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Message from the Director General

The National Institute of Education takes opportune steps from time to time for the
development of quality in education. Preparation of supplementary resource books
for respective subjects is one such initiative.

Supplementary resource books have been composed by a team of curriculum
developers of the National Institute of Education, subject experts from the national
universities and experienced teachers from the school system. Because these resource
books have been written so that they are in line with the G. C. E. (A/L) new syllabus
implemented in 2017, students can broaden their understanding of the subject matter
by referring these books while teachers can refer them in order to plan more effective
learning teaching activities.

| wish to express my sincere gratitude to the staff members of the National Institute
of Education and external subject experts who made their academic contribution to
make this material available to you.

Dr. (Mrs.) T. A. R. J. Gunasekara
Director General

National Institute of Education
Maharagama.



Message from the Director

Since 2017, a rationalized curriculum, which is an updated version of the previous
curriculum is in effect for the G.C.E (A/L) in the general education system of Sri Lanka.
In this new curriculum cycle, revisions were made in the subject content, mode of
delivery and curricular materials of the G.C.E. (A/L) Physics, Chemistry and Biology.
Several alterations in the learning teaching sequence were also made. A new Teachers’
Guide was introduced in place of the previous Teacher’s Instruction Manual. In
concurrence to that, certain changes in the learning teaching methodology, evaluation
and assessment are expected. The newly introduced Teachers’ Guide provides learning
outcomes, a guideline for teachers to mould the learning events, assessment and
evaluation.

When implementing the previous curricula, the use of internationally recognized
standard textbooks published in English was imperative for the Advanced Level science
subjects. Due to the contradictions of facts related to the subject matter between
different textbooks and inclusion of the content beyond the limits of the local
curriculum, the usage of those books was not convenient for both teachers and students.
This book comes to you as an attempt to overcome that issue.

As this book is available in Sinhala, Tamil, and English, the book offers students an
opportunity to refer the relevant subject content in their mother tongue as well as in
English within the limits of the local curriculum. It also provides both students and
teachers a source of reliable information expected by the curriculum instead of various
information gathered from the other sources.

This book authored by subject experts from the universities and experienced subject
teachers is presented to you followed by the approval of the Academic Affairs Board
and the Council of the National Institute of Education. Thus, it can be recommended as
a material of high standard.

Dr. A.D. A. De Silva
Director
Department of Science
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Introduction

Everything in the universe has a chemical identity. We know that the smallest particle of
matter is an atom. “Study of matter and the changes that it undergoes” can simply be
understood as the basic definition of chemistry. Usually matter is anything that occupies
space and has mass and can be seen and touched (such as soil, water) as well as things we
cannot see such as air. Based on the composition and properties, several categories such
as substances, mixtures, elements as well as atoms and molecules can be identified. All
substances, at least in principle, can exist in three states: solid, liquid and gas. In a solid,
particles are held tightly and close together in an ordered structure with a definite shape
having a small degree of motion. Particles in a liquid are close together but are not held
so tightly in position and can move faster compared to that of solid. Gases differ largely
from liquids and solids in the distances between the particles. In a gas, the particles are
separated by distances, large compared with the size of the particles allowing them to
behave freely. Therefore, the attractive forces between gas particles are very small or
negligible and that allows us to consider gas particles individually and some hypotheses
are easily predictable depending on the temperature and pressure changes.

1.1 Organization of particles in three principal states and their typical
characteristics

Anything that occupies space and has a mass can be called “matter”. This could be things
we can see and touch like trees or things we cannot see like the air we breathe. All matter
can be classified broadly into three states solid, liquid and gas. Matter can be
interconverted among these three states without changing the composition. For an
example water in liquid state can be converted to gaseous state (steam) when heated and
can be converted to a solid (ice) if cooled.

/

Solid (eg. nail) Liquid (eg. water) Gas (eg. He balloons)
Fixed shape No Fixed shape but No fixed shape and no
and volume has fixed volume fixed volume
“0+0w0n 07058 g\
@@~ 0 o L0\
Solid Liquid Gas
Strong interparticle Moderate interparticle Weak interparticle
(atoms, molecules or ions)  (atoms, molecules or ions)  (atoms, molecules or
forces. Particles vibrate forces. Particles can move  ions) forces. Particles
but cannot move around. around up to some extent. ~ can move around.

Figure 1.1 Three states of matter



G.C.E. (A/L) CHEMISTRY: UNIT 4 HEEE:LIER elNolfpp1ac-lg

Three states of matter differ based on arrangement and movement of particles. The inter-
particle distance is highest in gaseous state and lowest in solids. In liquid state, particles
are relatively closer compared to gaseous state, yet not too close compared to the solid
state. Therefore, a regular pattern of particles can be seen only in solid state, while both
gaseous and liquid state particles show random arrangement. As a result, particles in
gaseous state can move fast and freely compared to liquid state particles. However,
movement of particles in solids is limited to vibrations. The arrangement and motions of
particles in matter result in differences in macroscopic properties such as volume, shape,
compressibility and density as indicated in the Table 1.1 below.

Table 1.1 Qualitative comparison of properties of solids, liquids and gases

Property Solids Liquids Gases
Shape Definite Take up shape of Take up the shape of
the container but do  the container and
not spread occupy the entire
throughout the volume of the
entire volume of the container
container
Volume Definite Definite Occupy the volume of
the container
Density Have high values  Have moderately Have low values
(p)/ gcm3 eg.: Iron high values eg.: Hydrogen
at 293 K (7.874 g cm™3) eg.. Water (0.071g cm3)

(0.997g cm™3)
Compressibility  Extremely hard to  Extremely hard to Can compress to a
compress compress great extent

Note: Here we say that a liquid takes the shape of the container and we have to think
why we get these shapes. Usually, particles of any object is being pulled by a variety of
forces such as intermolecular forces, and that’s why it has shape. Some given amount
(volume) of water in a beaker is being shaped by surface tension resulting from
intermolecular forces within the liquid creating a meniscus curve at the edge of the
surface, by the force of the walls of the beaker pushing up on it, and by the gravity which
is greater than the surface tension, pulling it down. So, it takes the shape of the beaker,
with a flat surface on the top. This happens due to the satisfaction of all those different
forces. However, in the case that the surface tension is stronger than gravity, the water’s
surface might not lie flat by taking the shape of the container. Assume that there is no
gravity, and so surface tension is very much high. As each part of the surface wants to
stay as close as possible to the rest of the surface it tries to minimize the forces within. So,
the shape that best allows this is a sphere, because it is the shape that has the minimal
surface area for a given volume.
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Matter in one particular state can be converted to another state by heating or cooling.
Increase of temperature makes particles move faster and inter-particle distance becomes
greater leading to change in state. Accordingly, increase in temperature converts solid
state materials to liquid and liquid state materials to gaseous state. The opposite happens
with decreasing temperature. Figure 1.2 illustrates how matter can be interconverted
among states.

. LIQUID .
Meltin 7 Evaporation
g/// \\3 /4

ls OLIDI Sublimation > GAS
: " Deposition o
S 0lidiﬁcat;§l\z\ 1~ Liquification
LIQUID

Figure 1.2 Interconversion of states of matter

Example 1.1
In which state of matter are the particles mostly touching but arranged in a random

way?

Answer
Liquid State

When we describe the properties of the three states of matter with the help of Table 1.1,
motion and arrangement of particles are basically considered. Especially, thermal energy
is the energy of a body arising from motion of its atoms or molecules and it is directly
proportional to the temperature of the substance. Therefore, it measures the average
kinetic energy of the particles of the matter and is thus responsible for movement of
particles or the thermal motion.

As we already know, interparticle forces tend to keep the particles together but thermal
energy of the particles tends to keep them apart. Therefore the existence of three states of
matter can be regarded as a result of balance between interparticle forces and the thermal
energy of the particles.

When inter molecular interactions are very weak, molecules do not tend to make liquid
or solid unless thermal energy is reduced by lowering the temperature. Gases do not
liguefy on compression only, although molecules come very close to each other and
intermolecular forces operate to the maximum. However, when thermal energy of
molecules is reduced by lowering the temperature, the gases can very easily be liquefied.
These behaviours can be explained by Figure 1.3 where we can understand the reversible
nature of intermolecular forces and the thermal energy acting on the three states of matter.
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Intermolecular forces increase

Gas ———» Liquid ——» Solid

Gas — Liquid —— Solid

Thermal energy decrease

Figure 1.3 Behaviour of three states of matter against intermolecular forces
and thermal energy

We have already learnt the cause for the existence of the three states of matter. Now we
will learn more about the gaseous state and the laws which govern the behaviour of matter
in this state.

1.2 Gaseous state
Let us now focus our attention on the behaviour of substances which exist in the gaseous
state under normal conditions of temperature and pressure.

The gaseous state is characterized by the following physical properties as described in
Table 1.1.

e Gases are highly compressible.

o Gases exert pressure equally in all directions.

e Gases have much lower density than the solids and liquids.

e The volume and the shape of gases are not fixed. These assume volume and shape

of the container.
e Gases mix evenly and completely in all proportions without any mechanical aid.

Simplicity of gas is due to the fact that the forces between their molecules are negligible.
Their behaviour is governed by same general laws (will be discussed later), which were
discovered as a result of experimental studies. These laws are usually relationships
between measurable properties of gases. Some of these properties like pressure, volume,
temperature and amount (moles or mass) are very important because relationships
between these variables describe state of the gas (will be defined in unit 5).
Interdependence of these variables leads to the formulation of gas laws.

1.2.1 Gas laws

The gas laws that we are going to discuss are the results of experiments carried out by
several scientists on the physical properties of gases. In these experiments, relations
among the variables of pressure, temperature, volume and amount of gases are considered
and the results provide valuable information on the gaseous state of matter in turn helping
the mankind in many ways.
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Ideal gas and ideal gas equation

When it is assumed that intermolecular forces do not exist among the molecules of a gas,
such a gas is called an ideal gas. That is molecules in an ideal gas do not exhibit attraction
or repulsion among them. Furthermore, the volume of ideal gas particles is considered
negligible when compared to the volume of the container.

The absolute temperature (T), pressure (P), volume (V) and the amount (n, moles) of a
gas are the factors that affect the behaviour of a gas. P, T, V and n are related by the
expression;

[ PV = nRT ]

This is known as the ideal gas equation or ideal gas law where the gas constant R is
same for every gases. Any gas which obeys the above relationship under any given
temperature and pressure is referred to as an ideal gas.

The value of the constant R for one mole of an ideal gas can be calculated under the
conditions of 0 °C and 1 atm as given below: (At 0 °C and 1 atm, the volume of one mole
of ideal gas is 22.414 dm?®)

o PV _ 101325Pax 22414 x10%m®
T aT T Tmol x 27315K = 8.314JK" mo

We can see that the ideal gas equation is a relationship among four variables and it
describes the state of any gas. Therefore, it is also called equation of state.

Calculations based on ideal gas equation

The ideal gas law allows us to determine any one of the quantities volume, pressure,
temperature, or moles of the gas when the other three are given. If the amount of moles
of the gas is known, we can also calculate its mass using its molar mass. Further it can
also be used to determine the density of a gas. It is important to keep in mind that all the
other quantities must be in units that match the value used for the ideal gas constant.
Usually pressure can be expressed in several units such as atm, Pa, bar, torr, etc.
Therefore, in solving these problems it may helpful to use pressure conversions as given
in the Table 1.2.

Table 1.2 Pressure units

Pressure unit  Pa bar atm torr/mmHg

1 Pa 1N m? 10° 0.87 x 10 7.5 x 103

1 bar 100,000 1 bar 0.987 750.06

1 atm 101,325 1.01325 1 atm 760

1 torr/mmHg 133.32 1.3332 x 10®  1.3158 x 10® 1 torr/ 1 mmHg

6
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Example 1.2
The volume of a gas cylinder is 0.950 dm?®. When filled, the cylinder contains liquid
propane (CsHs) stored under pressure. When the cylinder is empty, it contains some
residual propane gas molecules at atmospheric pressure and temperature.
(i) Calculate the number of moles of propane gas remaining in a cylinder when
it is empty if the surrounding atmospheric conditions are 25.0 °C and
750 torr (1 torr =133.32 Pa) (when the internal pressure equals to the external
pressure).
(i) Calculate the mass of propane remaining in the cylinder.
(iii) Calculate the density of remaining propane gas in the cylinder.

Answer
(i)  First summarize the given information;
Temperature, T = (25 + 273) K =298 K
Pressure, P = 750 torr x 133.32 Pa/ 1 torr = 99990 Pa
Volume, V = 0.950 dm?® = 0.950 x 103 m?

Unknown is n
Using PV = nRT;
PV 99990 Pa x 0.950 x 103 m?3
n= —= e~ = — 0.038 mol
RT 8.314 J K1 mol~1 x 298 K

(i) Molar mass of propane(CsHs) = 44 g mol*
Mass of propane = 0.038 mol x 44 g/1 mol = 1.672 g

(iii) Density of propane = mass/volume = 1.672 g/ 0.950 dm®= 1.76 g dm™®

When we consider the above example, there are insights into the ideal gas equation that
it can be expressed in different forms to estimate mass and density of a given gas with
simple modifications as shown below.

PV = nRT and we can write,

P = ZRT
%4
.» P = CRT,
where C is the concentration
We can also write PV = nRT as
PV = 5 RT,

where, m is the mass and M is the molar mass of the gas.

Also we can write the above as;
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d RT
LP=—
M

where, d is the density and d = =

v
Ideal gas law serves as the basis when deriving several other gas laws under specific
conditions.

1.2.2 Boyle law (pressure — volume relationship)

That is the “pressure of a fixed amount (mass) of gas at constant temperature inversely
varies with (or proportional to) the volume of the gas”. This is known as the Boyle Law
(1627-1691) which was named after Robert Boyle, an Irish scientist in the seventeenth
century who studied change in volume of a gas when pressure of a gas is varied under
constant temperature conditions. Mathematical form of it, is given below.

1
P « v or P=V ; kis a constant

The ideal gas law can be used to derive Boyle law as follows.
PV = nRT

If the amount of the gas and temperature of the system are kept constant, then the product
nT is a constant. Since R is also a constant, then the product, nRT = k (a constant)

PV=k

It means that “at constant temperature, the product of pressure and volume of a fixed
amount of gas is constant”. This is another way of expressing Boyle law.

If a fixed amount of gas at constant temperature T occupying volume V1 at pressure Pz
undergoes change, so that volume becomes V. and pressure becomes P, then according
to Boyle law:

[ P1V1 =P2V2 ]

Figure 1.4 shows two conventional ways of graphical representation of Boyle law. Figure
1.4 (a) is the graph of PV =k at different temperatures for the comparison. The value of
k for each curve is different because for a given mass of gas, it varies only with
temperature. Note that at higher temperatures, curves shift upwards due to the expansion
of volume. It should also be noted that volume of the gas doubles if pressure is halved at
a constant temperature.
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Figure 1.4 Changes in pressure at different constant temperatures with respect
to (a) volume (V) changes and (b) with 1/V

Figure 1.4 (b) represents the graph of P vs 1/V. It is a straight line passing through the
origin. These plots obtained by the experiments carried out by Boyle, show in a
quantitative manner that gases are highly compressible. That is because when a given
mass of a gas is compressed, the same number of molecules will occupy a smaller space.
This means that gases become denser at high pressures.

Note: We know that density (d) of a given mass (m) occupying volume (V) is given by;
d = m/V. Therefore at constant temperature we can write, d = (k/—P) = (;) P=kP

Example 1.3
Calculate the change in pressure of a gas when the volume is doubled at constant
temperature for a known amount of a gas.

Answer

V1:V,V2:2V, P1:P, P, =7
Applying Boyle law: P1Vi = PyV,
PxV=P,x2V

P> =P/2

..New pressure is half the initial pressure.
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Example 1.4

A balloon is to be filled with a known amount of hydrogen gas at room temperature.
At atmospheric pressure (100 kPa), the gas occupies 2.50 dm? volume. What would
be the volume of the balloon when the pressure inside is 20 kPa at the same
temperature.

Answer

P1 =100 kPa, P, =20kPa, V1 =2.5dm?, V,=?

Applying Boyle law: P1Vi = P2V,

100 kPa x 2.5 dm® = 20 kPa x V,
-V2=125dm?

The balloon is filled up to the volume of 12.5 dm®.

1.2.3 Charles law (temperature — volume relationship)

Investigations by the scientists Jacques Charles and Joseph Gay-Lussac have showed
that for a fixed amount (mass) of a gas at constant pressure volume of a gas increases on
heating and decreases on cooling. It was also found that for each degree change (rise or
fall) in temperature, volume of a gas changes (increases or decreases) by a factor of
1/273.15 of the original volume of the gas at 0 °C.

Assume that volumes of the gas at 0 °C and at t °C are Vo and V; respectively, then we

can write,
vy (14 t _y 273.15 + t
) 070 ( 273.15)‘ 0 ( 273.15 )

At this stage, a new scale of temperature is defined such that t °C on new scale is given
by

Ve =Vo + (273.15

Tt=273.15+1

and 0 °C will be given by
To=273.15

This new temperature scale is called the Kelvin temperature scale (K) or absolute
temperature scale. -273.15 'C (0 K) is also defined as the thermodynamic zero, which
is the lowest theoretically reachable temperature.

By applying this temperature scale, we can rewrite the relation V, =V, (

T
Ve =Vo (%)
To
Vi _ Tt
Vo To

273.15 + t)
273.15 !

Hence,

10
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For a general case when the change occurs from (Vy, T1) to (V2, T2) at constant pressure

i T

v, T,
This can be rearranged as

i 1

T, T,

Z— =constantor V=kT

Therefore, “the volume of a fixed amount of gas under constant pressure is directly
proportional to the absolute temperature of the gas.” This is called Charles law.

Further, the ideal gas law can be used to study the effect of temperature on the volume of
a gas if the pressure of the system is kept constant for a fixed amount of a gas. The ideal
gas law can be rearranged as follows;

PV = nRT

V =nRT/P
. : R .
When the pressure of a fixed mass of gas is constant, n? is constant.
VT orV=kT

According to Charles law for all gases, at any given pressure, graph of volume versus,
temperature (in Celsius) is a straight line and on extending to zero volume, each line
intercepts the temperature axis at — 273.15 °C. Slopes of lines obtained at different
pressure are different but at zero volume all the lines meet the temperature axis at —273.15
°C or 0 K as shown in Figure 1.5.

Volume

,jf,;"'"
P 3
I 1 1 |
300 \ 200 -100 0 100 200 300
-273.15 Temperature / °C

Figure 1.5 Changes in volume of a gas with respect to temperature change at
different constant pressures

11
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Example 1.5
Calculate the change in temperature of a gas when the volume is tripled at constant
pressure for a known amount of gas moles.

Answer

Vi=V,Vo=3V, T1=T,To=7?

Vi/ V2 =Ti/T,

VI3V = TIT,

T,=3T

This can further be estimated directly, as the volume is directly proportional to Kelvin

temperature T, the new temperature would be thrice the initial value, i.e 3T.

27315+ t) and substitute t = -273.15, where we get
273.15

the volume of the gas equal to zero meaning that the gas will not exist. Therefore, we can
understand that all the gases get liquefied before this temperature is reached. The lowest
hypothetical or imaginary temperature at which gases are supposed to occupy zero
volume is called absolute zero.

Let’s consider the equation V;, =V (

Example 1.6
A balloon is filled with a known amount of hydrogen gas resulting a volume of 2.0

dm® at 23 °C. Calculate the change in volume of a gas when the temperature is
increased to 27 °C at the same pressure.

Answer

T1=23+273 =296 K, T2 =27+ 273 =300K, V1 =2.0dm? V2=2
Applying Charles law as the pressure and amount of gas constant,

hW_n
T, T,
2.0 dm3 v,
296K~ 300K
V, = 2.03dm3

Therefore, the change in volume is 0.03 dm3

12
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1.2.4 Avogadro law (amount — volume relationship)

Upon the developments of Boyle and Charles laws, in 1811 Italian scientist Amedeo
Avogadro tried to combine conclusions of those with the amount and volume of a gas and
postulated a new hypothesis which is now known as Avogadro law. It states that equal
volumes of all gases under the same conditions of temperature and pressure contain equal
number of moles (Avogadro Law).

ie. Vx n
or we can write V =Kk n
The number of molecules in one mole of a gas has been determined to be 6.022 x 10?3
and also known as Avogadro constant (denoted as Na or L).

Avogadro law can be easily understood with the help of the ideal gas law as follows.
PV = nRT

v RT N RT N
=— X — = —— X
P N, PNy

Here, N and Na are the number of molecules of the gas and the Avogadro constant
respectively. By applying the above relationships to equal volumes of gases P and Q at
the same temperature and pressure,

v —RT N,
= X

V RT X N,
e = py, <M

At constant P and T, we can write (as R and Na are constants)

[ VP/VQ: Np/ NQ ]

Simply it says that for a gas at constant temperature and pressure equal volumes of gases
have equal number of molecules. i.e. V aN

It is useful to understand that the gas laws discussed above can also be used to obtain
the ideal gas equation for a given volume V of a gas.

1
Boyel Law: V « p - T T~ (D

Charleslaw: Vx T ————— (2)
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AvogardroLaw: Vo n — ———— 3)
The only equation that fulfills (1), (2) and (3) is,

v nT
oc_
P
PV _
nT_

When k = R
PV = nRT

1.2.5 Molar volume (Vi)
Since volume of a gas is directly proportional to the number of moles we can write,

E=S

As temperature and pressure are the same, one mole of any gas should occupy the same
volume Vi and that can be calculated as,

Therefore, at temperature and standard pressure molar volume (V,,) of any gas should
have the same volume. There are two sets of conditions applied for the standard value.
¢ In the first set of condition; the temperature is taken as 0 °C (273.15 K) and the
standard pressure as 1 atm (101325 Pa). At this standard condition molar volume
of an ideal gas or a combination of ideal gases is 22.414 dm® mol-. Molar
volume under these conditions is denoted as V9,.

e In the second set of condition; the ambient temperature is taken as 25 °C
(298.15 K) and the standard pressure as 1 atm (101325 Pa). In that case, the
molar volume of a gas has the value 24.790 dm? mol-2.

Note: From Avogadro law we can see that the molar mass (M) of a gas is directly
proportional to its density (d).

V =kn=k(m/M),
therefore M=k (m/V) =k d

Example 1.7
Show that the molar volumes of 1 mole of He and 1 mole of Ne gas at 298 K
temperature and latm pressure are the same.

14
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Answer

PHe = 1 atm = 101325 Pa, Tre = 298 K, NHe = 1.00 mol, Vie = ?
PreVhe = NHeRTHe

VHe = NHeRTHe / Phe

Vie = (1 mol x 8.314 J K'mol? x 298 K)/ 101325 Pa = 24.4 dm®

Pne = 1 atm = 101325 Pa, Tne = 298 K, nne = 1.00 mol, Ve = ?
PneVne = NneRTne

Ve = NNeRTNe / Pre

Ve = (1 mol x 8.314 J K*mol™* x 298 K)/ 101325 Pa

VNe = 24.4 dm®

I.e. at the same temperature and pressure, if number of moles are the same, then
different gases will occupy the same volume.

1.2.6 Combined gas law

As all gases behave the same way with respect to pressure, volume, and temperature, if
the amount is measured per mole, then the ideal gas expression itself can be written as a
ratio useful in the events like when temperature, volume, and pressure of a fixed amount

of gas vary from (T1, V1, P1)to (T2, V2, P2). For such an instance we can write,

for the initial condition; nR = 22

1

for the final condition; nR = 22
2

PV PV,
Ty T,

This is called the combined gas law.

Example 1.8
At 25 °C and 760 mm Hg pressure, a given amount of a gas occupies a volume of 600
cm?®. What will be its pressure at 10 °C when volume of the gas is 650 cm®.

15
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Answer

(T1, V1, P1) to (T2, V2, P2) we can write
P1 =760 mm Hg = 1 atm = 101325 Pa, V1= 600 cm® = 0.600 dm®, T1 =25+ 273 =

298 K
V2 =650 cm® = 0.650 dm?, T, =10 + 273 =283 K, P, = ?

: . PV, P,V.
According to Combined gas law; ——= = =22
T; T;
760 mm Hgx 600 cm® P, x 650 cm?®
298 K . 283 K

P> =666.2 mmHg = 88823 Pa = 88.823 kPa

1.3 Dalton law of partial pressure

In most practical applications we encounter a mixture of gases rather than a single gas.
The air we breathe has nitrogen and oxygen gases as major components and a variety of
other gases in minute quantities. All of these gases contribute to the total atmospheric
pressure.

Also, the pressure that a constituent gas of a mixture of gases would exert if it alone
occupies the volume of the mixture at same temperature is defined as the partial pressure
of that gas. A postulate introduced by Dalton says that the total pressure exerted by the
mixture of non-reactive gases is equal to the sum of the partial pressures of individual
gases. This is known as “Dalton law of partial pressures”.

Accordingly, if partial pressures of individual gases in a mixture of gases A, B and C are
Pa, Ps and Pc respectively, at constant temperature and constant volume the total pressure
Pt of the mixture is given by the following equation.

[PT:PA+PB+PC ]

The Dalton law of partial pressure can be derived using ideal gas equation as follows.
Consider a mixture of gases A and B with naand ng moles, respectively exerting the total
pressure of Pr.

PV =nRT

For gas A, na = PaV/ RT (Pa is the partial pressure of gas A)
For gas B, ns= PsV/ RT (Ps is the partial pressure of gas B)
For the mixture of gases, nt = PrV/ RT

and NT =Na+ Ng

Therefore, P7V/ RT = (PaV/ RT) + (PsV/ RT)

16
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Simplification gives , Pt=Pa + Pg
This is the Dalton law of partial pressures.

1.3.1 Partial pressure in terms of mole fraction

Suppose at the temperature T, na moles of gas A and ng moles of gas B, are enclosed in a
container of volume V, then partial pressures exerted by gases A and B are Pa and Pg
respectively while the total pressure is Pr.

Therefore, we can write, P, = nAVRT and P = nBVRT
According to Dalton law, P, = P, + Pg
Substituting from the above, P, = Z48L 4 2ERT — (4 4 ng)%

Dividing the expressions for P, and Pg separately by P, we get;

Py ny RT/V B ny
Pr (ng+ ng)RT/V — (na+ ng)

= x, this is the mole fraction of A

Likewise,
Py ng RT/V _ ng
Pr (ng+ ng)RT/V — (na+ ng)

= Xxp: thisis the mole fraction of B

Therefore, we can write,

[ PA=XAPT andPBszPT }

Partial pressure of the constituent gas is equal to the product of total pressure and mole
fraction of the gas.

Example 1.9

() A mixture of gases contains 0.8 mol of nitrogen gas (N2) and 0.2 mol of
oxygen (O). Calculate the partial pressures of the gases if the total pressure is
1.00 atm at a certain temperature.

(i) When the container is heated and kept at a constant temperature, N2 gas is
reacted with Oz gas to produce NO: gas. At equilibrium the container has
0.7 mol of N2 gas, 0.15 mol of O gas and 0.1 mol of NO; gas. If the partial
pressure of N2 gas is now 0.88 atm, calculate partial pressures of Oz gas and
NO:2 gas.

17
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Answer
. __ npn, _ 0.8 mol _
(i XN2 a ny,+no, ~ 0.8mol+0.2mol 0.8
F’N2 = XNZPT
Py, = 0.8 x 1.00 atm
Py, = 0.8 atm
Similarly for O,
Py, = 0.2 atm
.. n 0.7 mol 0.7
(i) Xy, = ———2—— therefore, Xy, = = =
nN,+ No, +NNo, 2 0.7 mol+0.15 mol+0.1 mol 0.95
0.88 atm __
Py, = Xy, Py therefore, Pr = Py, /Xy, = S =1.19 atm
n 0.15 mol 0.15
X, = ————2—— therefore, X,, = — =
nn,+ o, +MNo, 2 0.7 mol+0.15 mol+0.1 mol 0.95

Py, = Xo, Pr therefore, Py, = % %X 1.19 atm = 0.19 atm

n
Xno, = ———2—— therefore, Xy,, =

nn, + no, +nN02

0.10 mol __ 010
0.7 mol+0.15 mol+0.1 mol 0.95

Pyo, = Xno,Pr therefore, Py,, = % X 1.19 atm = 0.12 atm
Therefore,

Py, = 0.88 atm, Py, = 0.19 atm, Py,, = 0.12 atm,

Pr =1.19atm

We apply our knowledge on Dalton law for a mixture of gases assuming that they have
the same properties as pure gases, provided that all gases in the mixture are ideal gases
thus do not react chemically with each other. However, in practical situations such as
chemical reactions involving gases, the procedure used to collect may introduce another
gas. For example, a technique often used to collect gases from a chemical reaction is the
displacement of water from an inverted container. In this method, a gas is collected in
the container by bubbling the gas through a tube into a gas jar filled with water which is
placed upside-down in a water trough. So that the gas push all the liquid out from the
bottle when it is collected. Here, we assume that the gas does not dissolve in water and
does not react with water. However; we do not get the gas which is in the pure state.
Instead, the collected gas is a mixture of the gas generated by the reaction and some water
vapour formed from evaporation. The amount of water vapour contained in the gas is
most readily measured by the pressure it exerts at that temperature, called the saturated
vapour pressure. Therefore, to determine the pressure exerted by a gas collected in this

18
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way at a specific temperature, it is necessary to subtract the vapour pressure of water from
the total pressure of the mixture. Then from the partial pressure of the gas and its volume
and temperature, the ideal gas law can be used to calculate the amount of the gas collected.
This is illustrated in example 1.10

Example 1.10
Suppose we produce gaseous oxygen by heating KCIO3(s) as shown in the following
reaction:

2KCIO3(s) —2KCI(s) + 302(qg)

1.50 dm® of O, gas is collected over water at 27.0 °C and 760 torr. Saturated vapour
pressure of water at 27.0 °C is 26.7 torr.
Calculate the number of moles of O, gas produced.

