at 
atmospheric pressure because their boiling points arc too high 
or they decompose before reaching their normal boiling points. 
Some of these substances can be distilled under reduced pressure 
because their boiling temperature can be lowered significantly. 
Also reduced pressure decreases the energy requirement for both 
the heating and cooling processes. 

STEAM DISTILLATION 
Stearn distillation is a technique that has significant commercial 
applications. It is commonly used to extract essential oils from 
natural products. for example eucalyptus oil from eucalyptus. 
eugenol from cloves, citrus oils from lemon or orange peel, and 
to extract oils used in perfumes from various plant materials. It 
is an ideal way to separate organic compounds which tend to 
decompose before reaching their boiling temperatures. 

Steam is introduced into the distillation apparatus. As the hot 
steam passes through the mixture it releases heat which may be 
enough to boil the mixture provided the volume of the mixture 
is not too great. For larger volumes, it is better to heat the flask 
so that too much steam would not condense in the mixture and 

boiling 
temperature 

pure A azeorrope 

composition 

pure B 

Fig. 30.9 

- 



cause the volume of liquid in the flask to become too much. The 
mixture boils at a lower temperature and distills to give a two layer 
system of water and the organic compounds. The two layers are 
separated using a separating funnel and purified using a suitable 
drying agent to remove the water 

Steam distillation operates on the principle that immiscible liquid. 
each exert their own \ apour pressure so that when the mixture 
boils the sum of the vapour pressure is equal to one atmosphere. 
Therefore the mixture distills below the temperature at which th 
vapour pressure of the pure liquid would reach one atmosphere. 

Fig. 
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Fi~. JO.JO SOLVENT EXTRACTION 
Solvent extraction is a technique used to separate compound 
based on their preferential solubilities for two different immiscible 
solvent. This process allows the separation of a substance duet, 
its unequal solubilities in t\YO immiscible liquid. It inv elves the 
partial removal of a solute from one liquid in which it is le 
soluble to another immiscible liquid in which it is more solubl 
Since the two liquids are immiscible. they are easily separate. 
using a separating funnel. 

If a solute is shaken with a mixture of two immiscible solvent 
at a fixed temperature. the dissolved solute distributes itself sue 
that its concentration in the two layers will be in a fixed ratio. Tb. 
term partition is used when the solute distributes itself betwee 
the two immiscible liquids. 

Consider a system where solute X is distributed between tw 
immiscible solvents. aqueous and organic. 

X (aqueous) ~ X (organic) 

The concentration of the solute in each solvent at equilibrium 
a constant ratio and the equilibrium constant for the system 
called the partition coefficient which is given by 



[X (organic l] 
k = ----- 

[X (aqueous i] 

he partition coefficient is applicable only in dilute solutions and 
hen the solute has the same molecular form in both solvents. 

· he value of the partition coefficient depends on the solute and 
ic two immiscible solvents, and like other equilibrium constants 
; \ aries with temperature. 

Products of organic preparations are often dissolved in water. If 
the organic product is more soluble in an organic solvent, then 
solvent extraction can be used to separate the organic product from 
its aqueous solution. The technique involves shaking a sample of 
the aqueous solute together with a sample of an organic solvent in 
a separating funnel. The solute distributes itself between the two 
immiscible solvents. The tap is opened occasionally during the 
shaking to release any pressure caused by the solvent vapours. 
The organic layer is then separated from the aqueous layer and is 
dried with a suitable drying agent such as anhydrous magnesium 
sulphate. The solute is recovered by distilling off the organic 
solvent, 

Ether is an organic solv ent used in solvent extraction. It dissolves 
many organic compounds and is immiscible with water. It also 
has a low boiling point and can be distilled off easily from the 
extracted solution and recycled. However safety precautions 
must be taken when using or storing an organic solvent such as 
ether. It is flammable and the vapour is denser than air therefore 
distillation is carried out in a fume cupboard. Ether can also form 
unstable organic peroxides which are explosive thus it is stored 
over a reducing agent such as iron (II) sulphate crystals. 

Solv ent extraction is more efficient if a certain volume of the 
extracting solvent is used in several portions rather than one. 
Consider an aqueous solution which contains 8 g of solute A 
in I dm ' of water. Given the partition coefficient for solute A 
between water and ether is 66 we can calculate the mass of solute 
A extracted in ( i) a single I 00 cm' portion of ether and (ii) two 
successive 50 cm' portions of ether. 



( i ) Let the mass of solute A extracted by I 00 cm ' 01 

ether = x Substituting the concentrations in the partition 
coefficient expression 

X 
100 

(8 - X) 
1000 

= 66 

X = 6.95 g 

The mass of solute A extracted by a single 100 cm 1 or 
ether is 6.95 g. 

(ii) Let the mass of solute A extracted by the first 50 cm' 01 

ether= y 

y 
50 

(8 -y) 

1000 

= 66 

y = 6.1-tg 

The mass of solute A extracted by the first 50 cm' of ether i- 
6.1-+ g, hence 1.86 g of solute A now remain in the aqueous 
solution. 

Let the mass of solute A extracted by the second 50 cm 
portion of ether = z 

z 
50 

( 1. 86 - z) = 66 

1000 

z = 1.43 g 

The total mass of solute A extracted by the two successiv e 
50 cm' samples of ether is 

6.1-t + l.-t3 = 7.57 g 

This is more than the 6.95 g of solute A extracted using a 
single 100 cm' volume of ether. 



What do you understand by the following terms: 

(a) Ideal solution 
( b) Azeotrope 
( c) Partition coefficient 

Draw a boiling point-composition curve of an ideal solution 
and use it to explain the principles upon which fractional 
distillation are based. 

3. (a) Explain the chemical principles of the following: 

(i) steam distillation 
(ii) vacuum distillation 

(b) What are the advantages of carrying out the processes 
in (a) (ij-tii) above? 

4. (a) Define the termpartition coefficient. 
(b) List two conditions under which the partition coefficient 

remains constant. 
(c) Benzene is immiscible with water. When 50 cm' of an 

aqueous solution containing 0.5g of an organic solute 
X is shaken with 5 cm' of benzene. 0.2g of solute X 
is extracted in the benzene. Calculate a value for the 
partition coefficient of X between benzene and water. 

( d) If the aqueous layer from ( c) above is shaken with a 
another 5 cm' of benzene. what mass of solute X will be 
extracted in the benzene when equilibrium is reached? 

5. Sketch a boiling point-composition curve for a mixture of 
ethanol and benzene which forms an azeotrope at boiling point 
68°C and mole fraction 0.32 of ethanol. The boiling point of 
ethanol and benzene is 78°C and 80°C respectively. 



Solid products may be purified by recrystallization from a suitable 
solvent, This process depends on the fact that most solids are more 
soluble in hot solvents than in cold. and that the impurities present 
will ha, e different solubilities from the required compound. 

Recrystallization inv elves dissolv ing the impure solid in a 
minimum amount of hot solv ent. Insoluble impurities are removed 
by filtering the hot solution. The solution is allowed to cool so 
that crystals of the required compound are formed, The crystals 
are filtered. washed with a little cold solvent and dried. Soluble 
impurities remain in the filtrate at IO\\ temperatures. 

Coloured impurities may be removed using an adsorbent such as 
finely divided charcoal. A small amount of charcoal is added ti 
the hot solution followed by hot filtration to remov e the charcoa 
This removes coloured impurities but may also lead to product 
loss. Excess decolourizing agent should be av oided because 
may adsorb appreciable amounts of the substance being purified 

To remove insoluble impurities and decolourizing agents. he 
solutions must be filtered rapidly, otherwise the solution ma: 
cool and crystals may form prematurely. Rapid filtration is don, 
using fluted tilter paper or vacuum filtration. 

A good recov ery of purified material is obtained using the smalle 
amount of hot solvent. This minimizes the amount of produc 
lost by retention in the mother liquor. Sometimes crystallizati 
may not occur readily when the hot solution is cooled. In su, 
cases, crystallization may be induced by scratching the sides 
the flask with a glass rod beneath the surface of the solution 
"seeding" the cold solution with a pure crystal of the substan. . 
being purified. 



SELECTION OF SOLVENT 

\ good solvent must be selected if recrystallization is to be 
~ffective. A good solvent should 

~ readily dissolve the substance to be purified at high 
temperatures, but hardly at low temperatures 

~ dissolve impurities readily at a low temperature or not 
at all 

~ have a relatively low boiling point to be easily evaporated 
from the purified substance 

~ not react with the substance to be purified 

olvents may be tested by placing a srnal l amount of the substance 
10 be purified in each of several test tubes and adding a small 
amount of a different solvent to each. Solubility is noted in the 
hot and cold solvent. 

MIXED SOLVENT 
If no single solvent is found suitable, then a mixed solvent can 
be used. Mixed solvent recrystallization requires two miscible 
solvents, The substance to be purified should be relatively soluble 
111 one solvent and relatively insoluble in the other solvent. For 
example, a substance which is relatively soluble in ethanol and 
almost insoluble in water may crystallize well from a mixed 
solvent. The procedure is to dissolve the solid in a minimum 
amount of hot ethanol. Insoluble impurities are removed by 
filtering the hot ethanol. \Va1111 ,, ater is added dropwise to produce 
a precipitate which clears on mixing. When the solution just fails 
to clear on mixing, a few drops of ethanol are added. The mixture 
is re-heated then allowed to cool for crystallization. 



1. Describe the steps involved in the purification of a solid b: 
recrystallization. 

2. A solution is prepared by dissolving 120 g of potassium 
nitrate in 200 cm' of water at 60°C. Calculate the mass of 
potassium nitrate that will recrystallize from the solution 
when it is cooled to 30°C given that the concentration of a 
saturated solution at 30°C is 20 g of potassium nitrate per 
100 cm' of solution. 

3. Identify the characteristics of a solvent for effective 
rccrystal I ization. 

4. Explain how a mixed solvent is used in recrystallization. 



ctric analysis is based on the measurement of the weight of 
~ te or of a compound of known composition that contains 
~ te. There are two general types of gravimetric methods. 

are precipitation and ,·olatilization. 

PRECIPITATION 

metric analysis of a substance by precipitation involves 
_ on of an ion in solution as a sparingly soluble precipitate 
_ uh er has a known composition or can be com erted to a 
.ct of known composition. The precipitate is filtered and 
ed free of contaminants. dried or ignited and weighed. The 
.mt of the original ion can be determined from the mass and 
n composition of the precipitate. 

-uccessful determinations. the precipitate must 

have a sufficiently low solubility so that losses from 
dissolving are negligible. 
be of known composition after drying or igniting 

:> be easily filtered 
be readily washed free of impurities 

;;) not react in the atmosphere 
J have a high purity. It is difficult to obtain a product 

which is pure. but careful precipitation and sufficient 
washing helps reduce the lex cl of impurity. 

-wanted precipitation may occur with the desired product. 
his is called coprecipitation. It cannot be avoided but can be 
mnimized by slow precipitation and thorough washing. The 
recipitatc should consist of crystals large enough to be easily 
ashed and filtered. Large crystals also have smaller surface 
·eas for surface adsorption of foreign material. 

.. nrn·11 iil•r,..•iOn 

Vacuum filtration is used to increase the filtration rate. The 
.ipparatus for vacuum filtration is shown in Figure 32. l. A 
Buchner or suction funnel is fitted to a suction flask with an 
adaptor. A sheet of filter paper of a suitable size just to cover all 



ig32.J(a) 

Fi2. 32.1 (b) 

the holes in the funnel is placed in the funnel and moistened with 
a little of the solvent to be used in the filtration. The filter flask 
is then connected to a \ acuum source. The mixture to be filtered 
is poured onto the filter paper and the vacuum rapidly pulls 
the liquid through the funnel. If the \ acuurn source is a water 
aspirator. it is important not to turn off the aspirator or to decrease 
the aspirator flow rate during filtration as this may cause water 
to be sucked from the aspirator into the filtration flask. For this 
reason. it is also important to disconnect the v acuum at the flask 
before turning off the aspirator. The filtrate is collected in the 
suction flask. The suction flask is made of thick glass to prevent 
breakage when a vacuum is applied. 

Fig. 32.1 

The filter paper with the product is transferred to a weighed 
crucible and the filter paper is ignited. For quantitative analysis. 
quantitive filter paper is used. Negligible residue is Jett 011 

careful ignition of quantitative filter paper. The crucible serves a 
a container and is selected according to its inertness to the product 
therefore it does not suffer mass changes nor contaminate th. 
product. Silica crucibles have high resistance to heat shock du. 
to its small coefficient of expansion. It can tolerate temperature 
higher than 200°C without damage. These arc used for heatin, 
and igniting small quantities of solids. Sintered glass crucible 
are porous thus a mixture can be filtered. dry and weighed directly 
These have a porous disc of sintered glass fused in the body 01 

the crucible. Sintered glass crucibles are unable to withstan, 
temperatures higher than 200°C. 

The sample is dried to a constant. reproducible mass. This · 
especially important in gravimetric analysis because solids ma 
absorb water from the air and increase in weight. The sample 
usually dried in a low temperature own ( about 110°C ). The ove 
is electrically heated and can maintain a constant temperature 
The sample is allowed to cool to room temperature in a desiccat 
then weighed. It is heated again. cooled and weighed a secon 
time. The process is repeated until a constant mass is found. It· 
important to allow the sample to return to room temperature befor. 
weighing to prevent convection currents around the balance pa 
\\ hich can lead to a steady increase in mass while the sample is op 
the pan. This can severely disrupt the accuracy of the method. 



eatment of a 0.800 g sample of impure potassium chloride 
excess aqueous si her nitrate resulted in precipitation of 
~ of silver chloride. Calculate the percentage of potassium 
de in the sample. 

~ ber of moles in 1.--J.6 g of AgCl = ) ~j~~ = 0.01 mole 

I mole of AgCl is formed from I mole of Cl tons 

g + 
~ IJql 1- - u,,p gCI 

- 1,1 

I mole of CJ· ions is formed from I mole of KC! 

KCI - K- + Cl 

_ number of moles of KCI reacted = 0.0 I moles 

c mass of0.01 moles of KCI = 0.01 x 74.5 = 0.745 g 

JS the 0
10 KCl in the sample= o:~6~ = 93.13 ° 0 

VOLATILIZATION 

-J, imetric analysis of a substance by volatilization involves 
_ ,1111g an analyte or its decomposition products into the gaseous 
rm. The gaseous products can be collected and weighed or the 
.ass of the product can be determined indirectly from the loss in 
ss of the sample. 

, latilization is commonly used to determine the amount of 
.- ater and carbon dioxide in a sample. For example. the amount 
-· \\ ater in a sample can be determined by heating the sample and 
lecting the water vapour in a sol id desiccant. The amount of 

arer can be determined from the increase in mass of the desiccant. 
lternatively, the amount of water can also be determined 

ndirectly from the mass loss from the sample as a resu It of heating. 
The latter assumes that water is the only component volatilized. 
However this indirect method is often unjustified as heating of 
many substances result in their decomposition and consequent 
change in mass regardless of the presence of water. 

Carbon dioxide can be determined from decomposition of 
... .arbonates. The mass of carbon dioxide is determined from the 
increase in weight of a solid absorbent. Ascarite II is an absorbent 
,, hich consists of sodium hydroxide in a non-fibrous silicate. It 



absorbs carbon dioxide by the following reaction 

2NaOH"1 - C0:::1!!1 -+ Na:::C031,1 - H:::0(11 

Thus the absorption tube must also contain a desiccant to prevent 
the loss of water. 

Carbon and hydrogen in organic compounds can also be 
determined by gravimetric methods. Combustion gives carbon 
dioxide and water which can be collected and weighed. 

Example 

A 2.5 g sample of impure calcium carbonate was decomposed 
with excess hydrochloric acid. The liberated carbon dioxide 
collected in an absorbent was found to weigh 0.88 g. Calculate 
the percentage of calcium carbonate in the sample. 

Number of moles in 0.88 g of CO2= v~~u = 0.02 mole 

CaCO, + 2HC1 - CaCI, + CO, + H,O 
' 

l mole of CO, is formed from I mole of CaCO, - ' 

therefore 0.02 mole of CaCO. was used in the reaction 

mass of CaCO. used 
' 

0.02 >< I 00 
'") a 
-c 

0 o CaC03 in sample = 2 X JOO 
2.5 

= xQ o 



I. With reference to precipitation and volatilization, explain 
the principles upon which gravimetric analysis are based. 

Give the function of the fol low ing pieces of apparatus used 
in gravimetric analysis: 

(a) Suction funnel 
(b) Suction flask 
(c) Silica crucible 
(d) Sintered glass crucible 
(e) Furnace 

The treatment of a 0.500 g sample of impure sodium chloride 
with excess aqueous silver nitrate resulted in precipitation 
of 0.860 g of silver chloride. Calculate the percentage of 
sodium chloride in the sample. 

:t. A 8A g sample of impure copper (II) carbonate was 
decomposed with excess sulphuric acid. The liberated 
carbon dioxide collected in an absorbent was found to weigh 
2.20 g. Calculate the percentage of copper (II) carbonate in 
the sample. 
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SECTION 6 
Industry and the Environment 



,e choice of the site for an industry is based on the advantages 
id disadvantages of the available locations. Factors such as cost 
production and distribution, additional space for expansion and 
fety of the community and the environment must be considered 
'ien selecting a site. 

-cating a plant as near as possible to the source of raw materials 
. \ ery important as it reduces the cost of transportation and 

-rage. The supply of raw materials must be cheap and reliable 
keep the cost of production at a minimum value. 

Large quantities of water are used in the industry for cooling. 
ream generation and as a raw material. Many industrial plants 
re located along large rivers or lakes where the supply of water 
-; available and reliable. In areas where the \\ ater supply may 
~uctuate. reservoirs may be built. A cheap supply of water is 
ceded to minimize cost of production. 

Since energy requirements are generally high in the industry. 
the plant is usually located near a cheap source of energy for 
economical production. Consideration is also given to the 
av ailability of appropriately skilled labour in the vicinity of a 
proposed plant site. 

Transportation links and the proximity to major markets are also 
taken into consideration as these reduce the cost of distribution 
of products and the time required for shipping. Plants are usually 
located near to ports for easy import and export of materials. 

It may become necessary to expand the facilities of a plant in 
the future therefore a site where additional space is available is 
important even though no immediate expansion is planned. 

The safety of the workers and the people who I ive in the 
surrounding areas is very important when selecting a site for a 
plant. All potential risks must be minimized therefore the site 
should have the capacity to facilitate treatment and disposal 
of waste in a proper manner so as to control pollution in the 
environment. Consideration is thus given to the legal restrictions. 
building codes and permits required for the location of a plant in 
a particular area. 



SAFETY REQUIREMENTS FOR THE INDUSTRY 

The industrial environment may impact on lives of workers a, 
well as nearby communities. Unsafe working conditions an, 
practices may result in injuries. diseases and ev en death of people 
Identifying and controlling hazards in the industry can save liv e 
and money as well as improve productivity. Some general safer: 
requirements in the industry are as follows: 

The industry should have an emergency action plan for 
workers to ensure their safety in case of an accident .. 
fire or other emergencies. 

