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John.Dalton

¥§ THE ATOMIC THEORY

A theory is substituted for those parts of reality that are not vet
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.
rcliable 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:

2 Maltter consists of small particles called atoms

2 atoms are indestructible or indivisible

2 atoms of the same elements are identical in mass and
properties

2 atoms combine chemically in simple whole number
ratios to form compounds

2 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.




DGiscovery of subatomic particles

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.

In 1900 Goldstein discovered protons after observing 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 positively
charged particles as negatively charged particles.

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

J.J. Thomson
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H. Moseley

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

In 1913 Moseley suggested that if atoms are neutral, then the
number of electrons must be the same as the number of proton
Since electrons have negligible mass. and atomic masses wie
greater than the mass of protons in the atom then the extra ma:s
must be the existence of a particle with mass but no charze
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 particles
This produced a highly penetrating stream of particles, which
could pass through many centimeters of solid lead and which was
not deflected by electric or magnetic fields. He had detected the
neutron.

.
W) ATOMIC STRUCTURE

¢ word ‘som’ comes from the Greek ‘atomos’ which meaie
nething that cannot be split into smaller pieces. Atoms zse

considered the basic building blocks of chemistry.

Atoms comsist of protons. electrons and neutrons. The protons
and neutrons are held in a tiny nucleus by powerful nuclear forces
while ihe clectrons are found orbiting the nucleus. The mass @

the subatomic particles is measured relative to one tweltth the
mass of 2 carbon-12 isotope, while the charge ot the particles s
compared 1o the charge of a proton and an electron. A proton ha
a relative charge of ~1 and a relative mass of 1. A neutron has m

1 1

charge and a relative mass of 1. An electron has a relative charge

i | ! neoliol & _,l__ a -
of —1 and neghgible mass ( 1837 of a proton).




Table 1.1

The relative masses. charges and positions of protons. clectrons 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.

Fi g. |

Atomic number. mass number, isetopes

Since atoms are electrically neutral species, the number of protons
must be equal to the number ot electrons. The number of protons
in the nucleus of an atom 1s 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 difterence
in mass numbers is due to the different numbers of neutrons
present. Since the number of protons is equal to the number of
electrons, 1sotopes 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 37. Chlorine-35
contains 17 protons and 18 neutrons while chlorine-37 contains
17 protons and 20 neutrons. The proportion of each isotope in

neutron

proton
=)

\electron




clectromagme

acceleration

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
1sotopes of some elements exist. the relative atomic masses are
whole numbers whereas there are some whose masses are not
whole numbers. The mass of an element depends on the relative
abundance of the isotopes present in the element.

Relative atomic and isotopic masses

The actual mass of an atom is so small 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 1s called the
relative atomic mass which is the mass of an atom compared to
one twelfth the mass of a carbon-12 isotope. The relative atomic
mass is not usually a whole number because the average weight
and relative abundance of the isotopes of elements in naturally
occurring samples are measured. The relative isotopic mass is
the mass of a single isotope compared to one twelfth the mass of

e ) i
a carbon-12 1sotope

\Q‘s MASS SPECTROMETER

n 1919, F. Aston developed the mass spectrometer which was
ssed o measure the mass and relative abundance of each isotope
a samnple of naturally occurring element.

lonization

!

deflection
vaporized
sample
Fig. 1.2

The maimn sicps involved in the operating principles of the mass

spectrometer are:

2 lonization. The sample of the element is vaporized and
iniceted into the instrument. The element passes into the
wnization chamber where the atoms are bombarded by
a beam of high energy electrons which knocks one or
more ¢lectrons out of the atoms converting them int




Example

positively charged ions. For example

e+ Xw) - X’m g c- 1 €-

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. lons with lower mass to charge ratios
are detlected 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
ratto can be detected. Higher or lower 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.

The mass spectrum of chlorine atoms shows the relative abundance
of chlorine-35 is 75.8%¢ and chlorine-37 i1s 24.2%,. Calculate the
relative atomic mass (A) ot chlorine.

4
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\.J RADIOACTIVITY

Discovery of radioacuvii

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

Pierre and Marie Curie were interested in the recent discovery

radiation and conducted research on radioactive substances. Thes
found that uranium ore contained much more radioactivity than
could be explained by the uranium content alone. The Curie’
research led them to the discovery of the radioactive elements

radium and polonium. They shared the Noble Prize for physics
with Bacquere! in 1903 After Pierre’s accidental death, Mane
continued her own research and received a second Noble Prizz
in 1911 for chermistry for her isolation of radium. Her research

radioactivity was immediately applied to the treatment of cances

e nucleus, a strong nuclear force of attraction exists betwee
ms. The neutrons are intimately involved in this attractive

¢ number of protons increases in the atom the posit:s

arges i the nuclei repel each other so that the number of neutra
create a stable nucleus increases more rapidly than the
number of protons. However, even with an increasing numbs

newtrons o protons 1n the nucleus, nuclei with 84 or mois

p zr¢ unstable. The unstable nuclei are called radioactive
sotopes. The nuclei become stable by spontaneously ejecting
alpha pamicles, beta particles and gamma radiation. The emission
of alpha and beta particles changes the number of protons in e

nucleus so that a different atom is produced.

, - ;
Alpha parucles are helium nuclei, 5 He™. In nuclear reactions

is understood that alpha particles are formed without its electroms
. 3 : : . ;
therefore the symbol 5 He is used in nuclear equations. The

emission of alpha particles leads to a decrease in atomic numbes




by 2 and mass number by 4.

238 i B, -
9o U — s He + 75 Th

Beta particles

Beta particles are formed when a neutron disintegrates giving a

proton and an electron.

| 1 0

g — 1P £ €
The proton remains in the nucleus of the atom. so its atomic
number increases by 1. The mass number is unchanged.

P! 0 o)
ﬁlNa =% g T 'fMg

Gamma rays

Gamma rays are electromagnetic waves of short wavelength.
Emissions of alpha or beta particles are often accompanied by the
emission of gamm 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 stability

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. 1.3

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 have 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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to undergo alpha emission. This decreases both the number of
neutrons and the number of protons. moving the nucleus tow ar i
the band of stability.

Uses of l‘;l(“ni\nln!m\
Carbon-14 dating

All living organisms contain a given concentration of carbon-' =
when the organism dies its carbon-14 concentration decrcases
due to radioactive decay. We can use this information to
when the organism died. It works like this. when an organias
dies it has a specific ratio by mass of carbon-14 to carbon-12 =«
body. No new carbon-14 containing molecules are metabolize
after death so that the carbon-14 to carbon-12 ratio begin: »
decrease because carbon-14 is decaying away at a constant zu
predictable rate. Since the half-life of carbon-14 1s 5700 vears
then after 5700 years half as much carbon-14 remains within the
organism. This dating method using carbon-14 is only good e
organisms or artifacts that are biological in nature and thar s
tens of thousands of years old.

Carbon-14 dating used for
the Dead Sea Scrolls

Viedical applications

There are many uses of radioisotopes in medicine. Some of s
are given below: ‘

2 Sterilization of surgical equipment using high-encegs

gamma rays.

Radioisotopes are used to locate cancerous tunwws

s:id other medical problems. For example iodine- 138

rdioisoiope of iodine-127 is used to detect thynoss
problems. I the thyroid is not absorbing i1odme
properly the 2amma rays emitted by 1odine-131 woull
be deiecied

9  Home imaging 1s another important use of radioisotoges
I'his rechnique is good for arthritic patients and bomse
abnormalities. The patient 1s injected with Technetiume
99 whach emits gamma rays and has a half life of s
hours. After several hours the patient undergoes Home
imagzing which shows up any abnormalities on the bome
Image scan.

9  External irradiation to control cancerous growth using &
gamma beam from a radioactive cobalt-60 source.

9 Internal radiotherapy is probably the most succeasi
Kind of cancer treatment. It is done by administerimg es
planting a small radiation source, usually a gamsc oo
beta emitter. in the target area. Iodine-131 is commuwwe

L ¥




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

Radioactive tracers

Radioactive 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.

Foad irradiaiion

Food irradiation is a method used to sterilize food using gamma
radiation to increase its shelt-life. The result is that the growth
of disease-causing micro-organisms or those that cause spoilage
are reduced or eliminated. This makes tood sater 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 never comes in contact
with the radioisotope and is not at risk of becoming radioactive.
[rradiation 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
uradiated. 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.

Energy

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 filled with
water to make steam. The steam is used to turns a turbine which
can generate electricity. The reaction also produces radioactive
matertal which must be properly disposed oft.

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

FOOD IRRADIATION
H-TECH SOLUTION TO SAFENF OOD?

Irradiated ground beef

A nuclear plant




observed in the sun where nuclear fusion of hvdrogen stoms

into helium atoms takes place. Scientists are still encountermg
difficulties in controlling nuclear fusion reactions o prosiucs
electricity. However, one advantage of nuclear fusion is that &

creates less radioactive material than fission.

Disposal of nueclear wask

[t is important to our future generation to dispose of muc e
wastes in an efficient way which will not lead to environmesias
problems or harm the public. There are options developed w s
have its own positives and negatives.

Underground Disposal

One of the best options for the disposing of highly radioacive
wastes is underground. Underground waste disposal is a practics
option because it keeps the public safe from radiation. Howeves
the area must be secured to keep the materials out of the hands «¢
intruders who would use it for harmful purposes. The radioactive
waste is stored in a deep underground facility called a geograph:
repository.

Space Disposal

This would be done by launching the containers tull of waste int
space. However the risk of an accident during the launch of the
waste makes this option inappropriate.

tn Floor Disposal

Scientists have considered buryving nuclear waste below the
ocean tloor. This would prevent the radiation from harming the
public and the environment. However. ocean floor disposal poses
a problem because apart from being extremely difficult to recover
the buried nuclear waste 1t would also be very difficult to regulate
and monmor ocean floor disposal actions.

Nuclear wasie disposal has been considered in Polar regions due
to its remote location. low population, and stability of thickness
of Polar ice. This type of disposal would involve allowing the
containers to sink to the bottom of the ice sheet melting its way
via its own 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
radioactive wastes into the environment. Also the nuclear waste
would have to be transported over great distances leading to
possible risks ot accidents.




Remote Island Disposal

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.

Reprocessing

Some countries can reprocess the used nuclear fuel. This process
separates out the uranium and plutonium from the ftuel 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 advantages and disadvantages so
that a responsible decision can be made for the general welfare of
the public as well as the environment.

G ARRANGEMENT OF ELECTRONS IN THE ATOM
Atomic spectra

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=hv

Since the frequency and wavelength of electromagnetic radiation
is related by

C=1A

Then

E = hc/A

Thus, a quantum of energy absorbed or emitted by an atom can




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
White Light the electromagnetic spectrum. The absorption or emission
S of energy by an element corresponds to specific points on the
Prism electromagnetic spectrum and produces a unique spectrum which
may be used to identify the element.

Fig. 1.4a

If a beam of white light is passed through a prism on to a screen.
a spectrum ot colours made up of all wavelengths of visible light
is seen like in a rainbow. This is called a continuous spectrum
There is no distinct division between the colours as they blend in
Fig. 1.4b from one to another.

If white light passes through a substance. the atoms can absorh

light of certain wavelength and dark lines appear in the spectrum

A line spectrum is formed which appears as distinct lines and

not bands ot colours. It is called a discontinuous spectrum. The

wavelengths of the dark lines in the spectrum are the wavelengths

Fig. 1.4c of the light absorbed by the atoms. This line spectrum is a
absorption spectrum. The absorption of energy by an element
corresponds to specific wavelengths on the electromagnetse
spectrum and preduces a unique spectrum.

sre supplied with heat or electrical energy to hig

enough temperatures. they emit energies of certain wavelengil

as the excited atoms return to their ground state (stable orb
Fig. 1.4d An emission spectrum is produced which shows coloured limes

on a dark background. The emission of energy by an elemen

also corresponds to specific wavelengths on the electromagmcise
spectrum and produces a unique spectrum.

I'h - trum of hvdroeen

The study ofthe emissionspectrum ofhydrogen show that elecioms
in an atom can exist only in discrete energy levels. Accordime
Bohr. when energy is added to the atoms, an electron in the Srowms
state absorbs a quantum of energy and moves to an orbit w
higher energy level which is further away from the nucleus
excited electron in the higher energy level cannot maintas
position for a long time and it falls back to a lower encrgy leve
As 1t falls back it emits a quantum of energy which is equivaies

6




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.

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.

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 of lower quantum number. The
series of lines in the visible region of the hydrogen spectrum arise
from transitions from orbits with a higher energy level to energy
level n = 2 and is called the Balmer series. Elcctron 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 converges 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.

2 The Lyman series arise from electron transitions from
higher energy levels to principal quantum number 1.
2 The Balmer series arise from transitions

Violet blue-violet  blue-green red
410nm 434nm 4R6nm 656nm
Fig. 1.5
n="7
n==6
n=>=
n=4
n=3
n=2
n=1
_—
Atom e
emits
energy \ Atom
absorbs
energy
Fig. 1.6

from higher energy levels to principal 15 i e
quantum number 2.

REXEE

2  The Paschen series arise from transitions

[ Paschen Brackett

from higher energy levels to principal 10 F
quantum number 3.

2  The Brackett series arise from transitions
from higher energy levels to principal 5
quantum number 4.

2  The Pfund series arise from transitions from

[nergy

Balmer

higher energy levels to principal quantum
number 5.

Lyman

Fig. 1.7 -




Quantum numbers

The Bohr’s atomic model was one-dimensional and used ome
quantum number which explained the emission spectrum of
hydrogen but failed to explain the spectra of more complex atoms

With the development of Schroedinger’s wave equation in 2%
which assumes wave-particle duality of electrons, the position of
an electron is described in terms of probability density which &
the volume of space in which the electron is likely to be found

The region where there is a high probability of finding an elecizon
is called an orbital. Schroedinger described an atomic model vk
electrons in three dimensions and with three quantum numbers

The three quantum numbers are the principal (#). angular (/1
and magnetic (/) quantum numbers. These quantum numbers
describe the size, shape. and orientation in space ot the orbitals
on an atom.

The principal quantum number n describes the energy level of
the electron. It is the same as that used in Bohr’s model. The
maximum number of electrons innis 2n-.