Answer

According to Dalton law, we can write:

Ptotal = Poxygen + Pwater
Poxygen = Protal - Pwater = (760 — 267) torr = 733.3 torr = 97764 Pa

Using the ideal gas equation:

PV 97764 Pax1.5x 1073 m3
PV=nRT andn= — = 2r2x” B = 0.058mol
RT 8.314 J K~1mol~1 x 300 K

1.4 Molecular Kkinetic theory of gases

In the above sections we have gone through and understood the laws related to gaseous
state based on experimental observations (Boyle law, Charles law, etc.). By conducting
such experiments we can understand how the particular system behaves under different
conditions. Though, such observations are made from experiments we then have to know
or understand why a system behaves that way. For example, gas laws help us to predict
that pressure increases when we compress gases but we need to know what happens in
the molecular level when a gas is compressed. Therefore, a theoretical model is needed
to explain such events or questions where the theory should help us to understand
observations. The theory that attempts to explain the behaviour of gases at the molecular
level is known as “molecular Kinetic theory”.

1.4.1 Assumptions of the molecular Kinetic theory of an ideal gas
e Gases are composed of widely separated large number of small particles
(molecules or atoms).
Because the particles are widely separated, the actual volume of the particles is
very small compared to the total volume occupied by the gas. Or in other words
the actual volume of the molecules is negligible in comparison to the empty space
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between them. This postulate correctly predicts that the volume occupied by a gas
is much larger than that of a liquid or a solid, in which the particles are much
closer together. Because gas particles are so widely separated, gases have
relatively low densities compared to liquids and solids. This assumption explains
high compressibility of gases.

Each particle in a gas is in random (all possible directions), straight-line motion
and undergoes perfectly elastic collisions with another particle or with the walls
of the container. Different particles have different speeds.

Energy may be transferred from one particle to another, their individual energies
may change, but there is no net loss or gain of energy. Pressure is exerted by the
gas as a result of collision of the particles with the walls of the container.

The average kinetic energy of gas particles depends only on the absolute
temperature.

This tells us that the gas particle (molecule or atom) has its own mass and speed
because the kinetic energy (KE) for a given gas particle is given by the equation

KE—1 2
=5 mv

where m is the mass of a gas particle and v is the velocity (or speed). We can see
that upon heating a gas at constant volume, the pressure increases. That is because,
on heating the gas, kinetic energy of the particles increases and they strike the
walls of the container more frequently thus exerting more pressure. As such the
relation of kinetic energy of one mole of particle with the temperature is given by
the following equation.

KE—BRT
2

Further, we can make following notes too.

Particles of a gas behave independently of one another.

Because gas particles are widely separated, they move independently of one
another unless they collide. That is, no forces of attraction or repulsion operate
among gas particles. We can see that this postulate explains Dalton law of partial
pressures. This postulate also explains why gases fill their containers entirely.

The pressure of a gas arises from the sum of the collisions of the particles with
the walls of the container.

This postulate explains Boyle law; at a given temperature, for the same amount of
gas, the smaller the volume of the container and hence more collisions occur per
unit area. The average distance traveled by a gas particle before a collision is less
in a smaller volume. Therefore, more collisions occur in a given area producing
greater pressure.
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This assumption also predicts that pressure should be proportional to the number
of moles of gas particles. The more gas particles, the greater the frequency of
collisions with the walls, so the greater the pressure.

1.4.2 Equation of molecular kinetic theory
The equation below is named as the equation of molecular kinetic theory.

1 _
PV = 3 mN c?

This equation now gives pressure, a macroscopic quality, in terms of molecular motion.
The significance of the above relationship is that pressure is proportional to the mean-
square speed of molecules in a given container at a given temperature. From the equation
we can see that when molecular speed increases the pressure exerted on the container

increases. ¢2 is defined as the mean square speed of molecules.

1.4.3 Root mean square speed and mean speed

It is worth knowing the definitions of molecular speeds in different forms as follows:
When N number of molecules in a constant volume container at constant temperature
travel with the different speeds of ¢y, Co, ...cn, it can be written as shown below.

cq +cy +cy

N

(c12+cp% 432 +cen?)
N

Average speed, C =

Mean square speed c? =

Root mean square speed = v/ c2

Molecular kinetic equation can be used to derive equation to show temperature
dependence of the mean square speed c2. Consider the equation for having N number

mNc?

of particles in volume V. We know that, P = and we can write this as;

mNc2
3

PV =

Since, N = nNa, where Na is the Avogadro’s constant and n is the number of moles;

1 —
PV = §mnNAc2
Since, M = m Na, then the above equation can be rearranged as, (M is the molar mass)

1 —
PV = §nMc2

21



G.C.E. (A/L) CHEMISTRY: UNIT 4 HEEE:LIER elNolfpp1ac-lg

Substitution of ideal gas law, PV = nRT in the above equation gives,

1 _
nRT = §Mnc2

. 3RT
“ =M

And hence we can write root mean square speed as;

M

Example 1.11
Calculate the root mean square speed of H. and N2 gases at 25 °C.

Answer

T=25°C =298 K

M(H2) = 2.0 g mol* = 0.002 kg mol*
M(N) = 28.0 g mol™* = 0.028 kg mol?
R =8.314 J K mol?

For H:
Substituting ol = ,% _ J3x8.314]K‘1 mol~1x 298K _ g0 g o -1

0.002 kg mol—1

For N2
Substituting in\/ﬁ _ f% _ J3X8.314]K_1 mol~1x 298K _ rqc 5 (1

0.028 kg mol—1

From the above example, we can see that heavier molecules move slowly at a given
temperature implying that the molecules having higher mass do not have to move as
rapidly as lighter molecules to have the same Kinetic energy. This Kinetic energy directly
related to temperature and this can be proved based on the equation of molecular kinetic
theory as follows.

mNc2

We have, PV = .
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Multiply the above equation by 2 and also divide by 2, then we can rearrange the equation

mNc2 2N (1  —5
=— (—mcz)anT
3 3 \2

as; PV =

1 — 3
N (— mc2> = —nRT

2 2
And al " (1 _2)—3(Rn>T—3<R>T—3(k)T
nd also we can write ch =5\ =5 N, = 5 (ks

kg is the Boltzmann constant.

We can then write these as % mc? is the kinetic energy (KE)

KE = ZikBT (per molecule)

3
3/R
KE = —(—)TNA
2 \Ny
3
KE = —RT (per mole)

2

This proves that the kinetic energy of a gas depends only on the Kelvin temperature.

1.4.4 Maxwell- Boltzmann distribution

Although from the above example we have calculated speed of N> molecule as
515 ms?, it does not mean that all the N2 molecules travel at this speed (as the molecules
move in straight line directions, that the motion has vector properties, such that the
molecular speeds are expressed in relation). There is a distribution of speeds from zero to
values considerably above 515 m s, This is because as individual molecules collide and
exchange energy, their speeds vary. This speed distribution can be shown as a fraction of
molecules travelling with particular speeds as shown in Figure 1.6 and such a distribution
is called Maxwell- Boltzmann distribution of speeds.
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T=300 K

with given speed

Fraction of molecules

Molecular speed/ m s’

(a)

Fraction of molecules

4

with given speed

T=300 K

Cl(g)

Molecular speed/ m s™

(b)

Figure 1.6 (a) Maxwell- Boltzmann speed distribution for nitrogen gas at different
temperatures (b) Speed distribution of three gases at 300 K

1.5 Amendments to ideal gas equation to apply for real gases
. : : PV .
For a one mole of an ideal gas we can write PV = RT or in other words P 1 atagiven

temperature. When we have a real gas it actually deviates from ideal behaviour to some
extent. The quantity, Z = % , called compressibility factor (coefficient) is used as one
of the measures of this deviation. For example, for a one mole of an ideal gas if we study
or analyze the variation of Z with pressure at constant temperature, PV will be constant

(Boyle law) and Z vs P graph at all pressures will be a straight line parallel to x-axis
(pressure - axis). Figure 1.7(a) shows such a plot for several gases at 273 K and Figure

1.7(b) for a one gas at several temperatures.

N

CcO

CH,

H,

PV /RT

—
—

Ideal gas

Z=

Pressure

@)

He

A
200 K
CH,
f 500 K
/ 650K
2 1000K
Ideal gas at
4 any temperature
-~
1 1 1 e
300 600 9200
Pressure/ atm
(b)

Figure 1.7 Variation of compressibility factor for several gases with the
comparison of an ideal gas. (a) The variation of Z with pressure at a
constant temperature. Inset in (a) shows the Boyle law plot for ideal
gas and real gas. (b) is the variation of Z with pressure at different

temperatures for CH, gas.
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From the plots shown in Figure 1.7 (a) it can be seen easily that at constant temperature

% vs P (Z vs P) plots for real gases is not a straight line parallel to the x-axis (pressure).

There is a significant deviation from ideal behaviour. For different types of real gases,
two types of curves are resulted. In the curves for hydrogen and helium, the value of Z
increases as the pressure increases. The second type of plot is seen in the case of other
gases like carbon monoxide (CO) and methane (CHa). In these plots first there is a
negative deviation from ideal behavior, the Z value decreases with increase in pressure
and reaches to a minimum value characteristic of a gas. After that it starts increasing,
crosses the line for ideal gas and increases continuously showing a positive deviation.
With these observations it can be found that real gases do not follow ideal gas equation
perfectly under all conditions.

This deviation from ideal behaviour can also be understood when pressure versus volume
plot is considered which is drawn as an inset in the Figure 1.7(a). In that plot the pressure
versus volume data of a real gas is compared with those calculated theoretically. We
know that this is the plot of Boyle law (for an ideal gas) and if the real gas follows the
same behaviour two plots should coincide. It is clearly apparent that at very high
pressures the measured volume is more than the calculated volume and at low pressures,
measured and calculated volumes approach close to each other indicating further that low
pressure conditions favour the ideal behavior. Thus gases show ideal behavior when the
volume occupied is large so that the volume of the molecules can be neglected in
comparison to the volume of the container. In other words, the behaviour of the real gas
becomes more ideal when pressure is very low and depends upon the nature of the gas
and its temperature.

We can further interpret the above behaviour of real gases where Z is less than 1 (Z < 1)
as a combination of intermolecular interactions and repulsions caused by the significant
sizes of the molecules when they become crowded at high pressures. At low pressures
but still high for the ideal behaviour intermolecular attractions lower the molar volume
and Z value is less than 1. At sufficiently high pressures, molecules tend to become
crowded and the volume of the gas particles become large compared to the situation when
it would be a point mass. At high temperature (Figure 1.7(b)) intermolecular attractions
become less and PV factor increases making Z values greater than one (Z >1). However
deviation from the ideal line is less indicating that the higher temperatures favour the
ideality to some extent. Therefore, we can say very low pressures and high temperatures
are the favourable conditions for the ideal behaviour of real gases.

If we compare this behaviour of real gases with ideal gases considering these variations
in molar volume at a given temperature and pressure, then the relation of compressibility
factor Z may be understood. Assume that one mole of a real gas has the volume Vyea and
that for the ideal gas as Vigeal. Therefore, we can write;
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PVreal
7 =
RT
If the gas shows ideal behaviour under the same conditions;
PV.4ea: = RT (per one mole)

PVreal

Substituting this in the first equation we get; Z = o
ideal

Therefore, Z = Zreal

ideal

Therefore, we can see that the compressibility factor Z is the ratio of actual molar volume
of a gas to the molar volume of it if it behaves as an ideal gas at that temperature and
pressure.

Based on this kinds of experiments, it has been found that real gases do not follow Boyle
law, Charles law and Avogadro law perfectly under all conditions. Therefore we have to
understand; why gases deviate from the ideal behaviour and the conditions under which
gases deviate from ideal behaviour.

For the first one we can use the assumptions made in the molecular kinetic theory where
it was assumed that; there is no force of attraction between the molecules of a gas and
volume of the molecules of a gas is negligibly small in comparison to the space occupied
by the gas.

If there are no interactions among gas molecules, the gas will never liquefy. However, we
know that gases do liquefy when cooled and compressed. Once the gases are cooled and
compressed the gas molecules will come close and then form liquids. If the volume of a
gas molecule is negligible then the pressure versus volume graph of real gas and that of
an ideal gas should coincide (see the inset of Figure 1.7 (a) and the behavior shown in the
inset help us to understand the deviation of real gases from ideality). But it does not
happen therefore, the real gases deviate from ideality.

1.5.1 van der Waals equation

At the beginning of this unit, an ideal gas law, PV = nRT known as equation of state was
used to understand the behaviour of gases under different conditions with the measurable
variables of P,V, T and n. From the above clarifications it can be understood that real
gases show deviations from the ideal gas law due to the interactions among molecules
and a significant volume of a gas molecule. Therefore, it is necessary to have another kind
of equations of state to describe the behaviour of real gases as the measured pressures and
volumes would not be the same as those for an ideal gas. Dutch physicist, J. D. van der
Waals suggested the following which relates pressure and volume of a real gas to the
pressure and volume of an ideal gas.
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At high pressures molecules of gases are very close to each other and molecular
interactions start to operate. Therefore, at high pressures, molecules cannot strike on the
walls of the container with full force of impact as these are dragged back by other
molecules due to the operation of these molecular attractive forces (a sketch on this
behaviour is shown in Figure 1.8 comparing with an ideal gas). This affects the pressure
exerted by the molecules on the walls of the container. Thus, the pressure exerted by the
real gas is lower than the pressure exerted by the ideal gas under similar conditions.

. ')
= = v
« 8 A~ (#)
3 N v
(%)
N el o
— 0
6 O o©o
()
o ()
@) (b)

Figure 1.8 Comparison of the impact on the wall due to the collision of (a) an
ideal gas molecule and (b) a real gas molecule.

As shown in the above figure reduction of pressure of a real gas is due to the
intermolecular attractions. As it was found that the number of collisions with the wall in
a given time is proportional to the density of the gas, the correction factor to pressure is
proportional to the square of the gas amount and inversely proportional to the square of

2
the volume and then the correction factor can be written as aV—’; where a is a constant

related to magnitude of attractive forces and is independent of temperature and pressure.
n and V are the number of moles of the gas and volume of the container respectively.
Therefore, the pressure of the system under this condition is given by the following
expression.

an?

Pigear = Prear + W
At high pressure, repulsive forces are significant as molecules are almost in contact.
Therefore, these repulsive forces cause the molecules to behave as small spheres to
minimize the effect and hence results a significant volume occupied by the molecules.
Now the ideal volume should be less than the measured volume because instead of
moving in volume V, these are now restricted to an effective volume of

(V-nb)

nb is approximately the total volume occupied by the molecules themselves and b is a
constant (volume of one molecule). Having taken into account the corrections for pressure
and volume, we can rewrite the equation PV = nRT as,
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an?
P+ W (V—nb)anT

This is called van-der Waals equation and a and b are called van-der Waals constants.
If we write this equation for one mole of a real gas it takes the following form.

(P+ %)(V—b)zRT

1.5.2 Critical temperature and liquefaction of gases

At the beginning of the chapter the importance of the extent of the intermolecular forces
to maintain a particular physical state was discussed. Matter can be interconverted
between physical states supplying heat or cooling as needed to change the intermolecular
distance.

For example, we may think that liquefaction of a gas can be done just by cooling and
compression. Though it is correct to some extent, we need more ideas about the behaviour
of real gases in accordance with their phase changes.

Note: This is one of the topics discussed in detail in unit 12 and a little description will
be given here as it is important to have a basic idea about the conditions necessary for
liquefication of gases.

For example, such kind of information on the pressure, temperature and volume relations
are available for carbon dioxide where it has been found that carbon dioxide can behave
as a gas, a liquid and a solid depending on the variations in pressure and temperature.

We know that high temperatures favour the ideal behaviour and a gas cannot be liquefied
even at very high pressures. In the case of carbon dioxide, which exists as a gas at high
temperatures starts to liquefy at 30.98 °C (304.2 K) when the pressure is below 73 atm.
The temperature 30.98 °C is called critical temperature (Tc) of carbon dioxide. This is
the highest temperature at which liquid carbon dioxide is observed and above this
temperature it exists only as a gas. Therefore, we can defined the critical temperature of
a substance as the temperature at and above which the vapour of the substance cannot be
liquefied, no matter how much pressure is applied. The critical pressure of a substance
is the pressure required to liquefy a vapour at critical temperature.
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Figure 1.9 Phase diagram of CO;

Table 1.3 A summary of equations

Parameters kept

Gas law Equation constant
Ideal gas law PV =nRT None
Boyle law P=k/V nand T
Charles law V =kT nand P
Avogadro law If Va = Vg then Na = N3 Pand T
Molet_:ular Kinetic PV = = mNeZ
equation 3
Average speed c= & +C +Cy
N
Mean square speed — (12 4+ 2 + 52 .. +cy?)
- N

Mean square speed — 3RT

C = —

M

Dalton law of partial Pa=xa Pt
pressures Pr=Pa+Ps+Pc
Compressibility PV for one mole of gas

zZ= —
factor RT
van der Waals an? b
equation P+ W (V—Tl )—TlRT
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Introduction

This unit discusses the study of the role or changes of energy in the form of heat.
Almost all chemical reactions absorb or release energy, generally in the form of heat. It
is important to understand the distinction between thermal energy and heat. Heat is the
transfer of thermal energy between two bodies that are at different temperatures and we
often speak of “heat flow” from a hot object to a cold one. Although the term “heat” by
itself implies transfer of energy when describing the energy changes that occur during a
process, we customarily talk of “heat absorbed” or “heat released”. Thermochemistry
is the study of heat change in chemical reactions and when considering thermochemical
events they are usually in reference to a state of standard state.

This chapter is concerned with the study of energy changes at the molecular level and
the consequences to the changes of that system. In this regard, the basic terms
appearing in thermochemistry must first be defined and understood. The significance of
mathematical symbols “+” and “-” specified with the energy change must also be
understood in respect of the amount of energy produced or supplied and this will be
used to explain types of reactions such as endothermic and exothermic reactions.
Thereafter, the discussion will move into the definition of enthalpies of different
chemical events/reactions and expanded to the standard state. The basic laws in
thermochemistry (Hess Law) will be used to perform calculations for chemical events as
appropriate. Finally, the tendency for the occurrence of a reaction will be discussed with
entropy, enthalpy and Gibbs free energy relation (AG = AH — TAS) and hence to the
spontaneity of reactions.

2.1 Basic terms in thermochemistry and thermodynamics

2.1.1 System, surrounding and boundary

It is useful to define and understand important terms that are used to define and explain

the basic concepts and laws of thermochemistry.

e System

A thermochemical system is defined as any portion of matter or universe under
consideration which is separated from the rest of the universe. (or simply the
object under study is defined as the system).

e Surroundings
Everything in the universe (or the rest) that is not a part of the system and can
interact with it is called surroundings (or simply everything outside the system).

e Boundary
It is anything (for example wall of flask) which separates the system from its
surroundings.
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Surroundings
System
N
Boundary

Figure 2.1 Schematic representation of a system, surroundings and boundary

2.1.2 Types of systems
There are different types of systems which can be defined depending on the
interactions/processes between the system and the surroundings.

Open system

A system is said to be open if it can exchange both energy and matter/ mass
with its surroundings. For example, an open bottle containing an aqueous salt
solution represents an open system. Here, matter and heat can be added or
removed simultaneously or separately from the system to its surroundings or
separately from the surroundings to the system.

Closed system

A system which permits the exchange of energy but not matter/ mass, across the
boundary with its surroundings is called a closed system. For example, a liquid
in equilibrium with its vapour in a sealed bottle represents a closed system since
the sealed container may be heated or cooled to add or remove energy from its
contents while no matter (liquid or vapour) can be added or removed.

Isolated system

A system which can exchange neither energy nor matter with its surroundings is
called an isolated system. For example, a sample in a sealed thermos flask with
walls made of insulating materials represents an isolated system.

Matter
Energy I Energy Energy Energy
™~ Open v m/ Isolated
System System System
(@) (b) (©

Figure 2.2 Schematic view of (a) open, (b) closed and (c) isolated systems

Homogeneous and heterogeneous systems

A system is said to be homogeneous if the physical states of all its matter are
uniform. For example mixtures of gases, mixtures of completely miscible
liquids, etc.
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A system is said to be heterogeneous, if its contents do not possess the same
physical state (phase). For example, immiscible liquids, solid in contact with an
immiscible liquid, solid in contact with a gas, etc.

2.1.3 Properties of a system

Microscopic properties
A system is called a microscopic system if it is roughly of atomic dimensions
i.e. on the atomic or molecular scale the properties must be determined by an

indirect method(s) such as kinetic energy, speed, etc. of atoms/molecules in a
closed container.

Macroscopic properties

The properties which are associated with bulk or macroscopic state of the system
such as pressure, volume, temperature, concentration, density, viscosity, surface
tension, refractive index, colour, etc. are called macroscopic properties.

Macroscopic properties of a system can be divided into two types.

Extensive properties

The properties that depend on the amount or size of a system (extent of a
system) are called extensive properties. (For example, volume, number of
moles, mass, energy, internal energy etc.). The value of the extensive property is
equal to the sum of extensive properties of smaller parts into which the system is
divided. Suppose masses my g, m2 g and ms g are mixed in a system. Then the
total mass of the system is equal to (mi+mz+ms) g. Thus mass is an extensive

property.

Intensive properties

The properties that are independent of the amount or size of the system (extent
of a system) are known as intensive properties. (For example, refractive index,
surface tension, density, temperature, boiling point, freezing point, etc.), of the
system. These properties do not depend on the number of moles of the substance
in the system.

If any extensive property is expressed per mole (mol™?) or per gram (g?) or per
cm® (cm™®) or per cm? (cm), it becomes an intensive property. For example,
mass, volume, heat capacity are extensive properties while density, molar
volume, specific heat capacity are intensive properties.

2.1.4 State of a system

A system is said to be in a particular physical state when specific values of the
macroscopic properties of the system are known. For example, the gaseous state of
matter can be described by parameters pressure (P), volume (V) and temperature (T)
etc. The values of these parameters change when the matter is in liquid state. Thus, the

4
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state of a system is defined by specific measurable macroscopic properties of the
system.

The initial state of system refers to the starting state of the system before any kind of
interaction with its surroundings.

The final state of system refers to the state after the interaction of system with its
surroundings. A system can interact with its surroundings by means of exchange of
matter, heat, energy or all.

The variables like P, V, T and composition (or amount of moles or ‘n’) that are used to
describe the state of a system are called state variables or state functions. When the
state of the system changes, the values of the state variables of the system also change.
Thus, state functions depend only on the initial state and the final state of the system
and not on how the changes occur. Also, if the values of state functions of a system are
known, all other properties like mass, viscosity, density, etc. of the system become
specified. For specifying a state of the system, it is not necessary to know all the state
variables, since they are interdependent and only a few of them (state variables) are
sufficient.

Standard state

It is needed to refer to a reference pressure or the standard pressure
denoted by P? at a specified temperature when heat changes in a system is
considered. The standard pressure has a constant value in any given
application. The IUPAC recommended the value for P® as 1 atm
(101325 Pa). (Note that there is no defined standard temperature, however,
298 K is used sometimes as specified.) A standard state of a pure substance
is a particular reference state appropriate for the phase and is described by
intensive variables. For example, standard state of solid iron is pure iron
at 1 atm and at a given temperature (500 K). Standard conditions are
denoted by adding the superscript © to the symbol of the quantity (AH®,
AG®, AS® etc.) It has to be noted that when solutions are involved, a
concentration is 1 mol dm,

e Spontaneous processes
These are occurring on their own accord. For example heat flow from a hotter
end of a metal rod to a colder end. In these processes, the transformation of the
system from the initial, to the final state is favourable in a particular direction
only. Many of the spontaneous processes are natural processes and are also,
irreversible processes.
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e Non-spontaneous processes
These are not occurring on their own accord. For example, although carbon
burns in air evolving heat to form carbon dioxide, on its own carbon does not
catch fire and an initial heat supply is required.

e Reversible process

In a reversible process the series of changes carried out on the system during its
transformation from initial to final state may be possibly reversed in an exact
manner. This is possible when the changes are carried out very slowly in many
smaller steps on the system during its change from initial to final state. Under
such conditions the initial and final states of the system become reversible
completely. For example, when ice melts a certain amount of heat is absorbed.
The water formed can be converted back to ice if the same amount of heat is
removed from it.

e Irreversible process
An irreversible process is one which cannot be retraced to the initial state
without making a permanent change in the surroundings. Many of the
spontaneous processes are irreversible in nature. For example biological ageing
is an irreversible process. Water flowing down a hill on its own accord is an
irreversible process.

2.1.5 Enthalpy (H)

Most of the physical and chemical changes take place or are carried out under the
constant pressure conditions. For example in the laboratory, reactions are generally
carried out in beakers, flasks, or test tubes that remain open to their surroundings and
hence to a pressure of approximately one atmosphere (1 atm, ~10° Pa). To quantify the
heat flow into or out of a system in a constant pressure process, chemists use a property
called enthalpy, represented by the symbol H. i.e. at constant pressure chemist use the
relation, heat change equals to enthalpy change. Enthalpy is an extensive property; its
magnitude depends on the amount of the substance present. It is impossible to determine
the enthalpy of a substance, so it is the change in enthalpy, AH, that we actually
measure.

The enthalpy change of reaction, AH, is the difference between the total enthalpies of
the products and the total enthalpies of the reactants.

AH = Hproducts) = H(reactants)
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2.1.6 Heat

As the enthalpy is equal to the heat (q) at constant pressure, we may consider the
measurement of heat changes. In the laboratory heat changes in physical and chemical
processes are measured with a calorimeter, a closed container designed specifically for
this purpose. To estimate heat changes we first need to have an understanding of
specific heat and heat capacity.

Specific heat and heat capacity

The specific heat (c) of a substance is the amount of heat required to raise the
temperature of one gram of the substance by one degree Celsius. The heat capacity (C)
of a substance is the amount of heat required to raise the temperature of a given quantity
of the substance by one degree Celsius. Specific heat is an intensive property, whereas
heat capacity is an extensive property. The relationship between the heat capacity and
specific heat of a substance is

where, m is the mass of the substance in grams.
Note: sometimes s is used to denote specific heat.

For example, the specific heat of water is 4.184 J g °C* and the heat capacity of
100.0 g of water is (100.0 g) x (4.184 Jg* °C?) =418.4 ] °C™,

Note: Specific heat has the units J g* °C* (or J g K1) and heat capacity has the units
J°Ct (or JKP).

Knowing the specific heat, the mass of a substance and the change in the sample’s
temperature At (temperature in °C) or AT (temperature in K), the amount of heat (Q)
that has been absorbed or released in a particular process can be calculated by the
equation;

Q=mcAt or Q=mcAT

where m is the mass of the sample and At is the temperature change i.e. At = tfinal - tinitial
The sign convention for q is the same as that for enthalpy change; q is positive for
endothermic processes and negative for exothermic processes.

2.2 Enthalpy changes and standard enthalpy changes associated with different
thermochemical processes/ reactions

AH represents the heat given off or absorbed during a reaction. The enthalpy of reaction

can be positive or negative, depending on the process. Enthalpy change is directly

proportional to the amounts of substances in a system.