Workers should be aware of emergency exit routes 1r 

the workplace . 

.;) Safety standards for floors. aisles. platforms, ladders 
stairways. and other walking or working surfaces shouk 
be followed to prevent accidents such as slips. trips. an., 
falls. 

Medical and first aid personnel and supplies shoul.. 
Safety equipment used to protect be available to deal with the particular hazards of th, 
workers. workplace. 

Workers should know about hazards in the workplace 
and how to use safety equipment to protect thcmselx e:- 

Health and safety is very important in the daily running of an: 
industry. Many accidents can be av aided by being cautiou 
wearing and using safety equipment. and following safe 
practices. 



(a) List three factors that are taken into consideration for 
the choice of a site for an industry. 

( b) The safety of the people who live in the surrounding 
areas of an industry is \ ery important when selecting 
a site for a plant. Discuss how potential risks can be 
minimized in surrounding areas. 

What is the significance of locating a plant close to the 
following areas: 

(a) a source of raw materials 
(b) along a river 
( c) cheap source of energy 

(a) List three safety requirements in an industry. 
( b) Discuss two ways by which accidents can be avoided in 

the industry. 
( c) Why should workers know a bout the hazards in the 

industry where they are employed? 



EXTRACTION OF ALUMINIUM 

Aluminium is extracted commercially by electrolysis of molten 
aluminium oxide. This is obtained from bauxite which is its most 
common ore and contains about 50 °o aluminium oxide (alumina). 
The main impurities in the ore are iron (Ill) oxide and silicon 
( IV) oxide. Pure aluminium oxide is obtained by removing its 
impurities from bauxite. This is done by making use of the fact 
that aluminium oxide is amphoteric whereas iron (III) oxide 
is basic and silicon (IV) oxide is acidic in nature. The ground 
bauxite is heated with concentrated sodium hydroxide solution 
which dissolves the aluminium oxide and silicon (IV) oxide. 

ALO, + 20H- + 3H,O 1 - >hi taql - I I 2[Al(OH )J ,.,qi 

The iron (III) oxide and other basic materials remain undissolved 
and are removed by filtration. The residue which is highly alkaline 
and red-brown in colour due to the presence of the iron (III) oxide 
is called 'red mud'. This poses major environmental problems to 
dispose. 

The filtered solution is then seeded with solid al uminiurn 
hydroxide or carbon dioxide is blown through the solution 
to precipitate aluminium hydroxide. The silicate ions remain 
dissolved in solution. 

+HO 
l,ILJI c ii I 

The aluminium hydroxide is filtered, washed and heated to form 
pure alumina. Al,O_. - ' 

The aluminium oxide is then electrolysed to obtain aluminium. 
This process is referred to as smelting. Electrolysis is done 
using molten solids since aluminium is verv reactive and not ~ . 
preferentially discharged in aqueous solution. Unfortunately, 
alumina has a high melting point (2050°C) and it is not practical 
to do electrolysis at such a high temperature. However in 1886 



Hall and Heroult independently discovered that the melting 
point of alumina was significantly reduced when dissolv ed 
in cryolite (Na.Alf ,J and fluorspar (CaF;l· Thus alumina is 
electrolysed in molten cryolite and fluorspar with a voltage 
of about 5 volts and a current of about 100.000 amperes. 
This maintains the cell or 'pot at about 950°C. The cell 
consists of a steel container lined with graphite which acts 
as the cathode. the molten electrolyte and graphite anodes . ·------------ suspended in the electrolyte ( fig. 3...J.. l ). 

Fig. 34. 1 

Carbon 
cathode 

The reactions that take place in the electrolyte are complex. but the 
overall electrode reactions result in aluminium being discharged 
at the cathode and oxygen given off at the anode. 

Cathode: 

. Anode: 

Al; + 3e 
ill 

Aluminium does not mix with the electrolyte and falls to the 
bottom of the cell where it can be tapped off as a pure liquid 
metal. At the temperature of the eel I. the carbon anodes burn in 
oxygen to form carbon monoxide and carbon dioxide gases and 
must be replaced continually. 

USES OF ALUMINIUM 
Aluminium was once considered a precious metal and only 
used for decorative items. However after electrolytic reduction 
\\ as discovered. aluminium was no longer expensive and found 
\\ idespread use. 

The range of uses for aluminium reflects its properties. Aluminium 
is use to make cooking utensils as it is a good thermal conductor. 
It also acts as a thermal insulator as it is a good reflector of 
radiant heat and light. This makes it useful in coating firefighters· 
garments which can reflect heat from the fire to keep the firefighter 
cool. This insulating property is sometimes utilized in hospitals 
\\ hereby premature babies are wrapped in aluminium foil to 
keep them warm. Since its polished surface is highly reflective 
and more durable than si Iver, it is also used as mirrors. Large 
reflecting telescopes such as the Hale 200 inch telescope have 
aluminium mirrors. 

Its low density and resistance to corrosion make aluminium foil 
ideal for packaging food products. It is also used for making smal I 

Carbon anodes 

0 611'0 
Cl ago Alumina 

·er~ elite 

Fig. 3-tl 

is located at the Palomar 
Observatory in Cal • ,1....-1:.., 



containers such as soft drink cans. These can be easily opened 
with pull tabs that tear the metal along scored lines. Aluminium is 
strong when alloyed with other elements such as silicon. copper or 
magnesium. It has significant usage where strong. light materials 
are required such as in the construction of aircrafts and rockets. 
Since aluminium is light and a good conductor of electricity. it is 
suitable for making electrical transmission lines. 

IMPACT OF THE ALUMINIUM INDUSTRY 

Approximately one tonne of red mud residue must be disposed 
for each tonne of aluminium oxide produced. The caustic residue 
can percolate into the underground water of local areas. This can 
significantly increase the sodium concentration and pH of the 
water. Sodium is known to be associated with a higher incidence 
of hypertension. 

Fluoride gases are also produced from the electrolyte during the 
process. Although about 98 ° o of these gases are scrubbed c 
and recycled. the 2 % that escape into the atmosphere slow 
accumulate in the environment and can cause damage to plant. 
many kilometres away. Fluorides can also enter the food chain 
livestock graze on grass exposed to it. The symptoms of fluon _ . 
damage in animals and humans include dental mottling, stiffnc - 
in knees and joints. anaemia and respiratory distress. 

The economical disposal of used carbon cell linings remain, 
problem. The linings contain highly alkaline bath. alumiru, 
carbide. cyanides. and other materials. A small part is gro 
and added to cement kilns as a source of fluoride. but most :-: 
end up in landfills. Exposure to coal tar pitch volatiles from 
carbon electrodes and cryolite are associated with increased t 
of bladder and I ung cancer. 

Aluminium smelting requires an e1101111ous amount of electr . 
since 3 moles of electrons are needed to discharge I mole 
aluminium. A modem smelter pot is typically IO metres Ion= - 
metres wide and 1.5 metres high and takes about 15 000 ki I 
hours of electricity to produce about I tonne of aluminium 
day. There are about I 00 of these pots in a room. thus the _ 
of electricity is central to the economics of the process. Sme 
generally takes place in areas where electricity is cheap 
abundant. This is usually done in places where hydroele, - 
power is available. Pollution caused by power generation dep, 
on how the electricity is generated. a red mud pond 



.n the production of aluminium. the overall chemical change 
that occurs can be represented by the equation below. 

Give details of the various stages of the extraction process 
aluminium. Write equations for the relevant reactions 

ccurring in the extraction process and explain how the 
bov e equation is an overall simplification. 

a) Aluminium is extracted from bauxite in an 
electrochemical process. Draw a labelled diagram to 
illustrate the extraction of aluminium from bauxite. 

b) What are the main reasons for mixing cryolite to the 
bauxite mixture? 

1 c) Explain why the anode must be periodically replaced. 
1 d) Write equations for the reactions occurring at the 

cathode and anode of the electrolytic cell and name the 
products formed at each electrode. 

Aluminium is widely used in the home and industry. It is used 
10 manufacture pots and pans. to wrap premature babies. as a 
coating for suits of firefighters as well as in car headlights. 

1a) Justify the uses of aluminium mentioned above by 
referring to the properties of aluminium. 
Aluminium smelting is considered dangerous to the ~ ~ 
environment. Discuss this statement. 



Petrotrin oil refinery in Trinidad 
and Tobago. 

Crude Oil 

Crude oil is a complex mixture ofnaturally occurring hydrocarbon, 
found within the earth. It was formed from the remains 01 

microscopic plants and animals that were buried and preserx eu 
in rocks millions of years ago. These remains slowly decayed a 
they were buried deeper within layers of rocks and with time an-, 
temperature they were converted to crude oil. Similar conditior 
have also led to the formation of natural gas which is frequent 
found associated with crude oil. Together crude oil and nature 
gas is referred to as petroleum ( Greek for "rock oil"). 

Crude oil consists mainly of a variety of alkanes. cycloalkan, 
and aromatic hydrocarbons. There are also small amounts of oth, 
substances such as compounds of nitrogen. oxygen and sulphi 
Crude oil from different areas of the world or even differe 
depths in the same oilfield varies slightly. Thus the composit 
and appearance of crude oil depend on its source. Most crude 
looks like a thin. brown treacle. while some are almost colourlc 
volatile liquids and others are thick black oils. 

The uses of crude oil as it comes from the ground are limit. 
However maximum , alue can be obtained from this nat. 
resource when it is used as a raw material. Crude oil must - 
separated into its various components and selectively modif 
before it can be useful. This process is called refining and occ 
in an oil refinery. Once the crude oil is extracted and transport 
to the oil refinery. it is transformed into fuel for transportat 
and electric power generation as well as feedstock for 
petrochemical industry. The primary process for separating 
components of crude oil is fractional distillation. 

FRACTIONAL DISTILLATION OF CRUDE OIL 

The components of crude oil have different boiling points , 
to the arrangement and variation in the number of carbon ato 
in the hydrocarbon molecules. Fractional distillation uses 
difference in boiling point to separate these components. 

The crude oil is heated to about -W0°C and passed im 
fractionating column which may be as high as 60 metres. "T 

column consists of a number of horizontal trays at intervals al 



, height. It is heated at the base but the temperature gradually 
. creases towards the top of the column thus each tray is slightly 
xiler than the one below it. 

Petroleum Ga, 

Crude oil 

Industrial 
fuel oil 

Lubricating nil. 
paraffin 1\3\ 
and . Asphalt 

Furnace 

Fig. 35.1 

The vapour rises up the column and condenses on a tray where 
the temperature is lower than its boiling point. The trays have 
holes in them which are covered by bubble caps. As more rising 
apour passes through the holes in the tray. the bubble caps direct 

the vapour through the liquid already on the tray. This cause the 
rghter components condensed in the tray to vaporize again and 
continue to move up the column. 

There are also overflow tubes at the side of the trays which allow 
liquid to flow back down the column. When this liquid reaches a 
lower tray, the higher temperature there brings about v aporization 
of the more volatile component which then rises up the column. 

As the \ a pour condenses and vaporizes many times on the trays 
along the column, the composition of the \ a pour becomes richer 
in the more volatile component ( i.e. the one with the lower 
boiling point). The more volatile components rise to the top of 
the column while the less volatile ones tend to condense on the 
trays at various levels along the column. Thus the crude oil is 
separated into different fractions. each boiling within a particular 
temperature range. 

The different fractions are drawn off at various lev els along the 
column. The lightest fraction comes off at the top of the column 
as a gas. It contains fewer carbon atoms and has the lowest 
boi Ii ng point range. As you go down the column. the fractions 
become heavier and have a higher boiling point range. The typical 



fractions of crude oil and their boiling point ranges are shown in 
Table 35.1 below. 

Table 35.1 
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Refinery gas is about I - 2 % of crude oil. It is mainly a mixture 
of alkanes containing up to four carbon atoms in a molecule anc 
is usually a gas at room temperature. Refinery gas can be usec 
as a gaseous fue I or it can be liquefied under pressure to produce 
liquefied petroleum gas (LPG). It can also be used as feedstock 
for making petrochemicals. 

Gasoline & naphtha are about 15 - 30% of crude oil. Gasoline: 
is distilled off and used as motor fuel for internal combusrio 
engines. The other part, naphtha. is used as chemical feedstoc 
for conversion to other compounds. 

Kerosene is about IO - 15% of crude oil. It is used as jet fuel an 
for domestic heating. It can also be broken down to produce mor, 
gasoline. 

Gas oil (diesel oil) is about 15 -20°0 of crude oil. It is used a- ; 
fuel in diesel engines and industrial furnaces. 

Residue is about -l-0 - 50% of crude oil. It can be further distil.. 
under low pressure to yield fuel oil. lubricating oil, waxes an. 
bitumen. Reducing the pressure lowers the boiling point a~ 
allows the heavier components to be separated without break in . 
down. Fuel oil is used as fuel for ships and power statior 
Lubricating oils and waxes are used for motor oil, grease a 
other lubricants. Bitumen is used for road surfacing and roofi. = 
material. 



CRACKING AND REFORMING OF CRUDE OIL 
FRACTIONS 

Although there arc uses for the various fractions of crude oil. 
111e demand for the lishter fractions such as zasoline is zreater ~ ~ ~ 
than the amount supplied by fractional distillation. To satisfy 
this demand, oil refineries convert the less used heavier fractions 
into more \ aluable ones. T\\O important processes used for this 
purpose are cracking and reforming. 

Cracking is a process in which large hydrocarbon molecules arc 
broken down into smaller molecules. The cracked products may 
be smaller alkanes. alkenes and hydrogen molecules. The large 
hydrocarbon molecule can break anywhere along the carbon chain 
to form a variety of smaller molecules. For example, dodecane 
can break into decane and ethene 

or nonane and propene. 

Cracking is carried out either using heat (thermal cracking) or a 
catalyst ( catalytic cracking). 

111' 

Thermal cracking involves rapidly heating the hydrocarbon to 
temperatures of about 800°( and then cooling it. This process 
occurs within a second. The high temperatures can cause the 
C - C bond to undergo hemolytic fission. This results in the 
formation of free radicals. For example. dodecane can form a 
decyl radical and an ethyl radical. 

These free radicals can then undergo further reactions. The ethyl 
radical can lose a hydrogen atom to form ethene. 

H + · H 
.: -I 



A cat cracker converts more or 
each barrel of oil into gasoline. 

The hydrogen atom. which is a free radical. can combine with the 
dccyl radical to form decane 

or t\\ o hydrogen atoms can combine to form hydrogen gas. 

· H + · H _. H, 

Since the carbon chain can split in a number of ways, a wide 
variety of smaller molecules arc produced which can be separated 
by fractional distillation. Thermal cracking is generally used for 
cracking the residue fraction of crude oil. 

( '!1 •• , .. tie ('f,!l'h.inn 

Catalytic cracking (cat-cracking) inv olves the use of a catalyst 
at lower temperatures to break the bonds of the hydrocarbon 
molecules. The reaction is usually catalyzed by a powdered 
mixture of alumina and silica (ALO, SiO,) at about 500°C. - _, - 
The C - C bond undergoes heterolytic fission which results in a 
mcchan ism inv ol vi ng carbocations. This tends to produce a large 
amount of branched chain alkanes which arc useful in gasoline. 
Branched chain alkancs give gasoline a higher octane number. 

Catalytic cracking is used to crack the distilled fractions such 
as diesel oil and kerosene into smaller molecules. The cracked 
compounds are important to produce more , aluable fuel as well 
as chemical feedstock for the petrochemical industry. The alkenes 
are suitable starting materials to make plastics, detergents. 
cosmetics, solvents. paint and many other petrochemicals. 

When the gasoline-air mixture is compressed in the internal 
combustion engine. some hydrocarbons ignite spontaneously 
without a spark and explode prematurely to cause a "knocking 
noise. Knocking can damage the engine and reduce the efficiency 
of the gasoline. Tetraethyl lead was once added to gasoline as 
an anti-knock agent. However the leaded gas is known to cause 
an unacceptable amount of lead pollution in the environment. In 
most countries. leaded fuel has been largely replaced by unleaded 
fuel which contains more branched chain alkancs. Branched chain 
alkanes ignite less spontaneously than straight chain isomer, 
therefore they are more resistant to knocking. The anti-knocking 
properties of gasoline are measured on an octane scale using 
2,2,-1--trimethylpentane and heptane. 2,2,-1--Trimethylpentane has 
a low tendency to ignite spontaneously \\ hen compressed and 



,;:!i\'en an octane number of 100. Heptane knocks readily with 
·ik compression and is given an octane number of 0. A blend 
:' gasoline is assigned an octane number by comparing it with 
fferent mixtures of 2.2...J.-trimethylpentane and heptane. 

Reforming is a process which converts straight chain 
. drocarbons into aromatic and more highly branched 
~ drocarbons. This process converts low value naphtha fractions 
uo high grade gasoline components. Higher grade gasoline 
ontains a higher proportion of branched alkanes and aromatic 
~ drocarbons. Products of reforming are also used as starting 
iaterials in the petrochemical industry. Reforming is the effect 
numerous reactions such as isornerization. alkylation and 

catalytic reforming. 

This involves breaking up straight chain hydrocarbons and 
reassembling them as branched chain isomers. The reaction takes 
place at about 500°C in the presence of an aluminium chloride 
catalyst. Isomerization is important for the conversion of norma! 
pentanes and hexanes into higher branched isomers for gasoline 
blending. It is also used to convert butane into 2-methylpropane 
to provide additional feedstock for alkylation units. 

5011°C ..\IC!, 

I 
- - 

I 

butane 2-methY!propan.:: 

In this process tertiary alkanes combine with alkenes to make 
longer branched chain alkanes. The product is a blend of 
alkanes with high octane numbers. The reaction occurs at room 
temperature and is catalyzed by concentrated sulphuric acid. 
For example. 2-methylpropane is added to 2-methylpropene to 
form 2.2.4-trimethylpentane which has exceptional anti-knock 
properties. 
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This process converts straight chain alkane molecules of the 
naphtha fraction into cycloalkanes and aromatic hydrocarbons. 
The naphtha vapour is heated to about 500°C at a pressure of 
20 atm and then passed over a catalyst made of platinum and 
aluminium oxide. The equations for the conversion of hexane to 
cyclohexane and hexane to benzene are gi\ en below. 

Pt ,\LO 

500 C ::o:it111 

500'C ::>Oau11 <O> + 4H, 

Benzene. toluene and the xylenes are some of the main aromatic 
products of reforming the C,, - C, hydrocarbons from the 
naphtha fraction. All of these are used as starting materials in 
the petrochemical industry. Toluene and xylenes are also used 
to increase the octane number in gasoline. It is also irnportan. 
to note that hydrogen gas is a valuable by-product which can be 
used in the Haber process. 

IMPACT OF THE OIL INDUSTRY ON THE 
ENVIRONMENT 

The oil industry is considered a major source of pollution to the 
em ironment. Pol I ution may occur during extraction. transportatior 
and refining of the crude oil. Also the use of its refined product· 
has an impact on the em ironment. 