Table 1.2

The angular guantum number 1 describes the sublevels inn and the
ape of the orbitals. The sublevels are given letter designations

p. d and I. Each energy level has n sublevels.
n =1 has { sublevel named 1s
n = 2 has 2 sublevels named 2s and 2p

n = 3 has 3 sublevels named 3s, 3p and 3d
n = 4 has 4 sublevels named 4s, 4p, 4d and 4f

The magneiic quantuom number m describes the number of orbitals
within a sublevel.

s has | orbital and can hold up to 2 clectrons

p has 3 orbitals and can hold up to 6 electrons

d has 5 orbitals and can hold up to 10 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.

s SHAPES OF ORBITALS

s orbitals

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 orbital is spherical.
The 1s 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 ot finding
an electron at a radius r is the same in all directions. The 2s orbital
is similar in shape to the 1s 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.

Fig 1.®a
o) ¥

p orbitals

Each energy level has three degenerate p orbitals i.e. the three p
orbitals are ot 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
2px. 2py and 2pz orbitals.

Fig 1.8b

6 ELECTRON CONFIGURATIONS

The relative energies of atomic orbitals

Orbital P,

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. 1.8a

r
Orbital P,

Fig. 1.8b
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Within a given energy level. the s orbital will have the lowes
energy then the p. d and f.

Relative energies of orbitals are s < p < d <f

There is an irregularity in the position of the 3d and 4s crtvia
The 3d orbitals have slightly more energy than the 4s thereifue
the 4s orbital fills first then the 3d orbitals followed by e =
orbitals.

x

The electron configuration describes the arrangemes: o
electrons in the orbitals of an atom. The electronic configurasias
can be worked out as follows:

9 electrons are added to an atom. one at a time. stariwsn
with the lowest energy orbital (Aufbau principle|

9 no more than two electrons can occupy an orbi:al
(Pauli exclusion principle)

9 electrons fill degenerate orbitals one at a time wiil
parallel spin before a second electron is added Wil
opposite spin (Hund’s rule)

The electronic configuration is written with the principal quansus
number (1,2.3 etc.) followed by the symbol for the orbital (s 5 &
) and a superscript which shows the number of electrons 1 S
sublevel.

Examples

A hydrogen atom (atomic number 1) has one electron whah
occupies the lowest energy orbital i.e. the 1s orbital. Thereins
the electronic configuration of a hydrogen atom is written &= '+
This can also be represented as "electrons-in-boxes” which <
each orbital as a box and the electrons as arrows in the boxc:

s 2s 2p 3s 3p

His Is! A

Helium (atomic number 2) has 2 electrons so the second ¢lec
also fills the s orbital.




Heis Is’ ty

Lithium (atomic number 3) has 3 electrons so the third electron
goes into the next lowest energy orbital i.c. the 2s orbital.

E S 1B Dl | 1 ]
Liis 1s* 2s byl |4 . |

Beryllium (atomic number 4) has 4 electrons so the fourth electron
fills the 2s orbital.

Be is 1s® 25° byl |4y

After the 1s and 2s orbitals have 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.

B is 15* 252 2p/ fH Ay l|A ’

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

Cis 152 25° 2p? Ayl Ay l]a s y |

For nitrogen (atomic number 7). the seventh electron is added to
the last unfilled 2p orbital

Nisieae 2t [hy] ][4 [ 4

Since each orbital in this sublevel now contains one electron, the
eighth electron in oxygen (atomic number &) fills one of the 2p
orbitals with electron spin in opposite direction

oisis2e2pt [he] vt ][]

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

Fisieae oy [by] S]]

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

Ne is 1s° 2s° 2p° f_v‘ “_U Ay |ty |ty )

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




Nais 15225 2p° 3s' (44| |Ay||4y |4y f;v

He and Ne have electronic configurations with filled shellis
of orbitals. We can use this to write an abbreviated electromse
configuration in terms of the previously filled shells of clertiow
For example, the electronic configuration of Mg (atomse
number]2) is [Ne] 3s-.

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

Al (atomic numberl3) is [Nej 3s° 3p!
Si (atomic number 14) is [Ne] 3s° 3p°
P (atomic number 15) is [Ne] 3s- 3p°
S (atomic number 16) is [Ne] 3s° 3p*
Cl (atomic number 17) is [Ne] 3s- 3p°
Ar (atomic number 18) is [Ne] 3s° 3p°

Special Electronic Configurations

Once the 3p orbitals arerfilled. the 4s orbital is filled before the &
orbitals because the 4s orbital is at a slightly lower energy thas
the 3d. Theretore

K (atomic numberl9) is [Ar] 4s
Ca (atomic number20) is [Ar] 4s-
Sc (atomic number21) is [Ar] 4s° 3d'

The next 9 elements fill electrons in the 3d orbitals. How ovae
there is a little irregularity in the electronic configuration of Cr
and Cu.

Cris [Ar] 4s' 3d ® and not [Ar] 4s- 3d*
Also Cuis [Ar] 4s' 34" and not [Ar] 4s- 3d"

In each case. one electron has been transterred tfrom the 45 orbas
to a 3d orbital because the halt-filled and filled subleveis o
3d orbital decreases slightly in energy and spin pairing of the =
orbital increases slightly in energy.




Table 1.3

G IONIZATION ENERGY

First ionization cnergy 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 remove each successive clectron s callad
the second, third etc. ionization energy. All ionization energses
are positive because it requires energy to rermove an cleciron

i aciors influencing the ionization encrgies of elements

The magnitude of the ionization energy depends on hew stromgh
the electron to be lost 1s attracted to the nucleus. The atracios
may be influence by the following:

9

The distance the outer electron is from the nuclens

As the distance between the outer electron and the
nucleus increases. the nuclear attraction for the ouser
clectron decreases and the ionization energy decreascs

The size of the nuclear charge. As the nuclear charge
increases. the attraction of the nucleus for the outer
electron increases and the ionization energy increases

It must be noted that the atomic radii and electron
screening can outweigh the etfect of the nuclear charge
For example, in groupl although Cs has a larger nuclear
charge than Na. it loses an electron more readily than
Na.

The screening effect of the inner electrons. Apan
trom electrons being attracted to the nucleus, they also
experience electron repulsion by other electrons. The
outer electrons are shielded from the attraction of the
nucleus by the repelling etfect of the inner electrons
The screening effect ot electrons in lower energy levels
is more effective than electrons in higher energy levels
Electrons in the same energy level exert negligible
screening eftect on each other. Therefore as the screening
effect of the inner electron becomes more etfective. the
ionization energy decreases.

Evidence for encrgy levels

Evidence for discrete energy levels comes from the successive
ionization energies required to remove all 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 lonization energy
are observed in the sequence. This large increase usually occurs
where all of the electrons in the outer shell are removed and an
electron is now being removed from the nner shell.




Successive lonization 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
1s removed before the large increase. Similarly. Mg is in group 11
since two electrons are removed before the large increase.

Table 1.4: Successive ionization energies of period 3 elements (kJ/mol')

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 1onization energies. This suggests
that the second electron 1s 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.

Evidence for sub-cnergy levels

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

2 electrons on inner slﬁﬂ.
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energy of oxygen is smaller than nitrogen.
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These observations can be explained by the presence of s
energy levels. [t requires less energy to remove the first electoos
from the 2p orbital in boron than it is to remove one from e

filled Zs orbital in beryvllium.

Be i is®, 2%

Bi= is®, 2% 2p

In the case of nitrogen. the three electrons in the 2p orbitals 2l
have the same spin. but in oxygen the fourth electron is paired m=
e of the 2p orbitals.

Nisls!, 22 T T T

0 =20 14 T T

The chectron-electron repulsion in the paired p orbital makes &
to remove the paired electron with opposite spin. thus the
omization energy of oxygen less than that of nitrogen.

>

S




What do understand by the following terms:

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

The mass spectrum of lead shows the relative abundance of
lead-204 is 1.4%. lead-206 is 24.1%. lead-207 is 22.1°% and
lead-208 is 52.4%. Calculate the relative atomic mass (A) of
lead.

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

(a) What are radioisotopes?

(b) Give two uses of radioisotopes.

(¢) The mass spectrum of clement X shows it has two
isotopes of masses 63 and 65 with relative abundance
of 75% and 25% respectively. Calculate the relative
atomic mass of X.

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

With the aid ot 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
(¢) gamma radiation




6. The graph below shows the trend in the 1* ionization cnergy
from lithium to neon.
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(a) Explain why the 1" ionization energy of fluorine is
greater than that of oxygen.

(b) Why is the 1" ionization energy of oxygen less than that
of nitrogen?

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

7. The lin¢ 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) Explain how the data from the emission spectrum
provide evidence for discrete energy levels within the
atom.

8. The clectrons in an atom are accommodated in shells which
are divided into sub-shells.

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

-b: Draw diagrams to show the shapes of the orbitals of
principal quantum number 2.

9. Wnite the electronic configuration in terms of s, p, d and t of
the following species:
(a) C
th) Na
ic) Al

id) S-
ie) Ca-




as follows:
1

Ind
3rd
_‘_lh
51h
6th
7th
8[]1

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

10. (a) State three factors which influence the Ist ionization
energy of an element.
F"‘ (b) The first eight ionization energies of an element X are

578
1817
2745

11575
14830
18376
23293
27465




'Forces of attraction

The forces of attraction are the forces that exist within molecuis
or between molecules. These are described as intramolccuis
and intermolecular forces of attraction. Intramolecular force:
torces of attraction within molecules. These torces are strong

are as a result of chemical bonds. Intermolecular forces are T
of attraction between molecules and are weak forces. Fiz =0
below summarizes the forces of attraction.

Forces of attraction

The physical state of matter depends on the strength of the fosses
ofatrraction in and between the particles. Solids have strong forees
of attraction while liquids have moderate forces of attraction s
gases have weak forces of attraction. Physical properties such &
boiling point, melting point and solubility depend on the type &8
torces of attraction present in compounds.

Table 2.1




Melting 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.

[n simple covalent compounds. the molecules are held together
by weak van der Waals forces and therefore the melting point
1s lower than ionic compounds. Metallic structures are held
together by strong metallic bonds. The energy required to break
the metallic lattice is relatively high when 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, Kossel and Lewis observed that like the noble gases
(except He). many elements were most stable when they contained
eight electrons in their valence shell. 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 have since been proven incorrect, for example many
of the transition metal ions do not have an electronic structure
like a noble gas. their work has established the basis of the theory
of chemical bonding.

G IONIC BONDING

lIonic 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. lonic 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
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outer shells. The dot and cross diagrams below shows how e
bonds are formed in sodium chloride. magnesium fluorice ame
lithium oxide.

\

In the formation of sodium chloride. each sodium atom dovoe
its one outer shell electron to a chlorine atom forming Na  as
Cl 1ons.

Magnesium atom loses its two outer shell electrons to form
1on while each fluorine atom gains one electron to form F o

O C

e




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

O O

+ 56 l 4

Properties of ionic compounds

9

They are 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 vaporization. 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 electricity in the solid state because the
ions have 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.

Factors influencing formation of ionic compounds

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
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energy change when the separated ions are brought togeiher &
torm the ionic compound. This is called the lattice energy w s
is the energy change when one mole of an ionic compound &
formed from its gaseous ions under standard conditions.

Metals tend to give up electrons easily especially group | ame
group 2 metals. In so doing the metals form ions oncc S
ionization energies can be supplied.

Consider the following examples:

Na_ — Na'  +e 1" ionization energy = 494 kI ma!

gt

Mg —» Mg +e 1" ionization energy = 738 kl ma!

Mg  —» Mg™ +e 2"ionization energy = 1451 KJ roek

Al — AV +3e 1"+ 2%+ 3"jonization energy
' 575+ 1817 + 2745 =5137 k] mol

Sodium has the lowest ionization energy value and has a tendes
1o form ions faster than Mg or Al. It requires about four times &
energy for Mg (g) to form Mg* (g) than for Na (g) to form Na (&8
Also it takes about ten times the energy for Al (g) to form Al (&
than tor Na (g) to form Na'(g). Generally smaller ioniza

energy values facilitate ion formation. Cations with single charas
are tormed more readily than cations with double charges w&
cations with triple charges are not formed as readily as caime
with single or double charges.

lonization energy values are affected by atomic radii, size oi 8
nuclear charge and the screening effect of the inner electrons
these tactors influence the outer electrons such that the ionizats
energy values are too large, it will not be energetically feasi®
ror 1on formation to take place.

A~ the distance between the outer electron and the nucies
nereases. the nuclear attraction for the outer electron decreass
znd the ionization energy decreases. Thus ions are formed =
readily.

As atoms get larger. the screening effect of the inner electm
hecomes more effective and the outer electrons are loosely b
to the nucleus. Thus the ionization energy decreases and ions
tormed more readily.

For elements with the same number of shells, as the nuclear cha »
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! 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
I'" 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.

Fpyt& —= F o, AH = - 333 kJ mol
e Cl:m AH = — 364 kJ mol™
Br_+e —» Br,  AH=-342klmol’
I(g»; CA Ifm,» AH =-295 k] mol '
S:L,, ¢ —» S :E) AH = - 200 kJ mol”'
S‘:, +e —» Sz:, AH =+ 649 kJ mol’

(2™ electron affinity)

[t should be noted that 1" electron affinity is the reverse of the 1™
ionization energy. Generally the more exothermic the electron
atfinity. the more readily an anion is formed and the more stable
it is. Chlorine has a more negative electron affinity value than
todine which implies that chlorine has a tendency to form the
chloride anion faster than iodine form the iodide anion.

Electron atfinities 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 nuclear charge for atoms of similar
sizes. the more effectively the nucleus attracts the incoming
electron thus forming an anton 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.

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




attraction in ionic compounds. For a stable ionic compound
be formed from separate ions the overall energy change must b
exothermic. Therefore all lattice energies are negative. The mose=
exothermic the lattice energy. the more stable the ionic compouad
tormed. The lattice energies for some ionic compounds are given
below.

Na” +F _  —» NaF AH =-915 kJ mol™

Na®, + G — NaCl, AH =-776 k] mol™!
Na® +Br  —» NaBr =~ AH=-742kJ mol’
Nai[u) +1 (g) ! NaIM AH =-699 kJ mol '

Mg~ +0"  —» MgO_ AH=-3933kJ]mol’

The force of attraction between oppositely charged ions =
directly proportional to the product of the charges on the twe
ions. Therefore lattice energy increases as the charge of the u
Increase.