7
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2.2.1 Exothermic and endothermic processes

When a thermodynamic process is a chemical reaction or a physical transformation, it is
classified as either exothermic or endothermic depending on the nature of heat change
involved in the overall process. These two processes are differentiated as follows:

Table 2.1 Comparison between endothermic and exothermic processes

Endothermic processes

Exothermic processes

A process that transforms a system from
initial to final state by absorption of heat is
called an endothermic process.

A process that transforms a system from
initial to final state by evolution of heat is
called an exothermic process.

The final state of the system possesses higher
energy than the initial state. The energy
needed is absorbed as heat by the system from
the surroundings.

Example: Dissolving ammonium chloride in
water.

The final state of the system possesses lower
energy than the initial state. The excess
energy is released as heat to the surrounding.
Example: All combustion processes are
exothermic.

Generally in a physical transformation which
is endothermic, heat is supplied to bring about

the change from initial to final state. Example:

melting of a solid by supplying heat is an
endothermic process.

If the physical transformation is exothermic
heat is removed to bring about the change
from the initial to final state. Example:
Freezing of a liquid at its freezing point is an
exothermic process.

Reactant + Energy(Heat) — Products
2 Na(g) + 5 O2(g) + 90 ki — NO(g)

Reactant — Products + Energy(Heat)
Ha(g) + 202(g) — H20(g) + 242 k)

Surroundings

Heat
>»System

- Surroundings

System >§

« 7

For an endothermic process (heat absorbed by
the system from the surroundings), AH is
positive (that is, AH > 0)

For an exothermic process (heat released by
the system to the surroundings), AH is
negative (that is, AH < 0)

A
Products

A

AH >0

Enthalpy

Reactants

A
Reactants

AH< 0

Enthalpy

\ 4

Products

Heat effects measured at constant pressure indicate changes in enthalpy of a system.
Using calorimeters operating at constant pressure, the enthalpy change of a process can

be measured directly.
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Standard enthalpy changes
The measured enthalpy change for a reaction has a unique value only if the initial state
(reactants) and final state (products) are precisely described. If we define a standard
state (10° Pa pressure and a temperature of interest) for the reactants and products, we
can then say that the standard enthalpy change is the enthalpy change in a reaction in
which the reactants and products are in their standard states. This so-called standard
enthalpy of reaction is denoted with a degree symbol, AH®. Although temperature is
not a part of the definition of a standard state, it still must be specified in tabulated
values because it depends on temperature. The standard temperature values given in this
text are all 298.15 K or 25 °C unless otherwise stated.
Simply, we can say;
The standard enthalpy change of a reaction is the enthalpy change which occurs
when the given quantities in a reaction react under standard conditions to form
products in the standard state.

2.2.2 Thermochemical equations

A balanced chemical equation together with standard conventions adopted and
including the value of AH (or AH®) of the reaction is called a thermochemical equation.
The following conventions are necessarily adopted in a thermochemical equation.

(i)  The coefficients in a balanced thermochemical equation refer to number of
moles of reactants and products involved in the reaction.

(i) The enthalpy change of a reaction has unit kJ mol™and will remain as it is,
even if more than one mole of the reactant or product are involved but with
only the magnitude changing.

(iif) When a chemical reaction is reversed the value of AH is reversed in sign with
the magnitude remaining the same.

(iv) Physical states of all species is important and must be specified in a
thermochemical equation since AH (or AH®) depends on states (phases) of
reactants and products.

(v) If the thermochemical equation is multiplied throughout by a number, the
enthalpy change is also be multiplied by the same number.

(vi) The negative sign of AH? indicates an exothermic reaction and a positive sign
of AH® indicates an endothermic reaction.

Example:

Consider the following reactions.
2H2(g) + 02(g) — 2H20(Q) AH® = - 483.7 kJ mol*
2H2(g) + 02(g) — 2H20(l) AH® = - 571.6 kJ mol*

First reaction in the above thermochemical equations can be interpreted in several ways.
e 483.7 kJ given off per mole of the reaction*
e 483.7 kJ given off per 2 moles of H(g) consumed
e 483.7 kJ given off per mole of O2(g) consumed

9
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e 483.7 kJ given off per 2 moles of water vapour formed
AH® tells how much the enthalpy change would be, if the number of moles reacting is
the same as the stoichiometric coefficients.

* Note: In this case, 483.7 kJ mol*means that 483.7 kJ of heat is evolved when 2 moles
of hydrogen gas were to react with 1 mole of oxygen gas to form 2 moles of gaseous
water

Sometimes the above reaction is written as;
2H2(g) + O2(g) = 2H20(g) AH® =-483.7 kJ

* Note: In this case, 483.7 kJ of heat is evolved when a defined extent of reaction
occurs as written and gives the units in kJ. Extent of reaction has the unit of mol. For
the above reaction ; AH = AH® xmol = - 483.7 k mol*'x mol = -483.7 kJ

For example if we write the reaction as;
4H2(g) + 202 (9) — 4H20(0)

then we write AH of the reactionas 2 x AH® =-967.4 kJ

That means the original AH® value has to be multiplied by 2 or in other words the value
of AH is multiplied by the amount (mol) of substance reacting. Therefore, instead of the
extent of reaction, we can use the actual amount of substance of any species reacting,
divided by its stoichiometric coefficient in the simplest balanced chemical equation.
Hence for the above reaction we get (for oxygen),

AH = -483.7 kI mol™x (22) = - 967.4 k

If we are giving only AH®, then it would equals to - 967.4 kJ mol*

If we write the equations as;
Ha(g) +202(g) — HoO()  AH} = —285.8 k] mol !

Hz(g) +502(0) > H20(g) ~ AH}} = —241.85 kJ mol

We can see that the enthalpy values are halves of the above values.

The above equations describe the combustion of hydrogen gas to water in a general
sense. The first reaction can be considered the formation reaction of liquid water and the
second reaction the formation of water vapour. The negative sign of AH indicates that
they are exothermic reactions.

The reaction which is exothermic in the forward direction is endothermic in the reverse
direction and vice-versa. This rule applies to both physical and chemical processes.

10
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2H20(l) — 2H2(g) + O2(g) AH® =+571.6 kJ mol*
2H20(g) — 2H2(g) + O2(g) AH® =+ 483.7 kJ mol?

2.2.3 Enthalpy diagrams
Consider the following reaction.
Ci12H22011(s) + 12 O2(g) —12 CO2(g) + 11 HO(l) AH® = -5650 kJ mol?

The negative sign of AH® in the above equation means that the enthalpy of the products
is lower than that of the reactants. This decrease in enthalpy appears as heat evolved to
the surroundings. The combustion of sucrose is an exothermic reaction.

N2(g) + O2(g) — 2NO(g)  AH®=180.50 kJ mol*

In the above reaction the products have a higher enthalpy than the reactants so AH®is
positive. To produce this increase in enthalpy, heat is absorbed from the surroundings.
The reaction is endothermic. An enthalpy diagram is a diagrammatic representation of
enthalpy changes in a process. Figure 2.3 below shows how exothermic and
endothermic reactions can be represented through such diagrams as are already shown
in the Table 2.1).

4 Products A Reactants
A
>
2 2
© AH >0 s AH < 0
= -~
= £
w w
\ 4
Reactants Products
(@) (b)

Figure 2.3 Enthalpy diagrams of (a) endothermic and (b) exothermic processes

2.2.4 Enthalpy changes and standard enthalpy changes
e Standard enthalpy change of formation, AH?

The standard enthalpy of formation, AHf of a substance is the enthalpy change that
occurs in the formation of one mole of the substance in the standard state from the
reference forms of the elements in their standard states. The reference forms of the
elements in all but a few cases are the most stable forms of the elements at one atm
(101325 Pa) and the given temperature. The 6 symbol denotes that the enthalpy change
is a standard enthalpy change, and the subscript “f ” signifies that the reaction is one in
which a substance is formed from its elements. Because the formation of the most stable
form of an element from itself is no change at all that is the standard enthalpy of a pure
element in its reference form is 0.

11
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For example, listed below are the most stable forms of some elements/ compounds at
298.15 K, the temperature at which thermochemical data are commonly tabulated.
Na(s), Hz2(g), N2(g), O2(g), C(s, graphite), Bra(l)

Example :

One may concern the situation with carbon. In addition to graphite, carbon also exists
naturally in the form of diamond. However, because there is a measurable enthalpy
difference between them, they cannot both be assigned AHP = 0

C(s, graphite) — C(s, diamond) ; AH? = 1.9 k] mol~*

We choose as the reference form the more stable form, the one with the lower enthalpy.
Thus, we assign AH g, apnite) = 0-

The physical state of the product of the formation reaction must be indicated
explicitly if it is not the most stable one at 25 °C and 1 atm pressure
Ha(g) +;02() = H200) AHY = —285.8 k] mol~!

Ha(g) + 502(0) >H20(9) AH} = —241.8 K] mol™*

Note that the difference between these two AH} values is just the heat of vapourization
(44 kK] mol~1) of water.

We often use standard enthalpies of formation in a variety of calculations and the first
thing we must do is to write the chemical equation to which aAH]? value applies, as

illustrated in following examples in the text.

The standard enthalpy of formation of formaldehyde (HCHO) is -108 k] mol~! at 298 K
and the chemical equation below shows this event.

Hz(g) +502(g) + C(graphite) > HCHO(g) ~ AH§ = —108 kj mol™?

Before going to discuss some examples it is worth defining standard enthalpies of some
chemical reactions/events.

e Standard enthalpy change of combustion, AH?
It is the enthalpy change when one mole of an element or a compound in the standard
state undergoes complete combustion with excess oxygen (or one may say air) in the
standard state to give the products in the standard state.

C3H8(g) + 502(9) —> 3C02(g) + 4H20(|) AHS[CgHg(g)]: - 22199 k] m01_1
C(s) + Oz(g) = CO2(g) AHY= -3935Kk] mol~!

12
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e Standard enthalpy change of bond dissociation, AH},
It is the enthalpy change when a gaseous compound in the standard state undergoes
dissociation to gaseous atoms or components in the standard state by breaking a mole of
bonds.

Ha(g) — 2H(g) AHS = 432 K] mol !

CHa(g) = CHas(g) + H(g) AH$, = 428 K] mol~1

CHs(g) = CHa(g) + H(g) AH$ = 441 K] mol™?!

CHa(g) = CH(g) + H(g) AHS = 454 K] mol~1

CH (g9) = C(g) + H(g) AHY = 344K] mol™!
Therefore the bond dissociation energy change of methane is the mean value of the
above four enthalpy values.

(428 + 441 + 454 + 344) kK mol ™1
4

Mean standard enthalpy change of
bond dissociation of CHa(g)

416.75 K] mol~1

e Standard enthalpy change of neutralization, AH,,,,
It is the enthalpy change when a mole of an aqueous H* ions and a mole of an aqueous
OH-" ions in the standard state react to form a mole of liquid water.
H*(ag) + OH(aq) — H20(I) AHS,,= -57 K] mol~1

e Standard enthalpy change of solvation, AHS,,
It is the enthalpy change when a mole of gaseous ions in the standard state changes into
a solution to form 1.0 mol dm=.

M™(g) + solvent — M™(solvent)

e Standard enthalpy change of hydration, AH?lyd
It is the enthalpy change when a mole of gaseous ions in the standard state changes into
a solution with water with the concentration of 1.0 mol dm™,
Na*(g) + water — Na*(aq) AH} ;= - 406 kJ mol!

e Standard enthalpy change of dissolution, AHY;¢sommution
It is the enthalpy change when a mole of a substance in the standard state dissolved in a
solvent to form a solution with the concentration of 1.0 mol dm™ (a saturated solution
formed by a sparingly soluble salt).
NaCl(s) + water — NaCl(aq) AHS;csorution= 1 kJ mol?

13
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e Standard enthalpy change of sublimation, AHY,,,
It is the enthalpy change when a mole of a solid element or a mole of a solid compound
in the standard state converts completely into a gas at its standard state.
Ca(s) = Ca(g) AH®, = 193 kJ mol™

e Standard enthalpy change of evaporization, AHg,,q,
It is the enthalpy change when a mole of a liquid compound or an element in the
standard state converts into a mole of gaseous compound or element at its standard
state.
Bra(l) = Br2(g) AH3,q,= 30.91 kJ mol?

e Standard enthalpy change of fusion, AH%,;
It is the enthalpy change when a mole of a solid compound or an element in the standard
state converts into a mole of liquid compound or element at its standard state.
Alis) = Al() AHg, = 10.7 kJ mol*

e Standard enthalpy change of atomization, AHY,
It is the enthalpy change when an element in the standard state converts into a one mole
of gaseous atoms at the standard state.
Y% Clx(g) — Cl(g) AHS,= 121 kJ mol*

e Standard enthalpy change of first ionization, AHS,,
It is the enthalpy change when a mole of a gaseous mono-positive ions at standard state
are formed by removing an electron from each atom that is most weakly bonded to the
nucleus from a mole of gaseous atoms of an element in standard state.
Na(g) — Na*(g) +e AHS,= 496 kJ mol?

e Standard enthalpy change of electron gain, AHS,
It is the enthalpy change when a mole of gaseous mono-negative ions are formed by
gaining electrons to a mole of gaseous atom at the standard state.
Cl(g) +e —> CI'(g) AH% .= -349 kJ mol*

e Standard lattice dissociation enthalpy change of an ionic compound, AHY
It is the enthalpy change when one mole of a solid ionic compound is converted to its
gaseous positive and negative ions at the standard state.
NaCl(s) — Na*(g) + CI(qg) AH¢ = +788 kJ mol*

14
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2.2.5 Indirect determination of AH (AH®): Hess Law

One of the reasons that the enthalpy concept is so useful is that a large number of heat
of reaction can be calculated from a small number of measurements. The following
features of enthalpy change make this possible.

AH is an extensive property and is also a function of state. Consider the standard
enthalpy change of formation of NO(g) from its elements at 25 °C.
N2(g) + O2(g) —>2NO(g) AH?=180.50 kJ mol*

To express the enthalpy change in terms of one mole of NO(g) we divide all coefficients
and the value AH? by two.

“N2(9) +-02(g) - NO(g) AHe = 90.25 k] mol~!

AH® changes sign when a process is reversed as the change in a function of state
reverses sign. Thus, for the decomposition of one mole of NO(g), standard enthalpy
change is -90.25 K] mol~1 which is the negative value of the enthalpy for the formation
of one mole of NO(g).

NO(g) — sN2(0) +02(0) AH® = -90.25 K mol !

An example for Hess Law of constant heat summation:
The standard enthalpy change for the formation of NO2(g) from N2(g) and O2(g) can be
found as follows.

gNz(g) + 02(g) - NO2(g) AHe = ?

We can think of the reaction as proceeding in two steps: First we form NO(g) from N2(g)
and Ox(g), and then NO2(g) from NO(g) and O2(g).When the thermochemical equations
for these two steps are added together with their individual and distinctive AH® values,
we get the overall equation and AH® value that we are seeking.

2Na(9) +,02(9) - NO(9) AH = 90.25 kJ molt - (1)
NO(g) +502(g) — NO2(g) AHO = -57.07k] mol=! - @)
(1) +(2), ;N2(0) + 02(g) > NO2(g) AHe = +33.18 k] mol~!

As of the above example the Hess law states the principle we used: i.e.
If a process occurs in stages or steps (even if only hypothetically), the
enthalpy change for the overall process is the sum of the enthalpy changes
for the individual steps.

15
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In other words, Hess law is simply a consequence of the state function
property of enthalpy. Regardless of the path taken in going from the initial
state to the final state, AH (or AH? if the process is carried out under
standard states) has the same value or it is independent of the route.

This concept can also be illustrated by an enthalpy diagram and a thermochemical cycle
as described in Figure 2.4 and 2.5 respectively.

A A Intermediates (I)
A =
A
Reactants (A) Reactants (A): :

z : =
[ = :
= AH < 0 £ | aH AH, :
c [ a
w w .

v

Products (B) Products (B)

@) (b)

Figure 2.4 Enthalpy changes for an exothermic reaction using two different
ways of getting from reactants A to products B. (a) direct
conversion and (b) two-step process involving some intermediates

Figure 2.4 describes the statement of Hess Law, that is, if you convert reactants A into
products B, the overall enthalpy change will be exactly the same whether you do it in
one step or two steps or many steps. In either case, the overall enthalpy change must be
the same, because it is governed by the relative positions of the reactants and products

on the enthalpy diagram.

Calculations can also be done by setting them out as enthalpy diagrams as above, but
there is a much simpler way of doing it which needs a cycle to understand the process as
below where the conversion of reactant A to product B is considered in two routes.

16
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Route I

VS

Reactants (A) ——————® Products (B)

AH AH>

Intermediates (I)

Route II

AH = AHh+AH>
Figure 2.5 Thermochemical cycle

When we write the thermochemical cycle it is important to follow the instructions given
below.

First write the chemical reaction in which the enthalpy change needs to find and write
AH over the top of the arrow. Then include the other reactions with thermodynamic
information to the same diagram to make a thermochemical cycle (Hess law cycle), and
write the known enthalpy changes over the arrows for each of the other reactions. Find
two routes around the diagram, always going with the flow of the various arrows. There
must be no arrows going in the opposite direction.

In addition, it is necessary to multiply the known enthalpy values by a number of moles
involved in a particular reaction. For example, standard enthalpy changes of
combustion starts with one mole of the substance (carbon) burning and the enthalpy
value should be multiplied by the number of carbon atoms involved in the reaction (see
the example given below). Remember that this should also be included when the
problem is solved with the equations.

Example:
Suppose we want the standard enthalpy change for the following reaction.

3C(s) + 4H2(g) —> CsHs(0g) AHO= ?

Now we have a question that how should we proceed? If we try to get graphite and
hydrogen to react, but it will not go to completion. Furthermore, the product will not be
limited to propane and several other hydrocarbons will form as well. The fact is that we
cannot directly measure AH® for reaction above. Instead, we must resort to an indirect
calculation from AH® values that can be established by experiment. Here is where Hess
law is of greatest value. It permits us to calculate AH® values that we cannot measure
directly.

To determine an enthalpy change with Hess law, we need to combine the appropriate
chemical equations. A good starting point is to write chemical equations for the given
combustion reactions based on one mole of the indicated reactant. Considering that the
products of the combustion of carbon-hydrogen—oxygen compounds are COz(g) and
H>O(1) we can find the path to solve the problem as follows.
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CsHs(g) + 502(g) — 3COa(g) + 4H20(l)  AH® =-2219.9kImol?  (a)
C(s) + 02(g ) — COx(g) AHe =-3935kImolt  (b)
~02(9) + Hz(g) — Hz0(I) AHe =-2858kJmolt  (c)

Reverse of the reaction (a).
3C02(g) + 4H0(l) — C3Hs(g) + 502(g)  AH? =2219.9 kJ mol* @)’

Considering the reactants of the reaction of interest, C(s) and Ha(g), to get the proper
number of moles of each, we must multiply equation (b) by three and equation (c) by
four.

3C(s) + 302(g) > 3CO2(g) AH® =3(-393.5 k mol!) =-1180.5kImolt (b)

20,(g) + 4H2(g) — 4H20(l) AH = 4(-285.8 kJ mol?t) =-1143.2 kI mol*  (c)’

Here is the overall change we have described: 3 mol of C(s) and 4 mol of Hx(g) have
been consumed, and 1 mol of CsHsg(g) has been produced. This is exactly what is
required. We can now combine the three modified equations by summing them up (i.e.

@'+ () +(c))

3C0.(g) +4H20(I) — C3Hs(g) + 502(g) AH® = 2219.9 kJ mol* (@)’
3C(s) +302(g)—> 3C0x(g) AH = 3(- 393.5 kJ mol?) = -1180.5 kI mol  (b)’
202(g)+ 4H2(g) — 4H20(l) AH° = 4(-285.8 ki mol™) = -1143.2 kI mol?*  (c)’

3C(s) + 4 Hz(g) > CsHs(g) AH?= -103.8 k] mol~?!

Solving the above with a thermochemical cycle:

AH
502(g) +3C(s) +4H2(gy ——» CsHs(g) +502(g)

4 x -285.8 kJ mol ;
3 x -393.5kJ mol 1 2219.9 kJ mol 1

3CO0;,(g) + 4H,0(l)

AH = 3(- 393.5 k] mol) + 4(-285.8 ki mol) + 2219.9 k] mol* = -103.8 kj mol~?

Representation and solving of the above with an enthalpy diagram:

In the enthalpy diagrams we have drawn, we have not written any numerical values on
the enthalpy axis. This is because we cannot determine absolute values of enthalpy, H.
However, enthalpy is a function of state, so changes in enthalpy, AH have unique
values. We can deal just with these changes. Nevertheless, as with many other
properties, it is still useful to have a starting point, a zero value.
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H/ kJ mol’ H/ kJ mol’
A 3C(s, graphite) + 4H>(g) + 50:(g) A 3C(s, graphite) + 4Hx(g) + 50:(g)
AH, =-104 AH, =104
Formation of 3 CO.(g) Formation of 3 CO,(g)
> 5 AH, =3 (-393.5) C:Hs(g) + 5 0(g) AH, =3 (393.5)
el -1180.5 .. = 1180.5
WV 3co.(g) + 4H,(2)+20.(g) 3CO,(g) + 4H (g)+20,(g)
AH, =-2219.9 - - AH,, =2219.9
Formation of 4 H,0() Formation of 4 H,0()
AH, = 4 (-285.8) AH, =4 (285.8)
-1143.2 =1143.2
Y 3CO0,(g) + 4 H:O(I) 3CO0:(g) + 4 HO(1)
(a) (b)

Figure 2.6 Enthalpy diagram for 3C(s) + 4Hx(g) — CsHs(g) reaction. (a)
represents each process with the enthalpy values with respect to
the direction of reaction. (b) shows the enthalpy-gap and we can
decide the sign according to the direction of the reactions wanted.

Standard enthalpies of reaction

We have learned that if the reactants and products of a reaction are in their standard
states, the enthalpy change is the standard enthalpy change, which we can denote as
AH® or AHE,,. One of the primary uses of standard enthalpies of formation is in
calculating standard enthalpies of reaction.

Example 2.1
Calculate the standard enthalpy of reaction for the decomposition of sodium
bicarbonate, a side reaction that occurs when baking soda is used in baking by using
Hess law.

2 NaHCO3(s) = NaxCOs(s) + H20(l) + CO2(g) AHY,,, = ?

Answer:

From Hess law, we see that the following four equations yield the above equation
when added together.
2NaHCOs(s) — 2Na(s) + Ha(g) + 2C(graphite) +302(g) AH® = —2AHfNapco sy (@)

2Na(s) + C(graphite) + %Oz(g) — Na2COs(s) AH® = AHZ\. co.o) (b)
~02(g) + Ha(g) > H20() AH® = AHfiy, o0 ©
C(graphite) + Oz2(g) - CO2(g) AH® = AHfico,) C)

2NaHCOg3(s) — Na2COs(s) + H20(l) + CO2(g) AHP,, = ?
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Equation (a) is the reverse of the equation representing the formation of two moles
of NaHCOz3(s) from its elements. This means that AH® for reaction (a) is the
negative of twice AHfy.uco,- EQuations (b), (c) and (d) represent the formation of
one mole each of Na2COzs(s), H20(I) and CO2(g). Thus, we can express the value of
AHe® for the reaction;

AHpn = AHping,co5e01 + AHfm001 + AHfco, @ + (= 28H7 Nancos (s)1)
= (~1130.68 kJ mol?)+(-187.78 kJ mol1)+(-393.51 kJ mol?) + (1901.62 kJ mol?)
= 189.65 kJ mol™* (For 2 moles of NaHCOz3(s))
= 94.825 kJ mol* (For 1 mole of NaHCOs(s))

We can use the enthalpy diagram to visualize the Hess law procedure and to show how
the state function property of enthalpy enables us to arrive at the equation above.

Imagine the decomposition of sodium bicarbonate taking place in two steps. In the first
step, suppose a vessel contains 2 mol of NaHCO3(s) which is allowed to decompose into
2 mol Na(s), 2 mol C(graphite), and 3 mol of O2(g) as in equation (a) above. In the second
step, recombine 2 mol Na(s), 2 mol C(graphite), 1 mol of Hz(g) and 3 mol of Oz(g) to form
the products according to equations (b), (c) and (d) above.

Step 1: 2 x [NaHCOs(s) — Na(s) + 1/2H,(g) + C(graphite) + 3/202(g)]
AH? = 2x (-AHP[NaHCOs(s)]) = (2 mol)[(-950.81 kJ mol™)]
Step 2: 2Na(s) + C(graphite) + 3/20,(g) — Na-COs(s)
AH® = AH?[Na,COs(s)] = (1 mol Na;CO3)(-1130.68 kJ mol™)]
C(graphite) + O2(g) — CO2(g)
AH?= AHg [COx(g)] = (1 mol CO,)(-393.51 kJ mol™)]
Ha(g) + 1/2 Ox(g) — H20(I)
AH? = AHg [H0(I)] = (1 mol H,0)(-187.78 kJ mol™)]

Because enthalpy is a state function and the change of any state function is independent
of the path chosen, the enthalpy change for the overall reaction is the sum of the
standard enthalpy changes of the individual steps as shown in the above equation
according to Hess law. Therefore, the above procedure is a specific application of the
following more general relationship for a standard enthalpy of reaction.

— 0
[AHern - Z Vp Hf[products] - Z Vr er[reactants] }
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where v,andv, are the stoichiometric coefficients of products and reactants,
respectively. The enthalpy change of the reaction (AHS,,) (sometimes written as AH?) is
the sum of terms for the products minus the sum of terms for the reactants.

Simply for example, consider the hypothetical reaction
aA+bB —>cC+dD AHy o = ?

where a, b, c and d are stoichiometric coefficients. For this reaction AH,,,, is given by
AHn = [ ¢ AHR ) + d AHP )| — [ @ AHfjay + b AHf g

In order to use the above equation to calculate AHy,,, we must know the AH values of

the compounds that take part in the reaction. To determine these values we can apply
the direct method or the indirect method.

The Direct Method,;
This method of measuring AH¢ works for compounds that can be readily synthesized

from their elements. Suppose we want to know the enthalpy, AH?,,, for the combustion
of C2He(g). We must measure or know the AHE values of C2He(g), O2(g), CO2(g) and
H2O(l) in their standard states.

Example 2.2
Calculate 4Hp,,, for the combustion of C2He(g) using the direct method

Answer:
The reaction is;

CzHe(g) + ;02(g) —> 2CO2(g) + 3H20 ()
7
AHpn = [28H1co, g1 + 3AH 1 0ay] = [ AHfcm0001 + 5 AHF02(0)1]
= 2x-393.5 k] mol™*+3 x -285.8 kJ mol™ — (-84.7 kJ mol*+ %x 0.0 k] mol™)
= -1559.7 k] mol 1

The Indirect Method;

In many cases or reactions, compounds cannot be directly synthesized from their
elements. In some cases, the reaction proceeds too slowly, or side reactions produce
substances other than the desired compound. In these cases AHZ can be determined by

an indirect approach of Hess law as described earlier.
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Example 2.3
Calculate 4H?,,, for the combustion of C2Hs(g) using the indirect method

Answer:
This is use of simple Hess Law cycles that you are likely to come across.

In the cycle below, this reaction has been written horizontally, and the enthalpy of
formation values are added to complete the cycle.

Hess law cycle for the reaction of C2Hs with O».

<)
A4H rxn

CHg(g) + 7/202(g) —» 2COx(g) + 3H20(D)
-84.7 kI mol 2x393.5 kJmol!
3x285.8 kJ mol!

2C6s) + 72048 + 3Hy(g)

And now for the calculation we can write down all the enthalpy changes which
make up the two routes, and equate.

—84.7kJmol™! + AH° = 2x-393.5k]mol™! + 3 x -285.8 k] mol~?!
AH® = -1559.7 k] mol !

2.3 Lattice enthalpy or enthalpy of formation of an ionic compound: Born-Haber
cycle

We can predict which elements are likely to form stable ionic compounds based on
ionization energy and electron gain enthalpy. lonization energy and electron gain
enthalpy are defined for processes occurring in the gas phase, but at 100 kPa (1 atm)
and 25 °C all ionic compounds are solids. The solid state is a very different environment
because each cation in a solid is surrounded by a specific number of anions, and vice
versa. Thus the overall stability of a solid ionic compound depends on the interactions
of all these ions and not merely on the interaction of a single cation with a single anion.
A quantitative measure of the stability of any ionic solid is its lattice (dissociation)
enthalpy, defined as the enthalpy change when one mole of a solid ionic compound is
completely separated into its gaseous ions.
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Lattice (dissociation) enthalpy cannot be measured directly. However, if we know the
structure and composition of an ionic compound, we can calculate the compound’s
lattice enthalpy by using Coulomb law, which states that the potential energy (E)
between two ions is directly proportional to the product of their charges and inversely
proportional to the distance of separation between them (will not discuss here).