Extraction of crude oil involves emissions of pollutants fro 
the first seismic survey until the field is shut down. Well drillin, 
discharges oil into surroundinc soil and water. This can darnac, ~ ~ - 
fragile ecosystems by destroying habitats and killing organisms 

Oil is usually transported through pipelines and in large oce 
tankers. This presents the possibility of accidental leaks and spil 



In 1979 the Atlantic Empress spi I led ..J.2. 7 mi 11 ion gallons of oil as 
the result of a collision with the Aegean Captain in the Caribbean 
Sea near Trinidad and Tobago. Oil spills are detrimental as 
-rganisms are at risk of inhaling or ingestion the oil which can 
poison them. When sea birds are covered with oil, their feathers 
stick together and they lose their ability to fly. The oil also sticks 
down the fur of animals (e.g. polar bears) which causes them to 
lose insulation and freeze to death. Oil spills also ruin coral reefs 
and beaches thereby affecting the tourism industry. 

There are several different methods for dealing with oil spills on 
the surface of the water. Some of these are given below. 

-~ A floating barrier called a boom is placed around the oil 
to keep it from spreading. 

I;) The oil can be ignited within the boom. 
I;) A giant vacuum can be used to suck up the surface oil. 
I;) Absorbents are used to collect the oil left behind from 

suctioning. Natural absorbents like clay and sand can 
hold up to 20 times their weight in oil while synthetic 
absorbents like polyethene can hold up to 70 times its 
weight in oil. 

I;) Solvent compounds are used to break down light oil 
spills and disperse it. 

I;) Natural bacteria that use the petroleum products as food 
are often effective at cleaning up oil spills although they 
may take years to work. 

In the refining process. hazardous and toxic air pollutants such as 
carbon monoxide. hydrogen sulphide. nitrogen oxides. sulphur 
dioxide and BTEX compounds (benzene. toluene. ethylbenzene. 
and xylene) arc emitted into the atmosphere. There are concerns 
about the effects of exposure to these chemicals. 

Carbon monoxide is toxic because it combines readily with 
haemoglobin in the blood to form the stable compound 
carboxyhacrnoglobin. This makes the haemoglobin unable to 
transport oxygen which results in the cells of the body being 
deprived of oxygen. A concentration as little as -1-00 ppm in the 
air can be fatal. 

Sulphur dioxide and nitrogen oxides contribute to the formation 
of acid rain. The effects of acid rain include erosion of stonework 
on buildings, destruction of trees and acidifying lakes which 
results in the death of fish. 

Collision between the Atlantic Empress 
and Aegean Captain started a fire that 
burned for 15 days. 

.{\ 



BTEX compounds are possible carcinogens and may cause 
reproductive and dev elopmental problems. They may also 
aggrav ate respiratory conditions such as asthma. 

Wastewater in refineries may be contaminated with oil residues 
and other hazardous wastes from equipment leaks and spills. 
Although this water is treated before being released into the 
em ironment, some of these wastes may end up in aquifers and 
groundwater. 

Most of the petroleum in the world is used as fuel for transportation 
and electric power generation. This releases large amounts of 
carbon dioxide. a greenhouse gas. which contributes to global 
wanning. The use of hydrocarbon fuels in vehicle engines also 
release other gases such as nitrogen oxides which contribute to 
acid rain and toxic carbon monoxide. The part of petroleum that 
is used as feedstock for the petrochemical industry is utilized in 
making thousands of products. These include plastics. fertilizers. 
detergents and cosmetics. al I of which eventually end up in the 
environment. Products like plastics arc difficult to dispose of as 
they are not readily degradable and they release toxic fumes when 
burnt. 



The major product extracted from the earth by the 
petrochemical industry is crude oil. The crude oil 
undergoes many stages of refining to produce a large 
number of products. 

(a) What do you understand by the terru petrochemical 
refining'? 

(b) Identify three benefits that are obtained from 
petrochemical refining. 

(C) Rigid environmental regulations have recently been 
imposed on the petrochemical industry. Discuss this 
statement. 

( a) Explain the principles involved in fractional 
distillation. 

(b) Why is fractional distillation of crude oil important? 

3. (a) What do you understand by the term cracking'? 
(b) What is the significance of cracking larger fractions of 

crude oil'? 
(c) Write a balanced equation to illustrate cracking. 

4. (a) State three adverse effects associated with the 
extraction of crude oil and comment on the 
environmental problems that result. 

(b) Explain how the refining process can contribute to 
acid rain. 

(c) Give two sources of hydrocarbons in the atmosphere. 

5. Since there are environmental dangers associated with 
the use of leaded petrol. there is increase use of unleaded 
petrol. 

(i) Comment on the dangers associated with the use of 
leaded petrol. 

(ii) Account for the presence of carbon monoxide and 
nitrogen oxides in the exhaust fumes of vehicles. 

(iii) Suggest how gases such as carbon monoxide and 
nitrogen oxides present in exhaust fumes can be 
minimized. 



Ammonia production facility located 
in central Trinidad. Ninety-nine 
percent of the annual production is 
exported. This makes Trinidad and 
Tobago the world 's leading exporter 
of ammonia. 

monia 

\ •-' THE HABER PROCESS 

The Haber process is a method used to make ammonia directly 
from nitrogen and hydrogen. lt was developed by the German 
chemist Fritz Haber. for which he received the Nobel Prize for 
Chemistry in 1918. This process was transformed into large scale 
production using high pressure methods developed by Carl Bosch 
who was awarded the Nobel Prize in 1931 together with Friedrich 
Sergius for high-pressure studies. 

The nitrogen is obtained from fractional distillation of liquefied 
air while the hydrogen is derived mainly from natural gas and 
water in steam reforming. 

CH + H 0 
~(g) ~ (~) 

ROO"C 

20 atm 

The carbon monoxide produced is combined with more steam to 
form hydrogen and carbon dioxide. 

The combination of nitrogen and hydrogen into ammonia is a 
reversible reaction. The forward reaction is exothermic and 
results in a decrease in volume. 

2NH1,,;i 

~H = - 92 kJ mol:' 

Fig. 36.1 A flow diagram of the Haber process. 
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According to Le Chateliers Principle. since the reaction is 
exothermic and results in a decrease in volume i.e. four moles of 
reactants form two moles of products. low temperature and high 
pressure would shift the equilibrium to the right and increase the 
yield of ammonia. Thus the forward reaction will be favoured by 
low temperature and high pressure. However. at low temperatures. 
the reaction rate would be too slow to be economical and at very 
high pressures the cost and maintenance of equipment would be 
very expensive. 

For commercial production a compromised temperature of about 
-l50°C is used with a catalyst. This produces a yield of about 10° o 
ammonia at an acceptable reaction rate. The manufacturer wants 
to produce as much ammonia as possible per day therefore it is 
more economical to produce a lower yield of ammonia in a short 
time rather than wait several years for the equilibrium mixture to 
reach a very high yield. 

The catalyst is usually iron mixed with small amounts of 
promoters such as potassium oxide and aluminium oxide. The 
catalyst has no effect on the position of the equilibrium. It only 
lowers the activation energy and hence increases the rate of the 
reaction at lower operating temperatures.The promoters increase 
the efficiency of the catalyst. Purification of both the nitrogen 
and hydrogen gases is necessary to prevent 'poisoning of the 
catalyst. 

Increase pressure increases the yield of ammonia and the rate 
of the reaction. Therefore the only compromise in pressure is 
the economical consideration. For commercial production. the 
reaction is usually carried out at pressures ranging from about 
~00 to -1-00 atmospheres. The cost of producing ammonia at \ ery 
high pressure is very expensive and may not be worth the further 
increase in yield of ammonia. 

pnr:Hlll 1111110111 

.\s the equilibrium mixture of gases leaves the reactor. the 
temperature of the mixture is lowered enough for the ammonia 
to turn into a liquid while the nitrogen and hydrogen remain 
as gases. The liquefied ammonia is removed from the system 
,, hile the unreacted nitrogen and hydrogen gases are recycled. 
The ammonia is removed from the system as soon as it is form 
to maintain the position of equilibrium to the right. About 10° o 
ammonia is produced per cycle however a yield of about 98° o is 
brained by recycling the gases. 



USES OF AMMONIA 

A large amount of the ammonia produced is used in the agriculture 
and fertilizer industry. Ammonia can be applied to soil directly 
as liquid ammonia or it can be used to produce fertilizers such as 
urea, ammonium and nitrate salts. Nitrogenous fertilizers provide 
a valuable source of nitrogen which is necessary for healthy plant 
growth. Ammonia and urea are also used in livestock feeds as a 
source of protein. 

In the chemical industry ammonia is used to manufacture nitric 
acid which is used to make explosives. Other uses of ammonia 
include the manufacture of sodium carbonate. pharmaceuticals. 
plastics. paper and textiles. Industrial refrigeration systems also 
use ammonia as a refrigerant because it is easily liquefied by 
compression or cooling and absorbs a large amount of heat from 
its surroundings. Ammonia solutions are also widely used as 
commercial and household cleaners. 

Application of anhydrous ammonia 
to soil at low temperatures 

IMPACT OF THE AMMONIA INDUSTRY ON THE 
ENVIRONMENT 

Emission of gases from the ammonia industry is minimized b: 
recycling unreacted nitrogen and hydrogen. Most of the carbon 
dioxide produced in the steam reforming process can be uti 1 ized 
in urea production. It must be noted however. that the majority of 
ammonia emitted into the environment does not come from the 
Haber process itself. but from the various industries which use 
ammonia. A large amount of ammonia emitted is generated from 
the fertilizer and agriculture industry. 

Ammonia is used in the fertilizer and agriculture industry t, 
increase food production. As a result. a large amount of ammoni ... 
and nitrogenous compounds end up in the environment. Exposure 
to ammonia can cause sev ere irritation at low concentrations an, 
can be fatal at high concentrations. Precautions have to be take· 
to reduce possible hazards when storing and handling ammonia 
Ammonium and nitrate fertilizers are water soluble and ar _ 
easily washed out from farmlands into the waterways. Exce 
fertilizers in rivers and streams cause eutrophication. This is 
process whereby the excess nutrients in the water stimulate rapi. 
plant growth on the surface of the water. This enhanced plar 
growth. often called algal bloom. prevents light from reaclu _ 
plants lower in the water. These plants die and bacteria use L 

the dissolved oxygen in the water for decomposition. This resul: 

µ 



m the death of fish and other aquatic animals which relies on 
oxygen for respiration. 

Since groundwater and surface water are used as sources of 
domestic water supply, fertilizers can pollute drinking water. 
Too much nitrates in drinking water is poisonous to infants. The 
nitrates are converted to nitrites in infants which combine with 
haemoglobin more readily than oxygen. This starves the body of 
oxygen and results in a bluish skin discolouration. This condition 
is called methaemoglobinaemia or "blue baby" syndrome. The 
ability to metabolize nitrate is developed as children get older 
hence reducing the occurrence of this problem with age. Nitrates 
are also classified as being potentially carcinogenic in humans as 
nitrites derived from nitrates may react with amines in the diet 
to form carcinogenic compounds. The maximum concentration 
of nitrate in drinking water which is considered to be safe is I 0 
ppm. NaNO, and NaNO, are , - 

used in the curing and 
pre sen ing of meats. 



1. Ammonia is produced industrially via the Haber process. 

(a) Write an equation to represent the production of 
ammonia. 

(b) State the raw materials and conditions used in the 
Haber process. 

( c) Why is the temperature used in the Haber process 
often described as a comprised? 

( d) State two uses of ammonia. 

2. Ammonia is produced by combining nitrogen and 
hydrogen. 

(a) Identify the source of nitrogen used in the process. 
(b) Hydrogen is obtained by reacting methane with water. 

Write a balanced equation for this reaction. What 
condition is required to yield hydrogen? 

(c) Identify the conditions used in the industrial 
production of ammonia. 

(d) Ammoinia is stored in storage cylinders. Under what 
conditions is the ammonia stored in the cylinders. 

3. (a) Describe the Haber process for the manufacture of 
ammonia. Your answer should include the conditions 
and an equation for the reaction. 

(b) Le Chaterliers principle suggest that an increase in 
pressure and a decrease in temperature will increase 
the yield of ammonia at equilibrium. Justify the choice 
of conditions for the Haber process as stated. 



Ethanol 

MANUFACTURE OF ETHANOL 
-~ are two major industrial ways to manufacture ethanol. 
method is the catalytic hydration of ethene and the other is 

.entation of sugars with yeast. 

li1111 

·10! is produced by the catalytic hydration of ethene. Ethene 
-team are passed over a phosphoric acid catalyst at 300°( 
) atm. 

:rno=c. 60aim 

·10! produced by this method is used mainly in the industry as 
. ent and in the manufacture of a wide range of pharmaceutical 

~ucts. 

. holic drinks are produced by fermentation of sugars in fruit 
. This is brought about by a group of enzymes present in 

-:. a unicellular fungus. Yeast secretes the enzyme invertase 
·· .h catalyzes the conversion of sucrose to glucose and fructose . 
. ,e simple sugars are then converted to carbon dioxide and 
anol by another enzyme. zymase. which is also produced by 
.. east. 

zymasc 
2CH.OH + CO, _ , (aq: _lgl 

:~ C the fermentation process takes about three days. The 
cess stops naturally as the yeast dies when the alcohol exceeds 

- tolerance level. Yeast can tolerate alcohol concentration up to 
-out 20° o depending on the yeast strain. Distillation is used to 
.ike bev craacs with higher alcohol content. 

" " 

he fermented mixture is concentrated by fractional disti I lation. 
This inv elves successive vaporization and condensation of the 
mixture along a fractionating column. As the vapour rises up the 

Alcoholic be, erages 



Millions of people today operate 
their \ chicles \\ ith E85 ethanol. 
a blend of 85° o ethanol and 
L5° o gasoline. 

column. it becomes richer in the more volatile component of the 
liquid from which it distils. 

A mixture of ethanol and water cannot be separated completely 
by distillation because it fo1111s an azeotropic mixture with a 
minimum boiling point. The boiling point of ethanol is 78.3°C 
and that of water is l 00°( while the azeotrope which contains 
95° o ethanol and 5% water boils at 78. I 5°C. 

In distillation. the most volatile component ( i.e. the one with the 
lowest boiling point) distills off first. In this case. the azeotrope 
which contains 95% ethanol and 5% water has the lowest 
boiling point and distills off first. So no matter how efficient 
the fractionating column is. 95° o alcohol cannot be further 
concentrated by distillation. 

When ethanol is obtained from fermentation it is known as 
bioethanol. There is no chemical difference between fermented 
ethanol and that obtained from petroleum. However. ethanol 
that is derived from petroleum should not be considered safe for 
consumption as it contains about 5% methanol and may cause 
blindness or death. 

USES OF ETHANOL 
Ethanol is widely use as a solvent in the pharmaceutical and 
cosmetic industrv, It has a low toxicitv and is able to dissolv e - - 
non-polar substances. This makes it useful as a solvent in medical 
drugs and perfumes. Ethanol is often used as an antiseptic. to 
disinfect the skin before injections are given. Ethanol based soap, 
are now becoming popular in restaurants and are particularly 
convenient due to its v olatility and its antiseptic properties. 

The growing demands for gasoline and environmental concerns 
have led to increased interest in ethanol as a fuel. Ethanol is 
extensively used as a fuel additive but the use of ethanol alone as a 
fuel or as part of a mix with gasoline is not as common. Ethanol is 
mixed with gasoline as an octane enhancer since its octane rating 
is higher than ordinary gasoline. Ethanol burns more cleanly than 
gasoline or diesel since ethanol molecules contain oxvuen which ~ -~ 
brings about more complete combustion. Thus carbon monoxide 
emissions can be 80-90° o lower when ethanol is burnt compared 
to gasoline. However, ethanol has 3 7% less energy per litre than 
gasoline. It is also degrading to some plastic and rubber pans 
of engines designed to use gasoline. Thus corrosion-resistant 



als and engine modification are required to overcome these 

is commonly used in the beverage industry. The 
.~ritration of alcohol in an alcoholic beverage may be 

.d in percent alcohol by volume (ABV) or in proof The 
measurement roughly corresponds in a 2: I ratio to percent 
b~ \ olume ( 70 proof :::: 35 ° o ABV). The fermented 
., hich contains about 18 ° u alcohol is used for wine and 

... 1 lied alcoholic beverages which contain at least 35 ° o 
. volume arc referred to as spirits. These include gin . 

. \\ hiskey and brandy. Fortified wines are produced by 
-ulled spirits to achieve higher ARV. 

------'-' ~ . bev erages are added to dishes for their inherent flavours 
err ability to dissolves flav our compounds that water 

_ are used in many social and even religious events . 
e.ucrtainers. athletes and other public figures arc seen 

.: bev eragcs, However, drinking alcohol in excess 
~ ,ne of society's most serious problems. 

110ACT OF THE ALCOHOL INDUSTRY 
... -·I the most frequently abused drugs. Business and 
- -cnd more money than is generated from sales of 

-~s to address the abuse of alcohol consumption 

_ ~ ho! can contribute to \\ ork related problems 
\ e absence and poor performance on the job. 
__ ared \\ ith most crime. It is linked to murders. 
' d mestic \ iolence. Many fatal accidents such 

_ accidents and drowning are associated with 

a rug that affects the central nervous system. 
1 alcohol arc relaxation. loss of inhibition. 
- paired coordination. Permanent affects are 

an diseases, cancer or gastrointestinal 
·· About 0.5 °o alcohol in the blood is 
ned \\ ith medication or other drugs can 

r'ls brain cells and may cause memory 
.~:::mruc n during pregnancy may result in birth 

rmalities. heart defects. abnormal limb 
.ge \\ hich results in less than av erage 

The brain images below show how 
alcohol may harm teen mental 
function. Compared w ith a young 
non-drinker. a l f-year-old w ith an 
alcohol problem showed poor brain 
activ ity during a memory task. This 
finding is noted by the lack of pink 
and red colouring. 



Considering the hazards presented by the consumption of 
alcohol. it is interesting to note how people do not reject alcoholic 
beverages. Instead, its popularity remains embedded in culture 
and society. 



Alcohol for human consumption is made via fermentation. 
This can be done industrially or at home. Fruits such as 
grapes and cherries can be used in the process. 

(a) What chemical features do the starting materials like 
fruits possess? 

(b) Different starting materials produce home-made 
alcoholic beverages with different characteristics. 
Name two different characteristics. 

(c) Is alcohol a drug? Justify your answer. 

The consumption of alcohol has serious consequences 
both socially and economically. Outline four social 
and economical consequences that originate from the 
consumption of alcohol. 

State the importance of the following in the fermentation 
orocess: 

a I Yeast 
b I Temperature control 

pH control 

cohol consumption has been blamed for many road 
__ .dents. Discuss this statement outlining the effects of 
. nol on the body. 



Chlorine 

The chlor-alkali industry is the industry that produces chlorine 
and alkali. mainly sodium hydroxide. by electrolysis of a salt 

"solution. The main processes used are the mercury, diaphragm 
and membrane cell electrolysis. The diaphragm and the mercury 
cell were both introduced in the late 1800s. The membrane cell 
process was developed much more recently ( 1970). Each of these 
processes represents a different method of keeping the chlorine 
produced at the anode separate from the sodium hydroxide and 
hydrogen produced at the cathode. If they are not separated. 
the hydrogen and chlorine would ignite spontaneously and the 
sodium hydroxide and chlorine would react to form sodiurr 
hypochlorite, 

THE MERCURY CELL 

The mercury cell consists of two compartments, one on top ofth .. 
other. Each compartment is lined with a flowing mercury cathode 
Saturated brine flows through the top compartment. Graphite or 
titanium anodes are suspended in the brine. 