Consider the charges on NaCl and MgO

charge on Na™ = 1 charge on Mg* =2
charge on C1 =1 charge on O* =2
jonic attraction = | ionic attraction = 4

Thus the lattice energy value of MgO (-3933) is much larger tham
that of NaCl (-776).

The force of attraction between oppositely charged ions is alss
nversely proportional to the square of the distance between i
wns. This means that lattice energy is also dependant on the size ¢
the cauon and the anion. The smaller these are the more able s
are wo pack very tightly together in the lattice structure. Therefome
the lattice energy increascs as the size of the ion decreases.

Consider the size of the ions in NaCl. MgCl, and NaBr

This helps in explaining why the lattice energy ot magnesim
chloride (-2489 kJ mol ') is much higher than that of sodus




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

Ew 1; COVALENT BONDING

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

Consider the formation ot HCI.

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
three electrons. For example. a triple bond is formed in the ethyne

molecule.
oS00
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“nother example is the triple bond in the N, molecule.

Molecular orbital

In covalent bonding, the atomic orbital of one atom overlaps and
combines with the atomic orbital of another atom to form a bond.
W hen atomic orbitals overlap and combine, molecular orbitals
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are formed. Molecular orbitals may be sigma molecular orbitals
or pi molecular orbitals. Sigma molecular orbitals produce sigma
bonds while pi molecular orbitals produce p1 bonds.

Siema bonds

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

® 0 @

The second possibility is the overlap of an s and a p orbutal.

°* ¥ @

The third possibility is the end-on overlap ot 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 nucie:
A sigma bond gives the maximum possible electron densis
between the two nuclei therefore it is a strong bond. Compounds
with sigma bonds are stable.

Pi bonds

A pi molecular orbital is form by sideways overlap of two para’iel
p orbitals that are perpendicular to a sigma bond. The e¢lectrom
density of the p1 bond is distributed above and below the plane &
the sigma bond. The electron density is zero along the axis of the
nuclei. A pi bond is weaker than a sigma bond hence compounds
with pi bonds are reactive.



Bond strength, bond length and bond enthalpy

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 very 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 covalent bond very strongly.
This implies that there is a very effective overlap between atomic
orbitals. Half the bond length of'a single bond between two similar
atoms is called the covalent radius. The bond order is the number
of electron pairs shared between two atoms in the formation ot a
covalent bond. In the alkanes the bond order between the carbon
atoms is one since a single bond is present. In the alkenes the
bond order is two whereas in the alkynes and in nitrogen the bond
order is three.

The molar bond energy or enthalpy of a bond between two atoms
1s 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 encrgy are:

2 Bond length — shorter bond length. stronger bond and
larger bond energy e.g. the bond energy of H - H is
+436 kJ mol ' while that of F — F is =158 kJ mol .

2 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 very 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 N,
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is very large (994 kJ mol™') that is only broken under
extreme conditions such as in lightning discharges or in
the internal combustion engine.

N=N C-H
994KkJ mol™! 413kJ mol !

2 Types ofbonds - sigma bonds are stronger than pi bonds
therefore the bond energy is higher for a sigma bond.

2 Bond polarity — higher the polarity. stronger the bond
and larger the bond energy e.g. bond energy of H — F 1s
+368 kJ mol ' while that ot H — Cl is +432 kJ mol™".

Bond energy values can be used (5

compare the strengths of bonds

understand structure and bonding

estimate the enthalpy changes in reactions
understand the mechanisms of chemical reactions

©C ¢ ¢ C

Table 2.2

Bond polarity

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 involved. Electronegativity measures the ability of an
atom to attract an electron in a covalent bond. A covalent bond
formed between atoms which diftfer in electronegativity 1s 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




A molecule such as HC1 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

\-; 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 by the donation of both electrons from
one atom., a dative or co-ordinate covalent bond is formed. In order
tor 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
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NH; Molecule

N

H/ \H

H

When BF, and NH, combine. a new compound with the formuls
BF - NH, is produced. Here the nitrogen atom donates its lone
pair of electrons to the B atom completing its octet.

v

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

When water forms the hvdroxonium cation, the oxygen uses s
lone pairs to form a dative bond with H'.

In carbon monoxide, there 1s a dative bond between the carbon
atom and oxygen atom in which oxygen donates a lone pair of
electrons to carbon.

. —_—
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When AICIL and NH, combine. a compound with the formuls
AlCI1- NH, is formed.




‘1 The dative bond formed here 1s indistinguishable from a normal
d covalent bond and can only be distinguished when the electron
| distributions are worked out. An arrow is usually used to show
l which atom is donating the electron pair.

When gaseous molecules of AICI, are cooled, the molecules
end up having the formula ALCI,. 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.

In transition metal chemistry molecules called ligands which
have lone pairs of electrons are donated into the d-orbitals of the
transition metal forming complexes such as [Cu(H.O) ] In this
complex. water donates lone pairs of electrons into the available
d-orbitals of copper.

&2l




| s METALLIC BONDING

l In metallic bonding. the metal atoms come together and donase
[ ] their valence electrons to form a “sea™ of mobile electrons
which is communally shared among the resulting cations The
cations organize themselves in a lattice structure in which e
sea of electrons is free to move through the lattice. Repulsiw
between cations exists. but the overall attraction between
mobile electrons creates a large electrostatic attraction which =
extremely stable. Consider the formation of metallic sodium.
nine sodium atoms come together. there will be nine elections
that are donated to the sea of electrons.

Consider the formation of metallic magnesium, when nine atoms
combine. there will be eighteen electrons donated to the sea of
electrons.

©
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Consider the joining of nine aluminium atoms. there will te
twenty seven electrons donated to the sea.
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Generally the more electrons donated towards the sea of
electrons. the stronger the metallic bond. Also the smaller the
cations. the more tightly they are packed in the lattice of cations
so increasing the strength of the metallic bonds. Aluminium is
therefore expected to have a higher melting point and is stronger
than magnesium.

Propertcs »f meials

2 Usually high density solids with high melting and
boiling points.

2 Good conductors of heat and of electricity. The mobile
electrons act as mobile charge carriers which make
metals good conductors.

2 Shiny, usually reflecting light of all wavelengths.

2 Malleable and ductile. When stress is applied the
cations can slide over each other and as such metals can
be beaten into shapes and drawn into wires.

5000

INTERMOLECULAR FORCES OF ATTRACTION

Intermolecular forces of attraction can be defined as the attractive
forces between molecules. They are generally very 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 liquids,
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 formed. Conversely,
heat energy has to be supplied to melt a solid or vaporize a liquid




because energy is needed to overcome the attractive forces holding

the molecules together. Thus intermolecular forces are responsible

for compounds existing as solids, liquids and gases. Allmolecuies
experience intermolecular attractions however the attractos &
weaker in some molecules than in others. Intermolecular Twues
of attraction are classified into three types. These are vam &&=
Waals torces. permanent dipole-dipole attractions and by
bonding.

Van der Waals Forces

Van der Waals forces are the weakest of all the intermolecuias
forces. These exist between non-polar atoms or molecules Thas
generally result from the shifting distributions of the clecims
cloud within the atom or molecule. These interactions were S
documented by J. D. van der Waals, a Dutch physicist and chems
Originally van der Waals forces referred to all intermolecais
interactions however it is now specifically referred to as indwess
dipole-induced dipole attractions in many texts.

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

The resulting dipole induces dipoles in the neighbouring aroms o
molecules and these then attract each other. These attractions s
called induced dipole-induced dipole attractions or instantaneus
dipole attractions. Examples of atoms and molecules with vas
der Waals forces of attraction are liquid noble gases or Br. liguss
respectively. '

As the electron cloud continues to move. the direction ot polasss
in the atoms and molecules change but the intermolecular fosces
of attraction remain. The overall electron density remains eveniy
distributed within each atom or molecule as no permanent dipesie

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
(CL, is a gas. Br, is a liquid and L, 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 VIII, the noble gases.
Helium. which only has two electrons, has a boiling point of
-269 °C 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 0.142 nm within a layer (longer bond are
weaker).

<
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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-40. 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-permaneni dipele attractions

Permanent dipole-permanent dipole attractions exist betwecn
polar molecules. These are molecules in which atoms in the
covalent bond differ in electronegativity. The bonding electron
density is greater in the region of the more electronegative atom
This uneven sharing of the electron density results in charge
dispersion in the molecule which gives rise to a permancn:
dipole. HCI molecule is an example of a polar molecule with =
permanent dipole.

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.

o+ o=

Hyvdrogen bonding

A hydrogen bond is a permanent dipole-permanent dipole
attraction between a hydrogen atom that is covalently bonded to
an electronegative atom (F. O 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 in water
molecules and in ammonia molecules.

Hydrogen bond Hydrogen bond
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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 clectronegative 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.O (100°C) to that of a molecule of similar
molecular mass which does not undergo hydrogen bonding such
as CH, (-164°C). water has a much higher boiling point.

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

>~ H_\dri)genmv""--.,__ s
7N bond formed " °*
oT
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.

{/_, Hydrogen bond

Impaortance of hydrogen bonding in water and ice

Hydrogen bonding gives 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 have a boiling
point of about —100°C. However water boils at 100°C which is
abnormal. The main reason for this abnormal behaviour results
from the strong hydrogen bonds between water molecules.
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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,
small objects such as razor blades will float on the surface of
water. Similarly, small insects such as water striders and pond
skaters can walk on the surface of water. High surface tension of
water is also significant to plants. It allows water to rise through
the xvlem vessels in root and stems by capillary action.

o

Water strider walks on the surfiace of water

Another intluence of hvdrogen 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
ot water. Therefore the oceans are slow to warm up during the

. o _ e summer months and cool during winter. Since water can absorb
’ At a lot of heat with only a small increase in temperature, it aids in
‘ maintaining the surface temperature of the Earth.
3 e i
® . & ® : The arrangement of water molecules in ice creates an open
: - structure which makes ice less dense than water. This 1s different
o & ® ‘ e from most compounds which are denser in the solid state than in
5 the liquid state.
e e ;

o o *
, - @ When ice melts. the open lattice breaks down and molecules can
g < L4 get closer to each other until water reaches its maximum density
Structure of ice at 4°C. 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 denses:
water at 4°C sinks to the bottom of the lake. Thus the majorit
of the water in the lake or pond stays in the liquid state and thc
creatures that inhabit the lake can survive. If water behaved like
an ordinary liquid. the lake would freeze trom the bottom up thus
killing aquatic organisms.

Another consequence of the abnormal expansion of water occus
when water freezes in pipes and car engines. The resulting
expansions can rupture the metal. the leak only becoming appareit
when the ice melts. A similar example is seen in the weathering

-
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or erosion of rock. Water seeps into cracks in the rock. freezes
and expands. The resulting force splits the rock, leading to rock
iall and slides.

Hydrogen bonding in plants and animals

Sugars such as glucose contain several polar OH groups which
zive rise to a large number of hydrogen bonds. As such glucose
1s very soluble in water.

HO
\ O

OH
HO

HO OH

Glucose is a ready source of energy. Its carbon atoms are casily
oxidized to form carbon dioxide. releasing energy in the process.
However, unlike other hydrocarbon fuels which are insoluble in
water, the numerous OH groups in glucose allow it to readily form
hvdrogen 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
|5 minutes. Thereatter 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 corn sugar.

Cellulose is formed by large numbers ot 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.

HO
HO
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—OH
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Proteins contain the amide linkage. These linkages form hydroges
bonds with each other. The bonds are split very easily with high
temperatures and this account for the denaturing of proicims
and enzymes at high temperatures. DNA molecule looks ks
a spiral ladder where the rungs are formed by base molecuics
which occur in pairs. These sequences of base pairs represent the
genetic information. The two parallel chains of nucleic acids =
DNA are held together by hydrogen bonds between specific pais

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

ﬁ THE VALENCY SHELL ELECTRON PAIR REPULSION THECEY

The valence shell electron pair repulsion theory predicts the shapes
and bond angles of simple covalent molecules. This theory sugges::
that the electron pairs around an atom repel each other and arranze
themselves in space so as to minimize the repulsive forces.

The shapes of molecules are determined primarily by the numbes
of bonding pairs and lone pairs of electrons around a particula:
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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.
Also 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
have 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
hond pairs closer together. This will result in smaller bond angles
in molecule containing a lone pair.

\Molecules may have different shapes depending on the number
of lone pairs and bond pairs surrounding the central atom.

incar molecules

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

in carbon dioxide. a double bond acts as a single pair of shared
clectrons. Similarly in a triple bond like ethyne. the electrons act
as a single pair of shared electrons.
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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, SO, and the H,C=CH, as
in ethene. _ ‘ ) \

N 1200

221
letrahedral 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,. CHCI, and
POCI..

.
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Trigonal bipyramidal 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 PCI..
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Octahedral molecules

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,.

Sulphis hexatluor
F
F F
90°
S @-
F E
F Fig. 2.24

Effect of lone pairs on the shapes of molecules

The presence of lone pairs influences the shapes of molecules.
The number of bond pairs and lone 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
two bond pairs, the three pairs of electrons arrange themselves
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at maximum distance apart to form trigonal plamer me
However the lone pair will repel the two bond pairs closer s
and the molecule will be V-shape e.g. SO. and SnC1.
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If one lone pair is present in a molecule with three bond | <=
four pairs of electrons arrange themselves at maximum s
apart to form a tetrahedral shape. However the lone mow
repel the three bond pairs closer together and the molecule &
a trigonal pyramidal shape with bond angles less than 109 5
example. NH has a bond angle of 107°.
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Two lone pairs - If two lone pairs are present in a molecu's &
two bond pairs, the four pairs of electrons arrange themse! .
maximum distance apart to form a tetrahedral shape. Howes v‘
the lone pairs will repel the two bond pairs closer together and &
molecule will be V-shape with bond angle less than 109.5° ©
example, H.O has a bond angle of 105°.
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If two lone pairs are present in a molecule with four bond pais
the six pairs of electrons arrange themselves at maximum distance
apart to form a octahedral shape. However the lone pairs «
repel the four bond pairs closer together and the molecule will 5
square planar with bond angles of 90°, e.g. XeF .
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Shapes of canons and anions

Cations and anions also assume particular gecometry that can be
predicted by the VSEPR theory.
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Shapes of simple organic compounds

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 1s- 2s* 2p- 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.
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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
tormed. This type of mixing is called sp* hybridization.
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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 4 identical hybrid
orbitals. These overlap end-on with the atomic orbitals in the
other atoms to give sigma bonds.