We can also determine lattice enthalpy indirectly, by assuming that the formation of an
ionic compound takes place in a series of steps. This procedure, known as the Born-
Haber cycle, relates lattice enthalpies of ionic compounds to ionization energies,
electron gain energies and other atomic and molecular properties. Basically, it is based
on Hess law. The Born-Haber cycle defines the various steps that precede the formation
of an ionic solid. We will illustrate its use to find the lattice (dissociation) enthalpy of
lithium fluoride. Consider the reaction between lithium and fluorine.

Li(s) + > Fo0) > LiFs)  AHPy, =?

The standard enthalpy change for this reaction is -594.1 kJ mol™* which is the standard
enthalpy of formation of LiF. Considering the formation of LiF from its elements
through five separate steps as described below. This pathway facilitates to analyze the
energy (enthalpy) changes in ionic compound formation, with the help of Hess law.

1. Sublimation step to convert solid lithium to lithium vapour

Li(s) — Li(g) AHS,, = AH§ = 155.2 K] mol~1
2. Atomization of Fz(g) to F(g)

;Fz(g) — F(g) AHS, = AHS = 75.3 k] mol™!
3. lonization of gaseous Li atoms

Li(g) > Lit(g) +e AHSg, = AH} = 520 K] mol~1
4. Formation of F~ by capturing an electron

F(g) +e =>F(q) AHS. = AH} = —328 K] mol 1
5. Combination between Li*(g) and F~(g)

Li*(g) + F~(g) = LiF(s) AH? = xK]Jmol™!

The lattice dissociation enthalpy of LiF is defined as
LiF(s) — Li*(g) + F~(q) AHY = —AH? = —x K mol™?!

The value of AH? can be calculated by the following procedure. As the overall reaction
has the standard enthalpy change, AH,.,, of -594.1 kJ mol*?, we can write,
AHS., = AHY + AHS + AHS + AH + AHS

and by summing up reactions of 5 steps we get the overall reaction as ;
Li(s) + %Fz(g) — LiF(s)
Therefore, -594.1 kJ mol™ = 155.2 kJ mol*+75.3 kJ mol"*+520 kJ mol™+(-328 kJ mol™) + AHZ
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AH? = -1016.6 Kk mol~! and hence the lattice dissociation enthalpy of LiF(s) is
1016.6 k] mol 1

The Figure 2.7 below summarizes the Born-Haber cycle for LiF. Steps 1, 2 and 3 all
require the input of energy. On the other hand, steps 4 and 5 release energy. Because
AH? is a large negative quantity, the lattice dissociation enthalpy of LiF is a large
positive quantity, which accounts for the stability of solid LiF. The greater the lattice
dissociation enthalpy means that the more stable the ionic compound which exists. Keep
in mind that lattice dissociation enthalpy is always a positive quantity because the
separation of ions in a solid into ions in the gas phase is an endothermic process.

Li'(e) + e + F(g)

Li'(g) + F(g)
AH®, A
AH’, 5 =-328 kI mol” AHC A AH
=520 kJ mol o+ " 3 5 AL |
Li(g) + F(g) =520 kJ mdl’ =-328 kJ njol
Li(g) + F(g) Li(g) + F(g)
AH®, =1 A AH®
=753 ki mol A A - -1016.6 kJ mol”
Li(g) + 12 F (g) AHOI ) AHO? .
— = 155.2 kJ thol” =753 kI nfol’
AHOI " /\110.
= 155.2 kI mol = -1016.6 kJ mol’
Li(s) + Y2 F(g) Li(s) + % Fy(g)
AHOHLITO)I 2 AHCHL.P@:) 2
=-594.1 kI mol™ =-594.1 kI mol”
LiF(s
LiFs) Y ) X
(@) (b)

Figure 2.7 Born-Haber cycle of the above system (AHS = -1016.6 k] mol~*
and hence the lattice dissociation enthalpy of LiF(s) is
1016.6 kJ mol™). In (a) each process is shown separately while (b)
show respective processes together.

2.4 Spontaneity of chemical reactions

Spontaneous processes; An important part of experimental chemistry deals with
spontaneous reactions, that is, reactions that take place without having to continually
supply energy from outside the system. Or we can describe that as once a spontaneous
reaction starts it will go to completion until either the reactants are consumed or it enters
a state of equilibrium if the products are not removed. It is also important to remember
that the term spontaneous does not necessarily mean a fast reaction rate. Time is not a
part of the thermodynamic definition of a spontaneous process. A spontaneous process
may or may not happen immediately, or at all.
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For example, the conversion of diamond to graphite is a spontaneous process at 25 °C
and a pressure of 100 kPa, even though this process is so slow that it cannot be observed
in a human life time.

One goal of thermodynamics is to predict whether a reaction will take place when a
given set of reactants is brought together. Thermodynamics only tells us whether or not
the reaction will occur, but it tells us nothing about how fast.

The release of heat by a reaction was once thought to be an indication that the reaction
was spontaneous. The sign of the enthalpy change, AH or AH® , by itself is not an
adequate guide to spontaneity because while some spontaneous reactions are known to
be exothermic (AH® is -ve), many endothermic reactions (AH® is +ve) are known to be
spontaneous as well.

In addition to the heat absorbed or released in a spontaneous process, another factor
called entropy must be considered. Entropy is a measure of the disorder or randomness
of a system. The entropy (S) is a state function that increases in value as the disorder or
randomness of the system increases. Entropy has the units J K- mol ™,

A number of factors contribute to the entropy of a substance, such as the physical state,
temperature, molecular size, intermolecular forces, and mixing. Here at this stage it is
simply described with physical state and temperature.

Gases tend to have the highest entropies because the motion of gas particles is highly
random. Liquids tend to have higher entropies than solids, which are much more
restricted in their motions. At room temperature, one mole of CO2(g) has a much higher
entropy than one mole of liquid water, which has a higher entropy than one mole of
solid copper metal. The entropy of a substance increases with temperature because the
translational and rotational motions of the molecules increase with temperature. Water
at 50 °C is higher in entropy than water at 25 °C.

Standard entropy change of a chemical reaction

The standard entropy change of a reaction is denoted by the symbol AS,.,,. It can be
calculated from standard molar entropy (entropy content of one mole of substance under
a standard state) values where each standard molar entropy value is multiplied by the
stoichiometric coefficient in the balanced chemical equation.

[ ASE., = 2 S®(products) — X'S® (reactants) ]

ASE,,, is the entropy change when pure (unmixed) reactants in their standard states are
converted to pure (unmixed) products in their standard states. The sign of AS?,,, can
often be estimated by taking into account the stoichiometry of a reaction and the
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physical states of reactants and products. If the total number of moles of gas increases
when going from reactants to products, we can predict that the sign of ASZ,,, is positive.
The entropy of products is higher than that of reactants. Conversely, if the number of
moles of gaseous products is less than the number of moles of gaseous reactants then
the sign of ASZ,, is negative.

Example 2.4
Hydrogen and oxygen react to form water vapor in a spontaneous reaction.
2H2(g) + O2(g) — 2H20(g)
Predict the sign of the entropy change for this reaction and calculate AS?,,, at
25 °C.

Answer:

When hydrogen and oxygen gas react to form water vapour, three moles of gas are
converted into two moles of gas, for every mole of reaction. The total number of
moles of gas decreases, so ASg,,, for this reaction should be negative.

Using standard molar entropy values to calculate the standard entropy;
ASS., = S° (products) — S® (reactants)
= (2 mol)(S° [H:0(9]) — {(2 mol)(S® [Hxg]) + (1 MOI)(S® [Ox0])}
= (2)(188.8 JK™ mol™t) — {(2)(130.7 J K* mol™?) + (1)(205.1J K* mol%)}
=-88.9 J K'mol?

The entropy change for this reaction is negative, as predicted based on the reaction
stoichiometry.

For a reaction to occur spontaneously, both enthalpy, AH,.,, and entropy, AS,..,, should
be considered. As we know, for a reaction we can simply say that the decrease in
enthalpy and increase in entropy favour the reaction and hence the reaction occurs
spontaneously. In addition following combinations can also be considered under some
conditions of temperature.

AHY., —Vve, ASS.,, + ve Spontaneous at all temperatures

AHY., +ve, ASS., + ve Spontaneous at high temperatures

AHR,, —ve, ASS.,, — ve Spontaneous at low temperatures

AHE,, +ve, AS2., — ve Not spontaneous at all temperatures (Reverse

reaction is spontaneous)
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Gibbs free energy (G) and spontaneity of a reaction

As we have seen, the spontaneity of a reaction is determined by both the entropy and
enthalpy change of the system. The Gibbs free energy (G), or simply free energy, is a
state function that combines enthalpy and entropy, where T is the absolute temperature.
G is defined as follows:

[ G=H-TS ]

For a reaction occurring at constant temperature, the change in free energy is,

[AG=AH—TAS]

For a reaction occurring at constant temperature and at standard state the change in free
energy is,

[ AG?‘xn: AH gxn_ T A'ngn ]

Note: Sometimes AG?,,, indicated as AG;.

e A reaction that is at equilibrium has AG?,,,= 0. There will be no net change in
either the forward or reverse direction. For a spontaneous reaction at constant
temperature and pressure, AGY,, < 0, and for non-spontaneous reaction
AG?Y,,, > 0.

Example 2.5
Carbon monoxide and oxygen gas react to form carbon dioxide.
CO(g) + %2 O2(g) > CO2(g)
Calculate the standard free energy change for this reaction at 25°C from AHp,,
and AS?,.,,.
(AHP[CcOx(g)]= —393.5 ki mol™, AHP[CO(g)]= ~110.5 kJ mol™, $° [cOx(g)]= 213.7 I mol™* K,

S@[co(g)] = 197.7 I mol™ K%, §©[0x(g)] = 205.1 J mol™* K*)

Answer:
Using the standard heats of formation calculate first the enthalpy change for this
reaction under standard state conditions.
AHZ,,, = AHE (products) — AHP (reactants)
= AHP[COx(g)] — AHF[CO(g)] — %2 AHE [0x(g)]
=—393.5 kJ mol™* — (—110.5 kJ mol™) — 0 k mol*
=—283.0 kJ mol*
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Table 2.2 A summary
Relationships Units
Enthalpy Change AH =X Vp H(products) - VrZ H(reactants) kJ mOI_l
of reaction

Standard enthalpy \pe _ E 0 Z 0 kJ mol™
= ) wH - > v.H
Change of a rXxn p* f[products] r I1f [reactants]

reaction I :
(Where v,, and v, are the stoichiometric
coefficients of products and reactants)
Hess Law If a process occurs in stages or steps (even if only hypothetically), the

enthalpy change for the overall process is the sum of enthalpy changes
for the individual steps.

In other words, Hess law is simply a consequence of the state function
property enthalpy. Regardless of the path taken in going from the
initial state to the final state, AH (or AH®) if the process is carried
out under standard conditions) has the same value or it is
independent of the route.

Standard entropy  AS?,,, = 2'v,5° (products) —2'v,.S° (reactants) JKtmol?
change for a

reaction
Standard change ~ AGR,= AHE— T ASEn kJ mol?
in free energy
Spontaneity ofa ~ Spontaneous at all temperatures AHE,, -ve
reaction AS2, + ve
Spontaneous at high temperatures AHY,,, +ve
ASE., + ve
Spontaneous at low temperatures AH,, -ve
ASE,.,, — ve
Not spontaneous at all temperatures (Reverse ~ AHZ,, +ve
reaction is spontaneous) ASP, — ve
Spontaneous AGE.,, < 0
Not spontaneous AG, >0
Equilibrium AGR,=0
Reference:

Atkins, P. and Paula, J. (2000) Atkins’ Physical Chemistry. Oxford, New York: Oxford
University Press.

Chang, R. (2010) Chemistry 10" Edition. New York: McGraw Hill.
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Introduction
This section describes the physical and chemical properties of elements in s, p and d
blocks. This section will help to identify trends and patterns among elements in the
periodic table.

s Block Elements

4.1 Group 1 elements

All Group 1 elements are metals except hydrogen which is a nonmetal. Unlike most other
metals, they have low densities. All Group 1 elements have the valence shell electron
configuration of ns* therefore, they are highly reactive.

Sodium can be found naturally as various salts such as NaCl (rock salt) and
Na2B407-10H20 (borax). Some examples of naturally occurring potassium salts are KCI
(sylvite) and KCI-MgCl,-6H20 (carnallite).

4.1.1 Group trends

All alkali metals are lustrous. They are high electrical and thermal conductors. These
metals are soft and become even softer when progress down the group. The melting point
of Group 1 metals decreases down the group. The values given in Table 4.1 below can be
used to understand the trends among these elements. Group 1 metals always show
oxidation number of +1 when they form compounds. Most compounds are stable ionic
solids.

Table 4.1 Properties of Group 1 elements

Li Na K Rb Cs

Ground state electronic

1 1 1 1 1
configuration [He]2s® [Ne]3s™ [Ar]4st [Kr]5s [Xe]6s

Metallic radius/ pm 152 186 231 244 262
Melting point/ °C 180 98 64 39 29
Radius of M*/ pm 60 95 133 148 169
1% ionization energy/ kJ mol* 520 495 418 403 375
2"% jonization energy/ kJ mol™* 7298 4562 3052 2633 2234

Increase in the atomic radius from Li to Cs makes the ionization energy of these elements
to decrease down the group, and this can be used to explain the chemical properties of
Group 1 elements. Reactivity of the Group 1 elements increases down the group.

** \When writing equations in inorganic chemistry, it is not always essential to indicate
the physical state of reactants or products. However, always balance equations must be
written to consider as a complete answer.
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4.1.2 Reactions of Group 1 elements

With oxygen (O>) 4M + O3 — » 2M0

With excess oxygen (O2) Na form peroxides 2Na+0O, ——5 Na0O2

With excess oxygen (O2) K, Rband Csform M + O — MO

superoxides

With nitrogen (N2) only Li forms stable 6Li + N2 —» 2LisN
nitride

With hydrogen (H>) 2M + H; — 2MH

With water (H20) 2M +2H,O0 —» 2MOH + H>
With acids (H") 2M +2H" —» 2M"+H>

Reaction with water
Group 1 metals show an increase in reactivity with water down the group. The reactivity
trend with water is as follows.

Li Na K Rb Cs

Vigourously
with ignition

Gently Vigorously Explosively Explosively

Lithium reacts non-vigorously with water or with water vapour available in the air to
produce lithium hydroxide and hydrogen gas. However, both sodium and potassium react
vigorously with water to produce metal hydroxide and hydrogen gas. These reactions are
highly exothermic except with Li.

Reactions with oxygen/ air

Lithium can react both with oxygen and nitrogen. When heated, lithium burns to produce
lithium oxide (Li20), a white powder. With nitrogen gas, lithium gives lithium nitride
(LisN). However, both sodium and potassium do not react with nitrogen gas. When
sodium is burnt in air, sodium peroxide is mainly produced with some sodium oxide. In
contrast, when potassium is burnt in air, potassium superoxide is formed as the main
product with some potassium oxide and peroxide. Oxidation numbers of oxygen in
sodium or potassium peroxide are -1 and in potassium superoxide, oxidation numbers are
-1 and 0.

Group 1 metal oxides react with water to produce metal hydroxides as shown below.

Na2O(s) + H2O(I) —— 2NaOH(aq)
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When heated, lithium forms lithium nitride with nitrogen. Only lithium forms a stable
alkali-metal nitride. With water, lithium nitride produces ammonia and lithium hydroxide.

LisN(s) + 3H20() — 3LiOH(aq) + NHs(g)

Group 1 hydroxides react with carbon dioxide to produce relevant carbonates. These
carbonates can further react with carbon dioxide to produce metal hydrogen carbonates.

2NaOH(aqg) + CO2(g) — Na2COz3(aq) + H20(l)
Na2COs(aq) + CO2(g) + H20(I) — 2NaHCOs(s)
Sodium hydrogen carbonate is less soluble than sodium carbonates in water.

Reactions with hydrogen gas

Group 1 elements react with hydrogen to produce solid, ionic metal hydrides. In these
hydrides, hydrogen has the oxidation number of —1. These metal hydrides react
vigorously with water to produce hydrogen gas.

2Na(s) + Ho(g) — 2NaH(s)

NaH(s) + H20(I) — NaOH(aq) + Hz(g)

Reactions with acids

Lithium, sodium and potassium react vigorously with dilute acids to produce hydrogen
gas and relevant metal salts. These reactions are highly exothermic and explosive. A few
selected reactions are shown below.

2Li(s) + dil. 2HNOs(aq) — 2LiNOs3(aq) + H2(g)

2Na(s) + dil. H,SOs(aq) — Na2S0a4(aq) + H2(9)
4.1.3 Thermal stability of salts
Decomposition of nitrates
Group 1 nitrates are used as fertilizers and explosives. These nitrates decompose upon
heating. LINO3 decomposes to produce lithium oxide, nitrogen dioxide and oxygen.
However, the other Group 1 nitrates on heating produce relevant metal nitrite and oxygen.

4LiINO3(s) —2— 2Li,0(s) + 4NO2(g) + O2(q)

2KNO3(s) —2—» 2KNOy(s) + O2(q)
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Decomposition of carbonates
Carbonates are stable and they will melt before they decompose into oxides. However,
LioCOz is less stable and decomposes readily.

Li,COs(s) —2—» Liz0(s) + CO2(q)

Decomposition of bicarbonates
Decomposition of bicarbonates of Group 1 is shown below.

2NaHCOs(s) —2— NaxCOs3(s) + H20(g) + COx(q)
Thermal stability increases down the group.
4.1.4 Solubility of Group 1 salts
All Group 1 salts are soluble in water except some lithium salts such as LiF, Li»COz and
LisPO4. All these salts are white solids unless the salt anion is a coloured ion.

Solubility of Group 1 halides increase down the group is shown in Table 4.2.

Table 4.2 The solubility of halides of sodium

Salt Solubility/ mol L
NaF 0.99

NaCl 6.2

NaBr 9.2

Nal 12.3

Variation in the solubility can be understood using the energy cycle for the solvation of
ionic solids. The solubility can be explained using Gibbs free energy. For almost all ionic
solids of Group 1, are soluble in water due to the negative Gibbs free energy in the
solvation process.
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Enthalpy and entropy cycles for the solvation process are shown below.

M*(g) + X~ (@) M*g) + X~ (g)
I Lattice lon hydration

lon entropy entropy

Lattice h&'dﬁm M*(aq) + X~ (ag)

energy entha F¥ NI"‘X_{S} S Entrup}l of

solution
M*(ag) + X (aq)
M*X~(s) 4’_\} Enthalpy of

solution

Figure 4.1 Enthalpy and entropy cycles for the solvation process

Using these two energy cycles, enthalpy and entropy change of solvation can be
calculated and these calculated values are given in Table 4.3. Free energy is calculated
using the equation,

AG? = AH? - T AS°

Table 4.3 Free energy change of salts during solvation

Salt Enthalpy change/  Entropy change x T Free energy change/
kJ mol*! (K x kJ molt K1) kJ mol*?

NaF +1 -2 +3

NaCl +4 +13 -9

NaBr -1 +18 -19

Nal -9 +23 -32

Calculated Gibbs free energies match with the solubility trend for the sodium halides. The
free energy change gets more negative from sodium fluoride to sodium iodide.

4.1.5 Flame test
The flame test can be used to identify alkali metals and their compounds. Flame colours
of Group 1 metals and compounds are given below.

Lithium — Crimson red Sodium — Yellow

Rubidium — Red-violet Caesium — Blue - violet
Potassium — Lilac

4.2 Group 2 elements
Group 2 elements are known as alkaline earth metals. They are less reactive than Group
1 metals due to its valence shell ns? electron configuration.

Both calcium and magnesium can be found naturally in dolomite (CaCO3-MgCOQO3).
Magnesite (MgCOs), kieserite (MgSO4-H.0O) and carnallite (KMgClz-6H20) are
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examples of minerals with magnesium. Fluoroapatite [3(Ca3(POa4)2)-CaF2] and gypsum
(CaS04-2H20) are commercially important calcium contacting minerals.

4.2.1 Group trends

Beryllium and magnesium are greyish metals and other Group 2 metals are soft and
silvery in colour. Group 2 metal oxides produce basic oxides except for BeO which shows
amphoteric properties. Beryllium behaves similar to Al and this can be understood using
the diagonal relationship between Al and Be in the periodic table.

Elements of Group 2 have higher densities and stronger metallic bonds compared to the
Group 1 metals. This is due to the availability of a greater number of electrons to form a
stronger metallic bond and their smaller size in atomic radii.

The first ionization energies of Group 2 elements are higher than that of Group 1 elements
due to their electron configuration of ns?. Elements become more reactive and produce
+2 oxidation state easily down the group. The properties of Group 2 elements are given
in Table 4.4.

Table 4.4 Properties of Group 2 elements

Be Mg Ca Sr Ba

Ground state electronic

2 2 2 2 2
configuration [He]2s [Ne]3s [Ar]4s [Kr]5s [Xe]6s

Metallic radius/ pm 112 160 197 215 224
Melting point/ °C 1560 923 1115 1040 973
Radius of M?*/ pm 30 65 99 113 135
1% jonization energy/ 899 736 589 594 502
kJ mol*
2"d jonization energy/ 1757 1451 1145 1064 965
kJ mol*
3 jonization energy/ 14850 7733 4912 4138 3619
kJ mol?
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4.2.2 Reactions of alkaline earth Group 2 elements

With oxygen (O>) 2M+02 —» 2MO

With excess oxygen (O2) Baformsits Ba+ 0, — BaO:
peroxide

With nitrogen (N2), at high 3M+Nz2 —» MsN:
temperatures

With water (H20(1)), at room M + 2H,O —> M(OH), + H>
temperature (e.g.: Ca, Sr and Ba)

With hot water (H20(1)) Mg + 2H,0 — Mg(OH). + H>
(e.g.: Mg reacts slow)

With steam (H20(Q)) Mg + HLO — MgO + H>
With acids (H") M+2H" —» M +H;
With hydrogen (H-), at high M+H, —» MH;

temperatures with Ca, Sr, Ba at high
pressure with Mg

With concentrated acids Mg + 2H2SO4 —» MgSO4 + SOz + 2H20
Mg + 4HNOz3— Mg(NO3)2+2NO2+2H,0

Reaction with water

Beryllium does not react with water, but it reacts with steam. The reaction of magnesium
with water at room temperature is negligible. However, magnesium reacts slowly with
hot water. Calcium, strontium and barium react readily with cold water. Reaction with
water produces metal hydroxide and hydrogen gas.

Ca(s) + 2H20(I) — Ca(OH)2(aq) + H2(9)

Reactions with hydrogen

All Group 2 elements, except Be, react with hydrogen to produce metal hydrides which
are ionic solids. In these hydrides, hydrogen has an oxidation number of — 1. These metal
hydrides (not violent as Group 1) react vigorously with water to produce hydrogen gas.

Ca(s) + Ha(g) — CaHa(s)
CaHa(s) + 2H20() — Ca(OH)2(aq) + 2H2(g)

Reaction with nitrogen
All Group 2 elements burns in nitrogen to form MzNz, nitrides. These nitrides react with
water to produce ammonia in the same way as lithium does.

3Mg (s) + N2(g) —> MgsN2(s)
MgsN2(s) + 6H20(I) — 3Mg(OH)2(aq) + 2NH3(g)
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4.2.3 Thermal stability of salts

Decomposition of nitrates

Upon heating, Group 2 nitrates behave much similar to lithium nitrate. Group 2 nitrates
decompose to produce metal oxide, nitrogen dioxide and oxygen. All Group 2 nitrates are
soluble in water.

2Mg(NO3)2(s) — 2MgO(s) + 4NO2(g) + O2(qg)

Decomposition of carbonates

Thermal stability of these carbonates increases down the group. Thermal stability of these
carbonates increases with the size of the cation. The polarizing power of the cation
decreases down the group due to the decrease of charge density of the cation. Carbonate
anion attached to Mg?* cation is highly polarized than that of carbonate attached to Ba?*.
Highly polarized carbonate anion can undergo decomposition easily and this explains the
lower decomposition temperature of MgCOs than that of BaCOaz.The general
decomposition of metal carbonates is shown below.

MCO3 — MO + CO;
Decomposition temperature increases from 540 °C for MgCOz to 1360 °C for BaCO:s.

Decomposition of bicarbonates
Group 2 hydrogen carbonates are only stable in aqueous solutions and solid Group 2
hydrogen carbonates are not stable at room temperature.

Ca(HCO3)2(agq) —> CaCOs(s) + CO2(g) + H20(1)

4.2.4 Solubility of Group 2 salts

Solubility of Group 2 changes depending on the compound. Some compounds such as
nitrate, nitrite, halides, hydroxides, sulphides, bicarbonates all are soluble in water.

The solubility varies down the group for certain compounds such as hydroxides, sulphate,
sulphite, carbonate, phosphate and oxalate showing the patterns given in Table 4.5.

Salts of Group 2 metals with uninegative anions, such as chloride and nitrates are
generally soluble. However, salts formed with anions containing more than one negative
charge, such as carbonates and phosphates, are insoluble. All carbonates are insoluble
except BeCOs. Hydrogen carbonates are more soluble than carbonates. The solubility of
Group 2 sulphates changes from soluble to insoluble when comparing solubility from
MgSOs to BaSO4. On the other hand, hydroxides change solubility from insoluble to
soluble when moving down the group. For example, Mg(OH)2 is sparingly soluble
whereas Ba(OH): is soluble and produces a strongly basic solution.
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Table 4.5 Solubility of Group 1 and 2 compounds

Na* K* Mgz+ Caz Sr2+ Ba2*
CI ag aq aq aq ag aq
Br aq aq aq aq aq aq
I aq aq aq aq aq aq
OH- aqg ag IS SS SS ag
COs* aq aq IS IS IS IS
HCOs  aq ag ag aqg aqg ag
NO, ag ag ag ag aq ag
NOs aq ag ag ag aqg ag
Sz aq aq aq aq aq aq
SOs* aq aq SS IS IS IS
SO4* aq aq aq SS IS IS
PO.* aq aq IS IS IS IS
CrOZ  aq aq aq aq IS IS
C.0+  aq aq SS IS IS SS

aqg - soluble, IS — insoluble, SS — sparingly soluble

4.2.5 Flame test
Alkaline earth metals and compounds produce characteristic colours with the flame, and
the flame test can be used to identify these elements using the flame colors shown below.

Calcium — Orange-red Strontium — Crimson red Barium — Yellowish-green
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p Block Elements

4.3 Group 13 elements

4.3.1 Group trends

Boron is a metalloid, and most of the boron compounds are covalent. However,
aluminium is a metal with amphoteric properties. Gallium, indium and thallium are
metals. The first member, B, of Group 13 is different from the other members due to its
smaller atomic radius. Boron shows a strong diagonal relationship with Si in Group 14.
All elements in Group 13 produce +3 oxidation state. The properties of Group 13 elements
are given in Table 4.6.

Table 4.6 Properties of Group 13 elements

**B Al **Ga **In **T]
Ground state
electronic [He]2s?2p*  [Ne]3s23pt [Ar]3d1%4s%4p* [Kr]4d1%5s%5pt [Xe]4f**5d'%6s%6p*
configuration
Metallic radius/ pm - 143 153 167 171
Covalent radius/ pm 88 130 122 150 155
Melting point/ °C 2300 660 30 157 304
Radius of M**/ pm 27 53 62 80 89
" lonization energy/ 799 577 577 556 590
kJ mol
2" lonization eneray/ 5457 1817 1979 1821 1971
kJ mol
3 jonization energy/
WJ mol-: 3660 2745 2963 2704 2878

**Not a part of current G. C. E. (A/L) syllabus

4.3.2 Aluminium

Aluminium is the third most abundant element in the earth crust. The exposed surface of
aluminium produces a layer of Al,O3. This layer makes aluminium resistant to further
reactions with oxygen. Due to this impermeable layer, Al can be considered as a non-
reactive element with air.

Reactions of aluminium
Aluminium reacts readily with O. and halogens. Also, it reacts with N.

With oxygen (O2) : 4Al + O, — 2Al03

With halogen (X2): 2Al + 3X; —» 2AIX3
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With nitrogen (N2): 2Al + N, —  2AIN

Aluminum is less reactive than Groups 1 and 2 elements. Similar to beryllium, aluminium
reacts with both acids and bases. The equations for the reactions of Al with acids and
bases are given below.