An electric current flowing through the cell decomposes th ... 
brine. Chlorine gas is liberated at the anode and sodium meta 
is produced at the cathode. The sodium immediately forms a: 
amalgam with the mercury. 

At the anode 

Fig. 38.1 A mercury cell At the cathode 

Na + Hg -, Nal-lz 
111 ~111 to111 

The amalgam flows to the lower compartment where it reac: 
with water to form sodium hydroxide. hydrogen gas and mercury 
The mercury is then pumped to the top compartment where it 
reused. However the cell inherently gives rise to the release 
mercury into the environment. 



THE DIAPHRAGM CELL 

the diaphragm cell chlorine. sodium hydroxide and 
. ..:0ogen are produced simultaneously. The anode and cathode 
+parrments of the cell are separated by a porous diaphragm. 

_ .. rated brine enters the anode compartment and percolates 
igh the diaphragm into the cathode chamber. The percolation 

.? is controlled by maintaining a higher liquid level in the anode 
partment so that there is a small positiv e pressure tow ards the 

___ ihode. Chlorine gas is liberated at the anode and hydrogen gas 
the cathode. leaving sodium hydroxide in solution. 

concentrated 
<odium chloride 

solution 

steel cathode l titanium anode 

dliaphragm sodium hydrox idc 
solution contaminated 
I\ ith sodium chloride 

Fig. 38.2 A diagram of a diaphragm cell 

· ! the anode 

2c1- - 2e- - Cl 
tuq I c1g1 

: the cathode 

2e -+ H 
~1g:1 

"he diaphragm is used to separate the chlorine liberated at the 
node from the hydrogen and sodium hydroxide produced at 
e cathode chamber. \Vithout the diaphragm to isolate them. 
e hydrogen and chlorine would ignite spontaneously and the 

-. -dium hydroxide and chlorine would react to form sodium 
. pochlorite. 

2NaOH + Cl - NaOCI + NaCl 1ay1 c1g1 l3<JJ l3<JI 

!n practice. the solution in the cathode chamber is a mixture of 
-odium hydroxide and sodium chloride. On partial evaporation. 
the sodium chloride is crystallized out leav ing concentrated 



sodium hydroxide. The sodium chloride is recycled through the 
cell. 

Graphite anodes shorten the lifetime of the diaphragm by plugging 
the diaphragm with particles of graphite. When metal anodes arc 
used the lifetime of the diaphragm is lengthened. Diaphragms are 
usually made of asbestos. Asbestos is chosen because of its good 
.chemical stability and it is a relatively inexpensive and abundant 
material. The diaphragm cell therefore inherently gives rise to the 
releases of asbestos in the environmental. 

MEMBRANE CELL 
The membrane cell is similar to the diaphragm cell except that the 
solutions surrounding each electrode are separated by a membrane 
rather than a diaphragm. The membrane is a fluorocarbon 
polymer. mainly PTFE (polytetrafluoroethene). It prevents the 
migration of chloride ions from the anode compartment to the 
cathode compartment therefore the sodium hydroxide solution 
produced does not contain sodium chloride as in the diaphragm 
cell process. 

< ·omp.iri,1111 of mvrcurv. d1:1phr,1'.,!111 and nll·mt11r1111.· rrll, 

Mercury cells haw the adv antage of producing sodium hydroxide 
of greater purity and higher concentration. Howev er it operates 
at a higher , oltage than diaphragm and membrane cells and 
therefore uses more energy. The process also requires a pure brine 
solution of a high purity. which often requires costly additional 
purification steps prior to electrolysis. Furthermore the mercury 
cell giv es rise to environmental releases of mercury. 

Diaphragm cells ha, e the ad, antage of operating at a low er 
, oltage than mercury cells and w ith less pure brine than required 
by membrane and mercury cells. It also produces chlorine ga 
with nearly no oxygen. The capital cost is relatively less expensix c 
than the mercury cells. Di sad, antages of the diaphragm cell arc 
that the sodium hydroxide produced may need to bee, aporated t, 
increase concentration and it gi , es rise to em ironmental release, 
of asbestos. 

Membrane cells have the ad, antage of producing a very pure 
sodium hydroxide solution and chlorine gas. It also uses less 
electricity than the other processes. In addition. the membrane 
process does not use highly toxic materials such as mercury 
and asbestos. Di sad, antages of the membrane process are tha 
the sodium hydroxide produced may need to be e, aporated l< 



. rease concentration and the brine entering a membrane cell 

.. st be of a very high purity. 

USES OF CHLORINE 

"he largest use of chlorine is in the production oforganic compounds 
ich as poly \ inyl chloride (PVC) and chlorofluorocarbons 
CFCs). PVC. is used extensively to make items such as plastic 
-,pcs, tubing. bags and toys. The demand for PVC is high in the 
. mstruction. packaging, and other industries since it does not 
ust or decompose. 

FCs were once widely used as refrigerants and propellants in 
rosols. This resulted in large emissions in the atmosphere which 

. . ontributed to the depletion of the ozone layer. Refrigerants and 
erosols are being replaced by hydrofluorocarbons ( HF Cs) which 

Lio not deplete the ozone layer. 

_·Fcs are also used as anaesthetics in medicine. Halothane 
, .:-bromo-2-chloro-1.1.1-trifluoroethane) is a common anaesthetic 
.ised in surgery. It allows operations to be safe for patient. It is not 
poisonous and can allow surgery to last for hours. After surgery. 
.ne anaesthetic itself wears off fairly quickly and has relatively 
rew side effects. 

Chlorine is also used as a disinfectant in water treatment. It kills 
bacteria and other microbes from drinking water supplies and 
-,\\ imrning pools. It is used to make household bleach and other 
compounds to bleach wood pulp in paper production. 

Chlorine is used to make sol. ents for dry cleaning. metal work 
and the electronics industrv. It is also used in the manufacture of 
products such as antiseptic. dyes. insecticides and paints. 

IMPACT OF THE CHLOR-ALKALI INDUSTRY 

The pollutant of most concern from the chlor-alkali industry is 
mercury. which is specific to the mercury cell. Between 1930 and 
1960. several tonnes of mercury waste were dumped in Minarnata 
Bay in Japan. Thousands of people living around the bay 
developed methyl mercury poisoning through the consumption of 
contaminated fish. Since then, there was a significant move away 
from mercury-eel I to diaphragm and membrane cells. Japan was 
the first country to install the membrane cells on a massive scale 
in the mid-l 980s. In other countries. the replacement of existing 

Chlorine is used to make PVC 
\\ hich is used to make Loy items . 

-..: 
Water in swimming pools is 
treated with chlorine. 

The crippled hand of a 
vlinamata disease victim. 



mercury and diaphragm cell with membrane cells is taking place 
at a slower rate because of the high capital costs of replacement 
and the fact that most existing chlorine plants were installed with 
a plant life of-1-0-60 years. 

The main problem with the diaphragm cell is asbestos. Dry 
asbestos fibres can cause serious health problems if not properly 
.used and handled in the diaphragm process. Asbestos fibres are 
thin. sharp crystals. which are considered to be carcinogenic. 
They can enter the human body by either inhalation or ingestion. 

Other concerns of the chlor-alkali industrv are associated with 
the chemical processes that use chlorine. Chlorine bleaching of 
wood pulp releases dioxins in the em ironment. The production 
of chlorofluorocarbons (CFCs) contributes to depletion of the 
ozone layer. PVC is not biodegradable and generates dioxins and 
hydrogen chloride gases when it is incinerated. 



Give an account of the electrolysis of brine using a 
diaphragm cell. Include the equations for the reactions at 
the electrodes and the overall process. 

The flowing mercury cathode cell is used in the production 
of chlorine from concentrated aqueous sodium chloride. 

( a) Write equations for the reactions at the electrodes. 
(b) Write an overall equation for the process. 
( c) Give two advantages and one disadvantage using the 

mercury cathode cell. 
(d) What are the by-products of the process'? 
(e) State the use of one of the by-products named in (d) 

above. 

Electrolysis using the mercury cathode cell produces 
chlorine as the major product. 

(a) State the type of anode used. 
(b) Give an addition function of the mercury. 
(c) Compare the use of a mercury cell with that of a 

diaphragm cell in terms of energy consumption, 
economic cost and environmental concerns. 

(d) Discuss the impact of the chlor-alkali industry on the 
environment. 



Sul huric Acid 

\ u THE CONTACT PROCESS 

Sulphuric acid is produced commercially using the Contact 
process. The raw materials needed are a source of sulphur dioxide. 
air. water and a catalyst. The main stages in the process are: 

~ production of sulphur dioxide 
~ oxidation of sulphur dioxide to sulphur trioxide 

hydration the sulphur trioxide to sulphuric acid. 

A sulphuric acid plant 

This can be produced by: 

burning sulphur in an excess of air 

S + 0 -~ so 
(:'.)t 21 gl 2(g) 

heating sulphide ores like pyrite in an excess of air 

-ff eS, + 110, -~ 2Fe,O, + 8SO, 
-bl _lg) - _(..,I _(gl 

decomposing calcium sulphate in the presence of coke 

2CaSO - C -+ 2Ca0 - CO - 2SO 
-41, l ! .,, 1-.,1 ~(~I 2i ~I 

lll 

Sulphur dioxide is mixed with excess air and passed through an 
electrostatic precipitator which removes dust and impurities. The 
purified sulphur dioxide combines with oxygen in the presence 
of a catalyst. vanadium ( V) oxide. to form sulphur trioxide. the 
anhydride of sulphuric acid. 

~H = -196 kI mol 

This is a reversible reaction which means the reactants and 
products reach a state of dynamic equilibrium. Since the 
reaction is exothermic and results in a decrease in volume i.e. 
three moles of reactants form two moles of products, according 
to Le Chatelier 's Principle. low temperature and high pressure 
would shift the position of equilibrium to the right and increase 
the yield of sulphur trioxide. Thus the forward reaction will be 
favoured by a low temperature and a high pressure. However. 

446 



lo« temperatures. the reaction rate would be too slow to be 
. nomical and at high pressures the sulphur dioxide liquefies. 

compromised temperature of about ...J.50°C is used with a 
- ml: st which produces a fairly high yield of sulphur trioxide at an 
. ceptable reaction rate. The catalyst has no effect on the position 
1 the equilibrium. It only increases the rate of the reaction. The 
.. talyst is layered and is in the form of pellets to increase the 
rface area a..; ailable for the reaction. Dust and impurities are 

.emoved from the gaseous mixture to prevent 'poisoning of the 
.atalyst. These reduce the surface area of the catalyst and decrease 
s efficiency. The Contact process gets its name from the fact that 
he reaction takes place by contact of the gaseous mixture with 
e surface of the solid catalyst. 

must be noted that since the forward reaction is exothermic. 
he temperature of the surrounding system increases from ...J.50°C 
lO about 600°C as the reaction proceeds. At this temperature. 
the yield is reduced to approximately 70%. Therefore. the gases 
are cooled down to roughly ...J.50°C between successive layers of 
catalyst to give a yield of approximately 98° o. The cooling system 
rs usually a closed water circuit in which energy is recovered as 
steam. Heat exchangers utilize the heat lost in the cooling process 
to heat the incoming gases and thus reduce the use of external 
heating . 

. Although high pressure gives a higher yield of sulphur trioxide in 
the equilibrium mixture. the reaction is done close to atmospheric 
pressure which giv es an approximate yield of 98° o. The cost and 
maintenance of equipment for production at higher pressures is 
not worth any further increase in yield of sulphur trioxide. 

According to Le Chateliers Principle. the forward reaction is 
favoured by increasing the concentration of oxygen in the mixture. 
This is a very cheap way of increasing the conversion of sulphur 
dioxide into sulphur trioxide since the oxygen comes from the 
air. A 1: 1 mixture turns out to give the best possible overall yield 
of sulphur trioxide. 

ll~di!1ti11'...!. rh~· vulphu r t riuvirh 111 -.ulpt111,·ir :,rid 

In the industry. a gas is usually dissolved in water using a counter 
flow system in which water is sprayed downwards over the gas 
which is flowing upwards. This method cannot be used in the case 
of sulphur trioxide because the reaction is highly exothermic and 
creates uncontrollable clouds of sulphuric acid which are difficult 
to condense. Concentrated sulphuric acid destroys skin and flesh. 



Sulphur dioxide used to preserve 
dried banana chips. 

and can cause blindness if it gets into the eyes. 

Instead. the sulphur trioxide is first dissolved in concentrated 
sulphuric acid to form oleum. 

H2SO.Ji11 + so;,," -- H:S:0_111 

This can then be diluted with "ater to produce concentrated 
sulphuric acid. 

\ -,1 USES OF COMPOUNDS OF SULPHUR 

Most sulphur is used to produce sulphur dioxide to make sulphuric 
acid. Sulphur is also used in the vulcanization of natural rubber to 
improve its elasticity and tensile strength. This process makes the 
rubber less sticky and less soluble in organic solvents. Other uses 
of sulphur are as a fungicide and as a fumigant. 

Sulphur dioxide is a reducing agent and is used for bleaching 
wool. straw and paper. The bleaching effect is usually temporary 
as oxygen in the atmosphere can re-oxidize the reduced material. 
This explains why \\ hite newspaper turns yellow after some 
time. 

Sulphur dioxide is useful as an antioxidant in food preservation. 
It is sometimes used as a preservative in alcoholic drinks and 
dried fruits. It prevents growth of moulds and its acidity also kills 
bacteria. 

The main use of sulphur dioxide is in the manufacture of sulphuric 
acid. Sulphuric acid is commonly used in the manufacture of 
fertilizers. detergents. car batteries. high strength fibres. paints and 
pigments. It is also used in petroleum refining and metallurgy. 

IMPACT OF THE SULPHURIC ACID INDUSTRY 
Since some sources of sulphur dioxide are the by-product of othe 
processes such as the extraction of metals from sulphide ore 
and the decomposition of calcium sulphate in the manufacture 
of cement sulphuric acid production reduces sulphur dioxide 
emissions to the atmosphere. HO\\ ever emission ofsulphur dioxide 
from the Contact process is minimized by recycling unreacre., 
sulphur dioxide and scrubbing tail gas with a basic solutio 
such as ammonium or sodium hydroxide. Sulphur dioxide in th: 
atmosphere is converted to acid rain (seepage -t. 74 ). 



=c amounts of sulphuric acid are used as catalysts in the 
mica! industry and needs to be replaced with fresh concentrated 
.. \\ hen diluted or contaminated. The spent sulphuric acid 
, the chemical industry is regenerated and recycled. Thermal 

.. mposition of spent sulphuric acid gives sulphur dioxide 
ch is regenerated into clean sulphuric acid which can be 
-cd in any process. 

cnt catalyst 'form the Contact process can be either disposed 
suitably licensed landfill site or its vanadium content can be 
, ered and recycled. Regeneration and recycling are different 

. s to prevent spent acid and catalyst from becoming a waste 
.~ a problem for the environment. 

'phuric acid production is a net producer of energy. Heat 
;'. ed in the process is used to turn water into steam which is 

.:d to generate electricity. No carbon dioxide is formed as fossil 

. I is not used. 

nng production. handling and storage of sulphuric acid there 
hays a risk of accidental leaks which may have an impact 
the environment. Precautions have to be taken to reduce these 
--.1bilities. 



1. In the Contact process. sulphur dioxide is produced in an 
intermediate stage. Concerns have been raised as to the 
effects of sulphur dioxide on the environment. 

(a) Give a detailed account of the Contact process 
including the sources of all the raw materials and the 
chemistry of the process. 

(b) State the major effect of the presence of sulphur 
dioxide in the atmosphere. 

2. In industries sulphur dioxide is reacted with other reagents 
in an attempt to remove it from flue gases. These reagents 
are called "scrubbers". Write an equation to show how 
calcium carbonate acts as a scrubber, explaining the process 
fully. 

3. (a) Describe the Contact process for the manufacture of 
sulphuric acid. Your answer should include the raw 
materials used. the reaction conditions and balanced 
relevant equations. 

(b) Le Chaterliers principle suggest that an increase in 
pressure and a decrease in temperature will increase 
the yield of sulphur trioxide in the Contact process. 
Justify the choice of conditions for the Contact process 
in the industry. 

(c) Explain the functions of vanadium pentoxide. 
successive beds of catalysts and olcum in the Contact 
process. 

4. Although sulphur dioxide is a major atmospheric pollutant 
it is used in the food and drink industry. 

(a) State one reason why it is used in some foods and 
drinks. 

(b) Name two sources of sulphur dioxide as an 
atmospheric pollutant. 

(c) What arc the consequences of sulphur dioxide in the 
atmosphere? 

(d) How can sulphur dioxide emissions be controlled? 



It also replaces \\ ater lost by lakes. riv ers and oceans which are 
habitats for many organisms. Furthermore, the water cycle affects 
the climate on Earth. It regulates the temperature by absorbing 
heat from the equator and circulating it around the Earth. 

Clean drinking water 

WATER PURIFICATION 

Water from natural sources in the environment is called raw 
water. It is treated or purified to remove contaminants to produce 
water suitable for domestic consumption. Many contaminants 
such as micro-organisms and toxic metals are a health hazard and 
are removed during water purification. Other contaminants may 
be removed to improve the taste, smell and appearance of the 
water. There arc many different methods of water purification 
av ail able today. Some remove one type of contaminant and are 
ineffective against others. Therefore to remove all contaminants 
to an acceptable level. it may be necessary to use a combination of 
methods. The major methods of water purification are described 
below. 

! >i,lillation 

In distillation. the water is heated until it evaporates and the vapour 
is then condensed and collected. Most contaminants remain 
behind in the distilling \ essel. However, \ olatile impurities with 
boiling points less than 100°C can evaporate and be carried into 
the distillate. 

Distillation removes a wide range of contaminants from water. 
These include bacteria. sodium chloride. heavy metals and 
organic compounds. The equipment is relatively inexpensive 
but it requires careful maintenance to ensure purity of water. 
In addition. the process is slow and it requires large amounts of 
energy. 

Ion cvchauuc 

In the ion-exchange process. water percolates through a column 
of spherical resin beads. The ions in the water are exchanged for 
the ions fixed to the beads. Common ion-exchange methods are 
softening. deionization and electrodeionization. 

Softening ion-exchange resins are generally used to remove 
calcium and magnesium ions from hard water. The ion-exchange 
resins contain adsorbed sodium ions. As hard water percolates 
through the column. the calcium and magnesium ions are 



Water 

THE WATER CYCLE 

"he water cycle. also know n as the hydrologic eye le. is a natural 
process by which water is continually exchanged between the 
-urface of the Earth and the atmosphere. Water naturally exists as 
1 solid. liquid or gas on the Earth and is cycled through nature in 
these forms. It uses energy from the Sun to change its state. 