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

’ A
bond formed by
sp—sp” overlap

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

Like ethene. the carbon atoms show sp- hybridization in benzene
(C,H, ). 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.

The remaining six unmixed p orbitals are all parallel to one
another, each containing one electron. The p orbitals overlap
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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
whole molecule i.¢. the electrons are not in one particular place but
are 1n constant continual motion. Hence they form circular rings
ot electron density above and below the plane of the molecule.

H., »H
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W» 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
lons 1n 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 van 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:

2 Simple molecular substances e.g. I,
2  Giant molecular substances e.g. Si0,
9  lonic e.g. NaCl _
2 Metallice.g. Cu




2  Giant atomic e.g. diamond and graphite
2 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
van der Waals tforces of attraction. These weak intermolecular
tforces of attraction allow the molecules to separate from each
other easily when heated. For example. if a small amount of energy
1s supplied to the solid iodine. the weak van der Waals forces of
attraction are disrupted and the solid sublimes. The shiny black
iodine crystals are converted into a purple vapour. The crystals
are soft with low melting points and low boiling points. Simple
molecular substances do not have any charged particles theretore
they do not conduct electricity.

Fig. 2.34 below shows the arrangement of I, molecules in
crystalline 1odine. 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.
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Giant molecular structures

Silicon dioxide (Si0.) is an example of a giant molecular structure.
Since silicon is a larg_er 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 silicon 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 1:2. Thus the formula
of silicon dioxide. SiO.. is an empirical formula.

lodine crystals
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Quartz

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.
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The covalent Si-O 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. SiO, has
a melting point of 1700°C. The macromolecular structure does
not have any delocalized electrons therefore it is a non conductor
of electricity. In automobiles fitted with spark plugs, Si0O, is used
as part ot the insulator.

Q‘a‘ o,

Sodium chloride forms a crystal lattice that has a giant ionic
structure. It 1s 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.




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 tormed 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
when molten or dissolved in water. The ions become free to
move theretfore mobile charge carriers are present to conduct
electricity.

Giant atomic structures

Theseconsistotatomsarrangedinagiantstructure. Carboncanexist
as diamond. graphite and more recently the Buckministerfullerene
structure. Although these structures consist of the same element
they have unique and diftering properties.

Fig. 2.37

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 kJ mol '. Diamond is a

~ ~ e b

, . o

Diamond

B~
/ -




-

Graphite

massive giant atomic structure consisting of only carbon atoms
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°C. Being
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 1s a non conductor ot
electricity.

E€

Graphite is also made up of pure carbon but each carbon atom
1s bonded covalently to three other carbon atoms. The carbon
atoms are arranged in layers. The fourth electron of each carbon
atom 1s 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 1s 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
asoccer ball. 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.

Hvdrogen boanded latiices

Ice has a well-defined tetrahedral structure in which each
H.O molecule is hydrogen bonded to four neighbouring H,O
molecules. Two of the H.O molecules are hydrogen bonded to
the oxygen atom on a central H.O molecule while each of the
hydrogen atoms on that central H;O molecule is hydrogen bonded
to neighbouring H,O 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. 2.40(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
polar covalent molecule.
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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.c.p.).

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.

| —_—

[ §
*—0

A simple cubic structure is not an etficient way 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 difterent types of
layers. The atoms in the second layer are packed above the holes
in the first layer as shown in the figure Fig. 2.42. 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 corner 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 ABCABC... 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 (fi.c.c.) structure.
Each atom is surrounded by 12 other atoms hence the coordination
number is 12. The atoms use about 74% of the available space for

packing.

Metals with cubic close-packed structures tend to be maleable
and ductile. Examples of cubic close-packed metals are gold.
silver. copper and aluminium.

in the hexagonal close-packed structure. there are two different

b

vpes of layers of atoms. The top and bottom layers consist of
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six atoms arranged in a hexagon and one atom at the center of
cach 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 1s an ABABAB...

pattern.

The hexagonal close-packed structure has the same packing
efficiency as the cubic close-packed structure.




Draw dot and cross diagrams to show the electronic structure
of the following substances and predict the shapes of each
molecule.

(a) AlF,
(b) NH,
(¢) AIF,. NH,

(a) Explain what is meant by the term ionic bonding.

(b) List three properties of ionic compounds

(¢) Draw a dot and cross diagram to show the electronic
structure of each atom in calcium fluoride.

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

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

(a) NH3
(b) CO,
(¢) HO
(d) L

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 (AICI,) is trigonal planar in shape.

(¢) lodine is a solid crystal which sublimes.

(d) The boiling point of water is 100°C whereas that of
argon is —186°C even 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 100°C whereas that of
ammonia is —33°C.
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The bond angles of methane. ammonia. and water are 109°, -
107° and 105° respectively. Suggest an explanation for this
variation in terms of repulsion between electrons pairs.

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

(¢) sodium chloride

(d) copper

(e) diamond

(f) graphite

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

(a) PH3
(b) EL)
(¢) SiH
(d) HS
(e) HO
(f) NF,
(g¢) CF,
(h) SCL

4

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
(¢) benzene
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/The Mole Concept
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I'he mole conceploriginated in the nineteenth century by an Italian
chemist named Amadeo Avogadro. Ile stated that equal volumes
of gases at the same temperature and pressure contain the same
number of molecules. Although he had no idca what the number
was. his hypothesis did eventually lead to the determination of
thec number 6.02 x 10 as the number ol particles in onc mole of
a subslance which is called the Avogadro’s number.

To simplify this concepl. just as vou would always assumec that
melve of anylhing is called a dozen. twenty is called a score. one
hundred 1s called a century. one hundred and lorty four is called a
gross. there will always be 6.02 x [0 particles in | mole of any
substance. Therefore a male is defined as the amount of substance
that contains as many particles as there are carbon atoms in 12¢g
of carbon-12 isotope.

ﬁ APPLICATION OF AVOGADRO'S LAW

Inicepraan asenus valumes direcetly fvvan e Ladan

The balanced equation indicates the number of molecules as well
as the number of moles of reactants and producls that are imvolved
in the reaction. According (o Avogadro’s Jaw. equal volumes of
gases measured al the same temperature and pressure conlain the
same number of molecules. Therefore number of molecules can
be replaced by volumes in the equation.

Example 1

What volume ol carbon dioxide is produced when 100cm” of
propane is complelely burnt in oxygen? All volumes are measured
al the same lemperature and pressure.

Cl,+ 50

e 9

= 3C03m| B JH:OHl
From he equation.

| moleculc ol propane produces 3 molecules of carbon dioxide

Using Avogadro’s law,

— NS TR e

Amadeo Avogadro

One mole of carbon
(12¢g)



I volume of propane produces 3 volumes of carbon dioxide

Thus 100 ¢cm’ of propane produces 300 cm’ of carbon dioxide at
the same temperature and pressure.

L~ing gascous volumes to determine an unhnown formula
and the equation Tor a reaction

By measuring the volume of reaclants and preducts. the
number of molecules taking part or produced in a reaction can
be determined. This can be used to work out the formula of an
unknown compound and the equation for the 1eaction.

Example 2

10 em of an unknown hydrocarbon. C H . required 60 ¢cm of
oxygen for complete combustion. 40 cm of catbon dioxide was
produced. Find the formula of the unknown hydrocarbon and
write the equation for the reaction. All volumes were measured at
the same temperaturc and pressure.

10 em’ of C 11 requires 60 cm of oxygen to produce 40 cm of
carbon dioxide

Using Avogadro's law

10 molecules of C H require 60 molecules of oxygen to produce
40 molecules of carbon dioxide

Theretore 1 molecule of C H requires 6 molecules ot oxygen to
produce 4 molecules of carbon dioxide

CH + 60. — 4C0O. — some H.O

The number of hydrogen can be calculated indirectly from the
number of oxygen. Since the number of oxygen on the leftis |2
there must be a total ot |2 on the right. 8 ot those are in the 4CO._.
so there are 4 in the H.O. Therefore there must be 4H,0.

CH +~ 60, — 4CO. + 4H.O
From the balanced equation. x =4 andy =8

The hydrocarbon is C H

The equation for the reaction is C H_ - 60, — 4C0O, - 41.0




IYetermination i meetei mess using: malar volunig

I mole of any gas contains the samec number of particles and
occupies the same volumc at the same tempcerature and pressure.
This is referred to as the molar volume. The molar volume changes
with temperature and pressure,

Molar volume of « gas at voom temperature and pressure (rip) is
2d o

Molar volume of a gas at stundard temperanre wnd pressure (sip)
is 22 4 dm

Thus it 1s possible to calculate the molar mass from a given
volume of gas.

The molar muss is the mass of 1 mole of a substance expressed
in grams. It is the mass of a substunce comaining 6.02 x [
purticles of that subsiunce.

Example 3

0.367 g of a gas occupics 200 cm at rtp. calculate the molar mass
of the gas.

| mole of gas occupies 24 dm™ (24 000 cm ).

200 cm of gas weighs 0.367 ¢

10.367 x 24 000)
200

=44 g mol”

6 CHEMICAL EQUATIONS

Woriting equeatsany

24 000 cm’ of gas will weigh

The chemical equation 1s a symbolic statement of what occurs n
a chemical reaction. To wrile an equation you need to:

2  Know the names of the rcactants and producls. For
cxample
Magnesium — oxygen — magnesium oxide
<  Know the formulae of the reactants and products.
Mg - O, — MgO

2  Balance the equation by making the number of atoms ot
cach element the same on both sides of the equation,

Mg - 0. — 2MgO

Remember never to alter any lormula in balancing
equations.




2 Include state symbols
EMgee+ 100, B IMgll

Lonic cquations

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 between barium chloride and
sodium sulphate can be written as

BaCl,  + NaSO, =~ — BasO, - 2NaCl

) |

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

Ba”_ ~2CIF +2Na  +SO2 =
I 1 J

1l I Rl fdy b
BaSO, +2Na ., #2GIS

Lyl Ayl

Na (aq)and Cl (aq) ions appear unchanged on either side of the
equation and take no part in the reaction. These are speciator ions

and are cancelled out of the equation so that the tonic equation 1~
written as |

Ba- S0 — BaSO

14g1 4 A des

8 CALCULATIONS USING CHEMICAL EQUATIONS

Abalanced equation can be used to give a quantitative relationship
between reactants and products in terms of moles. mass. number
of molecules or volumes.

Example 1
Potassium nitrate decomposes on heating according to the
equation

2KNO, , — 2KNO,  + O

e
When 5.05 g of potassium nitrate is heated. find

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

| mole KNO_ =101 g
| mole KNO. =85 ¢
| mole Q. occupies 24 dm™ at rtp.




From the equation.

(a2 2 moles KNO. produces 2 moles KNO.
202 g KNO. produces 170 g KNO.
3 _ (170 x 5.03)
5.05 g KNO. will produce TR

=425 ¢

i =]

«b) 2 moles KNO. produces Imole O,
202 g KNO, produces 24 dm' O, at rtp
(24 x 5.05)
202

= 0.6 dm’

5.05 g KNO will produce

ic) 101 g KNO. =1 mole

5.05

5.05 g KNO, - To0T

|
= (.05 mole

2 moles KNO. produces 1mole O.
0.05 mole KNO. will produce 0.025 mole O,

| mole O. =6.02 x [0- molecules
0.025mole 0. =0.025x6.02 ~ |0 molecules

=1.505 x 10~ molecules

Example 2
20 cm’ of 2 mol dm ~ [.SQ, reacts with excess Mg according to
the equation

Mg  + H.SQ.. =+ MgSO - H

=il iy gy

(a) Find the mass of magnesium sulphate produced in the
reaction.
h) Find the volume of H . gas produced at rip.

The number of moles of H.SO, used in the reaction
1000 ¢cm’ contains 2 moles H.SO,

(2 x 20)
20 ¢m' will contain 000

= (.04 mole
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From the equation.

(a) Tmole H SO produces 1 mole MgSO|
0.04 mole H.SO_will produce 0.04 MgSO

I mole MgSO =120 ¢
0.04 mole MgSO =120~ 0.04
=480

(b) 1 mole H.SO produces 1 mole L at rip
0.04 mole H,SO  will produce 0.04 mole H.

| mole H. =24 dm atrp
0.04 mole H, =24 x0.04
=(.96 dm’

‘ EMPIRICAL AND MOLECULAR FORMULAE

The empiricad formula is the simplest whole number atomic rais
of the elements present in a compound.

The molecular fornnda is a simple multiple of the cmpiresd
formula. 1t shows the actual number of atoms of the differce
elements in 1 molecule of the compound.

Example 1

What is the empirical formula of compound which contaias

43.4 % Na. 11.3 %, Cand 45.3 %6 O by mass?

Element Na G O
Percentage 434 % 11.3 4% 13198
Combining masses in 100 g 434 1.3 —o.
. 43.4 |3 R
Number of moles ,’,’ II ,\ .
.84 0.94 C N8
Ratio of moles I

Empirical formula is Na.CO

Example 2

A hvdrocarbon X has a relative molecular mass of 56. Comprew

combustion ot 0.1 gol X gine 0.316 got CO._and 0.128 got'11 £3
Find the empirical and molecular formulac of X.

Massotf Cand Hin 0.1 g ot X

F g V8 Vg Vg Veg Yeg v



44 g CO. contains 12 g
(

C
2

, 12 x0.316) )
0316 g CO, conlains — - 0.086 ¢ C
I8 g H.O contains 2 g H

o (2x0.128)
0.128 ¢ [1,O contains T =0.014¢gH
Flement i H
Mass ratio () (186 (014
Number af moles “';l;\ﬁ (]'(”4

0.0072 004

Muaole ratio ] :

Empirical formula of X 1s CH,

Since the molecular formula is a multiple (n) of the empirical
formula and the molecular mass of X is 536, then

ntCH.)=56
n{l2—23=56
—a8 _
n —14—4

Molecular formula of X is C H .