2Al(s) + 6HCl(ag) — 2AICl3(aq) + 3H2(q)

2AI(s) + 20H (aq) + 6H20(1) — 2[AI(OH)4] (aq) + 3H2(9)

Aluminium ion in aqueous solution is expected to be present as hexaaquaaluminium ion.
However, hydrolysis of AI** produces [Al(OH2)s(OH)]?*(pentaaquahydroxidoaluminium
ion) and then produces [Al(OH2)4(OH)2]" (tetraaquadihydroxidoaluminium ion) as shown
below.

[AI(OH2)e]*"(aq) + H2O(I) == [AI(OHz2)s(OH)]**(aq) + H3O"(aq)

[AI(OH2)5(OH)]*(aq) + H20(1) [Al(OH2)4(OH)]*(aq) + HsO"(aq)

Addition of OH" ions to aluminum ions first produces a gelatinous precipitate of
aluminum hydroxide. With excess OH" ions, the precipitated aluminum hydroxide is
converted to tetrahydroxidoaluminate complex ion.

Al¥*(aqg) + 30H (ag) — AI(OH)3(s) (white gelatinous ppt)
AI(OH)3(s) + OH (ag) — [AI(OH)4] (aqg) or AlO2 (aq) + 2H20(l)

Group 13 elements can have six electrons in their valence shell by forming three covalent
bonds due to their ns?np® electron configuration. As a result, many of the Group 13
covalent compounds have an incomplete octet, so can act as Lewis acids to accept a pair
of electrons from a donor. These compounds with incomplete octet are called electron
deficient compounds. Both B and Al compounds with incomplete octet form dimers in
the gaseous phase to satisfy the octet rule (Figure 4.2).

Cl

Figure 4.2 Structure of gaseous AlCls
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4.4 Group 14 elements

4.4.1 Group trends

Due to the formation of covalent bond network structure, the first three elements of group
14 have high melting points. Carbon is a nonmetal, whereas silicon and germanium are
metalloids. Last two elements in the group, tin and lead are metals.

Carbon can be found in nature mainly in coal, crude oil, calcite (CaCOgz), CO> in air,
magnesite (MgCOz) and dolomite (CaCO3-MgCQOz3). Graphite, diamond and fullerenes
are the allotropic forms of carbon. Fullerenes are recently found, and most well-known
fullerene is Ceo, buckminsterfullerene (or bucky-ball). Carbon is the basis of life and the
most important element in organic chemistry. Silicon and germanium are mainly used in
the semiconductor industries. In addition, silicon is heavily used in inorganic polymer
industry.

The properties of Group 14 elements are given in Table 4.7.

Table 4.7 Properties of Group 14 elements

C **Sj **Ge **Sn **Pp
Ground state
electronic [He]2s22p?  [Ne]3s?3p?  [Ar]3d1%s4p?  [Kr]3d1%5s25p2 [Xe]4f145d19%s26p?
configuration
Metallic radius/ - - - 158 175
pm
Covalent radius/ 77 118 122 140 154
pm
Melting point/ °C 3730 1410 937 232 327
Radius of M**/ - - 53 69 78
pm

**Not a part of current G. C. E. (A/L) Chemistry syllabus

4.4.2 Diamond and graphite

Diamond and graphite are composed of homoatomic (same atoms) lattice structures.
Diamond (sp® hybridized carbon, tetrahedral) has a cubic crystalline structure. Graphite
(sp? hybridized carbon, trigonal planar) has stacked two-dimensional carbon layers.
Carbon-carbon bonds in graphite are shorter than that of diamond (diamond 154 pm and
graphite 141 pm) due to the hybridization of carbon atoms. These two crystalline lattice
structures are hard however diamond structure is the strongest lattice. Graphite is an
electrical and a thermal conductor due to delocalizing = electrons (Figure 4.3).
Interactions between layers of carbon in graphite are weak and this makes graphite a good
lubricant.
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sp® hybridization Delocalized ©t orbitals

Figure 4.3 Delocalizing 7 bonds of graphite

Fullerenes are another series of carbon allotropes. In fullerenes, carbon atoms are
connected in a spherical manner. Structures of graphite, diamond and fullerene (Ceo) are
shown in Figure 4.4.

(@) (b) ©)

Figure 4.4 Structures of (a) graphite, (b) diamond and (c) fullerene (Ceo)

4.4.3 Carbon monoxide and carbon dioxide

Carbon monoxide is a colourless, odourless, highly poisonous gas. Bond enthalpy of
carbon monoxide is more than that of the C=0 double bond. In carbon monoxide, CO
bond length is shorter than that of a typical C=0 double bond. This suggests that the
bonding between C and O in carbon monoxide is not a typical C=0 double bond. It has a
triple bond nature between the two atoms of C and O. The Lewis structure of CO is shown
in Figure 4.5.

© ®
:C=0:

Figure 4.5 The Lewis structure of CO
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Carbon monoxide is mostly used as a reducing agent in the production of iron. Also, CO
plays an important role in many catalytic reactions as a ligand due to the lone pair of
electrons on the C atom.

Carbon dioxide (Figure 4.6) solidifies due to London forces at low temperatures and/ or
under high pressures. Solid CO (dry ice) sublimes to produce gaseous carbon dioxide
under normal atmosperic conditions. It is commonly used as a freezing agent in the food
industry and to produce artificial rain.

Q=C=Q
Figure 4.6 The Lewis structure of CO>

4.4.4 Oxoacid of carbon

Oxoacid of carbon is referred to as carbonic acid (H.COz) which is a weak acid. The bond
structure of H.COz is given in Figure 4.7. Carbonic acid can be prepared by dissolving
COz in water under pressure.

COz(aq) + H20(1)

H2>CO3(aq)

H2COz(aq) + H20(1)

HCOs (aq) + H3O*(aq)

HCOs(aq) + H20() =—— CO0s%(aq) + H3O*(aq)

Figure 4.7 The bond structure of H,CO3

Hydrogen atom which is directly connected to oxygen atom can be released as a proton
to the solution by exhibiting the acidic property of carbonic acid.

Carbon dioxide reacts with bases to produce carbonates showing its acidic property. In
the presence of excess CO> thus formed carbonates of Group 1 and 2 produce hydrogen
carbonates.

CO2(g) + 2NaOH(ag) — Na2CO3(aq) + H20(1)

Na2COz(aq) + excess CO2(g) + H2O(I) — 2NaHCOs(aq)
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4.5 Group 15 elements

4.5.1 Group trends

The first element, nitrogen of Group 15 shows different properties from the other
elements in this group (Table 4.8). Metallic character of the Group 15 elements increases
down the group. Nitrogen and phosphorous are nonmetals and show oxidation numbers
-3 to +5. Nitrogen can achieve +5 oxidation state with oxygen and fluorine. Dinitrogen,
N> is greatly stable (inert) under normal conditions due to strong triple bond
(942 kJ mol™?). Except nitrogen, all the other elements exist as solids. The higher
electronegativity, the smaller atomic radius and the absence of d orbitals make nitrogen
different from the other elements in the group.

Table 4.8 Properties of Group 15 elements

N **P **AS **Sb **Bi
Ground state
electronic [Hel2s2p®  [Ne]3s23p®  [Ar]3d4s24p®  [Kr]3di%5s25p3  [Xe]4f145d1%6s26p3
configuration
Metallic radius/ pm - - - - 182
Covalent radius/ pm 75 110 122 143 152
Melting point/ °C -210 44 (white) 613 630 271

590 (red)

Pauling 3.0 2.2 2.2 2.0 2.0

electronegativity
**Not relevant to the current G. C. E. (A/L) Chemistry syllabus

4.5.2 Chemistry of nitrogen

Nitrogen (boiling point is 195.8 °C) is slightly soluble in water under atmospheric
pressure, but the solubility greatly increases with pressure. Nitrogen does not form
allotropes. Dinitrogen shows only a few reactions and one of them is given below.

3Mg(s) + N2(g) —=—» MgsNx(s)

Since nitrogen is an inert gas its chemical reactions occur under strong conditions. For an
instance nitrogen gas reacts with oxygen in the presence of external energy from an
elctrical spark. This reaction naturally occurs in lightening.

N2(g) + 202(g) ——» 2NO2(Q)

Nitrogen shows oxidation states from -3 to +5. Compounds with these oxidation states
are shown in Table 4.9.
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Table 4.9 Oxidation states of nitrogen

Oxidation ~ Compound Formula Bond structure
state
-3 Ammonia NH; H
N—H
/
H
-2 Hydrazine N2H, H\ /H
N—N
/ \
H H
-1 Hydroxylamine NH,OH H
N—O
/ \
H H
0 Dinitrogen N> N=N
+1 Dinitrogen N2O -+ -4
monoxide N=N=0 => N=N—O0
+2 Nitrogen NO e
i =0
monoxide
+3 Dinitrogen N203 O
trioxide |,
O4N\ 40
+4 Nitrogen NO. N
dioxide o- O
+4 Dinitrogen N204 9 O O 0
tetroxide \\N+_ N4 - \N+_ N/‘{
/ A\ 4 \ _
O O 0)
+5 Nitric acid HNO3 e}
|+
AN
HO™ O
+5 Dinitrogen N20Os Osx +.0 +.0 O_ 0 o)
pentoxide \ITT ITT/ - \ﬁ/ \IC]L/
- - | |
O O O O
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4.5.3 Oxoacids of nitrogen
Nitrous acid which is unstable under normal atmospheric conditions is a weak acid. The
bond structure of nitrous acid is given in Figure 4.8.

A

N—Q
\
H

Figure 4.8 The bond structure of nitrous acid

Nitrous acid can undergo disproportionation to produce nitric acid and nitrogen monoxide
which is a colourless gas.

3HNO2(aq) — HNO3(aq) + 2NO(g) + H20(1)
Futher reaction of nitrogen monoxide with oxygen forms nitrogen dioxide which is redish
brown in colour.

2NO(g) + O2(g) — 2NO2(9)

Nitric acid (Figure 4.9) is an oily and hazardous liquid. This acid is a strong oxidizing
agent and can undergo vigorous chemical reactions.

0) O
N
N0 <= \eo
/ \ / \
@) H O H

Figure 4.9 The bond structure of nitric acid

Due to the light-induced decomposition, nitric acid produces oxygen and nitrogen
dioxide.

AHNOs(aq) —~—» 4NO2(g) + 02(g) + 2H20())

Due to this reason concentrated nitric acid is stored in brown colour glass bottles in
laboratories.

Oxidizing and reducing reactions of nitric acid

Dilute nitric acid reacts with metals to produce metal nitrate and hydrogen gas. In these
reactions nitric acid acts as an oxidizing agent with respect to hydrogen. When
magnesium and copper reacts with concentrated nitric acid it acts as an oxidizing agent
with respect to nitrogen.
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Mg(s) + dil. 2HNO3(aq) ———» MQg(NOz3)2(aq) + H2(g)

Mg(s) + conc. 4AHNO3(I) ——» Mg(NOs)2(aq) + 2NO2(g) + 2H20(1)
3Cu(s) + dil. 8HNO3(aq) ——» 3Cu(NOs)2(aq) + 2NO(g) + 4H20(1)
Cu(s) + conc. 4HNO3(I) — Cu(NO3)2(aqg) + 2NO2(g) + 2H20(1)

The reactions of conc. HNOg acting as an oxidizing agent with non metals such as carbon
and sulphur are given below.

C(s) + conc. 4HNO3(I) — > CO2(g) + 4NO2(g) + 2H20(1)
S(s) + conc. 6HNOz(I) — > H2SO04(l) + 6NO2(g) + 2H20(I)

4.5.4 Ammonia and ammonium salts
Ammonia is a colourless gas with a strong characteristic smell. Ammonia is a basic gas
which is readily soluble in water.

NH3(g) + H20(1)

NHsOH(aq)

Ammonium hydroxide is a weak base and partially dissociates to produce ammonium
ions and hydroxide ions.

NH4OH(aq) NH.*(aq) + OH (aq)
Like any other base it reacts with dilute acids to produce aqueous salts.

2NH;OH(aq) + dil. H2SO4(aq) —— (NH4)2S04(aq) + 2H.0(1)

Hydrolysis of the ammonium ion in aqueous solution produces the conjugate base,
ammonia.

NH4"(aq) + H20(1) NHs(aqg) + HzO™(1)
All amonium salts reacts with alkali to liberate amonia.

NH4Cl(aqg) + NaOH(ag) —— NaCl(aq) + NHz (g) + H20(l)

Reactions of ammonia

Ammonia acts as a reducing agent with chlorine, and the products vary with the amount
of ammonia and chlorine used. In the presence of excess ammonia, chlorine produces
nitrogen gas as one of the products. However, with excess chlorine, nitrogen trichloride
is produced as one of the products, which is used for water disinfection.

excess ammonia, 2NHs(g) + 3Cla(g) —— Na(g) + 6HCI(Q)
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The formed HCI further reacts with unreacted ammonia to form NH4Cl, excess chlorine,
3Cl2(g) + NH3(g) — 3HCI(g) + NCIs(I)

Nitrogen trichloride is a covalent chloride. It reacts with water to produce ammonia and
hypochlorous acid. Due to the ability to produce hypochlorous acid, nitrogen trichloride
is used as a water disinfecting agent.

NCls(l) + 3H20(l) —— NHs(g) + 3HOCI(aq)

Gaseous ammonia reacts with hydrogen chloride to produce a white smoke of solid
ammonium chloride. This can be used as a confirmation test for ammonia.

NHs(g) + HCI(g) —— NH.CI(s)

Ammonia acts as a weak reducing agent with CuO and Cla.
3CuO(s) + 2NHz(g) — N2(g) + 3Cu(s) + 3H20(g)
2NHs(g) + 3Cl2(g) —> N2(g) + 6HCI(g)

Ammonia can act as an oxidizing agent as well as an acid with metals under dry condition.
2Na(s) + 2NHa(l) — 2NaNH(l) + Hz(g)

3Mg(s) + 2NHs(l) —— MgsN2(l) + 3H2(q)

Thermal decomposition of ammonium salts
Some ammonium salts decompose upon heating to ammonium gas and to the acidic gas.

(NH4)2COs(s) —> 2NH3(g) + CO2(g) + H20(9)

NH4CI(s) — NH3(g) + HCI(g)
(NH4)2S04(s) — NH3(g) + H2S04(9)*
*Prodcts of this reaction can vary with conditions.

However, anions in some ammonium salts can oxidize the ammonium ion to produce
many products upon heating.

NHaNO2(s) — N2(g) + 2H20(g)
NHsNO3(s) —— N20(g) + 2H20(g)

(NHa4)2Cr207(s) — N2(g) + Cr203(s) + 4H20(g)
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Identification of ammonium salts

All ammonium salts produce ammonium gas with NaOH on warming. This gas
produces white fumes of ammonium chloride when a glass rod moistened with
concentrated hydrochloric acid.

NHs*(aq) + OH (ag) — NH3(g) + H20(l)
NHaz(g) + HCI(g) —— NH4CI(s) white fumes

Reactions of nitrate

Reaction of nitrate with iron(I1)/ conc. sulphuric acid can be used to identify nitrate ion.
This test is known as brown ring test. The brown coloured [Fe(NO)]?* ring formed in the
test tube, confirms the presence of nitrate.

2NOs™ (aq) + 4H2S04(l) + 6Fe?*(aq) — 6Fe>*(aq) + 2NO(g) + 4S04%" (aq) + 4 H20(1)

Fe?*(ag)+ NO(g) — [Fe(NO)]%**(aq) brown colour
Nitrate reacts with Al/ NaOH to produce ammonia.
3NOs (aq) + 8Al(s) + SOH (aq) + 18H20(I) — 3NHzs(g) + 8[Al(OH)4] (aq)

4.6 Group 16 elements

4.6.1 Group trends

First element, oxygen of Group 16 shows different properties to the other elements in the
group. Metallic nature increases going down the group. However, none of the Group 16
elements behaves as true metals. Both oxygen and sulphur are non-metals and other
elements in the group show metallic and nonmetallic properties. Only oxygen exists as a
gas, and other elements in the group are solids. Except for oxygen, other elements in the
group can form even-numbered oxidation states from +6 to -2. Stability of +6 and -2
oxidation states decreases down the group whereas the stability of the +4 oxidation state
increases.
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Table 4.10 Properties of Group 16 elements

0 S **Se **Te **Pg
Ground state [He]2s? [Ne]3s® [Ar]3d® [Kr]4d® [Xe]4f45d96s?
electronic 2p* 3p* 4s24p* 5s25p* 6p*
configuration
lonic radius X*/ pm 140 184 198 221 -
Covalent radius/ pm 73 103 117 137 140
Melting point/ °C 218 113(a) 217 450 254
Pauling 34 2.6 2.6 21 2.0
electronegativity
1%t electron gain -141 -200 -195 -190 -183
enthalpy/ kJ mol*
X(g) +e — X(9)
2" electron gain 844 532 - - ;

enthalpy/ kJ mol?
X(g) +e—>X*(g)

** Not a part of the current G. C. E. (A/L) Chemistry syllabus

4.6.2 Hydrides of Group 16

Group 16 elements form simple hydrides with hydrogen. All of them are covalent
hydrides. The variation of selected properties down the group of hydrides are shown in

Table 4.11.

Table 4.11 Selected properties of Group 16 hydrides

H20 H2S H2Se HaTe
Melting point/ °C 0.0 -85.6 -65.7 -51
Boiling point/ °C 100.0 -60.3 -41.3 -4
Bond length/ pm 96 134 146 169
Bond angle/ ° 104.5 92.1 91 90

Due to the extensive hydrogen bonding, H.O shows abnormally high boiling and melting
points than the other hydrides of the group. Water is the only non-poisonous hydride
among all the other hydrides of the group.

The observed varation in bond length of covalent hydrides is due to the increase of size
of the central atom. Therefore, bond length increases down the group.

The covalent bond angle decreases as you come down in the group due to the less
repulsion of the bonding electrons as a result of electronegativity of the central atom
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decreases down the group. In H2S, H>Se and HoTe the bond angles become close to 90°.
This may also suggest that almost pure p orbitals on selenium and tellurium especially
are used for binding with hydrogen.

4.6.3 Oxygen

Oxygen has two allotropes, dioxygen (O2) and trioxygen (ozone, Oz). Dioxygen is a
colourless and an odourless gas which is slightly soluble in water. Ozone has a pungent
odour. Ozone has a bond angle of 111.5°. Structure of these two allotropes are shown
below.

+ +
(@) (b)

Figure 4.10 Structure of oxygen and ozone

Catalytic decomposition of potassium chlorate and hydrogen peroxide can be used to
produce oxygen.

2KClO3(s) — 2KCI(s) + 302(g), heating in the presence of MnO- or Pt

2H202(aq) — 2H20(1) + O2(Qg), heating in the presence of MnO>

Metals react with dioxygen to produce metal oxides. Ozone is a powerful oxidizing agent
stronger than dioxygen. Ozone is used to disinfect water in many developed countries to
kill pathogens. Unlike chlorine, ozone does not produce any harmful byproducts in the
disinfection process.

4.6.4 Sulphur
Sulphur can be classified as it is explained below.

Sulphur
|
v v
Crystalline Amorphous
| |
Rhombic Monoclinic Plastic Colloidal Milk of
(a-Sulphur) (p —Sulphur) Sulphur

Figure 4.11 Classification of sulphur

Unlike oxygen, sulphur forms single bonds with itself rather than double bonds. The most
commonly occurring allotrope is rhombic sulphur which is referred to as a-sulphur (o-
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Sg). It has a crown shape with eight-membered ring that has a cyclic zigzag arrangement
as shown below. When heated above 93 °C, a-Sg changes its packing arrangement to the
other commonly found form of monoclinic sulphur, B-sulphur (B-Sg). These two forms

are allotropes of each other.

==Y,

(@) (b) (©)

Figure 4.12 (a) crown form of Sg (b) Rhombic sulphur (c) Monoclinic sulphur

Crystalline form of rhombic and monoclinic sulphur consist of Sg rings in the shape of
crown. These can be packed together in two different ways to form rhombic crystals and
to form needle shaped monoclinic crystals as shown above. Below 95 °C the rhombic
form is the most stable allotropic form of sulphur.

Amorphous sulphur is an elastic form of sulphur which is obtained by pouring melted
sulphur into water. Sudden cooling of molten sulphur with open chains converts liquid
sulphur to amorphous sulphur with open chains. With time, amorphous sulphur converts
to crystalline sulphur. The amorphous form of sulphur is malleable but it is unstable.

4.6.5 Oxygen containing compounds
Water and hydrogen peroxide
Structures of H.0 and gaseous H20: are shown in the figures below.

——————————————————

0 iH i
H/\_/\H i 95.0 pm i
104.5° : s : .
L:\_\Q_PIHG.)__*'Qn,s
(a) (b)

Figure 4.13 Structures of (a) H.0 and (b) H.0>

Water is the most widely used solvent. Water ionizes as follows. This is reffered to as
self-ionization of water.
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2H,0(1)

H30"(aq) + OH"(aq)

An amphiprotic molecule can either donate or accept a proton. Therefore, it can act as an
acid or a base. Water is an amphiprotic compound since it has the ability to accept and
release a proton. The amphoteric nature of water is shown below

H2O(l) + HCl(ag) — H3O*(aq) + Cl(aq)

H2O(l) + NHz(aqg) =—= NHs*(ag) + OH(aq)

4.6.6 Hydrogen peroxide

Hydrogen peroxide (H203) is a nonplanar molecule. The H.O2 molecule contains two OH
groups which do not lie in the same plane and have a bent molecular shape with the bond
angle in the gaseous phase for H-O-O as 94.8°. The structure shown in Figure 4.13 is the
one that reduces with a minimum repulsion between the lone pairs found on the ‘O’ atoms.
The two H-O groups have a dihedral angle of 111.5° between each other as indicated
above in Figure 4.13.

Due to the extensive hydrogen bonding, H202 is a viscous liquid H202 can act as an
oxidizing as well as a reducing agent. It oxidizes to oxygen and reduces to water.

Reducing half-reaction;

H.0.(aq) + 2H*(aq) + 26 — 2H>0(l)
Oxidizing half-reaction;

H>02(aq) —— 2H"(aq) + O2(q) + 2e
Disproportionation;

2H,02(aq) —— O2(g) + 2H20(1)

Reactions of H202
H20- as an oxidizing agent;

H202(aq) + 2H*(aq) + 21'(aq) ——> I2(aq) + 2H20(l)
H20,(aq) + 2H*(aq) + 2Fe?*(agq) —— 2Fe3*(aq) + 2H20(l)
H>0- as a reducing agent;
2MnOg (aq) + 5H202(aq) + 6H(aq) —— 2Mn?*(aq) + 502(g) + 8H20(1)
Cr,07%(aq) + 3H202(aq) + 8H*(aq) —— 2Cr**(aq) + 7H20(l) + 302(9)
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4.6.7 Sulphur containing compounds

Hydrogen sulphide

Hydrogen sulphide, H2S is a colourless, toxic and acidic gas with the odour of “rotten
eggs”. HaS can be produced by reacting metal sulphides with strong acids. It dissolves in
water to produce weak acidic solutions.

Reactions of hydrogen sulphide
H>S as an acid with strong bases;

NaOH(aq) + excess H2S(g) —— NaHS(s) + H20(1)
2NaOH(aq) + limited H2S(g) —— NazS(s) + 2H20(l)
H->S reacts with metals as an acid as well as an oxidizing agent;
2Na(s) + excess 2H2S(g) — 2NaHS(s) + Ha(Q)
2Na(s) + limited H2S(g) — NaxS(s) + H2(g)
Mg(s) + Hz2S(g) ———> MgS(s) + Hz(9)
H>S as a reducing agent;

2KMnOa4(aq)+3H2S04(aq)+5H2S(g) ——» K2S04(aq)+5S(s)+2MnSQO4(aq)+8H20(1)
K2Cr207(aq)+4H2S04(aq)+3H2S(g) — K2S04(aq) +Cr2(SO4)3(aq)+3S(s)+7H20(1)

2H2S(aq) + SO2(g) — 3S(s) + 2H20(1)

Sulphur dioxide
Sulphur dioxide is a colourless gas and soluble in water. Sulphur dioxide can act as an
oxidizing and a reducing agent.

Reactions of sulphur dioxide
As an oxidizing agent;

2Mg(s) + SO2(g) — 2MgO(s) + S(s)
3Mg(s) + SO2(g) — 2MgO(s) + MgS(s)
As a reducing agent;

5S50(g) + 2KMnOa4(aq) + 2H,0() ———» K>S04(aqg) + 2MnS04(aq) + 2H2S04(aq)

3S02(g) + K2Cr207(aq) + H2SO4(aq) ——— K2S04(aq) + Cr2(SOa4)3 (ag)+ H20(1)
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SO2(g) + 2FeClz(aq) + 2H20(I) — H>SO0a4(aq) + 2FeCl2 (aq) + 2HCI(aq)

4.6.8 Oxoacids of sulphur
Common oxidation numbers of sulphur are -2, 0, +2, +4 and +6.

Sulphuric acid
Sulphuric acid is a strong diprotic acid. Sulphur trioxide reacts with water to produce
sulphuric acid.

S0s3(g) + H20(I) — H2S04(aq)
H2S0a4(aq) + H20(I) — HSO4(aq) + H3O*(aq)
HSO4 (aq) + H20(I) —— S04%(aq) + H30*(aq)

Concentrated sulphuric acid can act as a dehydrating agent.

conc. H2SO4

CeH1206(s) — 6C(s) + 6H20(g)

CoHsOH(l) o0 CoHa(g) + H20(1)
Concentrated hot sulphuric acid can act as an oxidizing agent.
With metals,
2H2S04(1) + Mg(s) —— SO2(g) + MgSOa(aq) + 2H20(l)
2H2S04(1) + Cu(s) — S02(g) + CuSOa4(aq) + 2H20(1)
With nonmetals,
S(s) + 2H2S04(l) — > 3S02(g) + 2H20(1)
C(s) + 2H2S04(l) —— CO2(g) + 2S02(g) + 2H20(l)
Dilute H2SO4 act as an acid.
H2S04(aq) + 2NaOH(ag) —— Na>SO0as(aq) + 2H20(l)
H2S04(aq) + Mg(s) —— MgSOa(aq) + H(g)

Dilute sulphuric acid is a strong acid which can protonate to give two H" ions to water as
shown below.
H2S04(aq) + 2H20(I) —— S04%(aq) + 2H30*(aq)
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Figure 4.14 Structure of sulphuric acid

Sulphurous acid

Due to the air oxidation of sulphurous acid, it always contains a small amount of sulphuric
acid. The reaction of gaseous sulphur dioxide and water produces sulphurous acid. The
sulphurous acid reacts with dissolved oxygen in water to produce sulphric acid. Structure
of the sulphurous acid is shown below. This acid is a weaker acid than sulphuric acid.

OH

HO—S/
\
O

Figure 4.15 Structure of sufurous acid

Thiosulphuric acid
Only the salts of thiosulphuric acid are stable and thiosulphate ion can oxidize as well as
reduce to give sulphur and sulphur dioxide as its products. Thiosulphuric is a weak acid.
In aqueous solutions, thiosulphuric acid can decompose to produce a mixture of sulphur
containing products.

H2S203(aq) — S(s) + SO2(g) + H20(1)
Thiosulphate ion can act as a reducing agent.
25,037 (aq) + l2(aq) ——> S40¢”(aq) + 21"(aq)

Structures of thiosulphuric acid and thiosulphate ion are shown below. The oxidation
state of the central sulphur atom is +4 where as the terminal sulphur is zero in both
structures.

i i
HO—ﬁ—OH olﬁ—o_
O O

Figure 4.16 Thiosulphuric acid and thiosulphate ion
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4.7 Group 17 elements

4.7.1 Group trends

Halogens are reactive and can only be found naturally as compounds. Fluorine is the most
electronegative element and exhibits -1 and 0 oxidation states. The halogens other than
fluorine form stable compounds corresponding to nearly all values of the oxidation
numbers from -1 to +7. However, compounds of bromine with the oxidation state of +7
are unstable. Due to the smaller atomic radius, fluorine can stabilize higher oxidation
states of other elements.

Oxidizing ability of halogens decreases down the group. Fluorine is a powerful oxidizing
agent. The reactivity of halegons decreases down the group. This can be explained by
using the displacement reactions of halegons.

Clz(aq) + 2Br(aq) — 2Cl(aq) + Br2(aq)
Brz(aq) + 2I'(aq) — 2Br(aq) + I2(aq)

Fluorine and chlorine are gases with pale yellow and pale green colours respectively at
room temperature. Bromine is a red-brown fumming liquid and iodine is a violet-black
solid with lustrous effect.