CONDENSATION~ 

. .. . ·-- ... ...... ·- - --·· 

Fig. -1-0.1 

Water on the surface of the Earth such as lakes. rivers and oceans 
enters the atmosphere by evaporation. It then condenses to fo1111 
clouds and falls back down to Earth by precipitation. Rain is one 
form of precipitation. If the clouds are cold enough precipitation 
may occur as snow or hail. Precipitation that falls on the surface 
of the Earth can once again ev aporate so that the eye le starts all 
over agam. 

I mportuncc uf th( \\ .uer l'~ dl 
The water cycle is a natural self-purifying system that is vital to 
all living things. \Vithout the continuous return of fresh water to 
the Ea11h. organisms could not exist. The water cycle provides 
fresh water for drinking, agriculture. industry and domestic use. 



for the adsorbed sodium ions on the resin beads. The 
-dium ions remain in the softened water. 

ca: + 2Na-resin - Ca-resin + 2Na 
IJlJI I Jql 

;_ 

... ns can be regenerated by washing with concentrated 
~-~~ - sodium chloride. 

Ca-resin + 2NaCI - 2Na-rcsin - CaCL 
l.ll]I _faql 

anon removes dissolved minerals from water. The ion- 
=c resins contain adsorbed acid or alkali. The acidic 

. ·- . changes hydrogen ions for cationic contaminants while 
aline resin exchanges the hydroxyl ions for anionic 
rnants in water. The resins can be regenerated by washing 

_,, acid or alkali. [· 

-nization 

.ctrodcionization. water is effectively deionized while the 
_ .. .hange resins are continuously regenerated by an electric 

; in the system. The electric current splits water molecules 
h~ drogen ions and hydroxyl ions which continuously 
erate the resins. The contaminants migrate through the resin 
c removed from the system. 

technology eliminates chemical regeneration of resins with 
and alkaline. Thus the system can operate continuously 

r, ;;---,- ur shutting down to regenerate the resins. The resins do 
=.?t exhausted and lose efficiency which allows it to produce 

1. ..,__ .. .:r of consistent purity. 
r 

_ ring and deionization remove ions effectively but they 
t remove most organic compounds or micro-organisms . 

. ·cria can attach to the resins which provide a suitable 
um for its rapid growth. However. in electrodeionization 

• lectrical conditions within the system inhibit the growth of 
»orgamsms. )] 

c ation 

rs are used to rernov e suspended material from water. 
- re are several different filtration techniques utilized in water 
fication. These include screen filtration. sand filtration. 

+on adsorption and membrane filtration. The filtration method 
vlemented depends upon the types of contaminant that needs 
oe removed and their particle size. 



Screen filters are used mainly to rernov e large debris such as 
sticks. leaves and trash from the water. The screen is made of a 
metal. plastic or synthetic fiber mesh enclosed in a frame. The 
designed is of various shapes and sizes to allow for the separation 
of larger particles in the water. 

\. 

Sand filters are layers of sand or other suitable granular material 
used to reduce suspended solids from water. As the water moves 
vertically through the sand. suspended solids arc trapped in the 
sand. The efficiency of sand filters depends on the particle size 
of the sand. the ratio of surface area to depth of the filter and the 
flow rate of water through the filter. Sand filters can be used as a 
pre-filtration method for membrane systems. 

Carbon filters use pieces of charcoal to rernov e contaminants 
from water, They effectively reduce sediments. volatile organic 
compounds ( VOCs) and chlorine from water. The charcoal is 
usually activated with a positive charge which causes organic 
contaminants in the water to adsorb onto its surface. It also 
catalyzes the conversion of chlorine to chlorides. and hydrogen 
sulphide to sulphates which reduces undesirable odours and 
tastes in water. In addition. removal of chlorine is important in 
that it prevents degradation of resins and membranes in other 
purification methods. 

New carbon filters on the market can remove micro-organisms 
and fine sediment particles down to 0.5 micrometres. However, 
they do not remove most inorganic compounds from water. 
Therefore carbon filter are often used as a pre-treatment method 
for ion exchange and membrane filtration. 

A countertop carbon water filter 

Membrane filtration utilizes a semi-permeable membrane and 
pressure to filter water. It includes micro filtration. ultra filtration 
and reverse osmosis. The membrane for each type of filtration is 
rated for a particular particle size. The standard size rating is in 
microns (micrometres). Contaminants are removed from water 
depending on the micron rating of the membrane. Membranes 
with pore size of 0.2 micron are widely used in micro filtration 
while ultra filtration uses membranes with pore sizes which range 
from 0.02 to 0.00 I microns. Micro filters and ultra filters separate 



.arninants on the basis of size by passing the water through the 
.rnely fine membrane. Table 40. 1 below shows the membrane 

_ required to remove some common micro-organisms. 

·': -W. l 

Reverse osmosis uses an external pressure to force water through 
membrane that retains the solute on one side and allows the pure 
ater to pass through to the other side. The process forces water 

-nolecules from a region of high solute concentration through a 
-cmbrane to a region of low solute concentration. This is the 
pposite of natural osmosis where water molecules move from 
region of low solute concentration to a region of high solute 

concentration through a semi-permeable membrane. 

Rev erse osmosis uses the finest available membrane for filtration. 
It requires a high enough pressure to pump the water in the opposite 
direction of natural osmosis. The membranes are designed to 
allow water to pass through but restrict solutes. bacteria and other 
microscopic particles. It is even capable of removing dissolved 
inorganic salts. 

This technology efficiently removes all types of contaminants with 
the exception of dissolv ed gases. However, since the membranes 
are so restrictive. the process is limited by the relatively slow 
rate of purifying water. In addition. productivity is low as a large 
portion of the water that is fed into the system is run out with the 
waste contaminants. 

ilcal I 

Chemical treatment in water purification includes clarification 
and disinfection. 

Fresh l L Pressure !:@ water rr Waler flow • 
Concen~rale ) '\' f Fresh 
flow (more water 
• concentrated 

solution) 

Semi-permeable 
membrane 

Fig. 40.2 Reverse Osmosis 

Clarification works by using chemicals to coagulate and flocculate 



small suspended particles together in the water. Common 
coagulants used are aluminum sulphate (alum). iron (III) sulphate 
and iron ( III) chloride. Coagulants cause small suspended particles 
to flocculate or clump together into larger partic lcs called floes. 
The floes either sink to the bottom or float to the top of the water 
so that they can be removed. The clarified water may sti 11 contain 
some suspended particles and therefore needs further treatment. 

Disinfection is usually the last step in water treatment plants. 
Water is disinfected with chlorine gas. chloramine. sodium 
hypochlorite. chlorine dioxide or ozone to kill any pathogens 
\\ hich pass through the filters. 

Although chlorine kills many pathogens. cyst forming protozoa 
like Cryptosporidium and Giardia are resistant to it. In addition, 
there is growing concerns over its reaction with organic 
compounds in the water to form chlorinated organic products 
such as trihalomethanes (THMs) and haloacetic acids (HAAs) 
which are carcinogenic. 

Using an activ ated carbon filter after chlorination can remove 
excess chlorine and limited amounts of chlorinated compounds 
formed in water. Howe, er. chlorine dioxide ( CIO:) is preferred to 
treat drinking water as it does not produce TH Ms. Other halogens 
such as fluorine and iodine are not safe for long-term usage in 
water treatment. Iodine in particular. can affect persons with 
thyroid disease. 

Unlike chlorine. ozone is effective at destroying cyst forming 
protozoa. It also produces relatively fewer harmful by-products 
compared to chlorine. Moreover ozone leaves no residual 
disinfectant in the water. 

l \ radiation 

UV light is very effective at killing pathogens and oxidizing 
organic compounds in water. Radiation with a wavelength of 
25-l nm has the greatest effect on bacteria however viruses are 
more resistant, and cysts and worms are unaffected. Radiation 
with wavelengths 185 nm is most effective for the oxidation of 
organic compounds. Like ozone treatment, UV radiation leave, 
no residual disinfectant in the water. 

l>e,~1 lina t ion 
Desalination refers to any technology that removes salt from 



'he two main methods used are distillation and re, erse 
\\-ith either technology, desalination produces fresh 

Jc1d concentrated brine. 

c are some environmental concerns with desalination plants. 
'~. the brine effluent is about twice as salty as the ambient 
ater and when it is discharged into the sea it may create 
zed areas that are too salty for sea life. Secondly. water 
in from the ocean usually results in loss of marine life 

. organisms collide with screens at the intake position. Also 
" sms which pass through the screens are killed during the 
rer treatment process. Desalination of ocean water is common 
places like the Middle East and the Caribbean. 

A desalination plant 

lk concentration of dissolved oxygen in water is one of the most 
oortant features of water quality. Oxygen can dissolve in water 
ctly from the atmosphere and during photosynthesis of aquatic 

'1nts. Fish and other aquatic life need dissolved oxygen in the 
:er to survive. It is used by aquatic organisms for respiration 
d by the aerobic bacteria for decomposition. 

-solved oxygen in water is measured in parts per million (ppm) 
d range from 0- l 8 ppm. Most natural waters require 5-6 ppm of 

issolvcd oxygen to support a variety of aquatic life. If dissolved 
\~ gen falls to 3-5 ppm aquatic life becomes stressed. Dissolved 
\~ gen below 2 ppm can result in death of aquatic organisms. 

"he level of dissolved oxygen is decreased in the following 
nrocesses: 

.;) Respiration - increase in aerobic respiration decreases 
the oxygen concentration dissolved in water. Microbial 
pollution from improperly treated sewage can increase 
microbial respiration in water and thus decrease 
dissolved oxygen levels. The amount of oxygen used 
by these organisms to decompose the waste is known as 
the biological oxygen demand or BOD . 

.;) Temperature - as temperature increases. the amount of 
oxygen dissolved in water decreases. This means that 
as global warming increases the temperature of natural 
bodies of water. less oxygen is dissolved in the warm 
water. 

,;) Eutrophication - excess nutrients in water can 
stimulate algal growth on the surface of water. When 
these plants die. bacteria use dissolved oxygen in the 
water for decomposition. 



.--\ polluted river in Jakarta. Indonesia. 
It is a main source of water for 
Jakarta regional and municipal ,, ater 
supplier. 

These processes can lead to dissolved oxygen being reduced to 
dangerously Im, lewis. As a result. fish and other aquatic animals 
that rely on oxygen for respiration may die. 

' SOURCES OF WATER POLLUTION 

\Vater pollution occurs when bodies of water arc adversely 
affected due to human activities. Natural phenomena such as 
volcanoes and earthquakes can cause major changes in water 
quality however these are not considered to be pollution. The 
major sources of water pollution can be classified as municipal. 
agricultural and industrial. 

This generally arises from sewage from homes and commercial 
establishments. Sewage is the term used for wastewater which 
flushes down the toilets and sinks. It is carried along sewage 
pipes to se,,age treatment plants where it is treated and disposed 
in the environment. Untreated sewage or poorly treated sewage 
can pollute the environment. 

In deve loping countries. an estimated 90° o of "astewater is 
discharged directly into rivers and streams "ithout treatment. 
Untreated sewage water in such areas can spread diseases caused 
by microbes such as viruses, bacteria. and intestinal parasites. 
Diarrhea. dysentery. cholera and tuberculosis are some diseases 
that can be transmitted in water. 

Organic waste in sewage is biodegradable and utilizes the 
dissolved oxygen in water for decomposition. Furthermore. 
phosphate from laundering water enhances algal bloom which 
also causes eutrophication. 

Dumping of garbage in water is another serious problem. 
Items such as plastic packaging materials and synthetic fibers 
can entangle. injure and ev en kill aquatic animals. In addition. 
biodegradable garbage depletes water of dissolx ed oxygen when 
decomposition occurs. 

Indiscriminate use of fertilizers. herbicides and pesticides in 
agriculture indirectly contribute to water pollution. Rainfall or 
irrigation washes nitrate and phosphate fertilizers from the soil 
into watcrw ays. These nutrients enhance algal bloom which 
causes eutrophication. 



_ ucs and pesticides also wash into groundwater and surface 
These contaminants can remain in the water for many years 
"'"cad over a large area before degradation occurs. Since 
_ des and pesticides are designed to kill plants and animals . 

..:1re lethal to aquatic organisms. Drinking water contaminated 
these chemicals has a variety of effects on man which may 
.cte diarrhea. vomiting. skin and eye irritation and risk of 
<..; r. 

ie from industries often contains toxic chemicals that arc 
harged directly or indirectly into the water system. Industrial 
·~·es of pollution include: 

-~ Xuclear waste - nuclear power stations produce 
radioactive waste which pollutes water. Radioactive 
traces from plants in Europe have been found as far as 
Greenland. 

Oil spills - these may occur during extraction. 
transportation and refining of the crude oil. In 1989 the 
Exxon Valdez oil spill off the coast of Alaska caused 
major water pollution that was catastrophic to local 
marine wildlife such as fish. sea otters. seals. and sea 
birds. 

~ Lead - it enters the environment as \\ aste from 
smelting. car batteries and plumbing industries. Lead 
leaches into water from underground lead pipes and lead 
solder used in copper pipes. Brass plumbing materials 
also contain lead which contaminates water. Lead is a 
cumulative poison and is not excreted from the body. It 
causes brain damage. especially in children. 

Q Mercury - this pollutant enters the environment as 
waste from the chlor-alkali industry. burning of coal 
and mining. Fluorescent light bulbs. thermometers 
and other scientific apparatus that contains mercury 
eventually contaminate water supplies when thrown 
away in garbage. Mercury builds up in the tissues of 
fish and accumulates as it mo, es up the food chain. 
This cumulative poison eventually affects the nervous 
system of man. At dangerously high levels it can cause 
death. 

~ !\lining this is the extraction of naturally occurring 
minerals from the earth. The process allows heavy 
metals and other toxic compounds to be exposed 



on the surface of the earth. Rainwater leaches these 
compounds out of the surface of the earth which run 
off into natural waterways. Gold mining uses cyanide 
to chemically extract the gold from the ore. Some of 
this cyanide eventually finds its way into water sources. 
Water pollution usually continues long after the mining 
operations have ceased. This can be seen at Iron Mountain 
mine in California which has been closed since 1963 
but continues to leach sulphuric acid and heavy metals 
such as zinc and cadmium into the Sacramento River. 
No life exists in this water which has an orange colour 
and a pH value well below zero (i.e. the concentration 
of H- ions is more than I mo! dm' ). 

Drainage from the Iron 
lountain r-.1 ine 
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(a) With the aid of a diagram describe the water cycle. 
(b) Explain the importance of the water cycle in nature. 

Describe the following methods of water purification: 

(a) Reverse osomosis 
(b) UV radiation 
(c) Desalination 

J. List t\VO methods ofwater purification. Discuss the advantages 
and disadvantages of each of the method named. 

~- The concentration of dissolved oxygen in water is a significant 
feature of water quality. Discuss the importance of dissolv ed 
oxygen to aquatic life. 

:-. Suggest how the following substances can enter waterways. 

(a) Nitrates 
(b) Mercury 
(c) Pesticides 

Discuss how the presence of these substances in water affect 
living organism. 



Fig. -+ 1.1 
Lav ers o f I he' :11 mosphcre 

LAVERS OF THE ATMOSPHERE 

The I aver of zases that surrounds the Earth is called its atmosphere. - - These gases keep our planet warm and protect us from the 
harmful radiation of the Sun. Earth could not sustain life without 
its atmosphere. 

The atmosphere is divided into four distinct layers based on 
temperature. With increasing distance from the surface of the 
Earth. these are the troposphere. the stratosphere. the mesosphere 
and the thermospherc. The atmosphere becomes thinner with 
altitude and eventually fades off into outer space. 

This layer extends to about 15 km abov c the surface of the Earth. 
The air is mainly composed of nitrogen (78%). oxygen (21 %) 
and other gases (IO o ). It is the air we breathe. Not included in the 
above air is water vapour which is highly variable (I% - ..J%). 
Nearly all atmospheric water x apour is found in the troposphere. 

The troposphere is associated with weather conditions. The 
changes in temperature. wind. pressure. and moisture in this 
region are created as a result of the rotation of the Earth about its 
axis and convection currents generated as the surface of the Ea11h 
is heated by solar radiation. The troposphere helps keep the Earth 
warm and maintain its climate. 

Generally. the temperature decreases with altitude in the 
troposphere. This is due to the decrease in heat transfer by 
com ection as the distance from the surface of the Earth increases. 
In addition. as the pressure decreases with altitude. rising gases 
expand and cool. This makes the top of the troposphere an 
extremely cold and \\ indy place. 

The stratosphere is a stable laycr of'atmosphere which extends from 
about 15 km to 60 km abox e. the surface of the Earth. It contains a 
rclativ el;, high concentration of ozone which is constantly being 
formed and broken do\\'n throuah interactions with ultrav iolet 
radiation. These O\·erall reaction: arc exothermic and warm up 
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atmosphere in this layer. Therefore the temperature increases 
utudc in the stratosphere . 

.: is formed from a pair of photochemical reactions. First 
_(ular oxygen absorbs ultraviolet radiation (wavelengths 

--~ nm) to form two oxygen free radicals. 

0 + IH" -+ •O + •O 
:'lg) lg) lgl 

·n the oxygen free radicals react with molecular oxygen, in an 
thcrmic reaction, to form ozone. This reaction usually takes 
_ e in the presence of an inert body such as nitrogen. 

~H =-105 Id 111011 

_ inert body carries away the excess energy which would 
rwise cause the ozone to breakdown back to molecular 

. gen and oxygen atoms. 

one is broken down by another pair of photochemical 
_c1ctions. First ozone absorbs ultraviolet radiation (wavelengths 

-)30 nm} and undergoes photodissociation to form molecular 
~ gen and oxygen atoms. 

hen the oxygen atoms react with ozone, in an exothermic 
_ action. to form molecular oxygen. 

•O + 0 -+ 20 (gl 31g1 :'lg) 

~H = - 391 kJ mol 1 

n the stratosphere, these photochemical reactions occur because 
e intensity of ultraviolet radiation is high enough to dissociate 
xygen and ozone molecules significantly. However, in the 

-posphere the ultraviolet radiation is insufficient to dissociate 
molecular oxygen as most of the high intensity ultraviolet 
radiation would have already been absorbed in the stratosphere . 
Above the stratosphere. the concentration of molecular oxygen 
is too low to react with oxygen free radicals to form ozone thus 
the oxygen free radicals generally recombine to form molecular 
ixygen. Therefore an ozone layer is maintained about 25 km to 
-W km above the surface of the Ea11h. 

The photochemical reactions involved in the formation and 
destruction of ozone absorb a significant amount of high intensity 



Fig.-ll.2 
An av erage temperature profile 
through the layers of the atmosphere. 

CFC refrigerants 

solar ultraviolet radiation. Thus the ozone layer prevents harmful 
ultra, iolet radiation from reaching the surface of the Earth. This 
is wry important to all living things on Earth. since unfiltered 
radiation from the Sun can destroy living tissue and increase the 
incidence of skin cancer and cataracts. 

I lh' nu ,o,ph,•r 

·The mesosphere extends from about 60 km to 80 km above the 
surface of the Earth. In this layer. the temperature once again 
begins to decrease with altitude. This is the coldest part of the 
atmosphere with temperatures reaching as low as -l-l3°C. Here. 
meteors coming too close to earth slows dow n and bum up. 