TITRATION

This invelves measuring the volume of a solution of known
concentration (the standard solution or titrant) which is
required to react quantitatively with another solution of unknown
concentration fanalvte). Generally. the titrant 15 added from a
burette (0 a known volume ot the analyte until the rcaction is
complete. An mdicator is usually uscd o signal (the end of the
reaction. The concentration ol the unknown sclution can then be
determined from the stoichiometry ol the reacton and Lthe volume
of standard solution used in the reaction. Substances of known
purity are used Lo prepare standard solutions. These substances
arc calicd primary standards.

s PRIMARY STANDARDS

A primary standard 15 a substance of high purity that is uscd
to prepare the concentration of the standard solution in the
volumetric analysis. It provides a reference to detemnine unknown
concenlrations.




Primary standards should have the following properties:

2  High purity il should have a purity of at leas
99.98%.

9  Stable towards air  the composition should not be
altered on cxposure to air. This means it should not be
oxidized by air, react with carbon dioxidc or absorb
moisture from air.

2  Absence of water of crystallization - 1t should be
stable to drying. The composition should net change
when heated.

2 Relatively large formula weight - this mininizes the
relative errors associated with weighing.

2 It should be soluble in titration medium.

FExamples of primary standards are NaHCO.. Na.CO.. K1O. and
(COOHR)..

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

Example 1

25 c¢m of 0.1 mol dm * NaOH solution required 20 em of dilute
sulphuric acid for ncutralization. Calculate the molar and mas:
concentration of the sulphuric acid.

1000 ¢m contains 0.1 mole of NaOH
(0.1 » 25)
1O00)
= 0.0025 mole NaOH
Fquation for the rcaction
2NaOH + H.80, — NaSO, + 2H.O

25 em contains

2 moles NaOH rcacts with 1 mole H.SO.
. 0.0025 mole NaOH reacts with 0.00125 molc 11.SO,

20 cm contains 0.00 123 molc HTS()J

_ (0.00125 = 1000)
1000 cm contains . =7 I

=0.0625 mol dm 11.SO,

1 mole H.SO, - 98 ¢g
0.0625 mole H SO, = 0.0625 - 98
=6.125g dm"




Evample 2

23¢em of 0.04 mol dm -~ sodium sulphite solution required 20 ¢m
of 0.02 mol dm KMnO_ lor complete oxidauvon. Calculate the
number of moles of sodium sulphite which react completely with
I mole of KMnQ) .

1000 cm solution contains 0.04 moles Na.SO
(0.04 ~ 25)
=

= (0.001 mole Na SO,

23 cm solution contains

1000 cm’ solution contains 0.02 mole KMnO,

S0 ¢ . - (0.02 x 20))
20 ¢m’ solution contains 000

0.0004 mole KMnO

10004 mole KMnO reacts with 0.001 mole Na. SO

0 e
0004

0.0
= 2.3 moles Na.SO_

1

I ' mole KMnQ, reacts with

Hence the balance equation tor the rcaction is

2MnO, +6H - 380, =+ 2Mn"+3H.,0 +380/




Define the following terms:

(a) mole

(b) empirical formula
(e) molecular formula
(d) Avogadro’s law

A compound Z contains carbon. hydrogen and oxygen. and
has a relative molecular mass ot 46. Complete combustion
of 1.O0gofZgive |.91 gof CO,and 1.17 gof H.O. Find the
empirical formula and molecular formula of Z

In a titration inyolying potassium manganate (VII) and Fe

ions, 25 cm’ of an aqueous solution containing Fe- 1ons
required 22.40 cm of 0.02 mol dm potassium manganate
{VID) for complete reaction. The equation for the reaction 1s

SFe* ~ MnO, + 8H* — SFe®™ <« Mn™ = 4HO

(a) Find the number of moles of MnQ, 1ons used in the
reaction.

{b)y Calculate the number of moles of Fe- 1ons in 25 ¢cm ot
solution

(¢) Calculate the concentration of Fe- in mol din

40 ¢m ot a solution of phosphoric acid containing
098 g dm reacted with 50 cmy” of a solution containing
0.64 ¢ 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 in the reaction.

(e) Determine the number of moles ot sodium hydroxide
that will react with 1 mole ot phosphoric acid.

(d) Using the answer to (c) above. detive an equation fo:
the reaction between sodium hydroxide and phosphoric
acid.
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Potassium chlorate (V). KCIO.. decomposes on heating to
potassium chlorate (VID, KCIO . and potassium chloride.
Calculate the maximum number of moles of potassium
chlorate (VII) which could be produced from 0.1 mole of
polassium chlorate (V).

When 0.112 dm” ol an organic compound Y was burnt in
excess oxygen. (.88 g of carbon dioxide was formed at s.t.p
How many carbon atoms arc there in one molecule of Y7

Calculate the volume of oxygen required for the complete
combustion of a mixture of 10 cm of methane and 10 cm of
ethane at r.t.p.

Find the volume of 0.1 mol dm  aqucous silver nitrate
required to react completely with 20 ecm” of 0.2 mol dm
solution of calcium chlonde.




Redox Reactions
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Rusring iron

In earlier times chemists used the term oxidation to mean
addition of oxygen to a substance or the removal of hydres
from a substance. The term reduction meant the addition
hydrogen to a substance or the removal of oxygen from
substance. Nowadays oxidation and reduction reactions or /«
reactions are recognized in terms of electron transfer. Ma
chemical reactions such as the rusting of iron. the buming
tuels. respiration and photosynthesis involve redox reactions.

6 OXIDATION AND REDUCTION

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

Zn —2¢ — ZIn-
[t

Here solid zinc has lost two electrons to form the Zn catw
There is a change in oxidation state from zero to +2, theref:
an increase in oxidation state. The zinc atom is oxidized to 718
. \
ion.

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

Cu +2¢ — (Cu

The Cu- cation has gained two electrons to form the Cu atos
The oxidation state has changed from —2 to 0. showing a decres
in oxidation state. The Cu” cation is reduced to Cu atom.

Oxidation and reduction does not occur independently, the
always occur together. Oxidation and reduction reactions &
usually written as halanced ionic half equations. The two 10n
half equations are then merged together to generate a fi
equation. The two equations above can be written as the fi
equation below.

In +Cu” — Zn -Cu

Similarly. the following redox reactions show the oxidation aa
reduction half equations.



Z"-\;_‘_ Pb{NO‘-]:uu - Pb¢~b+zn(NO.’4]3u

ql
In this reaction the oxidation number of zinc changes from 0 to
=2 and that of lead changes from 2 to ().

Zn 2e — Zn o axidation

Pb = 2e — Pb" rechiction

In the redox reaction

oFe, w2 — 2Fed 41,

Ant

IIIII

1]

Fe' 1s reduced and I is oxidized
Fe*+e¢ — Fe- reduction
2=-. 2 — 1. oxidation

REDOX EQUATIONS

SN EItL Telilovigt = coml ) o

The following rules must be applied when balancing half
equations:

{1) Balance the element that 1s being oxidized or 1educed first.

MnO, — Mn-
on the LHS on the RHS
IMn [ Mn

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

MnO — Mn" +4H.O
on the LHS on the RIS
40 40 from 4 molecules ot water

(3) Add H to balance the hydrogen as a result of the hydrogen
added from water.

MnO, +r8H — Mn- -4H.O
on the LHS on the RHS
8H &H from watet

() Finally. balance the charges by adding electrons to either
side of the equation:
MnO, +81 — Mn - 4HO

on the LHS on the RHS
- =8==7 -2

We therefore add five electrons on the left hand side to produce
a +2 charge.




-

The cquation is therefore:

MnO + SIS L= 5e — Mn®  +4H.Og

410

Example 2
CrO- — Cr
Step 1:  Balancc the Cr
G0~ — 208
Step 2: Balance the oxygen with water
Cefl?> — 20+ 7H.0O
Step 3: Balance the hydrogen

Cr,0+141" — 2Cr" 1 7H.O

Step4:  Add electrons to balance the charges:

Cr.0>_ = MK =60 — 2Cr* +~7H0,

Example 3
10 — |
10, — 1 -3HO
10y, #6H* — |—~23H.0

1075 *6H¥. 4ie= "5 1.+ 300,

ta

Half cquations arc written as clectrode reactions and usually
as rcduction rcactions. There is an clectrode potential value
(E™ given 1n volis associated with each cquation. If the valus
given is positive then the reduction reaction is an encrgetically
feasible reaction whereas a negative value is considered to be an
energetically non-feasible reaction. For example

Cu™ 2 == Cu L' =—-0.34V (feasible)
v =2 = Zn_ E"=-0.76V (non-leasible|
A = Ag E" 0.8V (feasible)

In these examples. reaction 1. and 3 are feasible. Reaction 3 |

morg feasible than reaction | while the negative value for reactiar
2 indicates that it is not energetically feasible and will not take
place under normal conditions.

. 0g Veg Vg Vg VYV ey Yo v



fic g iwn hall cqasiions to give halanewd equations

« wurite a balanced equation from half equations. the
p= rules must be followed,;

‘“Write both equations to be combined in difterent lines.
MnO -+ 8l —Se — Mn~ + 410 {1
Fe- — Fe'' —e {2)

Balance the electrons in each equation. In equation 2.
multiply by 3.

N

SFe™ — SFe' =~ 5S¢

Stnike out the electrons from both equations.
MnO, +8H -3¢ — Mop* - 4H.O
SFe=—=—s =HFcai5e"
Add the equation together keeping all the species on the

LHS of the arrow on the LIS and add all the species on
ihe RHS of the arrow on the RHS.

MnO, +8H — Mn"-4HO

SFe- — SFe”

BInQ,=s 5Fe™ = 8H* — Mn™ = 5Fe™ +4H.O
(balanced equation)

sz of iron is an example of a redox reaction. Solid iron
ol rons to form the Fes cation while oxygen combines
= where it gains four electrons to form the hydroxide
1% overall process can be summarized as shown below.

I Fe — Fer +2¢
(s) fagh

B O, ., F2H0, +4¢ — 40H
ati - ) YFe2* de
b equation 1by 2 2Fe, — 2Fe*  +4e
¥Fe +0, +2HO — 2Fe* +40H-
s) 2(g) £ {aq) {ag)

s then converted to iron (I11) oxide = Fe,0,. xH,O (rust).

Sw'anced equation for the following half equations:
MnO, +8H +5¢ — Mn +4HOO

2IF — 1+ 2e
IMnO, +16H = 10" — 2Mn— - 8H.O + 51
equations for the reaction between
45 0° (S,0.7 isoxidizedto S,07)

$40 and [ in acid solution -

.‘:\
-
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Note that all species on the LHS are converted to new spectes @
the RHS. 1f a species 1s not converted to anything new (specia
ions). then it is removed from the equation. For example

10, +6H +6I' — I -3H.0 3L
The I on the RHS 1s removed and one of the | on the LHS
removed giving

10 = 611* = 5F — 31,0+ 31,

Consider this example

Equation 1 1O —6H +~6¢ — 1 ~3H.0O

Equation2 21 — 1, +2e

2 Furst balance the elections in cquation 2 by multiplying
K

6l == 31, +Ge
2  Remove the elections from both equations giving:

I0,+6H — I ~3H.0
Al —==Jg

9 Merge RHS of both equations and LHS of both equations
10, <6l -6 — 31.-1 -3HO

2 Finally remove one iodide ion from each side of the
equation:

10, +6H -51 — 31,-3H.0

Using I values 1o wiite chemical equatinns

Electrode potential (E") values are a great help in writing balances
equations for redox reactions. The E" values tell us the direction is
which the half-equation proceeds. The moie positive the E' value.
the stronger is the ability of the substance to act as an oxidizing
agent. For example.

Eyuation! Ag +¢ — Ag E"=+0.80V

1341 1w

Egyuation 2 Nr- + e — Ni E"=-0.25V

LB T8

Equatron 2 is not energetically feasible since the E" is negative. If
the equation is reversed. the E' hecomes positive and the reaction
is then feasible.

Ni_ — Nit  +2e E'=+025V

raq!



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

Ag +¢ — Ag E'"=-0.80V

= dagl =

Ni  — Nit  +2 E*=+0.25V

Y] (RIS

Balance the electrons

AT wo= I == JAR, E'=+0.80V
inotice E" remains the same)
Nic, = Nifhe v 2¢ E"=+0.25V

ag’
“lerge both half equations
JASN, ~ NI, =4 JZAp =N

| 1 agl
E* .=-1.05V
An overall positive F' = tells us that the overall reaction is
ieasible.

G’ OXIDIZING AGENTS

% oxidizing agent 1s a substance which accepts electrons. As
« accepts electrons. its oxidation state decreases and it becomes
seduced. Consider the reaction between magnesium and zinc
chloride below.

Mg 1 ZnC] - MpClo. +Zn

2yl Tenc

I'he ionic half equations are:

Mg, —2e — Mg"_

=151

In* —=2¢* - Zn

1w I»

Therefore Zn® | is the oxidizing agent. it oxidizes Mg to Mg’
while 11self was reduced to Zn .

g

The strength of an oxidizing agent is measured by its ability to
» cept electrons. Standard electrode potential values are a direct
weasure of the oxidizing ability of substances. Consider the
Wtlow ing electrode potentials:

E® value
Cu e, des s L, —(0.34V
H  —e¢ — 2l 0.00 V

tigl

Zn  +2 — 7n_ 0.76V

(g1




The more positive the E" value. the stronger is the ability ot the
substance to act as an oxidizing agent. Therelore in the prior list.
Cu~ is the most powerlul oxidizing agent followed by H and
then Zn- as is reflected by their E” values.

The standard electrode potentials for some hall equations are
given below. The stronger oxidizing agents have the more positive
E" values.

Table 4.1

%38 REDUCING AGENTS

A reducing agent is a substance which has the ability to donate
clectrons, On giving up clectrons. its oxidation slale increases
and it is oxidized. Reducing agents also range in their abilily to
donate clectrons. For ¢xample. metals tend to give up electrons
and this in (o is delermined by their ionization energy values.
Electrode potential values are also good indicalors ol the reducing
ability of a substancc.

Table 4.2

J

From tablc 4.2 above, the more negative the L value. the stronger
is the ability of the substance (0 acl as a reducing agent. Therefore
stronger reducing agents have more negative E” values.