The bond energy of F2 (155 kJ mol™) is less than that of Cl2 (240 kJ mol™) due to repulsion
between the non-bonded electron pairs of fluorine atoms. This is a reason for the high
reactivity of fluorine gas. Down the Group 17 bond energies show a gradual decrease
(Clz = 240 kJ molt, Br, = 190 kJ mol™ and I, = 149 kJ mol™?).
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Table 4.12 Properties of Group 17 elements

F Cl Br I **At
Ground state
electronic [He]2s22p5  [Ne]3s23p5  [Ar]3d1%4s4p®  [Kr]4dl%5s25p5  [Xe]4f45d196s26p5
configuration
van der Waals 135 180 195 215 -
radius/ pm
lonic radius X7/ pm 133 181 196 220 -
Covalent radius/pm 71 99 114 133 -
Melting point/ °C -220 -101 -7.2 114 -
Boiling point/ °C -188 -34.7 55.8 184 -
Pauling 4.0 3.2 3.0 2.7 -
electronegativity
Electron gain -328 -349 -325 -295 -

enthalpy/ kJ mol?
X(g) + e—>X1(9)

**Not relevant to the current G. C. E. (A/L) Chemistry Syllabus

4.7.2 Simple compounds of Group 17

Hydrogen halides

Hydrogen halides are acidic in water. HF has the ability to produce extensive hydrogen
bonding, however, HF is a gas (boiling point 20 °C) at room temperature and under
atmospheric pressure.

Acidic nature of hydrogen halides in aqueous solutions

For HF; HF(g) + H20(l) HsO"(aq) + F(aq)

For other hydrohen halides (HCI, HBr and HI);
HX(g) + H20(I) —— H30*(aq) + X'(aq)

HF is a weak acid whereas the other hydrogen halides are strong acids in the aqueous
medium. HF has the high bond energy (strongest covalent bond), which makes it difficult
to dissociate in water to produce H* ions readily. The acidic strength of hydrogen halides
increases down the Group 17. This can be explained using the same fact mentioned above.
Some selected properties of Group 17 hydrogen halides are shown in Table 4.13.
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Table 4.13 Selected properties of group 17 hydrogen halides

HF HCI HBr HI

Melting point/ °C

-84 -114 -89 -51

Boiling point/ °C

20 -85 -67 -35

Bond length/ pm

92 127 141 161

Bond dissociation energy/ k mol* 570 432 366 298

Silver halides

Silver halides can be used to identify the halides (chloride, bromide, and iodide) using the
colour of the precipitate. Few selected properties are shown below.

Table 4.14 Silver halides of Group 17 elements

Silver halide Colour Solubility in ammonia

AgClI White Dissolves in dil. aqueous ammonia
AgBr Pale yellow  Dissolves in conc. aqgueous ammonia
Agl Yellow Insoluble in both dil. and conc. aqueous

ammonia

Oxides and oxoacids of chlorine

Chlorine forms several oxides and oxoanions with variable oxidation states. Some
oxoanions are strong oxidizing agents. Selected oxides of chlorine are shown in Table

4.15.

Table 4.15 Selected oxides and oxoanions of chlorine

Oxidation Formula of oxide Formula of Structure of
state oxoanion oxoanion
+1 Cl,O CIlO O—
cl”
+3 ClOy Cl. _
2 O¢ ~
+5 ClOs (I?
O¢c1\0_
+6 ClO3 and Cl,06
+7 Cl,0Oy ClOs O\\ //O
//Cl\ ~
O O
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Chlorine forms four types of oxoacids. The acidic strength increases with the increasing
oxidation number of the chlorine atom. The stuctures and the oxidation states of oxoacids
are given in the Table 4.16.

Table 4.16 Structures of oxoacids of chlorine

HCIO HCIO2 HCIO3 HCIO4
Oxidation state  +1 +3 +5 +7
Structure
(31\OH O4c1\OH Q Oy P
d 0" OH

Oxidizing power of oxoacids of chlorine changed as follows.
HCIO > HCIO, > HCIO3> HCIO,4

The oxidation state of chlorine in HCIO, HCIO,, HCIOs, HCIO, respectively are +1, +3, +5
and +7. The higher the oxidation state the stronger the acid will be. Therefore the variation
of acidic strength is HCIO < HCIO, < HCIO; < HCIO..

Halides
Most covalent halides react vigorously with water. But CCls does not hydrolyze. Most
fluorides and some other halides are inert.

Chlorides of group 14 and 15 elements react with less water as follows.
SiCls(l) + 2H20(I) — 4HCI(aq) + SiO2(s)
PCls(l) + H2O(I) — POCI3(aq) + 2HCI(aq)

Chlorides of group 14 and 15 elements react excess water as follows.
SiCls (1) + 3H20(]) — 4HCl(aq) + H2SiOs(aq)
NCI5(l) + 3H20() — NH3(aqg) + 3HOCI(aq)
PCI3(l) + 3H0(I) — H3PO3(aq) + 3HCI(aq)

PCls(l) + 4H20() — HsPOu(aq) + 5HCI(aq)

AsCl3(s) + 3H20(]) H3AsOz(aq) + 3HCI(aq)

SbCls(aq) + H.0() === SbOCI(s) + 2HCl(aq)
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BiCls(aq) + H20(l)

BiOCI(s) + 2HCI(aq)

4.7.3 Reactions of chlorine
Chlorine is less reactive than fluorine. Chlorine gas is a strong oxidizing agent. Some
reactions of chlorine act as a strong oxidizing agent are given below.

2Cu(s) + Cl2(g) —> 2CuCl(s)

2CuCl(s) + Cl2(g) —> 2CuClz(s)

Fe(s) + Clz(g) — FeClx(s)

2FeCl(s) + Cl2(g) — 2FeCls(s)

excess ammonia, 8NHs(g) + 3Cl2(g) — N2(g) + 6HCI(g)

excess chlorine, 3Cl2(g) + NH3(g) — 3HCI(g) + NCIs(I)

Disproportionation reactions of chlorine
Chlorine is simultaneously reduced and oxidized when it reacts with water and bases.

Reaction of chlorine with water;

Clz(g) + H20(I) —> HOCI(aq) + HCl(aq)

In this reaction, zero oxidation state of chlorine (Cl2) oxidize to +1 (HOCI) and reduce
to -1 (CI").

Reaction with sodium hydroxide;
With cold dilute sodium hydroxide
Cl2(g) + cold and dil. 2NaOH(aq) — NaCl(aq) + NaOCl(aq) + H20(l)

With hot concentrated/ hot dilute sodium hydroxide

above 80 °C
3Cl2(g) + conc. 6NaOH(aq) — 5NaCl(aq) + NaClOz(aq) + 3H20(1)

Reactions of oxoanions

ClO s stable at low temperatures and disproportionates at high temperature to produce
Cl and ClOs . However, both BrO and IO are not stable even at low temperatures
and undergo disproportionation.
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Disproportionation reactions of hypochlorite
Disproportionation of hypochlorite to produce chlorate and chloride can be written as;

3CIO Clos +2CI

Under acidic conditions, HOCI is more stable than CIO , which makes disproportionation
predominant under basic conditions.

4.8 Group 18 elements

4.8.1 Group trends

All group 18 elements are unreactive monoatomic gasses. Only Xe forms a significant
range of compounds. All group 18 elements have positive electron gain enthalpy because
an incoming electron needs to occupy an orbital belonging to a new shell.

Table 4.17 Properties of Group 18 elements

He Ne Ar Kr Xe
Ground state
electronic 1s?2  [He]2s?2p® [Ne]3s23pé [Ar]3d1°4s24ps [Xe]4d05s25p8
configuration
Atomic radius/ pm 99 160 192 197 240
1% ionization energy/ 2373 2080 1520 1350 1170
kJ mol*
Electron gain 48.2 115.8 96.5 96.5 77.2

enthalpy/ kJ mol?

4.8.2 Simple compounds of group 18 elements
Compounds of xenon have oxidation numbers of +2, +4, +6 and +8. Xenon reacts directly
with fluorine. Some Xe compounds are shown in Table 4.18.
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Table 4.18 Some selected compounds of Xe

Oxidation state Compounds Structure
F
+2 XeF;
Xe
+4 XeF,
9%020
+6 XeFe
Xe
F
Xe
+6 XeO3 :? f0)
+8 XeOq ‘
Xe
OW-2
badh
O

4.9 Periodic trends shown by s and p block elements

4.9.1 The valence electron configuration
The valance electron configuration of an element can be predicted from their position in
the periodic table.

Group number 1 2 13 14 15 16 17 18
Valance shell  nst ns? ns?np!  ns?np?  ns?np®  ns’np*  ns’np® ns’np®
electron

configuration
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4.9.2 Metallic character

Metals have lower ionization energies compared to the other elements. Hence, metals can
easily release electrons to produce cations. The atomic radii increase and ionization
energy decreases when going down a group. Therefore, the metallic nature increases
down the group. Also, across a period, atomic radii decrease and ionization energy
increases. Therefore, the metallic nature decreases.

The third period shows a gradual increase in melting point and then a decrease across the
period. Most abundant elemental form, type of bonding between similar atoms and the
melting point of the third period elements are shown below.

Table 4.19 Most abundant elemental form, type of bonding between similar atoms and
the melting point of the third period elements

Na Mg Al Si P4 Ss Cl> Ar
Melting point/ °C 98 649 660 1420 44 119 -101  -189

Bonding type M M M NC C C C -
Metallic — M, Network covalent — NC, Covalent - C

Acid, base and amphoteric nature of oxides

Across the third period variation of type of bonding in oxides in which the elements are
at their highest oxidation number are given below.

Table 4.20 Comparison of the third period oxides

Na2O(s) MgO(s) Al03(s) SiOz(s) P4010(s) SOs3(g) Cl20(1)

Oxidation +1 +2 +3 +4 +5 +6 +7
number
Bonding I I I NC C C C
type
Nature Strongly B Am Very Weakly A Strong
B weakly A A
A

lonic — I, Network covalent — NC, Covalent - C

Basic — B, Amphoteric — Am, Acidic - A

Oxides with the highest oxidation number are considered to compare the chemical nature.
The nature from strong basic on the left to strong acidic to the right can be seen.
Amphoteric nature can be seen in the middle of the series.

4.9.3 Reactions of third period oxides with water, acids and bases
Oxides of sodium and magnesium react with water to produce hydroxides.

Na2O(s) + H2O(I) — NaOH(aq)

MgO(s) + 2H20(]) ——— Mg(OH)2
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As these two oxides are basic, they react with acids to produce salt and water.
NaxO(s) + 2HCIl(ag) — 2NaCl(aq) + H20(I)
MgO(s) + 2HCI(aq) —> MgClz(aq) + H20(1)

Aluminum oxide is amphoteric and it reacts with acids as well as with bases to produce
salts.

AlbO3(s) + 6HCI(ag) — 2AICI3(aq) + 3H20(1)
Al>03(s) + 2NaOH(aq) + 3H20(I) — 2Na[Al(OH)4](aq)

SiO; is weakly acidic and reacts with strong bases. Also, SiO2 shows no reaction with
water.

SiOz(s) + 2NaOH(ag) — Na2SiOs(aq)

P4010, SO3, and Cl207 are acidic and produce acids when dissolved in water. Those
reactions are shown below.

P4010(s) + 6H20(I) —— 4H3P04(aq)
SO3(g) + H2O(I) ——— H2SO04(aq)
Clo07 (I) + H.0(I) ——— 2HCIO4(aq)

These oxides also react with bases to produce salts and water.
P4O10(s) + 12NaOH(ag) — 4NaszP0Os(aq) + 6H20(1)
SO3(g) + 2NaOH(aq) —— NazS0a4(aq) + H20(1)

Clo07 (I) + 2NaOH —— 2NaClOs(aq) + H20(1)
4.9.4 Acid, base and amphoteric nature of hydroxides and hydrides

Hydroxides of the third period show a trend similar to oxides of the same period. The
following table shows a comparison of the third period hydroxides.
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Table 4.21 Comparison of the third period hydroxides

NaOH Mg(OH),  AI(OH);  Si(OH),  P(OH)s S(OH)s  CI(OH);

Stable form H,SiO3 H3PO4 H,S04 HCIO4

Oxidation +1 +2 +3 +4 +5 +6 +7

number

Bonding | | C C C C C

type

Nature Strongly B Am Very Weakly  Strongly Very

B weakly A A A strongly

A

lonic — I, Network covalent — NC, Covalent - C
Basic — B, Amphoteric — Am, Acidic - A

Nature of hydrides of third period varies from strong bases to strong acids across the
period. Amphoteric nature can be seen in the middle of the series.

Table 4.22 Comparison of the third period hydrides

NaH(s)  MgH:(s) (AlH3)x(s)  SiH4(q) PHs(g)  H2S(g) HCI(g)

Oxidation +1 +2 +3 -4 -3 -2 -1

number

Nature of Strongly Weakly Am Very N Weakly A Very

the aqueous B B weakly strongly A
solution A

Bonding | | NC C C C C

type

lonic — I, Network covalent — NC, Covalent - C
Basic — B, Amphoteric — Am, Acidic — A, Neutral - N

Hydrides of sodium and magnesium react with water to produce basic solutions.
NaH(s) + H2O(I) — NaOH(aq) + H2(g)
MgH2(s) + 2H20(I) ——— Mg(OH)2(s) + 2H2(Q)

AlHs(s) + 3H0(I) —— AI(OH)3(s) + 3H2(g)

PH3 is weakly soluble in water and produces a neutral solution. H>S and HCI are acidic
and aqueous solutions are also acidic.

H2S(g) + H20(l) —— HS (aq) + H3O" (aq)

HCI(g) + H20() —— CI (aqg) + H30*(aq)
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4.9.5 Nature of the halides across the third period

As the electronegativity of elements increases across the period from left to right, the
ability of hydrolyzation of chlorides increases accordingly. Corresponding reactions are
given below. Chlorides of s block elements in the third period are ionic and the p block
elements are covalent.

Table 4.23 Comparison of the third period chlorides

NaCI(s) MgCly(s) AICIx(s) SiCla(l) PCls(g) SCla(g)

Oxidation number +1 +2 +3 +4 +5 +2
Bonding type I I C C C C
Nature of the aqueous N Very A A A A
solution weakly

A

lonic — I, Covalent - C
Basic — B, Amphoteric — Am, Acidic — A, Neutral - N

Reactions with water of third period covalent chlorides are,
AICI3(s) + H,0() ——— [Al(H20)s0H]?*(aq) + H30*(aq)
SiCly(l) + 2H20()) ———— SiO2(s) + 4HCl(aq)
PCls(g) + 4H20(I) — H3PO4(aq) + 5HCI(aq)

2SClz(g) + 3H20(l) — > H2S0s(aq) + S(s) + 4HCl(aq)

Group 15 can be used to understand the variation of properties down the group. Down a
group the ionization energy decreases, and the metallic nature increases. Use the
information given for the Group 15 and correlate the variation in ionization energies with
the increase of metallic properties down the group. Both N and P are nonmetals and
produce acidic oxides. However, As and Sb oxides are amphoteric and bismuth oxide is
basic.

Reactions with water of group 15 halides are given in the respective section under the
halides of group 17.
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d Block Elements

Elements in Groups 3 to 12 are collectively classified as d block elements. In d block
elements the last electron gets filled into a d orbital. These elements can be categorised
into two categories namely transition and non-transition.

4.10 Transition elements

d block elements contain incompletely filed d subshell at elemental state or with the
ability to form at least one stable ion with incompletely filled d subshell are called
transition elements. Therefore, d block elements producing ions only with d°
configurations are considered as non-transition elements.

e.g..  Electronic configurations of Zn : [Ar]3d*%4s?

Electronic configurations of Zn?*: [Ar]3d°4s°
Electronic configuration of Sc  : [Ar]3d'4s?
Electronic configuration of Sc3* : [Ar]3d%s°

Both Zn and Sc are d block elements (last electron is filled to a 3d orbital). However, Zn
is considered as a non-transition element due to the absence of a partially filed d subshell
at the elemental stage and Zn?* ion. Sc can be considered as a transition element since Sc
contains partially filed d subshell at the elemental stage.

Table 4.24 Comparison of the properties of d block elements in fourth period

Group 3 4 5 6 7 8 9 10 11 12
Element Sc Ti \YJ Cr Mn Fe Co Ni Cu Zn
Pauling 1.3 15 1.6 1.6 15 1.9 19 1.9 1.9 1.6
electronegativity

Atomic 162 147 134 128 127 126 125 125 128 137
radius/pm

Covalent 144 132 122 118 117 117 116 115 117 125
radius/pm

lonic radius (M?*)/ - 100 93 87 81 7% 79 83 87 88
pm

Transition metal ions have less variation in atomic radii across a period than that of the
main group elements. Across the period of the transition metals shown in Table 4.23, the
atomic radii decrease slightly and then increase. Across the period, to each d electron
added nuclear charge is also increased by one. The decrease of the atomic radii at the
middle of the period (from Sc to Ni) occurs due to the predominance of attraction power
of nuclear charge increase than the repulsion among the electrons. However, at the end of
the period (Cu and Zn), radii of the atoms increase due to greater repulsion among
electrons as electrons are paired in d orbitals.
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4.10.1 Occurrence
Elements on the left of the 3d series (fourth period d block elements) exit commonly in
the nature as metal oxides and cations combined with anions.

Few examples are shown below.

Table 4.25 Occurrence of some fourth period d block elements

Element Example

Ti FeTiOs (IImenite) and TiO- (Rutile)

Fe Fe>O3 (Haematite), FesO4 (Magnetite) and FeCOs (Siderite)
Cu CuFeS; (Copper Pyrite)

4.10.2 Properties of fourth period d block elements

Oxidation states and ionization energies

Except Sc and Zn in the fourth period d block elements, others can form stable cations
with multiple oxidation states. The multiplicity of the oxidation state is due to the varying
number of d electrons participate in bonding. Both Zn (+2) and Sc (+3) only produce ions
with a single oxidation state, and these ions do not contain partially filled d orbitals.
Electron configuration and the oxidation states of d block elements are shown in Table
4.26. Sc forms only Sc®* ions. Except in Sc, +2 oxidation number can be seen in all the
other elements since electrons in 4s orbital get removed due to ionization before electrons
in 3d orbitals. Reason for this is that the 4s orbital with two electrons in the outermost
shell experiences a lesser effective nuclear charge than that of electrons in the 3d orbital.

As a result of the 3d'%s! configuration, Cu can form +1 oxidation number commonly.
However, Cr* is extremely rare and unstable even though Cr has 3d°4s® configuration.

The highest possible oxidation number that a d block element can show is the sum of 4s
and 3d electrons. Transition metals are also capable of producing variable oxidation states
similar to p block elements and show the ability to interconvert among their oxidation
states. Therefore, they can act as oxidizing as well as reducing agents.

First five elements achieve the maximum possible oxidation state by losing all 4s and 3d
electrons. With the filling of more 3d electrons, towards the right end of the period, the
3d orbitals become greater in energy as the nuclear charge of the atom increases. This
makes d electrons are harder to remove. The most common oxidation state for these
elements is +2 due to the loss of 4s electrons.

Reactivity
d block elements do not react with the water while s block elements react with water
vigorously. The 4s electrons of the d block elements are tightly bound to the nucleus due
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to the higher nuclear charge than that of the s block elements. First ionization energy of
d block elements lies between the values of those of s and p block elements.

Table 4.26 Electronic configuration and oxidation states of d block elements

Element Ground state configuration Oxidation states
3d 4s
Sc [Ar]3d'4s®  [7 +3
Ti [Ar]3d?4s®  [1]t (+2), +3, +4
Vv [Ar]3d%4s®  [1]1]1 (+2), (+3), +4, +5
Cr [A3d%st  [TT[11T17] +2, +3, (+4), (+5), +6
Mn [Ar]3d®4s®  [FTTTT1TTT] +2, +3, +4, (+5), (+6), +7
Fe [Ar]3d®4s?  [FITTTTIT]T +2, +3, (+4), (+5), (+6)
Co [Ar]3d74s®  [FIFHTTT(T +2, +3, (+4)
Ni [Ar13d%4s?  [TITFIRI T[T +2, (+3), (+4)
Cu [Ar]3d™®4s  [TI[FITIEIT] *1,+2, (+3), (+4)
Zn [Ar]3d04s2 +2

*Less common states are shown in brackets.

lonization energies of fourth period d block elements are higher than that of the s block
elements in the same period. The first ionization energies of d block elements are increase
slightly across the period when move from left to the right of the period. Variation of the
first ionization energy across the d block is less than that of s and p block elements.
Increase in the nuclear charge across the fourth period d block elements expect to be
increase the first ionization energies due to the greater attraction towards the 4s electrons.
However, in all d block elements, extra electrons are inserted in to the 3d orbital moving
from left to right across the period, and these d electrons shield the 4s electrons from the
inward attraction of the nucleus. Because of these two counter effects, the ionization
energy of d block elements increases slightly across the period. Successive ionization
energies of the fourth period d block elements are shown in the table given below.
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Table 4.27 Successive ionization energies of fourth period d block metals, K and Ca.**

Element 1t jonization 2"d jonization 3"djonization
energy/ kJ mol? energy/ kJ mol* energy/ kJ mol*

K 418 3052

Ca 589 1145 4912

Sc 631 1235 2389

Ti 658 1310 2652

Vv 650 1414 2828

Cr 653 1496 2987

Mn 717 1509 3248

Fe 759 1561 2957

Co 758 1646 3232

Ni 737 1753 3393

Cu 746 1958 3554

Zn 906 1733 3833

** For K, only first and second ionization energies are given to understand the energy
increase due to removal of an electron from an inner orbital.

First ionization energies of d block elements are higher than those of s block elements in
the same period. This explains the less reactivity of d block elements than the s block
elements.

All d block elements are metals because 4s electrons in d block elements can be released
easily to form cations. Metallic character of the d block elements increases down the

group.

All d block elements in the fourth period are solids with high melting and boiling points.
Melting and boiling points of d block elements are extremely high as compared to those
of s and p block elements. d block elements are moderately reactive.

Except metal ions with 3d° and 3d° configurations, d block metal compounds produce
characteristic colours. This means transition metal ion complexes can produce coloured
compounds. Most d block metal ions form complex compounds.

Electronegativity

Table below provides the electronegativity of d block elements and can be used to
understand the variation of electronegativity of d block elements in the fourth period.
Electronegativity increases with the atomic number. However, Mn and Zn are deviated
from the trend due to their stable electron configuration. Due to the higher nuclear charge,
d block elements have higher electronegativity than that of the s block elements.
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Element Sc Ti V Cr Mn | Fe Co | Ni Cu |Zn
Electronegativity | 1.3 |15 |16 |16 |15 |18 |18 |18 |19 |16

When an atom exhibits variable oxidation states, the higher oxidation state has higher
electronegativity.

Catalytic properties

Most transition metals and compounds can act as catalysts due to the presence of partially
filed and empty d orbitals. This makes d orbitals to accept or donate electrons. This
property makes them effective components of catalysts. Pd for hydrogenation, Pt/Rh for
oxidation of ammonia to nitrogen oxide, and V.Os for oxidation of SO, to SOz and
TiClz/Al(C2Hs)s for the polymerization of ethene are some examples for the use of d block
element and its compound as a catalyst. Some popular organic reactions such as alkylation
and acylation are done in the presence of transition metal ion as the catalyst.

Colours of transition metal ions

Agqueous solutions of many transition metal ions can absorb radiation in the visible region
of the electromagnetic spectrum to produce various colours. This ability is due to the
presence of partially filled d subshells. In contrast, metal ions of s block are colourless
because these ions have completely filled subshells. The following Table shows some of
the colours of transition metal ions and oxoanions in aqueous solutions. For example,
[Co(H20)6]?" is pink, [Mn(H20)s]** pale pink. In contrast, aqueous solutions of Sc3* and
Zn?* are colourless due to the unavailability of partially filled d orbitals. Also, ions with
d or d*° configuration are coloureless when in an aqueous solution. Colours of MnO4
and CrO4% are not due to the electron transition of electrons among the d orbitals. Colours
of some elected oxoanions are given in Table 4.28.

Table 4.28 Colours of d block metal ions and oxoanions in aqueous solutions. The
number of 3d and 4s electrons are shown in brackets next to the metal ion.

lon Colour lon Colour
Sc* (d° s9) Colourless Fe3*(d® s?) Brown yellow
Ti**(d% %) Colourless Fe?*(d° <) Pale green
Cr¥*(d® %) Violet Co?*(d’ 5% Pink
Mn?*(d® s°) Pale pink Ni2*(d® %) Green
Cu?*(d°s9) Blue
Cu*(d¥ 5% Colourless
Zn?*(d0 s%) Colourless
Oxoanion Colour Oxoanion Colour
MnOg4 Purple CrO4* Yellow
MnO4* Green Cr07% Orange
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4.10.3 Oxides of d block elements

First four elements form oxides by removing all valence electrons. Unlike main group
elements, transition elements produce different oxidation states. Some d block elements
can form oxides in which metal atom presence with two different oxidation numbers.
Both Mn30s and FezOs are examples for binary oxides (which are formed with two
oxidation numbers). MnzO4 is a mixture of Mn(11) and Mn(l11) . Also, Fe3O4 is a mixture
of Fe(ll) and Fe(lll) .

4.10.4 Chemistry of some selected d block oxides

Chromium and manganese oxides

Properties of an oxide depend on the oxidation number. The bonding type depends on the
oxidation number. The change in the bonding type explains the basis in the acid-base
behaviour of metal oxides. For the compounds with high oxidation numbers have covalent
bonding characteristics are acidic and the compounds with low oxidation numbers have
ionic bonding characteristics are basic.

Table 4.29 Acid-base nature of chromium oxides

Oxide Acid-base nature Oxidation

number
CrO Weakly basic +2 low oxidation state
Cr20s Amphoteric *3 moderate oxidation state
CrO. Weakly acidic +4
CrOs Acidic +6 high-oxidation state

Generally, if the metal is in a lower oxidation state, the oxide is basic. Also, if the metal
is in a moderate oxidation state, the oxide is amphoteric and metal oxides with higher
oxidation state are acidic. This explains why the compounds in Tables 4.29 and 4.30 with
lower oxidation states are more metallic while compounds with higher oxidation states
are more non-metallic in properties.

Table 4.30 Acid-base nature of manganese oxides

Oxide Acid-base nature Oxidation number

MnO Basic +2 Low oxidation state
Mn203 Weakly basic +3

MnO> Amphoteric +4 moderate oxidation state
MnO3 Weakly acidic +6

Mn20O7 Acidic +7 high-oxidation state
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Reactions of some selected oxoanions of chromium
The yellow coloured chromate ion exists in neutral or basic conditions. Under the acidic
conditions, it is converted to the orange coloured dichromate ion.

2CrO4%(aq) + 2H*(aq) Cr207% (aq) + H20(1)

Even without partially filled d subshells (Cr at +6 oxidation state), both chromate and
dichromate produce colours due to the electron charge transfer between Cr and O ligands.
However, the explanation of this phenomena is not a part of the current syllabus.

The reduction of Cr®* to Cr®* happens only in acidic medium. In acidic medium, CrO4*
ions will dimerized and converted into Cr,O7* ions. Therefore in acidic medium Cré*
present only as Cr,07%.

Some important redox reactions of chromium oxoanions are given below.
Cr,07%(aq) + 3H2S(g) + 8H*(agq) —— 2Cr¥(aq) + 3S(s) + 7H20(1)
Cr07%(aq) + 3S02(g) + 2H*(aq) —— 2Cr3*(aq) + 35047 (aq) + H20())
Cr,07%(aq) + 6Fe?*(g) + 14H*(a—> 2Cr®*(aq) + 6Fe*(aq) + 7H20(1)
Cr207%(aq) + conc.14HCl(ag) — 2Cr¥*(aqg) + 3Cl(g) + 8Cl(aq) + 7H20())

In CrO4%, oxidation number Cr is +6. Therefore it can act as an oxidizing agent. Under
acidic conditions, Cr(IV) can be reduced to Cr(l1l).

8H*(aqg) + CrO4%(aq) + 38 — Cr3*(aq) + 4H.0(1)

Reactions of manganese oxides and oxoanions

KMnOyg is a purple solid. Colour of MnOy is due to the electron transfer process between
central Mn atom and O ligands. Under acidic conditions, permanganate ion can act as a
strong oxidizing agent. Colours of MnOz and KMnOa are given below.