The thermosphcrc extends from about 80 km to 500 km abov e 
the surface of Earth. It is the layer of the atmosphere which is 
first exposed to the solar radiation. The air is so thin that a small 
increase in energy causes a large increase in temperature. Here. 
the temperature reaches as high as 2000°C. 

The solar radiation in the thermosphere causes air particles to 
become ionized. These charged particles form a layer called the 
ionosphere. Beautiful coloured lights called auroras are formed 
in the ionosphere near the North Pole and the South Pole. These 
are created in the ionosphere when solar radiation interacts with 
the magnetic field of the Earth. Beyond the ionosphere is the 
exosphere which gradually fades off into space. 

CFCs AND THE OZONE LA YER 

Chlorofluorocarbons (CFCs) are man-made compounds that 
contain only atoms of carbon. chlorine. and fluorine. They were 
developed in the 1920"s as alternatives to the toxic sulphur dioxide 
and ammonia refrigerants used at the time. They have also been 
used as aerosol propellants. electronic cleaning solvents and to 
produce the bubbles in styrofoarn. CFCs are ideal for these and 
other applications because they are cheap. chemically inert. non 
flammable. hav e low toxicity and can be readily converted from 
a liquid to a gas and, ice, ersa. 

The main CFCs were derivatives of methane and ethane. 
They are denoted by the industry nomenclature CFC-11 
( trichlorofluoromethane - CFCIJ. 
CFC-12 ( dichlorodifluorornethane - CF ,CL). 
CFC-113 ( l , I .2-trichloro-1.2.2-trifluoroethane - C ,F .CL) - ·' ·' 



CFC-11..J. ( 1..2-dichloro-LL.2.2-tetrafluoroethane - Cl.jCI~) and 
CFC-115 ( chloropentafluoroethane - Cl .Cl). 
The production and use of CFCs grew enormously over the years 
\\ hich resulted in large emissions into the atmosphere. In 197..J. it 
was discovered that CFCs accelerated depletion of the ozone layer 
in the stratosphere. Since they are chemically inert. they hav e a 
long lifetime in the atmosphere. They remain unchanged in the 
troposphere but-when they reach the stratosphere. they dissociate 
in the presence of ultraviolet light into chlorine free radicals. 

( where RCl is a CFC) (initiation) 

The chlorine free radicals then set off a chain reaction which 
converts ozone into oxygen. 

(propagation) 

The overall equation for the destruction of ozone is 

Since the chlorine free radical is reformed in the second reaction. 
one chlorine atom can destroy thousands of ozone molecules 
before it is removed from the stratosphere. 

Chlorine-containing free radicals can be removed from the 
stratosphere by reacting with methane or nitrogen dioxide. 

CH + Cl- -4 HCI + CH • 
-11;;) lgl 1g1 J lgl 

NO, + CIO• -4 CIONO, 
-l~) lg) -1!:P 

( termination) 

Normally, these two reactions would quickly remove the chlorine 
containing free radicals from the stratosphere. However, in the 



polar region hydrogen chloride and chlorine nitrate can react 
in the presence of ice particles to form chlorine and nitric acid 
crvstals. 

CIONO, - HCI - CL ~ HNO, _1;;1 1gl _1g1 _,1~d 

These remain in the stratospheric clouds until light intensities 
increase in the Artie and Antarctic during spring. Then the 
chlorine dissociate into chlorine free radicals which result in 
severe depletion of the ozone layer in these regions. 

Following the discovery of the "hole" in the ozone layer over 
Antarctica in 1985. many nations signed the Montreal Protocol 
designed to protect the ozone layer by phasing out the production 
of a number of substances believed to be responsible for ozone 
depletion. 

The banning of CFCs has led to alternatives that can be used 
without the environmental concerns. Two classes of chemicals 
that have been identified are the hydrofluorocarbons ( HF Cs) and 
the hydrochlorofiuorocarbons ( HCFCs ). HFCs do not contain 
chlorine and therefore cannot damage the ozone layer. HCFCs 
contain chlorine and can damage the ozone layer. However. the 
presence of hydrogen in the molecule makes them react with 
chemical species in the troposphere (e.g. hydroxyl radicals) 
leading to a shorter atmospheric lifetime. This greatly reduces 
the chance of the chlorine reaching the stratosphere. Thus HCFCs 
have approximately only 5°·o of the ozone depletion potential of 
CFCs. 

In subsequent amendments to the Montreal Protocol. the HCFCs 
haw been classified as transitional substances and they are 
scheduled for a phase-out. Although emissions of CFCs around 
the world is reduced due to international control agreements. 
the CFCs already in the atmosphere will continue to damage 
the ozone layer for many years. Scientists predict that the ozone 
layer would begin to recover in a few years and will be fully 
restored by the year 2050, if the implementation of the Protocol 
is continued. 

THE CARBON CYCLE 

The carbon cycle is a naturally occurring process in which carbon 
is recycled through the air. land. water, and living organisms. 
Large amounts of carbon exist in the atmosphere as carbon 
dioxide (COJ. The main source of carbon dioxide is from 



_:~pi ration of I iving organisms. This process involves the 
__..__...., ,, of carbohydrates to provide energy for the organisms. 

+ - - + 

dioxide is also released into the atmosphere through decay 
c matter. volcanic activity and when carbon compounds 
unestone arc decomposed. Another important source of 

dioxide in the atmosphere is from combustion. Human 
~, involving the combustion of fossil fuels and natural 

- -11011 processes such as forest fires also release carbon 

process which removes carbon dioxide from the 
here is photosynthesis. In this process green plants convert 

·. veric carbon dioxide into organic molecules in the presence 
Photosynthesis is the reverse of aerobic respiration. 

+ + - + 

dioxide is also removed from the atmosphere when it 
es into surface water. Since more than two thirds of the 

. .:: of the Earth is covered with water. the oceans play a major 
- maintaining the concentration of carbon dioxide in the 
-r-here. The solubility of carbon dioxide in water increases 
pressure increases but it decreases when temperature 

.. -es. In the oceans. aquatic animals use dissolved carbon 
Jc to build their skeletons of calcium carbonate. These give 
coral reefs and other limestone formations. 

Fig . ...i I.., 



Map of the Amazon rainforest 

The Earth maintains a natural carbon balance. The sources 
which produce carbon dioxide in the air are balanced by sinks 
i.e. processes which remove it. Thus the composition of carbon 
dioxide in unpolluted air remains more or less constant. When 
concentrations of carbon dioxide are slightly altered. the system 
gradually readjusts to return it to its natural state. For example. 
when carbonic acid is removed from solution by weathering 
of rocks to produce carbon dioxide. the reaction adjusts by 
dissolv ing more carbon dioxide from the atmosphere to replace 
the carbonic acid used. This is a large-scale example of Le 
Chatelicrs Principle. 

Human activities such as deforestation and combustion of fossil 
fuels are significantly disrupting the natural balance of the carbon 
cycle. Clearing forest for industry and farming reduces the rate at 
which green plants remox e carbon dioxide from the atmosphere 
by photosynthesis. Furthermore wood burning which occurs with 
forest clearance adds carbon dioxide to the atmosphere. In 1987. 
an area of the Amazon rain forest roughly the size of Britain was 
burnt adding about 500 million tonnes of carbon dioxide to the 
atmosphere. The loss of the forests also meant that there were 
fewer trees to remox e carbon dioxide from the air. Similar types 
of deforestation take place in Indonesia. India and some African 
countries. 

Combustion of fossil fuels for electric power generation and 
transportation releases carbon dioxide into the atmosphere 
far more rapidly than it is removed. These activ ities lead to an 
ov erall mcrease in the concentration of carbon dioxide in the 
atmosphere. Since carbon dioxide is a greenhouse gas. this would 
tend to enhance the greenhouse effect and thus contribute to 
global warming. ~ ~ 

THE GREENHOUSE EFFECT 

The greenhouse effect is the process by which certain gases 
in the atmosphere absorb infrared radiation to maintain the 
temperature of Earth. The process is compared with the way a 
greenhouse warms up by allowing sun! ight to enter through its 
glass and prevent infrared radiation from lea, ing. Gases which 
absorb infrared radiation are called greenhouse gases. The main 
greenhouse gases in the atmosphere are water vapour, carbon 
dioxide and ozone. Other greenhouse gases include methane. 
nitrous oxide and the chlorofluorocarbons. 



"he atmosphere reflects about 30 ~o of solar radiation back into 
oace. The other 70 %. which is mainly ultraviolet and visible 
ght, penetrates the atmosphere and warms the Earth. The 
arm Earth radiates heat in the form of infrared radiation which 

,, absorbed by molecules such as carbon dioxide and water in 
he atmosphere. These gases re-radiate most of the heat back to 
ie Earth thus preventing the infrared radiation from escaping 
impletely into space. This warms up the Earth and maintains an 
v erage global temperature of 15°C which makes life on Earth 

nossible. Without this natural greenhouse effect, the average 
=lobal temperature would be below -20°C. 

"he term "greenhouse effect" may be used to refer either to the 
natural greenhouse effect, due to naturally occurring greenhouse 
gases, or to the enhanced greenhouse effect which results from 
;;ases emitted as a result of human activities. In the last few 
centuries. human activities have increased the concentration of 
=reenhouse gases in the atmosphere. Deforestation and combustion 
of fossil fuels for electric power generation and transportation 
have increased the amount of carbon dioxide in the atmosphere. 
Increasing quantities of methane are released from methane 
belching cattle. decomposing landfills and wetlands such as rice 
paddies. Nitrogenous fertilizers which are used on most crops 
release nitrous oxide into the atmosphere. CFCs from refrigerants 
and aerosol propellants are extremely effective greenhouse gases . 
. .\ CFC molecule is I 0,000 times more effective in trapping heat 
than a carbon dioxide molecule. As more greenhouse gases are 
released in the atmosphere, more infrared radiation is absorbed 
thus enhancing the greenhouse effect. This then leads to an overall .... .... 
increase in the average global temperature. 

Carbon dioxide concentration in the atmosphere has been 
increasing since measurements began in 1958 on Mauna Loa in 
Hawaii. Simultaneously. global temperatures haw been rising. 

Fig . ..J.1 A Atmospheric CO. at vlauna Loa Obscrx awr~ 
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GLOBAL WARMING 

Global warming refers to the a, erage increase in the surface 
temperature of the Earth. This warming is largely attributed to the 
increase of greenhouse gases in the atmosphere which is caused 
by human activities such as burning of fossil fuels. deforestation 
and fanning. The increase in concentration of greenhouse gases 
in the atmosphere enhances the greenhouse effect which increases 
the average global temperature. 

The a, erage global temperature has already increased about 
0.6°C in the 20th century. This is the largest increase in surface 
temperature in the last 1,000 years and scientists are predicting an 
even greater increase over this century. Although the temperature 
change may sound small. it can trigger significant changes in 
climate. During the last Ice Age, 20.000 years ago. the Earth was 
roughly 5°C cooler than it is today. Since then it has warmed up. 
although not steadily. to the present temperature. That's roughly 
an increase of 1 °C every -LOOO years. Current global wanning 
scenarios predict a minimum of 1 °C increase over this century. 

In 2007, the Intergovernmental Panel on Climate Change (lPCCl 
reported that the emission of greenhouse gases from human 
activ ities significantly affects climate and unless it is modified. 
it will cause temperatures to rise by as much as 6.-l-°C by the end 
of the century. According to the IPCC continued greenhouse gas 
emissions at or abov e current rates would cause further wanning 
and would induce many changes in the global climate during the 
21 '1 century that would very likely be larger than those observed 
during the 201h century. Among those observed were: 

~ Elev en of the last twelv e years ( 1995-2006) rank among 
the 12 warmest years in the instrumental record of global 
surface temperature since 1850. 

~ Most of the observ ed increase in globally a, eraged 
temperatures since the mid-Ztl" century is ,·e11· likely due 
to the obserx ed increase in anthropogenic greenhouse 
gas concentrations . 

.;) The average temperature of the global ocean has 
increased to depths of about 3000 m. The ocean has 
been absorbing more than 80° o of the heat added to 
the climate system. Such warming causes seawater to 
expand, contributing to sea level rise . 

.;) Mountain glaciers and snow cover have decrease on 
average in both hemispheres. Widespread melting of 



glaciers and ice caps has contributed to sea level rise. 
Global average sea le, el rose at an av erage rate of 1.8 
mm per year over 1961 to 2003. The rate was faster 
over 1993 to 2003. about 3.1 mm per year . 
Average Arctic temperatures increased at almost twice 
the global av erage rate in the past l 00 years. 
More intense and longer droughts have been observed 
over wider areas since the 1 970s . 

.J Widespread changes in extreme temperatures have been 
observed over the last 50 years. Cold days. cold nights 
and frost have become less frequent, while hot days. hot 
nights. and heat waves have become more frequent. 

'.lany scientists believe that global warming may lead to changes 
precipitation and weather patterns. Wanner ocean water may 

_ sult in more intense and frequent tropical storms and hurricanes. 
In September 1991 Japan was hit by Typhoon Mireille. its worst 
111 30 years. Then in September 1993 it was hit by Typhoon Yancy. 
the 13111 that year and the worst in 50 years. Rising sea levels 

ill increase flooding in coastal areas and river estuaries such as 
Bangladesh and the Nile Delta. London and many other British 
coastal cities will be threatened also. Decrease rainfall may 
increase drought and wildfires. Organisms that cannot survive in 
,, armer environments may become extinct. Also it may result in a 
greater risk of heat stroke for individuals. and poor air quality. 

Research suggests that as the Earth heats up. feedback mechanisms 
occur to enhance global warming. For example, the warm oceans 
will be less efficient in absorbing carbon dioxide. leavinz more ~ ~ 
in the atmosphere and so adding further to global wanning. Also 
large quantities of methane stored in the frozen tundra of the north · 
and in the sea bed may be freed by rising temperature causing 
further warming. Another example is that as the temperature rises. 
more water will be evaporated from the oceans so providing more 
cloud which would enhance global wanning. 



It is important to slow down global warming as much as possible. 
This can be achieved through energy conservation. using 
alternatix e pollution-free energy and reforestation. Some of the 
strategies proposed are policies for restrictions on big polluters, 
transportation management to reduce emissions from automobiles 
and to make better use of renewable energy sources such as solar 
power, wind pow er, and biodiesel. 

Most Industrialized nations except the United States and Australia 
have ratified the Kyoto Protocol and agree to reduce worldwide 
greenhouse gas emissions to :5.2 ° o below 1990 le, els between 
2008 and 2012 with a shift to cleaner energies such as wind and 
solar power. The United States is a notable exception in that it 
releases more carbon dioxide than any other nation. Developing 
countries are not required to meet the emission standards in 
Kyoto. This includes China and India. the second and third largest 
emitters of carbon dioxide respectix ely. 

Many environmental groups encourage indix idual action against 
global wanning. Simple measures you can take in your everyday 
life to reduce global warming are given below . 

..;) Choose reusable products instead of disposables . 

..;) Buy energy-efficient products and use the energy-saving 
settings on your appliances. 

-.l Replace regular light bulbs with compact florescent light 
(CFL) bulbs. CFL bulbs use two-thirds less energy, and 
give off 70 percent less heat. 

-.> Conserve electricity by turning off lights. television. 
video player. stereo and computer when you're not 
using them. 

-.> Explore your community's mass transit system and 
options for carpooling to work or school. 

..;) Plant a tree 

..;) Share information with others and encourage them to 
conserve. 

COMBUSTION OF HYDROCARBON BASED FUEL 

The main componentsoffossil fuels are combustible hydrocarbons. 
Complete combustion of the hydrocarbons produces carbon 
dioxide and water, However fossil fuels emissions contain several 
other pollutants due to impurities in the fuel. Fossil fuels used 
in power plants and vehicles are a major source of emission of 
carbon monoxide. nitrogen oxides. sulphur dioxide. and unburnt 
hydrocarbons. 



-bon monoxide (CO) is a colourless and toxic gas produced in 
. icle exhaust when there is insufficient oxygen for complete 
nbustion of hydrocarbon fuel in the engine. Carbon monoxide 
mbines readily with haemoglobin in the blood to form the stable 

.mpound carboxyhaemoglobin. This makes the haemoglobin 
able to transport oxygen which results in the cells of the body 
:mg deprived of oxygen. Exposure to carbon monoxide can cause 
eadaches, dizziness and increase heart disease. A concentration 
;') little as 400 ppm in the air can be fatal. 

arbon monoxide can also take part in a series of reactions which 
an lead to the increase in the level of tropospheric ozone. This 
;round-level ozone is a major component of smog. Exposure to 
elevated levels can lead to severe coughing, shortness of breath, 
ung and eye irritation. 
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Oxides of nitrogen. collectively referred to as NO, are produced 
\ hen fossil fuels are burnt in air. Under normal conditions nitrogen 
and oxygen do not combine. however during combustion of fossil 
fuels, the high temperatures in engines or power plants provide 
sufficient energy for the nitrogen and oxygen molecules to react 
to form oxides of nitrogen. Nitric oxide (NO) which is the major 
form produced by combustion is oxidized in air to form nitrogen 
dioxide (NO,). 

N + 0 - 2NO 2(g) .:(g) (gJ 

2NO + 0 -~ 2NO 
(g) .:::qp ~(gl 

Nitrogen dioxide reacts with water to form nitrous and nitric acid 
which fall as acid rain. 

2NO + HO - HNO + HNO 2igl 2 ill 2iaq1 3(ctcj) 

It also catalyzes the oxidation of sulphur dioxide to sulphur 
trioxide in the atmosphere. 

The nitrogen dioxide is regenerated and the sulphur trioxide 
reacts readily with water in the atmosphere to form sulphuric acid 
which is the main cause of acid rain. 

Combustion of hydrocarbon 
fuel in vehicles 
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In addition. the sunlight-catalyzed reaction in the atmosphere 
between oxides of nitrogen and unburnt hydrocarbon leads to 
photochemical smog, a brown haze often seen above large cities. 
It is a respiratory irritant and can cause bronchitis and decrease 
resistance to respiratory infections . 

..._,llphur d iuvid« 

Sulphur compounds occur naturally in both coal and crude oil. 
The combustion of such fossil fuels in power stations is the main 
source of sulphur dioxide emission. 

S (in fuel) + 0 -•· SO 
2!g:) ~lg) 

Sulphur dioxide is further oxidized to sulphur trioxide in the 
atmosphere. 

2SO - 0 --. 2SO .:'l,:1 .:'1g1 .11g1 

Both sulphur dioxide and sulphur trioxide react with water in the 
atmosphere to form acid rain. 

SO + H 0 :1g1 .:' 111 

SO + H 0 11g1 .:' 111 

\rid r,1i11 

- H,S01 _ .1,ty I 

-> H SO 
.:' ~IJc] I 

In an unpolluted atmosphere. carbon dioxide. the oxides of 
sulphur and oxides of nitrogen give rainwater a pH of about 
5.5-5.0. In heavily industrialized areas. the concentration of these 
gases increases in the atmosphere and the pH of rain can reach 
as low as ..\..0. This is about ten times more acidic than rain in 
unpolluted air. Rain which is more acidic than its natural value is 
referred to as acid rain. 