‘ TEST FOR OXIDIZING AND REDUCING AGENTS

In redox reaction. the electrons lost from the reducing agent are
accepted by the oxidizing agent. Therefore an oxidizing agent
which gives a vivid colour change when reduced can be used to
test for a reducing agent and vice yersa.
e eadlizing asents
4 Anoxidizing agent liberates . from KI.
20— L %2¢
Solution changes from colourless to brown,
3 Anoxidizing agent oxidizes Fe {aq) to ke (aq)
Fe* — Fo™+e
Solution changes from pale green to vellow-brown.
9  An oxidizing agent precipilates sulphur from H_S.
8S-—--l6e - 8§,

Solution forms a yellow suspension of sulphur.

Fesin lor reducine azcanis

32 Areducingagentdecolourizes acidified potassium manganate

(VII).
MnO, +8H ~5¢ — Mn" ~4H.O
Colour changes from purple (o colourless.

4 A reducing agent reduces acidified dichromate (V1) ions to
chromium (111} ions.

CeO = |H*=-6e — 2™+ 7THD

Colour changes from orange (o green.

‘ SIMPLE DISPLACEMENT REACTION

Displacement reactions mvelve one element or group in
a compound being replaced by another element or group.
Displacement reactions depend on the oxidizing and reducing
abilitics of substances and whether the substances are metals or
non-metals.

Elements arc arranged in terms of oxidizing and reducing abilitics
m the electrochemical serics. Elements higher in the series arc
sronger reducing agents while those lower in the series are
stronger oxidizing agents. Two types of displacement rcactions
are considered next.




The metal iron nail displaces
the blue Cu  10ns trom the
CuSO. solution to form the

brown metallic Cu

Se

Noan-metals

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 by
fluorine. chlorine and bromine.

Re# JKI SA2KE + ],

Gl +2K1 — 2KGL#L

Br,+ 2KI — 2KBr+1,

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

E. —2KBr — 2ZKF + Bz,
Gl ~ 2ZKBr — 2K4] 5 By,

Chloride ions can be oxidized by fluorine but not bromine or
1odine.

F. +2KCl — 2KF +CL
Fluorine 1s not oxidized by any of the halide 1ons.

The above reactions show that the order of oxidizing ability is
E. >Cl>Br. > L.

f..2..1
\Ik’l; s

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.

Mg + ZnCl,_~ — MgCl,  + Zn

Jlam

Exercise

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

Solution

When X reacts with the cation 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 ¢. it displaces the ions of ¢
trom solution. Therefore X is a more powerful reducing agent
than cz. X 1s higher than « in the electrochemical series.

When Y reacts with the cation of «. 1t displaces it from solution.
ThereforeY is a more powerful reducing agent than 2. Y is higher
than ¢ in the electrochemical series.

The cation of Z is not displaced by metal X or Y therefore it is the
most powerful reducing agent.

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

Reducing ability: Z2>X>Y>a
Oxidizing ability: ¢>Y>X>7Z




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

(a) Cl. = 2KBr — 2KC! - Br.
(b) Mg = PhINO.). — MgNO.). + Pb
(¢) BaCl. -~ 11.80, — BaSO, ~ 2HCI
(d) N. + 311, — 2Nl

(e) AgNO. | NaCl — AgCl+ NaNO,

In the redox reactions identified in question ( 1) above. name
the oxidizing and reducing agenls.

Wrile (wo half-equations for the redox reactions named in
question {1) above.

Write balanced cquations for the following redox rcaclions
by combining the half equations:
(a) Feo +2¢ — Fe
L#3 — 2
(b) Ag +¢ — Ag
Cu™ +2¢ = Cu
(¢) Fe ~¢ — Fe
Al 3¢ — Al
(d) Br{ag)+2¢s — ZBr
I.-2¢cc —- X
(e) CrO < [MH"+ e o 2Er " TH.O
MnQO,  8H ~5¢ — Mn~+d4H,O

Describe the observations expected in the following reactions:

(a) aqueous brominc is added to sodium chleride
(b) aqueoud bromine is added to sodium iodide
(c) zinc is added 10 copper (1) sulphate solution.




The kinetic theory of matter explains the extent to which particles
moveinsolids. liquidsand gases. Insolids. the intermolecularforces
of attraction are strong enough to keep particles close together
and held in fixed positions. They are not easily compressed due
to lack of space between the particles. The particles are arranged
in an orderly fashion to form a crystalline structure which gives
it definite shape as well as volume. The Kkinetic energy in the
particles causes them to vibrate in their positions.

\e,,_S CHANGE OF STATE

The kinetic energy of particles in a solid increases as its
remperature gradually increases. Melting starts when the energy
the solid takes in is used to overcome the torces 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
other. 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 1s complete the energy absorbed causes the temperature
10 rise again.

Liquids have more kinetic energy than solids. The energy is
¢nough 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
vibrate as well as rotate, giving them the freedom to flow and
assume the shape of whatever container they are poured in. The
particles are almost as close together as particles in a solid hence
'quids have a definite volume and are not easily compressed.

When the kinetic energy of the particles in a liquid becomes
zicater than the forces of attraction between them. particles can
escape from the surface of the liquid to form a vapour. This 1s
called evaporation. Evaporation can take place well below the
~oiling point of the liquid e.g. perfume. If evaporation takes
place in a close container. the molecules of the vapour exert a
capour pressure. As the vapour is confined over the surface of

Candle wax
melting



the liquid, some will condense and re-center 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 vapour
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 vaporization. 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.

\S ASSUMPTIONS OF THE KINETIC THEORY

The kinetic theory of gases explains the extent to which particles
move in a gas. [t allows us to account for the behaviour of gases
by making S basic assumptions. These are:

9 The gas molecules are in a constant state of random
motion. The molecules move in a straight line until they collide
with other molecules or the sides of the container. When the
molecules collide with the sides of the container. they exert a
torce which results in the pressure exerted by the gas. As the
number of molecules ot a gas increases. the more trequently they
will collide with the sides of the container and the greater the
pressure will be.

2 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 randoml|y
distributed with relatively large intermolecular distances.

2 The average Kinetic energy of the molecules is directl
proportional to the absolute temperature of the gas. The amount
of kinetic energy the molecules possess will determine the speed
of the molecules. Therefore as temperature increases, the kinetic
energy of the molecules increases and the speed increases. This in
turn increases the frequency of collisions of the molecules.

2 Collisions are perfectly elastic. When molecules collide.
they bounce off each other with no loss ot energy. This means
that no attractive or repulsive forces are involved during collisions
and the total energy of the molecules remains the same.

9 Themolecules exertnoforce ononeanother. The molecule:
are not close enough for intermolecular forces ot attraction to
exist between them. The only interactions between molecules are
their elastic collisions.
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s 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.

Bovle's Law

Robert Boyle (1627-1691) investigated the relationship between
the volume of a fixed mass of gas and its pressure at constant
temperature. He tound that when the pressure of the sample
of gas was doubled. the volume was halved. The results of his
work indicated that 7/ie volume of a fixed mass of gas is inversely
proportional to its pressure at constant temperature. This is
known as Boyle’s law and can be expressed mathematically as

Poc I/V

P =kV where k 1s a constant
PV = constant

I8

Charles® Law

Jacques Charles (1746-1823) and Joseph-Louis Gay-Lussac
(1778-1850) made detailed measurements on how the volume
of a gas was aftected 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 fived
mauss of gas is directly proportional to its absolute temperature at
constant pressure. Mathematically this 1s represented as

VaT

V=KkT where Kk is a constant

V/T = constant
b S L
When we plot a graph of volume of gas against temperature, we

get a straight line.

Fig. 5.2

o o et

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

» d
Vv
P
— b
v
Fig. 5.1

Temperature “C

Fig. 5.2
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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 1848 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 Kelvin scale for calculations
involving Charles’ law.

I he “constant volume law

When gases collide with the walls of their container they exert a
pressure. The speed of the molecules and the number of collisions
they make are aftected by temperature. The relationship between
the temperature and the pressure of a gas at constant volume is
called the “constant volume™ law. [t states that the pressure of a
fixed mass of gas is directly proportional to the temperature at
constant volume. Thus

PoaxT
P=KkT where k 1s a constant

P'T = constant
PI ’TI = P: ’T3

ldeal gas equation

Combining Boyle’s law, Charles™ law and the “constant volume’
law gives the equation

PV'T = constant for a fixed mass of gas
If we use one mole of gas. the constant is 8.314 J K ' mol '. This

constant is called the gas constant and is given the symbol R.
Thus for one mole of gas

PV T=R
So for #» moles of gas

PV/T =nR
or 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




calculations involving the ideal gas equation:

P is measured in Pa
V is measured in m*
T is measured in K
Ri1s8.314J K ' mol'

The ideal gas equation can be used to find the relative molecular
nmass (Mr) ot a gas.

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

Then

PV =mRT'M
Therefore

M =mRTPV

Example 1

0.035 g of a gas was tound to occupy a volume of 20 cm® at
1.09 > 10" Pa and 27°C. What is the relative molecular mass of
the gas.

P=1.09 x 10" Pa

V=20cm =20 10" m’
T=27°C=273+27=300K
R=8.314J K ' mol’!
m=0.035¢g

Using the ideal gas equation

M =mRT PV
(0.035 x 8.314 x 300) / ( 1.09 x 107 x 20 x 10
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.
pressure P, and temperature T, in one system. then

P,V,If’Tl =nR




[f the same gas occupies a new volume V. at pressure P, and
temperature T.. then

P.V./T,=nR
Thus
PV,/T =PV/T,
This is called the ideal gas equation of state.

Example 2
A gas occupies 2 m* at 27°C and 1.01 x 107 Pa. What volume will
it occupy at 87°C and 4.04 = 10° Pa.

P, =1.01 x 10° Pa P,=4.04 x 10° Pa
V=2 m’ WL =1
T,=21°C=273+27=300K T =8§PC=360K

Using the equation
B VT =PV T
V., =(1.01 x 10 x 2 x 360) / (300 x 4.04 x 10°)
= 06m'

e
% ) REAL & IDEAL GASES

When molecules ot 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 further apart, the
intermolecular forces of attraction approach zero and the gas
behaves as an ideal gas.

(G




Limitations of ideal gas bebaviour

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

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

Atlow 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 ot the gas becomes smaller,
thus the assumption that the volume of the molecules is negligible
when compared to the volume occupied by the gas becomes
mmvalid.

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

At high pressure (100-200 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 volume 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 atm) 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 PV > RT. At high pressures. the volume 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.

CO:

Ideal gas

py
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(b)
(c)
(d)

(b)

(c)

(d)

(a)

(b)

(¢)

List five assumptions of the kinetic theory.

State Charles” law.
Describe how the kinetic theory explains Charles” law.

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.

What is meant by the term ideal gas?

Under what conditions of temperature and pressure will
a real gas deviate from 1deal gas behaviour.

What TWO assumptions of the kinetic theory ot gases do
not hold under the conditions described in (b) above.
In an analysis. 0.1g of a sample X occupied 25 cm® at

100°C and atmospheric pressure. Calculate the relative
molecular mass of X.

Sketch the graph showing the relationship between the
volume and temperature ot a gas at a fixed pressure.

Show on the graph the temperature at which the volume
ot an ideal gas becomes zero.

1.09¢ 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)
(b)

(©)

the nature of the liquid state
the change of state from liquid to gas
gases have lower densities than liquids

A weather balloon containing 54 dm’ of gas at 30°C and
2 atmospheres rises to an altitude where the temperature is
20°C and the pressure of the gas 1s | atmosphere.

(a)

(b)

(c)

Calculate the change in volume of the gas in the
balloon.

Suggest a consequence of the change in volume of the
gas.

State an assumption made in your calculation.




Y —

Energy

Reactants

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 AH.

The enthalpy change = energy of the products — energy ot the
reactants

AH = H, — H

P R

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 1s
called the activation energy (E ). As reactant molecules absorb
the activation cnergy. the bonds lengthen and weaken to form
an activated complex or a transition state. In this complex the
energy content is high and the complex is highly unstable. From
the transition state two processes can occur. either the complex
can decompose to the products or reform the reactants.

EXOTHERMIC REACTION

When the energy of the products is less than the energy of the
reactants AH is negative and the reaction is exothermic. &
exothermic reactions heat is given off from the reaction to the
environment. If the reaction is conducted in a reaction vessel.
the contents ot the vessel get hotter as heat is released trom the
reaction to the surroundings in the reaction vessel.

Products

Progress of reaction —

- Fig. 6.1

|
|



Fig. 6.1 shows the reactants gain the activation 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
tform the most stable products. Since the products of this reaction
have less energy than that of the reactant. the activated complex
breaks down forming products. The products have less energy
than the reactants thus AH is negative.

6 ENDOTHERMIC REACTION

When the energy of the products is greater than the energy of
the reactants AH 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
remperature within the vessel decreases as heat 1s 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

Encrgy

Reactants

N Products

AH =+ve

WV

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.

6 STANDARD ENTHALPIES

standard conditions lor enthalpy mecasurements

To compare enthalpy changes it is important to state the conditions
under 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 | atmosphere are used
10 measure and compare enthalpy changes. Enthalpy changes
measured under these conditions are referred to as standard
enthalpy changes and arc given the symbol AH". The symbol
implies that

9 all substances are in their normal physical state at 298K
and 1 atmosphere

Progress of reaction —




9 enthalpy changes are measured per mole of the
substance
2 solutions involved have a concentration of I mol dm

Therefore the standard enthalpy change of reaction (AH",) can be
defined as the enthalpy change when the mole quantities shown in
the balanced chemical equation react under standard conditions
In cases where elements exist as different allotropes. the most
stable form at 298K and 1 atmosphere is used as the standard
Thus the standard enthalpies for reactions involving carbon retes
to graphite rather than diamond.

Standard enthalpns Ly

The standard enthalpy of formation (1H" ) is the heat change when
one mole of substance is formed from its constituent elements in
their normal states under standard conditions. Thus the enthalpy
of formation of ethanol can be written as

AH’, [C,HOH, ] = ~277kJ mol '

This represents the equation
2C T 3H:m T 120’1 ]

™ {graphite)

— C,HOH,
AHY, =277 8

This means that 1 mole ot ethanol is formed from 2 moles of
carbon atoms. 3 moles of hydrogen molecules and > mole of
oxygen molecules.

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

H. + 10, — H:O”I

{g) =g

[AH" (H,O )] = -286 kJ mol

[t must be noted that the standard enthalpy of formation refer:
to the formation ot only 1 mole ot a compound and the equation
for the reaction must be balanced to show the production of |
mole of a substance. Hence only !> mole of oxygen molecules is
required in the formation of water. Also the enthalpy change o1
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.