Table 4.31 Colours of MnO» and KMnOyg4

Compound Colour
MnO> Dark brown/black
KMnO4 Purple
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Some important redox reactions of MnO4 are given below.
Under acidic conditions:

2MnO4 (aq) + 5H202(l) + 6H*(aq) —— 2Mn?*(aq) + 502(g) + 8H20(1)

2MnO4 (aq) + 5H2S(g) + 6H*(aq) —> 2Mn?*(aq) + 55(g) + 8H20(l)

2MnO4 (aqg) + 5S02(g) + 2H20(I) — > 2Mn?*(aq) + 55047 (aq) + 4H*(aq)
MnOs(aq) + 5Fe?*(aq) + 8H*(aq) ——> Mn?*(aq) + 5Fe3*(aq)+ 4H.0(1)

2MnO4 (aq) + 101°(aq) + 16H*(ag) — 2Mn?*(aq) + 512(aq) + 8H20(l)

2MnO4 (aq) + 5NOy (aq) + 6H*(aq) —— 2Mn?*(aqg) + 5NOs (aq) + 3H20(1)
2MnO4(aq) + conc. 16HCI (ag) — 2Mn?*(aq) + 5Cl2(g) + 6Cl(aq) + 8H20(l)

2MnO4 (aq) + 5C204%(aq) + 16H*(aq) —— 2Mn?*(aq) + 10CO2(g) + 8H20(l)
In all these reactions, under acidic conditions, MnOa reduces to Mn?*.

Under dilute alkaline conditions:
2MnO4(aq) + I'(agq) + H2O(I) —— 2MnOx(s) + 1037(aq) + 20H(aq)

2MnOq (aq) + 3S03%(aq) + H20(I) — 2MnOa(s) + 35042 (aq) + 20H"(aq)

4.10.5 Coordination compounds of transition metal ions

Transition metal ions typically form coordination compounds. These coordination
compounds consist of complex ions. These complex ions are built with a central metal
ion and two or more surrounding monodentate ligands (there are ligands that form more
than one bond with the central metal ion). For example, [Ni(NHz3)s]Cl> consists of the
complex ion of [Ni(NHs)s]?* and the counter ion of CI- (Figure 4.17).

Ligands (Lewis bases) can donate electrons to the central metal ion (Lewis acid) to form
dative bonds with it.
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NH;
H;N l NH;
[Ni(NH3)s]Cl2 = /Ni%/ 2CI
3)6]Cl2 = \
H;N NH;
NH;
Complex ion Counter ion

Figure 4.17 A coordination compound

In this example, ammonia molecules are bonded as ammine ligands to the central metal
ion of Ni?*. The charge of the complex ion can be easily determined using the following
equation.

Oxidation number of
= the central metal atom +
or the ion

Total charge of
all ligands

The charge of the
complex

Determination of oxidation number of the central metal ion
The following method can be used to determine the oxidation number of the central metal
ion of a coordination complex.

Example 6.1
Calculate the oxidation number of the central metal ion in [Ni(H20)sCls]
complex ion.

Answer:
Oxidation number of
= the central metal atom
or the ion

Total charge
of all ligands

The charge of the
complex

Charge of the complex ion =-1
Charges of the ligands = three H,O molecules: 3X0 =0,
three CI" ions: 3(-1) =-3

Using the equation;

-1 = Oxidation number of Ni + 0 + (-3)
Oxidation number of Ni = +2
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4.10.6 Nomenclature of simple complex ions and compounds

Name of a metal complex provides information about the complex such as oxidation state
of the central metal ion, types of ligands and the number. The rules used to write the name
of a complex ion is proposed by IUPAC are given below.

Naming of ligands

Name of an anion acting as a ligand in the complex ion can be obtained by removing the
last letter of the anion name and adding ‘0’ letter to the end. Neutral molecules acting as
ligands are usually given the name of the molecule. However, there are some exceptions
and those are not discussed in the current G. C. E. (A/L) Chemistry syllabus.

Anionic ligands Neutral ligands
CI  chlorido NHs  ammine
Br  bromido H.O  aqua

CN  cyanido CcO carbonyl

OH  hydroxido

Number of a particular ligand is indicated by prefixes. The used prefixes are di — two, tri
— three, tetra — four, penta — five, hexa — six, etc.

Naming of complex cations

Name of the complex ion must be written as a single word with no space and must only
be written using lower case English letters. The oxidation number of the metal ion is
indicated by Roman numerals within parentheses at the end of the metal name.

e.0.. [Ni(NHs)e]?* hexaamminenickel(ll) ion
[Cu(NH3)4]* tetraamminecopper(l1) ion
[Cr(H20)6]*" hexaaquachromium(l11) ion

Complex anions
For negatively charged complex ions (complex anions) the suffix ‘ate’ must be used after
the name of the metal.

e.g.. [CuClqd?* tetrachloridocuprate(ll) ion

[CoCla* tetrachloridocobaltate(I1) ion
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Table 4.32 Names used for metals in anionic complexes

Metal Name used in Metal Name used in
anionic complexes anionic complexes

Cr chromate Co cobaltate

Cu cuprate Fe ferrate

Mn manganate Ni nickelate

Ag argentate Hg mercurate

Au aurate

Name of a complex compound must have the name of the cation first and the anion name
second. These two names must be separated by a space.

e.g.: [Ni(NHz)6]Cl2 - hexaamminenickel(ll) chloride
Naz[CoCls] - sodium tetrachlorocoboltate(11)

Coordination number

The number of coordination bonds formed between the central metal ion and ligands is
defined as coordination number. Since some ligands can form more than one coordination
bond with the central metal ion, it is incorrect to define the coordination number as the
number of ligands coordinated to the central metal ion. The coordination number depends
on the size, charge, nature of ligands and the electronic configuration of the central metal
ion.

Table 4.33 Common coordination numbers of d block ions

M* Coordination | M2+ Coordination | M3* Coordination
number number number
Cu* 2,4 Mn2* 4.6 Sct 6
Fe?* 6 Cr3* 4.6
Co?* 4,6 Co>* 46
Ni2* 4,6
Cu? 4.6
Zn** 4,6

4.10.7 Factors affecting the colour of the complexes
Transition metal atoms and ions can produce coloured complexes. Colour of these
complexes depends on the following factors. Examples which reflect the effect these
factors are given in Table 4.34.

1. Central metal ion

2. The oxidation state of the central metal ion

3. Nature of the ligands
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Table 4.34 Colours of transition metal ion complexes depends on the factors

1. Central metal ion

Mn(11) Fe(l1) Co(ll) Ni(1l) Cu(ll)
[Mn(H20)e]**  [Fe(H20)e]*"  [Co(H20)6]*"  [Ni(Hz20)e]**  [Cu(H20)6]**
Pink Pale-green Pink Green Pale-blue

2. The oxidation state of the central metal ion

Mn(11) Mn(111) Fe(ll) Fe(111)
M I’](HzO)(ﬁ]ZJr [l\/ll‘\(HzO)e]‘?+ [Fe(H20)6]2+ [FE(H20)6]3+
Pale-pink Violet Pale-green Yellow

Colour of [Fe(H20)s]** is depend on the anion

3. Nature of the ligand

H>O OH" NH3 Cr
[Co(H20)6]** [Co(OH)4]? [Co(NH3)]Z [Co(Cl)a]
Pink Deep-blue yellowish-brown Blue

Ability to form coloured compounds is a unique property of the transition metal elements.
Colours of some common metal complexes are given in Table 4.33.
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Table 4.33 Metal complexes and colours

Metal Nature of the ligand
H20(l) OH(aq) NHs(aq) Cl(aq)
Cr [Cr(H20)6]** Cr(OH)s Cr(OH)3 [CrCle]*
Violet Blue-green ppt  Blue-green ppt Blue-violet
(precipitate)
Mn [Mn(H20)6]>*  Mn(OH), Mn(OH), [MnCl4]*
Pale pink White/ cream White/ cream Greenish yellow
colour ppt colour ppt
Fe [Fe(H20)6]** Fe(OH). Fe(OH),
Pale-green Dirty green ppt  Dirty green ppt
[Fe(H20)e]** Fe(OH)3 Fe(OH)s [FeCla]
Yellow-brown  Reddish-brown  Reddish-brown Yellow
ppt ppt
Co [Co(H20)6)?* Co(OH). [Co(NH3)e]** [CoCl4]*
Pink Pink ppt yellowish-brown  Blue
With excess [Co(NHa3)e]**
OH" Brownish-red
[Co(OH)4]*
Deep-blue
Ni [Ni(H20)6]* Ni(OH). [Ni(NH3)e]?* [NiCls]*
Green Green ppt Blue Yellow
Cu [Cu(H20)6]%* Cu(OH): [Cu(NH3)4%* [CuCls)*
Pale blue Blue ppt Deep blue Yellow
Zn [Zn(H20)6)* Zn(OH)2 [Zn(NH3)4]* [ZnCl4)*
Colourless White ppt Colourless Colourless
With excess
OH"
[Zn(OH)4]?*
Colourless
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Reactions of [Cr(H20)s]**
With agueous NHs, the violet colour [Cr(H20)s]** aqueous solution will be turned into a
blue-green gelatinous precipitate.

[Cr(H20)6]** + 3NH3 (ag) —— Cr(OH)s(s) + 3NH4*(aq) + 3H20(1)

Reactions of [Co(H20)6]%*
With strong base (NaOH); the pink colour [Co(H20)s]?* aqueous solution turns into pink
precipitate.

[Co(H20)6]**(aq) + 20H" (aq) —— Co(OH)2(s) + 6H20(l)

Co(OH): is a pink precipitate. With excess concentrated hydroxide ion solutions, a deep
blue solution is formed.

Co(OH)z(s) + 20H(aq) —— [Co(OH)4]*(aq)

With NH3

[Co(H20)6]**(aq) + 6NH3 (aq) — [Co(NHa)e]*"(aq) + 6H20(1)

Initially, the pink colour [Co(H20)6]** forms a pink colour Co(OH), precipitate with
limited amount of concentrated NH3 and on further addition of concentrated NHz it forms
a yellow colour [Co(NH3)s]>* complex ion. However due to the auto-oxidation,
[Co(NH3)6]?>* complex convert to a brown colour [Co(NHs)s]**. Because of this, the
solution appears as yellowish-brown solution.

With conc. HCI, pink colour solution turns into a blue colour solution.
Co(H20)6]?*(aq) + 4Cl(ag) —— [CoCls]*(aq) + 6H.0(1)
Reactions of [Ni(H20)s]?*
With a strong base, the green colour [Ni(H20)s]?>" aqueous solution turns into a green

precipitate.

[Ni(H20)6]?*(aq) + 20H (ag) —> Ni(OH)z(s) + 6H20(1)

With excess NHs(aq), the green colour [Ni(H20)6]?" solution turns into a deep blue
solution.

[Ni(H20)6]**(aq) + 6NHs (aq) —  [Ni(NHz)e]*"(aq) + 6H20(1)
With concentrated HCI, green colour solution turns into a yellow colour solution.

[Ni(H20)6]%*(aq) + 4ClI'(ag) —— [NiCls*(aq) + 6H20(l)

173



G.C.E. (A/L) CHEMISTRY: UNIT 6 [RO{alqli a Ve - o X (ale Ko lo) 616 =1 (as -V a

Reactions of [Mn(H20)6]%*
With strong base, pale pink colour [Mn(H20)s]** aqueous solution turns to a white/ cream
colour precipitate.

[Mn(H20)s]**(aq) + 20H" (ag) —— Mn(OH)a(s) + 6H20(1)

With aqueous NHs, the pale pink colour solution turns into a white/ cream colour
precipitate.

[Mn(H20)s]**(aq) + 2NHs(ag) —— Mn(OH)2(s) + 2NH4*(aq) + 4H20(1)

Reactions of [Fe(H20)s]**
With strong base, yellow colour [Fe(H20)s]*" aqueous solution turns into a reddish-brown
precipitate.

[Fe(Hz0)e]*"(aq) + 30H" (aq) —— Fe(OH)s(s) + 6H20(1)

With agueous NHs, yellow colour [Fe(H20)s]** aqueous solution turns into a reddish-
brown precipitate.

[Fe(H20)6]3+(aq) + 3NH3(aq) e Fe(OH)g(S) + 3NH4+(aQ) + 3H20(|)
Reactions of [Cu(H20)s]?*

With strong base, the blue colour [Cu(H20)6]** aqueous solution turns into a blue
precipitate.

[Cu(H20)6)?*(aq) + 20H(agq) —— Cu(OH)2(s) + 6H20(I)

With a limited amount of aqueous NHs, blue colour solution turns into a blue precipitate.

[Cu(H20)6)?"(aq) + 2NHs(aq) — Cu(OH)2(s) + 2NH4*(aq) + 4H.0(l)

With excess aqueous NHz, blue colour solution turns into a deep blue colour complex.

[Cu(H20)6]**(aq) + 4NHs(aq) — [Cu(NHs)a]**(aq) + 6H20()

With concentrated HCI, blue colour solution turns into a yellow colour solution.

[Cu(H20)e]*(aq) + 4Cl'(aq) —> [CuCls]*(aq) + 6H20()
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Reactions of [Zn(H20)6]%*
With limited amount of strong base, colourless [Zn(H20)s]** aqueous solution turns into
a white precipitate.

[Zn(H20)6)?*(aq) +20H (ag) —— Zn(OH)2(s) + 6H20(l)

With excess strong base; white precipitate turns into a colourless clear solution.

Zn(OH)2(s) + 20H(aq) — [Zn(OH)4]*(aq)

The colourless solution turns into a white precipitate, then with excess base, the
precipitate dissolves to form a colourless solution.

4.10.8 Importance of d block elements

1.

Transition metals are good conductors (Au, Ag and Cu), and are also malleable,
ductile, and lustrous. Transition metals can be mixed together to produce alloys
since they have similar atomic sizes. These alloys are used since the ancient time
for various purposes. Production of alloys can change the properties of metals.
Cobalt isotope ®°Co is widely used as a radiation source in radiotherapy.
Transition metal atoms and ions are used to develop compounds with catalytic
properties that are widely used in different industries as catalyst.

Since transition metals can form various coloured compounds, they are used as
pigments for the production of paint. They are also used to produce coloured
glasses and glass bottles.

d block elements such as Ni and Cd are used to produce rechargeable batteries.
They are used in the production of compounds such as cadmium telluride
(CdTe) and copper indium diselenide in photovoltaic cells. The solar cell is an
example for a photovoltaic cell.

4.10.9 ldentification tests for selected cations of d block elements

1.

Fe?*
Formation of KFe[Fe(CN)s], a dark-blue precipitate of with Kz[Fe(CN)e], can
be used to identify Fe?*.

Fe?*(aq) + Ks[Fe(CN)s](agq) —» KFe[Fe(CN)s](s) + 2K*(aq)

Fe¥*

Formation of Fes[Fe(CN)g]s, Prussian-blue complex of with Ks[Fe(CN)s], can
be used to identify Fe3*.

4Fe®**(aq) + Ka[Fe(CN)s](ag) —> Fea[Fe(CN)s]a(s) + 4K*(aq)
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Formation of red colour, [Fe(SCN)(H20)s]** complex with a slightly acidic
NH4SCN solution, can be used to identify Fe3*.

[Fe(H20)6]** + NH4sSCN(agq) — [Fe(SCN)(H20)s]?* + NH4*(aq)

3. cr*
Oxidation of Cr®* to yellow colour solution of CrO4?"
Addition of excess of sodium hydroxide to a Cr* solution followed by a few
milliliters of 6% hydrogen peroxide form a yellow colour solution of CrO4?".

Cr¥*(aq) + 3NaOH — Cr(OH)s(s) + 3Na*(aq)

2Cr(OH)s(s) + 3H202(aq) —— 2Cr04? (aq) + 4H,0(l) + 4H*(aq)

Reference:
Atkins, P. Overton, T. Shriver and Atkins' Inorganic Chemistry, 5" Edition, 2010.

Brown, T. E. LeMay, H. E. Bursten, B. E. Chemistry: The Central Science, 13" Edition,
2015

Prakash, S. Advanced Inorganic Chemistry, 2000

Sodhi, G. S. Principle of Inorganic Chemistr, 2" Edition, 2015

Svehla, G. Vogel's Qualitative Inorganic Analysis, 6™ Edition, 1987

Tuli, G. D. Madan, R. D Malik, W. U Selected Topics in Inorganic Chemistry,
5™ Edition, 2014
NOMENCLATURE OF INORGANIC CHEMISTRY (IUPAC Recommendations

2005)
Rayner-Canham, Geoff Descriptive Inorganic Chemistry, 6" Edition, 2013.
Lee, J. D. Concise inorganic chemistry, 5™ Edition, 1996.
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Message from the Director General

The National Institute of Education takes opportune steps from time to time for the development
of quality in education. Preparation of supplementary resource books for respective subjects is

one such initiative.

Supplementary resource books have been composed by a team of curriculum developers of the
National Institute of Education, subject experts from the national universities and experienced
teachers from the school system. Because these resource books have been written so that they
are in line with the G. C. E. (A/L) new syllabus implemented in 2017, students can broaden
their understanding of the subject matter by referring these books while teachers can refer them

in order to plan more effective learning teaching activities.

I wish to express my sincere gratitude to the staff members of the National Institute of Education
and external subject experts who made their academic contribution to make this material

available to you.

Dr. (Mrs.) T. A. R. J. Gunasekara
Director General
National Institute of Education

Maharagama.
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Message from the Director

Since 2017, a rationalized curriculum, which is an updated version of the previous curriculum is
in effect for the G.C.E (A/L) in the general education system of Sri Lanka. In this new curriculum
cycle, revisions were made in the subject content, mode of delivery and curricular materials of
the G.C.E. (A/L) Physics, Chemistry and Biology. Several alterations in the learning teaching
sequence were also made. A new Teachers’ Guide was introduced in place of the previous
Teacher’s Instruction Manual. In concurrence to that, certain changes in the learning teaching
methodology, evaluation and assessment are expected. The newly introduced Teachers’ Guide
provides learning outcomes, a guideline for teachers to mould the learning events, assessment

and evaluation.

When implementing the previous curricula, the use of internationally recognized standard
textbooks published in English was imperative for the Advanced Level science subjects. Due
to the contradictions of facts related to the subject matter between different textbooks and
inclusion of the content beyond the limits of the local curriculum, the usage of those books
was not convenient for both teachers and students. This book comes to you as an attempt to

overcome that issue.

As this book is available in Sinhala, Tamil, and English, the book offers students an opportunity
to refer the relevant subject content in their mother tongue as well as in English within the
limits of the local curriculum. It also provides both students and teachers a source of reliable
information expected by the curriculum instead of various information gathered from the other

sources.

This book authored by subject experts from the universities and experienced subject teachers is
presented to you followed by the approval of the Academic Affairs Board and the Council of the

National Institute of Education. Thus, it can be recommended as a material of high standard.

Dr. A. D. A. De Silva
Director

Department of Science
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A Note to Students from the Authors

This book has been written to specifically cover the contents of the Organic Chemistry units
of the G.C.E. (A/L) Chemistry syllabus. The core content of the syllabus is concerned with
the characteristic reactions of selected classes of compounds. Modern Organic Chemistry is
founded on the basic idea that the chemical behavior of a compound can be accounted for by
its structure. The book emphasizes the application of a limited number of fundamental concepts
to rationalize and understand all the reactions covered. Simple descriptions of mechanisms are
given and explained where relevant. Only the reactions specified in the syllabus are covered, and
for any given reaction only the main product/products are considered. Experimental conditions

are given only if they are critical.

The authors hope that the book will be useful to students to understand and appreciate organic
chemistry, and to move away from rote memorization of isolated facts. This will build a solid

foundation for more advanced study if the student wishes to do so.
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Introduction

Organic Chemistry is the chemistry of compounds of carbon. In these compounds, carbon atoms
form the skeleton or backbone of the molecule. In addition to carbon, organic compounds usually
contain hydrogen. Oxygen, nitrogen, sulphur, phosphorus and halogens are also found in certain
organic compounds. These compounds can be natural or synthetic. Organic compounds form
an essential component of all living organisms and play a central role in metabolic processes.
Organic compounds also form an essential component in many of the materials that are essential
for our daily life such as food, plastic items, textiles, cosmetics and medicines. The variety and
number of compounds formed by carbon is very large compared to the compounds formed by
other elements in the periodic table.

1.1 Organic chemistry in day to day life

Organic compounds are associated with nearly every aspect of our existence. For example:

Food components: Carbohydrates, fats, proteins

Plastic materials: PVC, polythene, polystyrene, polyesters, nylon
Medicines: Paracetamol, aspirin, penicillin, amoxicillin

Fuels: Petrol, diesel, kerosene, LP gas

1.1.1 Why carbon can form a large number of organic compounds with vast structural
diversity? Uniqueness of carbon

Carbon-carbon and carbon-hydrogen bonds are the predominant bonds found in organic
compounds. Between two C atoms strong single bonds, double bonds and triple bonds can be
formed. The small electronegativity difference between C and H also leads to the formation of
C—H covalent bonds. The presence of 4 electrons in its valence shell enables it to form 4 covalent
bonds which include carbon-carbon double bonds and triple bonds. Due to these reasons, carbon
is capable of forming linear and branched chains and rings leading to compounds with diverse
carbon skeletons. As carbon can also form bonds with O, N, S, P and halogens, this leads to
the formation of an enormous variety of organic compounds having a wide range of molecular
weights. When compared to Si which is also in the fourth group of the periodic table to which
C belongs, the C—C and C—H bonds possess higher bond energies than Si—Si and Si—H bonds.
Some bond energies relevant to the discussion above are shown in Table 1.1.

Table 1.1 Bond energies of some bonds with C and Si

Bond Bond energy/ kJ mol™
C-C 346
C=C 610
C=C 835
C-H 413
Si-Si 226
Si-H 318

2
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1.2 Diversity of organic compounds in terms of functional groups

Some organic compounds contain only C and H as the constituent elements. They are known
as hydrocarbons. On the basis of the structure, hydrocarbons are divided into two main groups
called aliphatic and aromatic. Hydrocarbons consisting of only open carbon chains are called
as acyclic aliphatic hydrocarbons while those with cyclic carbon chains are called alicyclic
hydrocarbons. The aliphatic hydrocarbons are classified as alkanes, alkenes, and alkynes. The
cyclic organic compounds which are stabilized by forming a cyclic delocalized cloud of ©
electrons are called aromatic compounds. Benzene which is indicated by the molecular formula
C H, is the simplest of aromatic hydrocarbon compounds. The classification of hydrocarbons is
shown in the Figure 1.1 with common examples of each type.

Hydrocarbons
H
H H Aromatic Aliphatic
hydrocarbons hydrocarbons
¥ H | H H
H + * H H
. H
benzene Acyclic Cyclic H H
(Alicyclic) 4 H
% + H H
Alkane Alkene Alkyne cyclohexane
(a cycloalkane)
H ’HH H  CHs
H-CC C=C, H-C=C-CH;
H H H H
ethane propene propyne

Figure 1.1 Classification of hydrocarbons

Note: Cycloalkanes, cycloalkenes and cycloalkynes are not included in the current
G.C.E. (A/L) syllabus.

Compounds are classified according to the functional groups present in their molecules. A
functional group is a group of atoms in a molecule where most of its reactions take place.
Apart from the carbon-carbon double bond and carbon-carbon triple bond, a functional group
contains one or more heteroatoms such as nitrogen and oxygen. Common functional groups and
the names of the corresponding homologous series are given in Table 1.2.
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Table 1.2 Functional groups in organic compounds

Functional Name of the homologous Example with name
group series
N Alkene H, _ H propene
c=C c=c
/N H CH;
—C=C—  Alkyne H-C=C-H ethyne
—OH Alcohol CH3CH,—OH ethanol
£ Aldehyde pe ethanal
_C\ CH3_C\
H H
0 Ketone , propanone
_C/ CH3_C\/
\ CHj
0 Carboxylic acid fo ethanoic acid
—C CHz—C|
O-H O—H
Acid X =ClI; acid ethanoyl chloride
- halide chloride CH3—C/\/
\x X =Br; acid Cl
bromide
0 Ester S methyl ethanoate
\ \
O—R O_CH3
R—O Ether CHy—Q, ethylmethyl ether
\
R2 CHchg
S Amide P ethanamide
—C CH3—C]
NH, NH,
R2 Amine CH3CH,—NH, ethylamine
Ri—N CH4CH,—NH ethylmethylamine
R3 \
CH,
—C=N Nitrile CH3CH,—C=N propanenitrile
—X Alkyl X = ClI; alkyl CH3CH,—CI chloroethane
halide chloride
X = Br; alkyl CH3CH,—Br bromoethane
bromide

X =1; alkyl iodide

Note: Alkenes, alkynes, ethers and alkyl halides are not considered as functional groups in
the IUPAC nomenclature system.
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1.2.1 Classes of compounds with functional groups containing heteroatoms
1.2.1.1 Alcohol

Alcohols are compounds containing a hydroxyl group (—OH) attached to an alkyl group. Some
examples are given in Figure 1.2.

|T| | | | (I)H |
HETOH HGGoH HGGmCH

H H H HH H
methyl alcohol ethyl alcohol iso-propyl alcohol

Figure 1.2 Some examples for alcohols
Note: An alkyl group is formally derived from an alkane by the removal of a hydrogen atom.
1.2.1.2 Ethers

Ethers are compounds containing an oxygen atom attached to two alkyl groups. Some examples
are given in Figure 1.3.

o W By
H7G=0"G"H  H-C-C-0-C-H  H GG 0-C-G-H
H H HH H HH HH

dimethyl ether ethyl methyl ether diethyl ether

Figure 1.3 Some examples for ethers
1.2.1.3 Aldehyde

Aldehydes are compounds containing a carbonyl (C=0) group attached to an H atom. Some
examples are given in Figure 1.4.

Q 9 Q
C. - C.
H™H cHy O H O’ H
formaldehyde acetaldehyde benzaldehyde

Figure 1.4 Some examples for aldehydes
1.2.1.4 Ketones

Ketones are compounds containing a carbonyl (C=0) group attached to two carbon atoms each
of which may belong to an alkyl or aryl group. Some examples are given in Figure 1.5.

g 3 ;
CHy” ~“CH, CHy”~“CH,CHs @/ “CHs
acetone ethyl methyl ketone acetophenone

Figure 1.5 Some examples for ketones
5
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1.2.1.5 Alkyl halides

Alkyl halides are compounds containing a halogen atom bonded to an alkyl group. Some
examples are given in Figure 1.6.

Cl
|
CHal CH3CH,Br CH3CHCH;
methyl iodide ethyl bromide iso-propyl chloride

Figure 1.6 Some examples for alkyl halides

Note: Compounds containing a halogen atom joined to an aromatic ring are called aryl
halides.

1.2.1.6 Carboxylic acids

Carboxylic acids are compounds containing the carboxylic acid (COOH) group. Some examples
are given in Figure 1.7.

Q
(@] O C.
H-C CHy—C, ©/ OH
OH OH
formic acid acetic acid benzoic acid

Figure 1.7 Some examples for carboxylic acids
1.2.1.7 Acid halides, esters and amides (derivatives of carboxylic acids)

Acid halides are compounds containing the COX group where X is a halogen atom. Esters are
compounds containing the COOR group and amides are compounds containing the CONH,
group. Some examples are given in Figure 1.8.

0O 0] O
/ /7 4
CH3_C\ CHS_C\ CH3_C\
Cl OCH,CH34 NH,
acetyl chloride ethyl acetate acetamide

Figure 1.8 Some examples for derivatives of carboxylic acids

Note: Acid halides, esters and amides are derived by replacing the OH group in the COOH
group by halogen, OR and NH, groups respectively.

1.2.1.8 Amines

Amines are compounds derived formally from ammonia by replacing its H atoms either by
alkyl groups or aryl groups. Some examples are given in Figure 1.9.

CHy NH,
CH3CH,NH, CH3NHCH,CH, CH3NCH, ©/

ethylamine ethylmethylamine trimethylamine aniline
Figure 1.9 Some examples for amines
6
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1.3 IUPAC nomenclature of organic compounds

The set of rules for systematic nomenclature of organic compounds which is now in practice
evolved through several international conferences and are known as International Union of
Pure and Applied Chemistry rules (IUPAC rules). Therefore, this system of nomenclature is
called the IUPAC nomenclature system. In addition to the [UPAC nomenclature many common
organic compounds are known by trivial (non-systematic) names. Some examples are given at
the end of this section.

1.3.1 IUPAC nomenclature

The IUPAC nomenclature system is governed by a large number of rules. In our discussion we
will limit ourselves to understand the most important ones which can be used to name more
common types of organic compounds. The most important feature of the [UPAC system would
be that it will allow us to give one name to a given organic compound and to write only one
structure for a given [UPAC name.

In this system, all the compounds with heteroatoms such as O, N, halogen, are considered
to be derived from the corresponding hydrocarbon. Therefore, as a start, let us look at how
hydrocarbons are named according to the [IUPAC system of nomenclature.