Acid rain has done tremendous damage to trees in Europe and 
has caused the death of fish in lakes of many countries such 
as Canada. Sweden. the USA and UK. As acid rain percolates 
through soil. it leaches out essential nutrients required by plants 
resulting in loss oflarge areas of forest. Furthermore, the sulphate 
ions in acid rain can combine with aluminium compounds in the 
soil to form soluble aluminium sulphate which can wash out into 
lakes and rivers, As water flows mer the gills of fish. aluminium 
hydroxide is precipitated on the gills. The gills secrete mucus and 
become clogged so preventing oxygen uptake. This results in the 
death of the fish. 



•;h~r effects of acid rain include: 

corrosion of metals in bridges. houses and vehicles 
destruction of limestone. marble and cement work on 
buildings 

~ destruction to trees and reduction in growth of many 
plants 

~ lowering the pH in lakes which results in the death of 
fish 

~ irritation to the respiratory system 

v olarilc organil' n,mpuuncl, (\ { >( ,1 

L nburnt hydrocarbons are produced in vehicle exhaust when 
there is insufficient oxygen for complete combustion of the 
hydrocarbon fuel in the engine. Also volatile hydrocarbons. 
such as butane. evaporate from fuel tanks and filling stations on 
warm days. Thus transportation accounts for about half the total 
hydrocarbon emissions. Volatile organic compounds (VOCs) 
are often used interchangeably with hydrocarbon emissions. This 
term is broader and recognizes the fact that incomplete combustion 
of hydrocarbons may incorporate some oxygen in their structures 
and form compounds like aldehydes. 

Some VOCs, such as benzene. are carcinogenic while others are 
respiratory irritants. Many pollutants are formed by atmospheric 
oxidation of hydrocarbons. These include aldehydes and irritating 
smog components such as peroxyacetylnitrate (PAN) and ozone. 

Phutnchcmicul ,mo~ 

The word ·smog· was initially used to describe the combination 
of smoke and fog which was found over cities where industries 
release large amounts of sulphur dioxide. The Great Smog of 1952 
darkened the streets London and killed thousands of people. The 
Clean Air Act of 1956 reduced sulphur dioxide levels and made 
this kind of smog a thing of the past in London. However. a new 
kind of smog, known as photochemical smog. has developed. It 
is produced by the chemical reaction of sunlight. nitrogen oxides 
(NOr) and volatile organic compounds ( VOCs) from exhaust 
emissions in the atmosphere. It consists of a mixture of oxidizing 
substances such as ozone. nitrozen dioxide and peroxyacetylnitrate ._ . 
(PAN). 

It is suggested that the production of ozone in the troposphere is 
formed when nitrogen dioxide dissociates in the bright sunlight 
into nitrogen oxide and oxygen atom. then the oxygen atom reacts 



with molecular oxygen to form ozone. 

NO -• NO + •O :!t ~I lg I (g) 

•O + 0 -+ 0 
(t!) ~([!) 3(g) 

Once ozone is formed, it is believ ed that PAN is generated from 
a series of reaction. 

Formation of an oxygen radical 

0, -+ 0 + •O 
-.1g) ~tgl l~I 

Formation of hydroxyl radicals 

•O + HO -+ 2HO• 
(gl : (gl LH 

Formation of an ethyl radical 

CH CH + HO• - CH CH • + H 0 
i 3tgl tgl ' 2 (gl 2 lg) 

Formation of an peroxyl radical 

CH,CH • + 0 -+ CH,CH 00• ~"' 2 l l.! I 2( l.!l _, 2 (l! I 

Oxidation of NO to NO, 

CH CH 00• + NO -+ CH CH O• - NO 3 2 (UI {!!) i 2 (g) ::::(!!) 

Oxidation to cthanal 

CH CHO• + 0 3 2 (g) 2(g) 

Then 

-+ CH CHO + HO• 3 (gl {g) 

CH CHO ~ HO• -+ CH,CO• - H 0 3 (g) _.. , 

CH,CO• + 0, __. CH,COO,• 
' ·' 

-+ CH.COO.NO, 
' - - 

Photochemical smog is extremely irritating to the respiratory 
system. It is very prcx alent when there is bright sunlight and 
heavy traffic. The brown haze characteristic of photochemical 
smog is mainly due to the presence of nitrogen dioxide. 

Pollutants such as carbon dioxide (COJ, carbon monoxide 
(CO), sulphur dioxide (SO:) and nitric oxide (NO) are referred 
to as primary pollutants. These are produce directly from 
the combustion of fossil fuel itself. Secondary pollutants are 
formed as a result of subsequent reactions between these primary 



b and other exhaust enussions. Secondary pollutants 
. nitrogen dioxide (NO). ozone (0) and PAN. 

cnmpounds 

duion of tetraethyl lead to gasoline reduces knocking. 
. er. it releases lead compounds in exhaust emissions. Leaded 

ing phased out in most countries due to an unacceptable 
·-i of lead pollution in the environment. Lead is toxic and 
ter the blood stream by inhalation or by ingestion directly 
rectly through the food chain. It slowly builds up over time 
·ody. It is associated with gastrointestinal problems. such 
stipation, diarrhea. and \ omiting. Chronic lead poisoning 
in neurological problems such as reduced IQ. irritability, 
nia, excess lethargy or hyperactiv ity, headache and in 

_ me cases. seizure and coma. It is much more harmful to 
en than adults because it can affect children's developing 

.:~ and brains. Leaded fuel is being replaced by unleaded 
crane fuel. 

u lutv matter 

fuel use also produces particulates such as dust. soot. 
_. and other suspended matter. These particles are respiratory 
nts as they are small enough to penetrate into the lungs . 
. fuel contains more carbon atoms per molecule than petrol 
JC diesel engines produce about fifty times more particulate 
_ than petrol engines. 

THE NITROGEN CYCLE 

_ nitrogen cycle describes the circulation of nitrogen and 
~en-containing compounds in nature. Nitrogen is used in 
gical processes to produce complex organic molecules like 

no acids. nucleic acids and chlorophyll. Most organisms are 
vle to utilize nitrogen gas in the atmosphere although there 
abundant supply of it. The nitrogen in the air is fixed into 

'1115 usable by liv ing organisms. 
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Atmospheric nitrogen is fixed in nature either by 1ightning or 
by nitrogen fixing bacteria. During thunderstorms. the lightning 
provides sufficient energy for the nitrogen and oxygen molecules 
to react to form nitric oxide (NO) which is oxidized in air to fo1111 
nitrogen dioxide (NO:). 

N + 0 - 2NO .:!(g) ~(g) lg) 

2NO + 0 - 2NO ( ~) ~( g) ~(t!) 

Nitrogen dioxide dissolves in rain to form nitrous and nitric 
acid. 

2NO + H O - HNO + HNO clgl 2 ill 2iJ<]I 31a41 

When this rain falls to the earth it forms nitrates and nitrites in 
the soil. 

Some nitrogen fixing bacteria live in symbiotic relationships 
(Rhi=obi11111 in the root nodes of leguminous plants). while 
others live free in the soil. They convert atmospheric nitrogen 
into ammonium ions which are used to make plant proteins. All 
plants howev er. can absorb nitrates from the soil which are used 
to make plant proteins. When plants are consumed by animals. 
plant proteins are conv erted to animal proteins. 

The remains of plants and animals are decomposed into 
ammonium compounds and returned to the soil. The ammonium 
compounds are converted by nitrifying bacteria into nitrites and 
nitrates which plants can use again. 

Denitrifying bacteria reduce nitrates and ammonium compounds 
in the soil into nitrogen gas which is released back into the 
atmosphere. 



·q\ ities have altered the natural nitrogen cycle when 
~·b is removed from the air during combustion of fossil 
chicles and industrial plants. by extensive cultivation 
::.;, and by the Haber process in the production of 

CONTROL AND PREVENTION OF ATMOSPHERIC 
POLLUTION 
ironment is being polluted to a large extent by 
zation and transportation. Presently over 80% of all the 

-ed by industrialized countries is fossil fuels. Fossil fuels 
<renewable resource and the amount remaining in the 
imited. Existing technologies for new energy sources 

-using but sti 11 there is a need to research and develop 
and more sustainable energy alternatives. Major changes 

_ ._ ied in industrialized countries to control and prevent 
- eric pollution. These include using alternativ e and cleaner 

proving mass transit systems and minimizing pollutants 
rce with pollution control equipment. 

.ere are concerns about air pollution and petroleum 
cnce. new technologies for alternative and cleaner fuels are 

_ ·~·::.earched. Many under development arc only in their initial 
Some alternative sources of energy are discussed below. 

ar fission can occur when a nucleus of a heavy atom 
·., a neutron or it can happen spontaneously. It produces 

or nuclear power plants. Uranium-235 and plutonium- 
. the most common nuclear fuels. When a uranium-235 
- is bombarded with a neutron, it splits into radioactive 

.... ms and releases neutrons in the process. These neutrons 
- mbard other uranium-235 nuclei in a chain reaction 
. ng a tremendous amount of heat energy. This energy, when 
-Iowly, can be harnessed to generate electricity. However 

, kt out all at once, it can make a tremendous explosion 
.m atomic bomb. In a nuclear reactor, the chain reaction is 

_ j down and controlled to produce readily available energy. 
r fission of I gram of uraniurn-235 can produce as much 

=- as that of burning 3 tonnes of coal. However, the waste 
. ts of nuclear fission are highly radioactive giving rise to a 
.. ,r waste problem. ., 



The Open Cycle OTEC at 
Keahole Point. Hawaii Island. 

Another form of nuclear energy is called nuclear fusion. It 
involves the fusion of smaller nuclei into a heavier nucleus. The 
sun produces energy in this way by combining hydrogen nuclei 
into a helium nucleus. Nuclear fusion creates less radioactive 
material than nuclear fission and it is thought of as the path to 
unlimited energy. Scientists hav e been working on the extraction 
of "heavy" hydrogen (deuterium) from water and fusing it to 
form helium. However they are still encountering difficulty in 
controlling nuclear fusion and making a fusion reactor to produce 
electricity. 

Jl't'all "lll'I '" 

Moving waves of the ocean have kinetic energy. This wave 
energy can be used to power a turbine which can turn a generator. 
Wave energy systems are usually very small and can be used to 
power a warning buoy or a small light house. 

Another form of ocean energy is called tidal energy. At high tide. 
water is trapped in reservoirs behind dams. Then when the tide 
drops. the water behind the dam is allowed to fall through a height 
onto the blades of turbines which are connected to generators 
just like in a regular hydroelectric power plant. In order for tidal 
energy to work well. at least 16 feet between low tide and high 
tide is needed. There are only a few places where this tide change 
occurs around the Ea11h. The La Rance Station in France uses 
tidal energy to power over 2-l-0.000 homes. 

The surface of the ocean absorbs solar energy and is warmer 
than the deep ocean water. Ocean thermal energy conversion 
(OTEC) uses this difference in temperature to generate electricity. 
The process involves pumping cold water from about I kilometre 
deep in the ocean to the surface and extracting energy from the 
flow of heat between the cold water and warn, surface water. A 
difference of at least 20°C is needed between the warmer surface 
water and the colder deep ocean water to produce a significant 
amount of power. This type of technology is being demonstrated 
in Hawaii. 

·- ·,I ,· f· nt·i .. , 

Solar energy comes from the Sun. It can be used directly in crop 
drying. solar cooking and solar water heaters. Solar energy can 
also be used to make electricity. In the Mojave Desert in California, 
huge rows of highly curved mirrors are used to focus sunlight 
onto a pipe that gets hot enough to boil water which makes steam 
to turn a turbine to make electricity. This makes electricity for 



more than 300.000 homes. The problem with solar energy is that 
it works only when the Sun is shining. Some solar plants use 
sunlight during the day but at night and on cloudy days. they burn 
natural gas to boil the water to continue to make electricity. 

Solar or photovoltaic cells can convert solar energy directly 
into electricity. It is used for lights and small appliances such as 
calculators. refrigeration and air conditioning. It is also used to 
power electric cars and communication satellites. One suggestion 
for energy in the future is to put solar satellites in space. These 
would collect solar energy. convert it to electricity and transmit it 
to Earth. However scientific feasibility is not yet established. 
Although solar energy does not release air pollution, it still has an 
mpact on the environment. Solar energy involving the collection 
,f solar rays through collectors needs large tracts of land as a 
collection site. This impacts the natural environment. Solar cells 
use the same technologies as the production of silicon chips for 
computers. The manufacturing process uses toxic chemicals 
, hich also has environmental impacts. 

\ ind energ~ 

:=- armers ha, e been using wind energy for many years to pump 
., ater from wells and to turn large grinding stones to grind wheat 
-r corn. Wind is also used to make electricity. When wind blows 
r spins the blades of a wind turbine which turns a generator 
:o make electricity. If the wind gets too high. the turbines are 
designed with brakes that will keep the blades from turning too 
.ast and being damaged. 

'-- '-- 

ind is blowing in many places all 0\ er the Earth. The only 
problem is that it is not windy all the time. For a wind turbine 
to work efficiently. wind speeds must be above 20 kilometres 
per hour to turn the turbines fast enough to generate electricity. 
California produces about 11 % of the wind generated electricity 
used in the world. Denmark and Germany are other countries that 
i.1Se a lot of wind energy. 

Harnessing wind energy also has its downside. mostly involving 
iand use. Farms and cattle grazing could have used the same land 
under the wind turbines. \Vind turbines could cause erosion in 
desert areas. They also affect the natural view because they tend 
to be located on or just below ridgelines. Bird deaths also occur 
due to collisions with wind turbines. 

Photovoltaic 'tree· in 
Styria, Austria 

\\ ind energy 
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Hydroelectric power uses the gravitational potential energy and 
kinetic energy in water to make electricity. Dams are built to 
collect water. As the water falls through a height. it spins the blades 
of turbines which are connected to generators which produce 
electricity. Hydroelectric power is found in the mountainous 
areas where there are lakes and reservoirs and along rivers. 
About 87 ° o of the electricity made in Washington is produced b::, 
hydroelectric faci I itics. 

Environmental concerns are also associated with hydroelectric 
energy. These include people being displaced and prime farmlands 
and forests being flooded by dams. In addition. darns change the 
biotic and abiotic features of the river and the land downstream. 

1 ,, ull,, .. ,11.d I ii.•··:.:, 

Geothermal energy is the heat energy stored in rocks and fluids 
below the surface of the Earth. Naturally occurring geothermal 
vents reach the surface in areas where there are geysers and hot 
springs. Some of these areas have so much steam and hot water 
that it can be used to generate electricity. Holes are also drilled 
in the ground to reach the hot rocks below and then injected with 
water to produce steam. The steam is pumped through pipes 
and used to tum the blades of turbines which are connected to 
generators to make electricity. 

Although geothermal power seems natural. it does have its 
limitations. Extraction of geothermal energy depends on the 
geography of the Earth. The rocks under the operating power 
plant must have permeable cracks and enough water or heat to 
tum the turbine. Also in the extraction of gcothcnnal energy. 
hazardous substances such as hydrogen sulphide may come up 
from underground which can be difficult to safely dispose of. 

K11:::1::-_·. 

In terms of energy production. biomass is commonly referred to 
as plant material grown for use as biofuel. They can be harvested. 
dried and burnt. or further processed into liquid or gaseous fuels 
such as alcohols and biogas respectively. 

Alcohols are commonly produced from biomass through 
fermentation. In Brazil. ethanol is produced from sugar cane and 
is used as an automotive fuel in alternative fuel vehicles (AFVs). 
In the United States it is produced from corn and is mostly used 
as a gasoline additive. A blend of l 0° o ethanol and 90% gasoline 
is sold as gasohol. Methanol can be combined with plant oils. 



fats or recycled restaurant grease to make biodiesel which 
"'-- used as an additive or in its pure form in AFVs. 

_.:1s is produced by anaerobic decay of organic wastes. 
~ manure or garbage. Biagas consists mainly of methane 

carbon dioxide. lt can be produced in a biodigester where 
.rra decompose organic wastes. Also it can be recovered 
landfills and burnt to produce electricity. 

iass as a fuel does not disrupt the carbon cycle. Carbon from 
·mosphere is converted into plant material by photosynthesis. 
-cay or combustion the carbon goes back into the atmosphere . 
considered a renewable resource because the plants which 

._· biomass can be grown over and over. Biomass foe! allows 
. ..:s to be reduced. reused and recycled in the environment. 
,:\ er. if the crops are not replanted. then biomass can release 

. -. m dioxide that will contribute to global warming. 

".:I cell is an electrochemical cell which converts chemical 
of a continuous supply into electrical energy. Chemical fuels 

.. -· in fuel cells include hydrogen. natural gas. propane and 
~ ihanol. 

drogen fuel cells use hydrogen and oxygen to produce 
.. ~ triciry. They are pollution-free as water and heat are their by 

- ducts. They are used in spacecrafts to provide heat. electricity 
j drinking water for astronauts. Hydrogen fuel cells are a 
mising technology for future to use as fuel in vehicles and to 
. ide power for homes and industries. 

drogen fuel has some limitations. in that, it is found on Earth 
nbincd with other elements such as carbon and oxygen. To use 

. drogen. it must be separated from these elements. Hydrogen can 
.: produced from the electrolysis of water or from the reforming 
- natural gas or light petroleum distillates. Also some algae and 

··~..:tcria can use solar energy and make hydrogen under certain 
nditions. Another limitation is that hydrogen is difficult to store 

.nd distribute. 

'" t runsit 

viass transit or public transportation comprises of transport 
-rcms such as buses, trains and subways. lt provides scheduled 
.rv rces on fixed routes taking passengers to their destinations 
rthout the need for automobiles. The essential feature of mass 

--:msit is that there are more people per vehicle which means less 

In 2008 Honda Motor Co. Ltd. 
announced that the FCX Clarity 
fuel cell vehicle will serve as the 
official car of the 200R Indy Japan 
ev ent. 



London Underground. the oldest 
rapid transit system in the world. 

traffic congestion and reduced air pollution. 

Although taking public transport is environmentally preferable to 
private transport diesel buses are by no means cleaner burning 
vehicles. In Los Angeles. diesel engines for transit buses have 
been outlawed and the federal government has enacted particulate 
reduction standards that should have been met by 2007. New 
buses running on alternative fuels such as ethanol. propane, 
biodiescl and natural gas arc entering the market and improving 
the environmental appeal of public transportation. The emissions 
of soot and the pollutants that cause smog from these alternative 
fuels are "1-0 percent below those of the diesel buses. However. 
they are less impressive in reducing global warming since they 
reduce emissions of greenhouse gases by only 5 to 10 percent. 
Electric buses are also in the early market stage and produce zero 
ennssions. 

Construction of separate infrastructure can make public transport 
faster than on public roads. For example. buses that travel on 
public roads are generally slower than private transport because 
of the initial wait for a bus. frequent stops. and traffic congestion. 
In urban areas. rapid transit systems such as trains and subways 
usually transport large amounts of people at high frequency and are 
totally independent of other traffic. These forms of transportation 
arc fast and efficient. They use electric power which is quieter 
and do not pollute the transport passages. Mass transit rarely 
covers its operating costs through fares and generally relies on 
government subsidies. 