0. — O [AH" (O, ) ]=0kJ) mol

2z 2g)




Standard enthalpy of cembustion (AH

I'he standard enthalpy of combustion (1H" ) is the hear change
when | mole of a substance is completelv burnt in oxvgen under
standard conditions. The standard enthalpy of ethane is written
as

AH" [CH_ 1= -1560KkJ mol”

This represents the equation
CZHM:) + 31203(_’» == ZCOZIQ) T 3H20(|)
AP ==1.560 K]

The substance must be completely burnt in oxygen to ensure 1
mole of the substance reacts.

sStandard cathalpy of neutralizaiion (\H

The standard enthalpy of neutralization (1H" ) is the enthalpy
change when an acid reacts with a base to form 1 mole of water
under standard conditions. For example

AH" [ HCI: NaOHuq] ] = -57.9 ki mol '

This represents the equation

HCI, +NaOH, — NaCl  ~HO

) 270

AH' =-57.9KJ

) )

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

H.SO,  + 2NaOH, — NaSO, +2HO,

) 2 4taq)

the standard enthalpy of neutralization for this reaction is
-37.9 kJ mol! because it measures the heat change per mole of
water formed.

Standard enthalpy of atomization (AH” )

The standard enthalpy of atomization (1H" ) is the heat change
when 1 mole of gaseous atoms is formed from the element under
standard conditions.

Na — Na AH" [Na ] =+ 108 kJ mol™

() (2)
BH., —= H AH' [H,_ ] =+218 k] mol

2tg) g

g}

1" ionization ¢nergy

The 1'" ionization energy is the enthalpy change when 1 mole of

gaseous atoms is converted to gaseous ions with a single positive
charge.

9



Na,, =% Na' AH" [Na] =+ 494 kJ mol™

The 1'" electron affinitv is the enthalpy change when I mole of
gaseous atoms is converted to gaseous ions with a single negative
charge.

Gl & =% L=, AR [Gl] =364 k] mel™

P
W3 LATTICE ENERGY (AH'_)

The lattice energy (AH" ) is the enthalpy change when 1 mole
of an ionic solid is formed from its gaseous ions under standard
conditions.

Na {¢) + Cli‘!l = NaC](\l
AH“]J“ = 781 kJ mel™

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 encrgy
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 KCI which is less than that of NaCl.

( Rb-< K™ <Na")
Similarly, the lattice energy of NaCl 1s less than that of CaCl
which is less than that of AICL.
( Na- < Ca*” <AF™)

Small. highly charged ions give the strongest electrostatic
attraction.

\leasurine enthalpy chanees in the laborator

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 (AT) along with the mass (777) and specific
heat capacity (c¢) of the contents in the calorimeter.

Heat change = mcAT




Like water, it is assumed that | cm® aqueous solutions = 1 g and
the specific heat capacity of a dilute solution=42J K" g '

6 HESS’'S LAW OF CONSTANT HEAT SUMMATION

In 1840, a Russian chemist named Germain Hess developed the
thermochemical application of the law ot conservation of energy
known as Hess’s law. Hess § law states that the heat change in a
reaction depends only on the nature of the reactants and products,
no 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
A— BorinthreestagesA — X —Z — B. Thisisrepresented in the
enthalpy cycle below.

AH

™

X -
AH

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,
XtoZ and Z to B.

Calculating the enthalpy change (AH) 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.

C, +2H,, — CH,

22 4

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.

Using Hess™s law to calculate enthalpy changes

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.

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

C(>1 + ZHZ(M i’ CH

(g

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

Cot2H,, i Y CH,,

o T2H0,,

2 Applying Hess’s law
A, - AR, = AH,, #- AH,

Therefore
AH, = AH + AH: — AH,

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 I mole of
methane. A minus sign is used for AH, since the direction
of the arrow is reversed.

9 Calculate the enthalpy of tormation tor methane using the
following combustion data

ALLICH,;) = —890 kJ mol™!
AL —286 kJ mol™!
AHL_(CM) = -394 kJ mol™!

Ay = (-=394)+ 2(-286) —(-890)
= 76 kJ mol"!

Examples

(1) Calculate AH for the hydrogenation of ethene given the
following data:

AH“U (C:H4) = —1411 kJ mol"!




-286 kJ mol™!
—1560 kJ mol!

AH_(H,)
AH_(C.HJ)

o FE,, - T

27 g 6(g)

ZCOI«:r i 2HZO||_') kd H"‘Ol:;

Applying Hess's law
AH % AH, = AH + AH,

Theretfore

AH = AN +AH, —AH,
—1411 + (-286) — (—-1560)
—137 kJ mol™!

(i1) Calculate AH" of ethene given the following data:

AHL(CH) = 22kl mol™!

AH (CO,) = -394 k] mol"

AH(H.0) = -286Kkl] mol !

CJH-hm * 302(1 H‘L ’)CO + 2 <)
AH

2C +’H LT3

AH' = —AH, +AH,+AH,
= 52+ 2(-394) + 2(-286)
= —1126 kJ mol"!

Using bond encrgies to calculate AH

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 overall 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
values as shown below.

CH4<g) + 20_‘1:» == Colm T ‘?'Hlom
Bonds broken =4C-H) + 2(0=0)
=4(+413) + 2(+498)
= +-2648
Bonds formed =2(C=0) + HO-H)
= 2(—805) + 4(—-d64)
=_-3466
AH" = +2648 — 3466
=818 kJ mol !

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

2t2)

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

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

AH" =+2098 — 2210

=—112 kJ mol™

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.
Forexample a C — H bond in methane is in a different environment
then the C — H bond in methanol.

v i ENTHALPY CHANGES IN SOLUTION

When an 1onic 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.

Standard enthalpy of hvdration i AH" )
The standard enthalpy of hydration is the enthalpy change when
onc mole of gaseous ions is completely hydrated in water to
infinite dilution under standard conditions.

MNa”,. Gl — Na° + Cl

L) (g) aq) (ay)

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

Na“ ~+ water — Na AH? . = —406 kJ mol™!

]
(g tag) hvd

Cl o T owater — Cl- AH“M —377 kJ mol!

g ()

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

Standard enthalpy of solution (AH"_

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.

NaClN — water —+ Na I Cl -

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

NaCl =~ M« Na' + Cl

2) (g

Na* .+ €l

(aq) (aq)

Therefore

AH“wlu - _AH”IJII _'_ AH“

hyd

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

AH" , (NaCl )

soln

— (=787 kI mol ) + (=783 kJ mol™)

= + 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 forming 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.

\ i 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.

E
D AH' (CL ) l AW (€1 )
I
C T «(Na)
F
B TAH (Na ) AH" (NaCl )
A iAH (NaCl )
v

Fig. 6.3

Hess’s law states that the enthalpy change for a reaction is
independent of the pathway. Therefore the enthalpy of formation
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 +Cl, ~— NaCl

)

AH”r = 411 kJ mol”!

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

2 B is the atomization of solid sodium

Na, — Na, AH" = +108 kJ mol
D C is the 1Ist ionization of sodium atoms
MNa . — Na', +e AH" == +498 kJ mol"

2 D s the atomization of chlorine gas

.. —s 0 AH* = +121 kJ mol”!

(g (2}

9 E s the Ist electron affinity of the chlorine atoms

C](ul te — Cl 71«4) AHHCN = -364 kJ mol'
2 F is the lattice energy of sodium chloride
Na®, +Cl7, =+ NaCl,

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

AH“f(NaCI(,\)) - AHHdt(Nam) - AH“II.\K(Natz)) i AHHQL(CIZmJ) +

AHY (C1_)=AH'_(NaCl )

latt

Therefore the lattice energy is

AH' (NaCl ) = AH°(NaCl )-[AH" (Na )+AH" (Na )+
AH“at(ClZ(g)) +AH“cl\l(Cl(g))]

= (-411)—[108 +498 + 121 + (-364)]
= =774 kJ mol™!

t st




JGll|

.

1
A
2x (AR (F )] 2x [AHE _(F )]
e '
A
aH%, (Ca")
T (| AHY (CaF, )
TAH (Ca )
l AH'(Cak_
v
Fig. 6.4

According to Hess's law

AH'(CaF, ) =AH" (Ca )+AH' (Ca )+AH", (Ca )
["'X AHH.:I( F:x:i)] [2X AHHC]\I( F(!! )]
+AH', (CaF, )

latt

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.




Define the following terms:

(a) Enthalpy change
(b) Enthalpy change of formation
(¢) Enthalpy change of combustion

With the aid of energy profile diagrams and bond energies,
explain the difference between an exothermic reaction and
an endothermic reaction.

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.

What is the standard enthalpy change for the formation of
liquid benzene given the following :

Discuss the factors that atfect the size ot the lattice energy of
a substance.

The enthalpy changes for two reactions are given below.
2Fe + 1 O, = Fe O, AH = -822 kJ mol™'
C+ %0 — CO  AH=-110klmol'
Calculate the enthalpy change for the following reaction:
Fe. O, + 3G = 2Fe + 3C0
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10.

(a)

(b)

(¢)

(a)

(b)

State Hess’s law.

Use the data below to draw the Born-Haber cycle fo
the formation of solid potassium chloride.

Calculate the enthalpy change of formation of potassiuir
chloride.

Enthalpy change of atomization of potassium

=+90 kJ mol !
Enthalpy change of atomization ot chlorine

=—121 kJ mol™!
Frist ionization energy of potassium

= +418 kJ mol '
Electron affinity of chlorine

=-364 kJ mol”’
Lattice energy of potassium chloride

=-701 kJ mol"'

Draw a Born-Haber cycle for the formation ot aqueous
potassium chloride.

Given that the enthalpy of hvdration of potassium ion is
—322 kJ mol " and the the enthalpy change of hydration
of chloride ion is =364 kJ mol ', calculate the enthalpy
change of solution of potassium chloride, using the
lattice energy value in 7(c¢) above.

Explain the following observations as fully as you can:

(a)

(b)

The enthalpy change for the neutralization of 1 mole
of hydrochloric acid is =57 kJ mol™" while that for the
neutralization of sulphuric acid is =114 kJ mol '.

The enthalpy change of solution of lithium chloride is
negative while that of potassium chloride is positive.

The standard enthalpy changes of formation of carbon dioxide
and water are —394 kJ mol ' and —286 kJ mol ' respectively.
Calculate the enthalpy change of formation of propyne given
its enthalpy change of combustion is —1940 kJ mol .
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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 numbe
of factors such as temperature, concentration, surface area, th:
presence ot a catalyst as well as other factors. The study of the
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 collide
the reactants must collide with sutficient energy to break bond:
and the molecules must collide with precise orientation for the
reaction to occur.

-
\ ‘ THE RATE OF A CHEMICAL REACTION

The rate of a chemical reaction can be defined in two geners
ways:

2 rate of consumption ot a reactant (amount ot reactam
used per time taken)

2 rate of formation of product (amount ot product formes
per time taken)

For the reaction

A — B

the rate of areaction can be regarded as the change in concentrats.
of A or B for the reaction with respect to time.

Rate = - d[A] /dt i.e. the loss in [A] with respect to time

=d[B], /dt 1.e. the gain in [B] with respect to time

The changes represent the instantaneous rate of the reactios
time t.

Concentrations are generally in mol dm and time is in secos
Thus the units for the rate of a reaction are mol dm™~ s,




The average rate of a reaction can be represented as

amount of product formed
time taken

Instantancous rate measures rate for a particular time during the
reaction whereas average rate measures the overall 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.

Finding the rate from a concentration versus time graph

To determine the rate of a reaction, changes in concentration at
suitable time intervals must be obtained. A graph of concentration
versus time is plotted. The rate of the reaction at time (z) 1s
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.

L]

Titration mecthod

This is suitable for reactions in solutions. For example. the
rate of hydrolysis of an ester can be measured using titration
rechniques.

CH,COOC.H,, +OH  — CHCOO +CJHOH

q) 1aq)

A\ small sample known as an aliquot is pipetted at intervals during
the course of the reaction and quench. Quenching involves adding
2 reagent to the mixture to stop the reaction. The small portion
that was pipetted will continue to react if it is not quenched.

The aim of quenching is to remove the Kinetic energy so that the
rarticles lack sufficient energy to react or to neutralize one of
the reactant without affecting the other reactant so that it can be
wnalyzed. Quick freezing is done by immersing the sample in an
e bath or a reagent such as sodium carbonate is added to quickly

concentration

12—

rate (at this instant) = Ny

F i
/

%,

y

s

Time

Fig. 7.1
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Graduated Svringe
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—— Conical Flask

Reaction Solution

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 may
then be plotted from which rate can be found by drawing tangents
at different times and the gradient determined.

Colorimetric 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 of visible 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:OZ(JL]! R 217(4‘41 - 2H o R l:u i) * 2H:O.|.

colourless red-brown

9  Standard solutions ofiodine are placed in a spectrophotometes
which records absorbance values.

9 A standard calibration graph of absorbance versus
concentration is plotted (normally gives a straight line).

2  As the reaction starts, samples are withdrawn at measured
time intervals and the absorbance is measured in the
spectrophotometer.

9 LUsing the standard calibration graph. interpolate to obtau
the concentration of the sample.

9 Data is therefore obtained in the form of concentration versu:-
time for which a graph can be plotted and reaction rate car
be determined by tangent.

Gas measurement method

If a gas 1s formed, its volume may be measured at suitable tinw
intervals using a graduated gas syringe. If the gas is insolub':
in water it may also be measured by the displacement of wate:
from a measuring cylinder filled with water. The concentratios
of reactant at time (t) is proportional to the volume of gas at ths
time. As such, a graph of volume of gas versus time may then
plotted from which the rate of reaction can be calculated.




It 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.

6 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]"

where k is the rate constant and n is the order of the reaction.
The brackets [ ] represents concentration in mol dm=. In the
rate equation, k is referred to as the constant of proportionality
which 1Is unique for each reaction. It has units which must be
incorporated in the equation. As the concentration ot A decreases,
the rate decreases so that the rate constant remains constant.