Pollution control kchnolo:,:~ 
Seq ucvtering 
Fossil fuels will remain the main source of energy well into the 
twenty-first century. Predictions of global energy use suggest that 
the concentration of carbon dioxide will continue to increase in 
the atmosphere unless major changes are made. Sequestering is 
a technique that can be used to capture and store carbon dioxide 
and other greenhouse gases in stable compounds so that they will 
not be released into the atmosphere. For example. carbon dioxide 
can be trapped by metallic oxides to produce stable carbonates. 
Sequestering can be used at large fossil fuel energy facilities 
to reduce carbon dioxide emissions at its source. Although 
sequestering increases the running costs of the power plant 
significantly, carbon dioxide emissions can be reduced by up to 
90° o. Natural sequestration also occurs during photosynthesis 
when plants trap carbon dioxide from the atmosphere and 



orporate it into biomass. 

uhbers 
rubbers arc another group of dex ices that control gaseous 
ussions. especially acidic gases such as SO~ and HCI. Scrubbers 
novc or neutralize pol I utan ts from ft ue gases ( exhaust gases that 
~ conveyed from a furnace to the atmosphere via a chimney) or 
)111 other gas streams. Scrubbing involves addition of an alkali, 
basic oxide or a carbonate into the gas stream to react with the 
:idic gases. For example, calcium oxide and calcium carbonate 
m be used as scrubbing reagents to react \\ ith sulphur dioxide 
, form calcium sulphite which can be oxidized by air to form 
alcium sulphate. 

CaO + SO - CaSO, 
(Si ~(gl .,(sl 

CaCO, -+- SO - CaSO, + CO _,(") 21:!) _,1") 2tgl 

2CaS03(,I + 0~1g1 + ..iap111 - 2CaSO/?.H~0"1 

I~ dratcd calcium sulphate (gypsum) can be used in plaster-board 
d cement manufacture. 

\\ ~1,hl:'r, 
\ir washers are used to remove volatile vapours and dust from 
.. xhaust fumes. Pollutants are removed by dissolving in a solvent 

ch as water. An elaborate spray system creates a mist of water 
\\ hich the air must pass through. As the air comes in contact 
uh water droplets. dust and volatile vapours dissolve in the 
atcr and remain behind. 

~ ilters are also used to separate dust particles from air. Filters use 
c principle of particle sizes to clean air. Larger particles cannot 

"'dSS through the filter and will remain behind while the smaller 
r particles will flow through. Air filters arc used in engines such 
internal combustion engines and gas turbines. Electrostatic 
.cipitators are highly efficient filtration devices and can easily 
."llO\ e fine particulate matter such as dust and smoke from the 
r stream using an induced electrostatic charge. 

1 ,.,,:11~ tic cunvcrtvr- 

\ catalytic converter is fitted to a vehicle exhaust system to 
..:duce pollutant gases from emissions. It consists of a mixture 
· platinum and rhodium catalyst coated on to a honeycomb 
er which maximizes the surface area on which the catalyzed 

- : actions take place. Carbon monoxide and unburnt hydrocarbon 



are oxidized to carbon dioxide. 

2CO 
tgl 

+ 0 ___,. 2CO 
:1g) .':(gl 

\. 
(x ~ ~ )0, ___,. xCO, -t _,g, _tg) 

Both nitrogen monoxide and carbon monoxide are removed at 
the same time in a redox reaction. 

2NO + 2CO --t l\ + CO 
tgl (~I ~fgl ~(gl 

New catalytic converters can reduce nitrogen monoxide to 
nitrogen and oxygen. 

A three-way catalytic com erter removes carbon monoxide. 
nitrogen monoxide and unburnt hydrocarbon simultaneously 
from exhaust emissions. An oxygen sensor is fitted to the engine 
since exact air-fuel ratio is needed to carry out the reactions 
efficiently. Also the converter is placed near the engine so that it 
heats up quickly because the catalyst does not start working until 
it reaches a temperature of about 200°C. In addition. the catalyst 
is poisoned by lead so vehicles have to use unleaded fuel. 

Catalytic converters have made a remarkable difference in the 
reduction of pollutant in vehicular exhaust fumes. For example. 
since catalytic converters were installed in automobiles in the 
United States in l 975. carbon monoxide concentrations in the 
atmosphere have decreased by about -+0° o even though the number 
of cars has doubled in the United States. 



Explain the following terms: 

(a) green-house effect 
(b) global wanning 
(c) photochemical smog 
(d) acid rain 

(a) With the aid of relevant equations, explain how the 
concentration of ozone is maintained in the atmosphere. 

(b) Why is the ozone layer important to life on Earth? 
(c) How does CFCs affect the ozone laver? 
(d) What are the consequences of increased destruction of 

the ozone layer? 

3. (a) 
(b) 

Explain the importance of the carbon cycle. 
Discuss the role of the following in maintaining a balance ..... ..... 
of carbon dioxide concentration in the atmosphere: 

(i) photosynthesis 
(ii) respiration 
(iii) combustion 

( c) Identify one human activity that disrupts the balance of 
carbon dioxide concentration in the atmosphere. 

(b) Discuss the consequences of increasing carbon dioxide 
concentration in the atmosphere. 

4. Complete combustion of the hydrocarbons produces carbon 
dioxide and water. However fossil fuels emissions contain 
several other pollutants due to impurities in the fuel. Discuss 
the effects of the following products of combustion of fossil 
fuels: 

(a) carbon monoxide 
(b) sulphur dioxide 
( c) lead compounds 
(d) volatile organic compounds 

5. Explain how the following can control atmospheric pollution: 

(a) alternative fuel 
(b) mass transit 
(c) scrubbers 



Solid Waste 

Solid waste is the solid materials that are generated from activities 
of living things and are discarded as useless or unwanted. Before 
the industrial revolution. the major constituents of solid waste 
were biodegradable domestic sewage and agricultural residues. 
These were decomposed and recycled in the soil. However with 
industrialization. the quality and quantity of the solid waste ha Ye 
changed. Waste from industrialized areas includes domestic waste. 
commercial waste. construction and demolition waste. industrial 
waste and hospital waste. Often these discarded waste materials 
can be reduced in the em ironment by reusing and recycling 
them. Solid Waste Management is about managing the waste in a 
manner that meets public health and environmental concerns. 

REDUCE, REUSE AND RECYCLE 

Reducing waste means lessening the amount of items 
consumed and discarded. It includes purchasing items that use 
minimum raw materials in production. haw a longer life and can 
be used again after its original use. Reducing the amount of waste 
generated is a method of waste management that goes a long way 
toward protecting the environment. 

Reusing an item means extending the life of the item after its 
original use instead of discarding or throwing it away. Empty 
jars can be reused as storage containers. broken products can be 
repaired and old toys or magazines can be donated to charity. 
Reusing items are even better than recycling because the items do 
not need to be reprocessed before they are used again. Reusing 
items reduces waste. 

Recycling means processing materials from old used items 
that would otherwise become waste products. Materials like 
glass. metal. plastics. and paper are collected. separated and sent 
to facilities that can reprocess them into materials that can be 
reused. Recycling has a number of adv antages which include 
conserv ing energy. reducing the consumption of natural resources 
and reducing the amount of waste that wou Id have gone into ~ ~ 
landfills. 



._ rl duction 

·cccnt times the rate at which solid waste is generated has 
., ed down as a result of waste reduction processes such as 
- ng and recycling materials. Some waste materials which can 
. ,::, cled are glass. paper. plastics and metals. 

RECYCLING GLASS 

glass bottles are returnable and arc cleaned and reused a 
oer of times before recycling. Other used glass containers 
oe collected at recycling centers. They are cleaned and sorted 
- dour. Once the glass is separated. it is crushed in a glass 
.• -sor. The crushed glass, called cullet. is melted down and 
-.:-d to soda ash (Na~CO). limestone and sand. The mix is 
.d to form molten glass which is blown or molded into new 

-- containers. 

,, is I 00 percent recyclable. It can be continually recycled 
ut losing its quality. Glass recycling efforts mainly focus on 

. bottles and jars because these make up the larger percentage 
c glass that is thrown away. Light bulbs. ceramics. glass 

~ rs and windowpanes are not recycled with glass because they 
1 made with the same materials as glass jars and bottles. 

=cparing glass containers for recycling. the lids or caps must 
· .rnov ed and the containers must be rinsed with water. Labels 

' left on since they will bum up when the glass is melted. 
:; ass must be separated by colour before recycling because 
red cullet cannot be used to make clear glass. 

)ass is made from soda ash. limestone and sand. Cull et melts 
\\ er temperature than these raw materials and saves about 

the energy normally required for making glass from all new 
als. Soda ash. limestone and sand are cheap raw materials 

.. arrying for these materials impacts on the environment. 
tonne of cullet used in the manufacturing process saves 
2 tonnes of raw materials. 

RECYCLING PAPER 

is the number one material that is thrown away. Most paper 
.ie from trees that have been cut and pulped. Although paper 
-.mies plant trees specifically for paperrnaking, recycling 
. reduces the number of trees used to make paper. For every 
. f paper made from recycled paper. 20 to 30 trees are saved. 



Recycling paper reduces energy usage by about 50 %. air pollution 
by about 70° o and water pollution by about 35°.,o. It also reduces 
land pollution by keeping paper products out of landfills. 

In preparing waste paper for recycling. materials such as food. 
plastic and metals must be removed. The paper is then sorted into 
different grades such as cardboard boxes. newspapers. and office 
paper. The different grades are used to make different types of 
recycled paper products. 

The paper to be recycled is placed in a pulper with water. The 
pulper chops the paper into small pieces. Eventually the paper is 
converted into a slurry mixture called pulp. The pulp is pushed 
through screens with holes ofvarious sizes to remove particles that 
are larger than the pulp fibers. Printing ink and sticky materials 
like adhesives are then removed by a step called de-inking. In 
this step air bubbles and a surfactant are passed through the pulp 
slurry which cause the ink and sticky materials to collect as foam 
on the surface of the pulp. Remox ing the foam leaves clean pulp 
behind. The pulp is bleached if white paper is required. The clean 
pulp is made into paper products either by using the recycled fiber 
alone. or by mixing it with new wood fiber. 

Making the paper involves diluting the pulp mixture with water 
and spraying it onto a wire screen which is moving quickly through 
a paper machine. The water drains from the pulp on the screen 
and the fibers rapidly bond together to form a sheet. The sheet is 
pressed to remove more water and then dried. Paper is sometimes 
clay coated to give it a smooth. glossy finish for printing. 

Paper is only recycled about 5- 7 times because the fibers get 
shorter and weaker in the process. New wood fiber is often 
mixed with the used paper to improx e strength. In 2005. a record 
51.5° o of the paper consumed in the United States was recovered for 
recycling. that was about 51 million tonnes of paper products. 

RECYCLING PLASTICS 

Reusing plastic is preferable to recycling as it uses less energy and 
reduces demands for raw materials. Plastic crates. containers and 
other products can be reused for many years before recycling. 

Plastics tend to be more complicated to recycle than glass and paper 
because there are many different types of plastics each requiring a 
different method of handling in the recycling process. Recycling 
different types of plastics together can produce recycled plastic 



, unpredictable properties. Plastics carry a resin identification 
e and must be sorted before they arc recycled . 

.. stic containers should be washed and squashed. Labels 
n be left on the containers but caps should be removed as 
-) are usually made from a different type of plastic from the 
ntainers. The plastic is chopped into flakes and heated under 
essure to melt. It is filtered through a fine screen to remove any 
-ntaminants. The molten plastic is formed into strands. cooled 
nd then cut into pellets. The recycled plastics pellets can be used 
make plastic products such as flowerpots. carpets or moulded 

nto containers again . 

Although new plastic is produced from petroleum. it is more 
profitable for manufacturers to use new plastic than recycled 
plastic. The cost of new plastic is about -t-0 percent lower than 
that of recycled plastic. So while most people expect plastic to 
be recycled. consumers are not prepared to pay more for recycled 
plastic products. 

RECYCLING METALS 

Scrap metal can be recycled indefinitely without loosing any of 
its properties. Scrap metal is divided into ferrous and non-ferrous 
metals. Ferrous metal is scrap iron and steel while non-ferrous 
metal is scrap metal other than iron and steel. Aluminium. copper. 
zinc, nickel. chromium. silver and gold are some examples 
of non-ferrous metals. Ferrous metal can be separated from 
non-ferrous metal using magnets. Aluminium and steel are used 
in large quantities and create a waste disposal problem. Recycling 
these metals saves energy and reduces the waste going to landfills. 
\1etals like gold. silver and copper have recognized value and are 
rarely discarded. 

\luminium 

Recycling aluminium uses only about the percent of the energy 
needed to extract aluminum from bauxite. It is the most cost 
effective material to recycle. The aluminium is collected and 
taken to a treatment plant where it is sorted and cleaned for 
reprocessing. Materials like steel. plastics. paper and dirt are 
removed as these can disrupt the recycling process. 

The aluminium is shredded into small pieces and hot air is blown 
through it to rernov e the coatings and inks that may be present 
on it. The shreds are then melted in a furnace to produce molten 



Aluminium cans are collected 
to be recycled. 

aluminium. The molten aluminium is made into large blocks 
called ingots. The ingots are sent to mills where they are rolled 
out to make aluminium products such as cans. chocolate wrapping 
and other packaging. In as little as 6 weeks, recycled aluminium 
is ready to be used again. 

Over 50% of aluminium cans are recycled worldwide. In the UK 
aluminium cans are recycled by Alcan where old cans are melted 
down and turned into ingots of aluminium which are used to make 
new cans. This is referred to as closed loop recycling since old 
cans go in and metal to make new cans comes out. 

t ('(' I 

It is more energy efficient to use steel scrap to make new steel than 
to mine the iron ore and reduce it in a blast furnace. It takes about 
60 percent less energy to make steel from recycled materials than 
it does from iron ore. Steel scrap is collected and easily separated 
from other waste using magnets. 

Recycling steel is similar to aluminum recycling. Steel scrap is 
cleaned and melted in a furnace. It is then poured into casters that 
roll and flatten the steel into sheets. Recycled steel can be made 
into new cars. appliances. girders for buildings. or new steel cans. 
Like aluminum. steel does not lose any of its properties in the 
recycling process. 

Recycling reduces the energy require for mining and refining 
processes. It also reduces the consumption of natural resources. 
For example. ewry tonne of recycled steel saves about one tonne 
of iron ore. 500 kg of coal and 20 kg of limestone. Products made 
from recycled materials sav es resources for future generations 
and reduce pollution. 

IMPACT OF SOLID WASTE ON TERRESTRIAL 
ENVIRONMENT 

The disposal of solid w aste is a worldwide problem that continues 
to increase with population growth and industrialization. Although 
there are many different methods of disposing of solid waste, 
there is no absolutely safe way to do so. 

ni111k eraduhlc and non-hiodearadublc 

Natural products like paper and cardboard which are made from 
plant materials are biodegradable and break down easily in the 
environment and are recycled in nature. However materials such 



etals. glass and plastics which are used to make everyday 
cts I ike electronic components. cans. glass containers and 

-ic packaging are non-biodegradable. These products do not 
.. ~k down easily and exist for a long time in the environment. 
- example, plastics take over 500 years to decompose and can 
_ .rnulatc in the environment. 

technologies are being used to make biodegradable ~ ~ ~ 
-rics. Starch-based plastics are made by incorporating starch 
the plastic so that it can be broken down by bacteria. Oxo 

degradable plastics are made by introducing a degradable 
.diti. e into the manufacturing process so that degradation of 
.: plastic starts immediately after manufacturing. The additive 

. duccs the plastic to a Jew] which allows microorganisms to 
.compose it. The sen ice life of the plastic can be controlled at 
,: time it is manufactured which can range from a few months 
many years. Researchers are also working on ways to make 

- _.sties more biodegradable from exposure to sunlight since 
any plastics break down when exposed to the sun for prolonged 

-criods. 

nd-fillinj; 

The most common method of solid waste disposal is land-filling. 
This may involx e open dumping or using sanitary landfills. Large 
.uantities of solid waste are disposed of by dumping into old 
.iuarries. coastal marshlands and other economical landfill sites. 

I pen dumping is cheap and disposes of large quantities of waste. 
0\\ ever it looks unsightly. smells foul and attracts insects and 
xients that spread diseases. Furthermore. water percolating 

rnrough waste produces a black liquid called leachate which 
contains partly decomposed organic matter and toxic heavy metal 
ions that can pollute surrounding groundwater. Decomposing 
., aste also releases methane which may be explosive. Since there 
are public health concerns with open dumps. efforts have been 
made to dispose of waste using sanitary landfills. 

Sanitary landfills are different to dumps in that they are built 
to contain the waste. The bottom of the landfill is lined with 
impermeable layers and has a leachate collecting system which 
collects and treats the leachate before discharging it into the 
environment. The waste is spread in thin layers over the landfill 
site. then compacted and covered with soil to encourage bacterial 
decomposition and to keep away insects and rodents. The landfill 
also has a gas collecting system where methane produced can be 

San itarv landf II 



collected and used as a fuel. 

After the landfill is exhausted it is covered and monitored for 
about 20 years before it can be used for other purposes such 
as recreation. Some potential problems with sanitary landfills 
include high start up cost. non-biodegradable materials filling 
the site too quickly and improper management of landfill which 
may cause water pollution from leachate and explosions from 
escapmg gases. 

I nci Ill' rat ion 

Incineration is another common method of solid waste disposal. 
It inv elves the combustion of waste at high temperatures. 
Incineration is more expensive to dispose waste than landfills but 
it is safer in that it destroys pathogens and converts toxic heavy 
metals to their oxides which are less harmful. Furthermore, the 
burnt ash takes up much less space than the solid waste itself. 
Incineration is used in countries such as Japan where land for 
waste disposal is not available. Modern incinerators can convert 
waste into heat energy which can be used to produce steam to 
generate electricity. Waste-to-energy incineration is being used 
extensively in Sweden and Denmark. 

Incineration produces hazardous air pollutants such as carbon 
monoxide, oxides of sulphur and oxides of nitrogen in addition 
to a large amount of carbon dioxide and particulate matter. 
These emissions can be controlled by scrubbers. electrostatic 
precipitators and filters. However the burning of organic waste 
materials containing chlorine such as PVC has the potential to 
fonn a group of compounds called dioxins which is carcinogenic. 
Dioxins are formed at temperatures around 500°C but above 
800°C in the presence of enough oxygen their formation can 
be avoided. Careful temperature regulation of incinerators is 
necessary to prevent the formation of dioxins when plastics are 
burnt. 



1. Explain the following te1111s: 

(a) reduce 
(b) reuse 
(c) recycle 

Describe how the following materials are recycled: 

(a) paper 
(b) glass 
(c) metals 
(d) plastics 

Solid waste disposal is a problem that continues to increase 
with population growth and industrialization. Discuss the 
advantages and disadvantages of the following methods of 
solid waste disposal: 

(a) open dumping 
(b) sanitary landfills 
(c) incineration 
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