6 THE ORDER OF A REACTION

The order of u reaction with respect to a particular reactant is the
nower to which the concentration of the reactant is raised in the
cvperimentally determined rate equation. The overall order of a
reaction 1s the sum of the individual orders as they appear in the
rate equation. For example. in the reaction

A+B — products

the rate of the reaction is related to the concentration of the
reactants by the rate equation

Rate = k [A] [B]

where k is the rate constant and x and y are the order with respect
10 the reactants A and B respectively. Usually x and y have values
of 0. [ and 2. The overall order of the reaction is (x + v).

‘“When the order 1s 0 (zero order). the concentration has no eftect
on the rate. When the order is 1 (first order). the rate doubles as
the concentration doubles. When the order is 2 (second order).
the rate quadruples as the concentration doubles.




Rate

o the order of a reactant from concentration-time

Usingexperimental results. a concentration-time graph forreactant
A 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.

Hali-life method

The half-life of areaction (t'~)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 (t'2'") of &
reaction is equal to the second half-life (t'2™) of the reaction
This means that 1t will take the same time for the concentration ¢
the reactant to fall to half its initial value.

The half-life is related to the rate constant of a first order reactios
by the expression

the = Indlk

thus if the half-life of a reactant is known then the rate constai
of a first order reaction can be calculated using the relationshi
below.

k = 0.693/ 1

Example 1

Addilute solution of H.O, can be used to bleach hair. It decomposes
slowly in aqueous solution.

2H302|aq| —E ZHJO(U i O

21

A solution containing 3 mol dm ™~ of H O, was placed in a bottle an:
contaminated with transition metal ions which act as a catalys
for the decomposition. The rate was measured by withdrawine
10 cm” portions at various times and titrating with acidified ©
mol dm™ KMnO4 (S moles H:O: react with 2 moles KMnO4). The
results are shown in the table 7.1




Determine the order of the reaction with respect to the
nydrogen peroxide.

\Write 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 H O, solution
can be increased.

=wlution

2)

Since the concentration of acidified KMnO, is proportional
to the H,O,, plot a graph of volume of KMnO, used versus
time. The first half-life of hydrogen peroxide would be
¢quivalent to the time it takes for the KMnO, to change from
30 cm’to 15 cm’. The second half-life would be equivalent to
the time it takes for the KMnO, to change from 15 cm’ to
g5 ol

Therefore the reaction is first order with respect to H.O,
since the half-life is constant.

Table 7.1




Table 7.2

(b) 2HO, — 2HO = O,
Rate = k[H.O]
k = 0.693 t\
= 0.693/14
= 495x10°

(¢) At zero minutes. the first portion was withdrawn.
30 em® of 0.1 mol dm * KMnO, contains 3 = 10
KMnO.. Since S moles H,O, reacts with 2 moles KMnO _ 5
7.5 x 107 mole H.,O, was present in 10 cm® of soluts
therefore the concentration of FLO. =173 mol dm™

[f the concentration at zero minutes 1s 0.75 mol dm . &
14 minutes earlier it would have been 1.5 mol dm™ and
minutes before that it would have been 3 mol dm . Thert
the solution would have been in the bottle 28 min
before.

(d) The hydrogen peroxide can be placed in a dark bottle <
light catalyzes its decomposition.

Initial rate meihod

This method is used for reactions that take long to occur. ¥
rate of a chemical reaction is quite slow then obtaining a s
set of measurements would take an inconvenient amous
time. However, we usually know the initial concentration
reactants that we mix in the reaction flask and we can mes
the initial rate of reaction. The data is then presented in a &
and the eftect on the rate of the reaction is noted as concen
changes. Table 7.2 below shows the result for the reaction bets
propanone and iodine which is catalyzed by acid.

If we compare experiments | and 2 we will see the [H ] =
half that in 1. The initial rate has also been approximately hs
From this data we can assume the reaction is first order J

respect to the acid catalyst.
Also by observing 1 & 3 and 1 & 4 the reaction is firss
with respect to propanone and zero order with respect to | :




|

“herefore the rate equation 1s
Rate = k [H] [Propanone] [I.]" = k [H ] [Propanonc]

" hus the overall order of the reaction is 2 (second order).

s REACTION MECHANISMS

Cnce the rate equation is established. it is possible to suggest a
mechanism of a reaction. The mechanism of a reaction shows all
e steps and species that are involved in the reaction. A reaction
wsually has a slow stage which is called the rate determining step
which is followed by one or more fast stages. The species that
sppear in the rate equation is involved in the rate determining
siep. Any other reacting species that does not appear in the rate
cquation are involved in the fast step. therefore by looking at
he rate equation and the other species involved in the reaction
one can propose a reaction mechanism that is consistent with the
data.

_onsider the reaction
A+ B —» C
Rate = k [A] [B]

1 his states that if the concentration of A is doubled then the rate 1s
also doubled. This means that as the concentration of A doubles.
there are twice as many particles of A to collide with B particles.
Thus the rate increases proportionally. Similarly. doubling the
concentration of B doubles the rate. The order is first order with
respect to A and first order with respect to B. The overall order
ot the reaction is 2.

For the reaction

2A —— B

doubling the concentration ot 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 B is
quadrulples. Theretore the reaction is second order. Generally for
a simple one step reaction. the rate law can be predicted from the
stoichiometric equation. For example.

H, + I, — 2HI

Rate =k [H.] [1]



Both [H.] and [I.] directly affect the reaction rate. If eithe
concentration is modified then the same modification is applice
to the rate.

Molccularity

Molecularity refers to the number of reactant particles (aton:
molecules. radicals or 1ons) involved in a step of a reaction. W hen
there is one reactant species involved in a reaction, the reaction
called a unimolecular reaction. For example

A_.__z

cyclopropane l

oo v
\

When there are two reactant species, the reaction 1is called &
bimolecular reaction.

H: + CH:Br: s CHSBr + HBr

Reactions with a series of steps

Many chemical reactions are not simple one-step reactions bt
occur in a series of steps. Each step has its own activation energ:
The slowest step in the reaction is the rate determining step.

Consider the reaction
A + 2B ——» AB,

The steps for the reaction are

Slow

A-B —» AB
and

Fast

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 [BY

This reaction is second order with respect to B. Since A is no +




e rate equation, it is not in the rate determining step.

~he rate determining step for this reaction may be
B~B — B,
“hus the fast step would be
B, + A ——» AB,
* onsider the decomposition of H.O. by HBr
“he overall equation is
2H.0, 25 HO + O,
Rate =k [{H.O,] [H'] [Br]
" he suggested steps for the reaction are
H,O, + H + Brr —— HOBr + H:O I slow
HO, + HOBr —— H,O + H" + Br + O, |} fast

 sialysts have constant concentrations. The catalyst is the same
“wiore and after a reaction. Thus [H'] [Br] is a constant, so the
rui2 equation can be modified as follows:

Rate = K'[H,O,] whese K’ is a constant
1 his is called a pseudo-first order reaction.

Consider the hydrolysis of a tertiary halogenoalkane with rate
gquation

Rate= k [halogenoalkane]
“hie mechanism proposed for the hydrolysis of a tertiary
“:logenoalkane e.g. 3-bromo-3-methylpentane involves the

Jissociation of the halogenoalkane into a carbocation and a halide
on.

transition state

Then the carbocation quickly reacts with the hydroxide ion to
form an alcohol.
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Since one species is involved in the formation of the transition
state, the reaction is unimolecular. The breakage of the C-Br bond
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 primanr
halogenoalkane e.g. bromoethane with a rate equation

Rate = k [halogenoalkane] [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.

) slow ‘ fast ‘

:
\
|
!
\

Since two species are involved in the formation of the transition
state, the reaction 1s bimolecular. This means the rate determining
step also involves the OH™ ion.

-
W) 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:

2 The reactant particles must collide. Collisions bring the
particles together for them to react.

2 The reactant particles must have energy greater than the
activation energy. This means that a minimum amount
of energy is required to break the bonds of reactan:
particles before new bonds are formed. Only a fractios
of the reactant particles have energy greater than the
activation energy.

2 The reactant particles must collide in the correc
orientation. Reaction can only happen if reactam
particles approach each other in the correct position. 1!




the reactants are not in the correct position they would
bounce otf each other and no reaction would occur.

“ot all molecules that collide reacts. Only effective collisions
~suse the transtormation of reactants into products. This is because
wnl- a fraction of the molecules have sufficient energy and the
~cht orientation at the moment ot impact to break the existing
sonds and form new bonds. The rate of a reaction may thus be
“efined as the number of effective collisions per unit time.

6 FACTORS AFFECTING RATE
Conceniration

Sccording to the collision theory, increase in concentration
o reactants increases the frequency of collision between the
ccactants. Thus the effective collision frequency also increases.
Therefore an increase in concentration of the reactants increases
the rate of a reaction.

Particle size

In heterogencous reactions, the greater surface area exposed to
reactant particles. the more collisions can occur. Finely divided
solids give a larger surface area and hence a faster rate of reaction
than larger solids.

Femperatur

An increase in temperature increases the kinetic energy of the
rcactant 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.

Maxwell and Boltzmann calculated the distribution of velocities
amongst molecules of gases using the laws of probability. The
Kinetic energy of moleculesis shown inthe graphical representation
of the Maxwell-Boltzmann distribution in tig. 7.4

Fig. 7.4

The curve in fig. 7.4 gives a representation of how energies are
distributed 1n 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 ot the molecules have energies below the
activation energy.

number ol particles

A large number of particles have less
energy than the activation energy.

A small number of
particles represented
by the shaded area
have more energy
than the activation

energy. l

Energy E

Fig. 7.4
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As the temperature increases. the number of molecules wit
energies equal to or greater than the activation energy incrosses.
Thus the shape of the curve flattens out and shifts to the righe
shown in fig. 7.3. Tt is noticed that with an increase of 10°C &%
number of molecules with energies greater than the activars
energy doubles. Thus an increase of 10°C roughly doubles
rate of a chemical reaction.

Catalvsi

A catalyst is defined as a substance which increases the raw

a chemical reaction but remains unchanged at the end of ¢
reaction. The catalyst may be consumed in the reaction bui =
regenerated at the end ot 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 react

to occur.

Adding a catalyst provides an alternative route for the react
That alternative route has lower activation energy. This 1s she
on the energy profile diagram in fig. 7.6.

Catalysts are divided into 2 groups. These are

2  synthetic catalysts
2 biological catalysts (these are known as enzymes v 0
are proteins and are found in all living organisms)

Synthetic catalysts are further divided into two groups. Tha
arc

2 Homogeneous catalysts - the catalyst and the reactas
are in the same physical state.

9  Heterogeneous catalysts - the reactants and the cata’
are in a different physical state. e.g. V. O, in the Contas
process and Fe in the Haber process. 11|

Homogeneous eatalysts

Homogeneous catalysts are catalysts that are in the same state &
the reactants. They are predominantly catalysts in solution alss
with reactants. Since they are dispersed within a solution. s
surface area of the catalyst is maximized. A common examp'« «

. a N L =g .fv;.;\'-"A = .'j'\' '.7"/. ~a . "',‘ \'F.'/



~ o owhich catalyzes a number of organic reactions such as the
~wrcation reaction between a carboxylic acid and an alcohol.
e hyvdrolysis of sucrose to produce glucose and fructose.

~wmoceneous catalysts provide an alternative pathway with
~wor activation energy for the reaction. The reaction between
o aodisulphate (V) ions and 1odide ions is given below. It is
sy zed by Fe™ ions.

foes? catalyst.

B0, o +-2] . — —F

278 (ag {aq)

) 2 4
"’SO-L tag) I:caql

~ ough peroxodisulphate (V1) ions are very powerful oxidizing
~wonis and iodide ions are very easily oxidized to iodine, the
~wwction between them in aqueous solution is very slow. This
 ccause there is collision between two negative ions hence
~usion slows down the reaction. However adding Fe' ions
ereascs the rate.

© . suggested that the catalyzed reaction takes place via two
e First the peroxodisulphate (V1) ions oxidize the Fe* ions
i Fe' ions.

+ 2Fe’"

) I+
2Fe ) (ay)

(aq) oy

S.0.

S

— 250

“en the Fe' ions oxidize the iodide ions to iodine, regenerating
e Foo catalyst.

+ 2Fe*"

2tag) 1aq)

21 + 2Fe* — ]
(ag) tag)

~ e suggested energy profile diagram for the reaction is shown in
~ ¢ 7.7, It shows the activation energy of the uncatalyzed reaction
=1 1s higher than the activation energy of the two steps of the
eatalyzed reaction (E  and E ).

“he catalyst results in collision between positive and negative
5. These would be more successtul than collision between two
sezative ions in the uncatalyzed reaction.

tercgencous catalysts

vpical examples involve a solid catalyst with the reactants as
cither 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.
mansition metals are frequently used as catalysts as they have
‘nfilled d orbitals which can be used to form bonds.

Fneroy

E " uncatalyzed

catalyzed

reactants

intermediate (s) products

»
-

Reaction Progress

Fig. 7.7




Most examples of heterogeneous catalysts go through the s
stages. First the reactants are adsorbed on to the surface o
catalyst at active sites. Adsorption is the temporary attract.«
molecules of a gas or liquid to a solid surface. The reaction =
be catalyzed in either or both of the following ways.

2  When the reactant molecules are adsorbed onto the =
the bonds within the reactant molecules weaken as s
of its electrons are used to form bonds with the metal
allows the reaction to take place more readily as the cne
for bond breaking is less.

2 The reactant adsorbed onto the metal may be held =
correct orientation for a reaction to occur. This increases
number of favourable collisions and hence increases the =
of the reaction.

The overall effect is to lower the activation energy. The prod
molecules then break away from the metal surface leaving

active sites available for a new set of molecules to attach o

react. A good catalyst needs to adsorb the reactant molec

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 mixs
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 surtace. The dous
bond between the carbon atoms breaks and the electrons are v
to bond it to the metal surface.

ethene and hydrogen
adsorb onto metal

P

The bond between the carbon and hydrogen is formed.

—
1/



H forms a bond
with ethene bhond breaks

e

o 0

~ e cthene molecule breaks free leaving space on the surface
o the metal for new reactant molecules to go through the same

eSS,

The product molecule

is now entirely free \ .. leaving space on the
o o surface to adsorb more
d O cthene molecules and

- hydrogen

“vdrogenation of vegetable oils to make margarine involves
~wcting a carbon-carbon double bond in the vegetable oil with
Swdrogen in the presence of a nickel catalyst.
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