1.3.2 Alkane hydrocarbons

All the names of saturated hydrocarbons end with the suffix -ane. The stem of the hydrocarbon
name denotes the number of carbon atoms present in the longest carbon chain. Learning the
stems is like learning to count in Organic Chemistry. Stem names up to 6 carbon atoms are
given in Table 1.3.

Table 1.3 Stem names of hydrocarbons having up to six carbon atoms

Carbon Number Stem name Name of Structure
hydrocarbon
1 meth- methane CH,
2 eth- ethane CH,CH,
3 prop- propane CH,CH,CH,
4 but- butane CH,CH,CH,CH,
5 pent- pentane CH,CH,CH,CH,CH,
6 hex- hexane CH,CH,CH,CH,CH,CH,

Before we consider little more complex hydrocarbons, let us look at how we can name
alkyl groups.

When we formally remove a H atom from an alkane an alkyl group is obtained. The name of an
alkyl group ends with the suffix -yl. When the terminal H atom of an unbranched hydrocarbon
is removed the unbranched alkyl group is formed. Some examples are given in Table 1.4.

7



G.C.E. (A/L) CHEMISTRY: UNIT 7 | Basic Concepts of Organic Chemistry

Table 1.4 Some examples of alkyl groups

Hydrocarbon Alkyl group

H-CH, methane —-CH, methyl
H-CH,CH, ethane —-CH,CH, ethyl
H-CH,CH,CH, propane —CH,CH,CH, propyl

1.3.3 Nomenclature of branched chain alkanes

Branched chain alkanes can be considered the hydrocarbons which have alkyl groups attached
to its longest carbon chain. Let us go through the steps involved in naming of branched chain
alkanes taking the following examples.

CHsCH,CH,CHCH, CH3CH,CHCH,CH
(I:H3 CI;H2
Gz
CH,§

(1) (2)

Step 1. Identify the longest continuous chain of carbon atoms and derive the hydrocarbon
name.

[CHyCH,CH,CHCH,| [CHCH,CHEH,CH; ie— 5 C ¢
¢H3 (l:HE ------
CHl «<—6Cc
CH;
(1) (2)
5 Carbon atoms — pentane 6 C atoms - hexane

Note: A methyl group is attached to one of the C atoms of compound 1 and an ethyl group
is attached to one of the C atoms of compound 2. A group that replaces an H atom of the
hydrocarbon chain is called a substituent group. Therefore methyl group in compound 1 and
ethyl group in compound 2 are substituents.

Step 2. Number the carbon atoms of the longest continuous carbon chain such that the C atom
bearing the substituent group gets the lowest possible number.

2 3

5 4 1
CH3CH2EH2(2:H(1:H3 CH3CH2CI)HCH2CH3
(I:Hg, 4(|:H2
5(|)H2
s CH3

(1) (2)



G.C.E. (A/L) CHEMISTRY: UNIT 7 | Basic Concepts of Organic Chemistry

Note: The carbon chain of compound lis numbered from right to left. If the carbon chain of this
compound is numbered from left to right, the carbon atom to which the methyl group is attached

will be assigned number 4 which is a higher number than 2.

Step 3. Use the number obtained by applying the above step (2) to designate the location of
the substituent. Write the name of the compound by placing the hydrocarbon name (name of
the parent hydrocarbon) at last preceded by the substituent group with the number designating
its location. Numbers are separated from words by a hyphen while numbers are separated by

comimas.

5 4 3 2 1
CH3CH,CH,CHCHj

CHj

(1)

2-methylpentane

1
CHj3

3

CH,CHCH,CHj;

4(|3H2

5C|:H2

6CH3
(2)

3-ethylhexane

When two or more substituents are present they should get the lowest possible numbers
designating their location on the longest carbon chain. The substituent groups should be placed
alphabetically in the [UPAC name. Let us take two more examples.

2 3 4 5

1 6
CH3CHCH,CHCH,CHs
I I
CH; CH,CH,

CH,CHs
2 3l

i 4
CH3CH,CCH,CH
CH,

Longest hydrocarbon chain Six - hexane

Five - pentane

Substituents and their
location

2-methyl, 4-ethyl

3-methyl, 3-ethyl

IUPAC name

4-ethyl-2-methylhexane

3-ethyl-3-methylpentane

When two or more substituents are identical, they are indicated by the prefixes, di- (2), tri-
(3), tetra- (4) etc. Every substituent should be given the number that shows its location on the

longest carbon chain.

CH

1 2 3 4 5 3
CH3CHCH,CHCH, CH3CH3CCHSCH,CH,
CH; CHs CHs
Longest hydrocarbon chain Five - pentane Six - hexane

Substituents and their

location

2-methyl, 4-methyl

3-methyl, 3-methyl

IUPAC name

2,4-dimethylpentane

3,3-dimethylhexane
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1.3.4 Nomenclature of alkene and alkyne hydrocarbons

Alkenes contain carbon-carbon double bonds. According to ITUPAC nomenclature, the
suffix -ane is replaced by suffix -ene in alkenes with the number designating the
location of the double bond in the parent hydrocarbon. Let us go through the steps
involved in naming alkenes taking some examples.

CH3CH,CH=CH, CH3CH,CH=CHCH,
(3) (4)

Step 1. Identify the longest continuous carbon chain including the carbon-carbon double
bond. Number the carbon chain such that the double bond carbons get the lowest
possible numbers.

4 3 2 1 5 4 3 2 1
CH3CH,CH=CH, CH3CH,CH=CHCH,4
(3) 4)

Step 2. Build the IUPAC name by placing the name representing the carbon number and
suffix -ene with the lowest number designated to the location of the double bond.

4 3 2 1 5 4 3 2 1
CH3CH2CH=CH2 CH3CH2CH=CHCH3
®) (4)
Longest carbon chain Four - but Five — pent
Double bond location 1,2 2.3
IUPAC name but-1-ene (1-butene) pent-2-ene (2-pentene)

Step 3. When substituents are present, they are placed in as prefixes along with the number
designated to indicate their location in the longest carbon chain containing the double bond.

5 4 3 2 1 6 5 4 3 2 1
CH3CHCH=CHCHs CH3CHCH,C=CHCHj
Longest carbon chain Five - pent Six - hex
Double bond location 2.3 23
Parent hydrocarbon name  pent-2-ene (2-pentene) hex-2-ene (2-hexene)
Substituents with location  4-methyl 3-methyl, 5-methyl
IUPAC name 4-methylpent-2-ene 3,5-dimethylhex-2-ene
(4-methyl-2-pentene) (3,5-dimethyl-2-hexene)

If the double bond gets the same set of numbers when the chain is numbered from either sides
of the carbon chain, then the numbering should be done such that substituents get the lowest
possible numbers.

10
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6 5 4 3 2 1 6 5 4 3 2 1
CH3CH,CH=CHCHCH, CH3CH,C=CHCHCH,
1 2 3 4 9 6 1 2 13 45 6
CH; CH; CHs
Longest carbon chain Six - hex Six - hex
Double bond location 3,4 3,4
Parent hydrocarbon name  hex-3-ene (3-hexene) hex-3-ene (3-hexene)
Substituents with location  2-methyl 2-methyl, 4-methyl
IUPAC name 2-methylhex-3-ene 2,4-dimethylhex-3-ene
(2-methyl-3-hexene) (2,4-dimethyl-3-hexene)

Alkynes contain carbon-carbon triple bonds. They are named by replacing suffix -ane of alkane
by suffix -yne. The rest follows similar to nomenclature of alkenes.

1 2 34 5 6 5 4 32 1
CH3C=CCHCH;, CH4CH,C=CCHCH;
CHsg CHs,
Longest carbon chain Five - pent Six - hex
Triple bond location 2,3 3,4
Parent hydrocarbon name pent-2-yne (2-pentyne) hex-3-yne (3-hexyne)
Substituents with location  4-methyl 2-methyl
IUPAC name 4-methylpent-2-yne 2-methylhex-3-yne
(4-methyl-2-pentyne) (2-methyl-3-hexyne)

Let us now summarize the basic principles of naming hydrocarbons according to the IUPAC

system.
groups.

(1)

(ii)

(iii)

(iv)

™)
(vi)

This will be the foundation for the naming of compounds containing functional

All the compounds are considered to be derived from the hydrocarbon containing the
longest carbon chain.

When a double bond or a triple bond is present, the longest carbon chain should be
chosen to include the double bond or the triple bond.

A suitable suffix (-ane, -ene or -yne) is added to the stem name which denotes the
number of carbon atoms (parent hydrocarbon).

When double bonds or triple bonds are absent, the carbon atoms carrying substituents
are given the lowest possible numbers.

When a double bond or a triple bond is present it is given the lowest possible number.

Substituent names are placed as prefixes to the parent hydrocarbon name in the
alphabetical order.

1.3.5 IUPAC nomenclature of compounds other than hydrocarbons

In this section nomenclature of compounds containing other functional groups (Table 1.2) will
be discussed. This also follows the principles we have already discussed. In addition we now
need a class name (suffix) to designate the functional group present in the molecule.

11
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Let us take class names (suffixes) (Table 1.5) of some functional groups and study how these
principles should be applied in naming compounds with one functional group.

Table 1.5 Class names of some functional groups

Functional Name of the homologous Class name (Suffix)
group series
—0OH Alcohol -ol
L
—C Aldehyde -al
H
P
—C Ketone -one
\
L
—C Carboxylic acid -oic acid
o-H

Let us now go through the steps involved in naming the following compounds.

OH 0]
| 1l
CH43CH,CH,CH,OH CH3CH,CH,CHCHs CH3CH,CH,CCHs
1. Identify the longest continuous carbon chain containing the functional group and number

the carbon atoms of the carbon chain such that the C atom bearing the functional group
gets the lowest possible number.

4 3 2 1 5 4 3 CI}H1 5 4 3 201
CH3CH,CH,CH,0H CH3CH,CH,CHCHS CH43CH,CH,CCH,

2. Derive the parent hydrocarbon name which shows the number of C atoms and whether it
is saturated or contains a double bond or a triple bond.

4 3 2 1
CH3CH2CH2CH20H 5 4 3 29H1 5 4 3 211 1
CH3CH,CH,CHCH; CH3CH,CH,CCHs

4 C atoms: but 5 C atoms: pent 5 C atoms: pent
Saturated ane Saturated ane Saturated ane
hydrocarbon hydrocarbon hydrocarbon
chain: chain: chain:
but + ane; pent + ane; pent + ane;
butane pentane pentane

3. Write the name of the compound by placing the hydrocarbon name deleting the last letter
‘e’ (name of the parent hydrocarbon) followed by the suffix identifying the functional
group with the number designating its location.

12
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4 3 2 1 5 4 3 (I)Hl 5 4 3 2111
CH;CH,CH,CH,0H CH3CH20H2&HCH3 CH3;CH,CH,CCH,
butane + 1-ol pentane + 2-ol pentane + 2-one
butan-1-ol (1-butanol) pentan-2-ol (2-pentanol) pentan-2-one (2-pentanone)

The IUPAC names derived above give the following information:

(i)  The number of C atoms in the longest continuous carbon chain (pent, but etc.).
(i1)) The saturated nature of the carbon chain (-an-)

(ii1) The functional group present in the molecule and its position (1-ol, 2-ol or 2-one).

Note: The hydroxyl group (OH) of alcohols can be positioned on any carbon atom including the
terminal carbon atom of the carbon chain while the carbonyl group (C=0) of ketones cannot
be positioned at the terminal carbon atom of the carbon chain. Thus in naming alcohols and
ketones the number designating the location of the functional group has to be stated.

The carbonyl group (C=0) of the aldehydes and the carboxylic acids are always positioned at
the terminal carbon atom of the carbon chain. Therefore it is not necessary to state the number
designating their location.

Let us take the following two examples.
CH4CH,CH,COOH CH3CH,CH,CH,CHO

1. Identify the longest continuous carbon chain containing the functional group and
number the carbon atoms of the carbon chain such that the C atom of the functional
group gets number 1.

4 5 2 1 5 4 3 2 1
CH43CH,CH,COOH CH3CH,CH,CH,CHO

2. Derive the parent hydrocarbon name which shows the number of C atoms and whether

it is saturated or contains a double bond or a triple bond.

4 3 2 1 5 4 3 2 1
CH3CH,CH,COOH CH3CH,CH,CH,CHO
4 C atoms and saturated 5 C atoms and saturated
hydrocarbon (but + ane) hydrocarbon (pent + ane)

3. Write the name of the compound by placing the hydrocarbon name deleting the last letter
‘e’ (name of the parent hydrocarbon) followed by the suffix identifying the functional
group. Because aldehyde functional group and carboxylic acid functional group always
get number 1, the number is not stated in the name.

13
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4 3 2 1 5 4 3 2 1

CH3CH,CH,COOH CH3CH,CH,CH,CHO

butane + oic acid pentane + al
butanoic acid pentanal

Let us now take few examples containing alkyl substituents attached to the longest continuous
carbon chain. Recall that aldehyde and carboxylic acid functional groups are always positioned
at the terminal of the carbon chain. Hence the C of these two functional groups is given
number 1 when numbering.

CHzCHCH,CHO CH3CHCH,CH,COOH
CH; CH,CH,
Let us go through the steps involved in naming the above examples.

1. Identify the longest continuous carbon chain containing the functional group and number
the carbon atoms of the carbon chain such that the C atom of the functional group gets
number 1.

4 3 2 1 4 3 2 1
CHyCHCH,CHO CH3CHCH,CH,COOH
CH, CH,CH;

2. Derive the parent hydrocarbon name which shows the number of C atoms and whether it
is saturated or contains a double bond or a triple bond.

4 3 2 1 4 3 2 1
CH3CHCH,CHO CH3CHCH,CH,COOH
CHs, CH,CH;
4 C atoms and saturated 6 C atoms and saturated
hydrocarbon (but + ane) hydrocarbon (hex+ ane)

3. Identify the substituent groups with the location.

4 3 2 1 4 3 2 1

CH5;CHCH,CHO CH,CHCH,CH,COOH
CH, CH,CH,
3-methyl 4-methyl

4.  Build the IUPAC name of the compound by placing the hydrocarbon name deleting the
last letter ‘e’ (name of the parent hydrocarbon) followed by the suffix identifying the
functional group. Place the substituent names with their locations as prefixes. When there
are several substituents they should be placed in the alphabetical order.

4 3 2 1 4 3 2 1
CH5;CHCH,CHO CHaCHCH,CH,COOH
CH, CH,CH;
3-methyl+butane+al 4-methyl+hexane+oic acid
3-methylbutanal 4-methylhexanoic acid

14
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Let us take two more examples.

5 4 3 2 1 6 5 4 3 2(|:H13
CH3CHCH,CHCHO CHyCH,CHCH,CHCOOH
CH; CHj CH,CHjy
Longest carbon chain 5C — pent 6C - hex
Parent hydrocarbon name pentane hexane
Functional group 1-al 1-oic acid
(with location)
Substituents with locations 2-methyl, 4-methyl 2-methyl, 4-ethyl
IUPAC name 2,4-dimethylpentanal 4-ethyl-2-methylhexanoic acid

Carbon chains of compounds containing functional groups that can be placed on any carbon
atom (such as alcohols and ketones) should be numbered such that the functional group gets the
lowest possible number. Rest of the steps discussed will then be followed to build the [UPAC

name.

Let us take few examples.

5 4 3 2 1 s 4 3 2(?|1-|
CH3CHCH,CHCH,OH CH,CHCH,CCH,
CHs  CHs CH; CHs

Longest carbon chain 5C atoms - pent 5C atoms - pent
Parent hydrocarbon name pentane pentane
Functional group OH at C-1 (1-0l) OH at C-2 (2-0l)
(with location)
Substituents with locations 2-methyl, 4-methyl 2-methyl, 4-methyl
IUPAC name 2,4-dimethylpentan-1-ol  2,4-dimethylpentan-2-01

2,4-dimethy- Ipentanol 2,4-dimethyl-2-pentanol

O CH,
6 5 4 32l 1 1 213
CH3CH,CHC-CHCH, CH3CCHCH,
CH,CHs CH4CHCH;
Longest carbon chain 6C atoms - hex 5C atoms - pent
Parent hydrocarbon name hexane pentane
Functional group (with C=0 at C-3 (3-one) C=0 at C-2 (2-one)
location)
Substituents with locations 2-methyl, 4-ethyl 3-methyl, 4-methyl
IUPAC name 4-ethyl-2-methylhexan-3-one 3,4-dimethylpentan-2-one

4-ethyl-2-methyl-3-hexanone 3,4-dimethyl-2-pentanone

15
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When the compound contains a double bond or a triple bond (a multiple bond), the longest
chain must contain both the functional group and the multiple bond. Accordingly the parent
hydrocarbon will be either an alkene or an alkyne. Rest of the steps discussed will then be

followed to build the IUPAC name. Let us take a look at few examples.

CH, CH,CH,
CHyC=CHCHCO,H E‘:H2=3('3(2|:H%:H3
CHs OH
Longest carbon chain 5C atoms - pent 4C atoms - but
Functional group with  oic acid 2-0l
location
Double/triple bond with 3-ene 3-ene
location
Parent hydrocarbon pent-3-ene but-3-ene
name
Substituents with 2-methyl, 4-methyl 3-ethyl
locations
IUPAC name 2,4-dimethylpent-3-enoic acid ~ 3-ethylbut-3-en-2-ol
2,4-dimethyl-3-pentenoic acid ~ 3-ethyl-3-buten-2-ol
CH, CHj
EH C=EHEHCEH, EHZC=CCHCH,CHO
CH; O
Longest carbon chain 6C atoms - hex 6C atoms - hex
Functional group with 2-one al
location
Double/triple bond with 4-ene 4-yne
location
Parent hydrocarbon name  hex-4-ene hex-4-yne
Substituents with locations 3-methyl, 5-methyl 3-methyl
IUPAC name 3,5-dimethylhex-4-en-2-one  3-methylhex-4-ynal

3,5-dimethyl-4-hexen-2-one  3-methyl-4-hexynal

1.3.6 IUPAC nomenclature of compounds containing more than one functional group

There are many organic compounds containing several functional groups. Recall that in the

foregoing discussion you learnt that compounds are named according to their functional

group. In the [IUPAC nomenclature system, functional groups are arranged in a priority order.

When there are two functional groups in a molecule, the compound is named according to the

functional group that gets the highest priority. The functional group with the highest priority

is called the principal functional group. The remaining functional group is considered as a
16
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substituent. When a functional group is considered as substituent, it is given a different name

to be used as a prefix. The carbon chain is numbered so that the principal functional group gets
the lowest possible number. Class names and substituent names of some functional groups are
given in Table 1.6 in the order of their priority.

Table 1.6 Class names and substituent names of some functional groups in their priority order

Functional group Name of the homologous Substituent name Class name (suffix)
series (prefix)

-COOH Carboxylic acid - oic acid

-COOR Ester - oate

-COCl Acid chloride - oyl chloride

-CONH, Amide - amide

-CN Nitrile cyano nitrile

-CHO Aldehyde formyl al

-CO- Ketone 0XO0 one

-OH Alcohol hydroxy- ol

-NH, Amine amino amine

-F fluoro- -

-Cl chloro- -

-Br bromo- -

-1 iodo- -

-NO nitro -

Note: alkene (C=C) as “ene” and alkyne (C=C) as “yne” are used as suffixes.

5 4 3 2C|:H13
CH3(|3=CH(|3COZH
CH; OH
Longest carbon chain 5C atoms - pent
Functional group with highest oic acid
priority and its location
Double/triple bond with 3-ene
location
Parent hydrocarbon name pent-3-ene
Substituents with locations 2-hydroxy, 2-methyl, 4-methyl
IUPAC name 2-hydroxy-2,4-dimethylpent-3-enoic acid

2-hydroxy-2,4-dimethyl-3-pentenoic acid

17
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CH; O

6 514 3l 2

CHsCCH,CCHOH
CH; CHjs

Longest carbon chain

6C atoms - hex

Functional group with highest 3-one
priority and its location

Double/triple bond with location none
Parent hydrocarbon name hexane

Substituents with locations

2-hydroxy, 5,5-dimethyl

IUPAC name

2-hydroxy-5,5-dimethylhexan-3-one
2-hydroxy-5,5-dimethyl-3-hexanone

CH; CHj

6 5| 4 32 1

CH3C:CH(|'I:CHC02H
o

Longest carbon chain

6C atoms - hex

Functional group with highest
priority and its location

oic acid

Double/triple bond with location

4-ene

Parent hydrocarbon name

hex-4-ene (4-hexene)

Substituents with locations

3-0x0, 2-methyl, 5-methyl

IUPAC name

2,5-dimethyl-3-oxohex-4-enoic acid
2,5-dimethyl-3-ox0-4-hexenoic acid

cHy  GH
%ch:‘bH%;HzcrﬁCHzNHz
OH

Longest carbon chain

6C atoms - hex

Functional group with highest
priority and its location

3-0l

Double/triple bond with location

4-ene

Parent hydrocarbon name

hex-4-ene (4-hexene)

Substituents with locations

l-amino, 2,5-dimethyl

IUPAC name

l-amino-2,5-dimethylhex-4-en-3-ol
l-amino-2,5-dimethyl-4-hexen-3-ol

18
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$Ha
5CH34CH3ICI:ZCHZICH20H
0

Longest carbon chain

5C atoms - pent

Functional group with highest priority
and its location

3-one (when numbered from either side)
In such a case, the direction of numbering
is chosen so as to give the lowest possible
numbers to the substituent groups.

Parent hydrocarbon name

pentane

Substituents with locations

1-hydroxy, 4-methyl

IUPAC name 1-hydroxy-4-methylpentan-3-one

1-hydroxy-4-methyl-3-pentanone

OH
CH,=CHCHCH,CH;

Longest carbon chain 5C atoms - pent

Functional group with highest priority
and its location

3-ol (when numbered from either side) In
this case, we should give the lowest possible
number to the double bond.

Double/triple bond with location l-ene

Parent hydrocarbon name pent-1-ene (1-pentene)

Substituents with locations none

IUPAC name pent-1-en-3-ol

1-penten-3-ol

O CHj
1 2 3ll 4l
CH,=C-C-CHCH,OH
CHs

Longest carbon chain 5C atoms - pent

Functional group with
highest priority and its
location

3-one (when numbered from either side). The lowest possible
number should be given to the double bond. Recall how the
substituted alkene and alkynes were named.

Double/triple bond with I-ene
location

Parent hydrocarbon name pent-1-ene (1-pentene)

Substituents with locations 5-hydroxy, 2,4-dimethyl

IUPAC name 5-hydroxy-2,4-dimethylpent-1-en-3-one

5-hydroxy-2,4-dimethyl-1-penten-3-one
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e
1C:H2=2C|:-3'C-4CFFCH20H

CH,CHj
Longest carbon chain 5C atoms - pent (not hex; the carbon chain
should include the C=C).
Functional group with highest priority 3-one
and its location
Double/triple bond with location 1-ene
Parent hydrocarbon name pent-1-ene (1-pentene)
Substituents with locations 5-hydroxy, 2-ethyl, 4-methyl
IUPAC name 2-ethyl-5-hydroxy-4-methylpent-1-en-3-one

2-ethyl-5-hydroxy-4-methyl-1-penten-3-one

Let us now summarize the stepwise approach to build the [UPAC name of a compound (other
than hydrocarbons).

1. Identify the longest hydrocarbon chain which includes the functional group having the
highest priority (principal functional group) (Table 1.6) and any double or triple bonds.

2. Number the hydrocarbon chain:
a.  Such that the principal functional group gets the lowest possible number.

b.  Ifthe principal functional group gets the same number when the hydrocarbon chain
is numbered from different directions, then the direction giving the lowest possible
number to the multiple bond is chosen.

c.  If the principal functional group gets the same number when the hydrocarbon
chain is numbered from different directions and multiple bonds are absent, then the
direction giving the lowest possible numbers to the substituents is chosen.

3. Derive the hydrocarbon name using the name designated for the number of C atoms and
suffix for the saturation or unsaturation with its position number (ane, ene or yne).

4. Add the suffix designating the principal functional group.
5. Add prefixes designating the substituent groups along with their position numbers.

6. Then build the [IUPAC name as follows:

Prefix + | Hydrocarbon name | + Suffix

Substituent groups  Number of C atoms and ~ Class name of the
with position suffix for the saturation ~ Principal functional
numbers or unsaturation with its group
position number
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Trivial Names

Prior to the development of systematic nomenclature organic compound were known by trivial
(common) names. As the trivial names of common compounds are still used by chemists it is
advisable to be familiar with these names. Trivial names of some common compounds and their
corresponding IUPAC names are given in Table 1.7.

Table 1.7 Trivial names of some common compounds and their [UPAC names.

Compound Trivial name IUPAC name
CH,COOH acetic acid ethanoic acid
CH,CHO acetaldehyde ethanal
CH,COCH, acetone propanone
CH,CN acetonitrile ethanenitrile
HC=CH acetylene ethyne

CHCI, chloroform trichloromethane
HOCH,CH,OH ethylene glycol ethane-1,2-diol
HCHO formaldehyde methanal
HCOOH formic acid methanoic acid

1.4 Isomerism

Isomerism is the existence of different compounds that have the same molecular formula.
Different compounds having the same molecular formula are called isomers. Isomers can be
subdivided into constitutional isomers and stereoisomers.

1.4.1 Constitutional (structural) isomerism

Isomers that differ from the order in which the constituent atoms are connected to each other are
called constitutional isomers. Hence they have different structural formulae. A few examples
of constitutional isomers are shown in Table 1.8.

Table 1.8 Some examples of constitutional isomers

Molecular formula Constitutional isomers

CsHi2 CHs (FHs
CH3CH,;CH,CH,CH; CH3CHCH,CH, CH4CCH,
CH,
CsHgO CH;
CH3;CH,CH,0H CH;CHOH CH3CH,0CH34
C4HgO H CHs CHs
CH3CH,CH,C=0 CH3CHC=0 CHsCH,C=0
H

Constitutional isomers are generally subdivided into chain isomers, position isomers and
functional group isomers. These subdivisions are not exclusive and can overlap.
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Chain isomers: Chain isomers are those which have different hydrocarbon chains for same
molecular formula (Figure 1.10).

Cl‘st CHs
CH3CH,CH,CH,CH,OH - CH3CHCH,CH,OH - CH3CCH,0H
CHs

Figure 1.10 Chain isomers for the molecular formula C.H ,O

Position isomers: Position isomers are those which have the same functional group and/or
substituents in different positions in the same carbon chain (Figure 1.11).

OH
I
CH3CH,CH,OH CH3CHCHS, CH5CH,C=CH CH3C=CCH,
1 -propanol 2-propanol 1-butyne 2-butyne
Position isomers for the molecular Position isomers for the molecular
formula C3;HgO formula C4Hs

Figure 1.11 Examples of position isomers

Functional group isomers: Functional group isomers are those which have different functional
groups in compounds having the same molecular formula (Figure 1.12).

1 1
CH4CH,CH,0H CH3CH,0CH; CH3CH,CH CH3CCHs

1-propanol ethylmethylether propanal propanone
Functional group isomers for the Functional group isomers for the
molecular formula CsHgO molecular formula CsHsO

Figure 1.12 Examples of functional group isomers

Chain isomerism, position isomerism and functional group isomerism can overlap. Take a
look at the isomers which have been drawn for the molecular formula C,H,O (Figure 1.13).

GHs ?
CH3CH,CH,CHO CH5CHCHO CHyCCH,CH;
CH,=CHCH,CH,OH CH3CH=CHCH,OH

CH,=CHCH,0OCH;  CH3CH=CHOCH;  CH,=CHOCH,CHs;

cH cH o
CH,=CCH,0H CH,=COCHj, CH3CHCH=CH,

Figure 1.13 Constitutional isomers for the molecular formula C,H,O
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1.4.2 Stereoisomerism

Stereoisomerism is the existence of compounds whose structures differ from each other only
in the orientation of bonds in three-dimensional space. Stereoisomers have the same structural
formulae. They have the same connectivity: their constituent atoms are connected in the same
order but differ in the manner in which atoms or groups are arranged in three-dimensional
space. Therefore their structures cannot be superimposed on each other even though they have
the same molecular and structural formulae. Pair of stereoisomers whose three-dimensional
structures are mirror images of each other are enantiomers of each other. Pairs of stereoisomers
whose three-dimensional structures are not mirror images of each other are diastereomers of
each other.

The different types of isomers described above and their classification is shown in
Figure 1.14.

Isomers
I
f 1
onstitutional :
C : Stereoisomers
isomers
| l
M f ] T 1
Chain isomers Position Functional Enantiomers Diastereomers
isomers group isomers

Figure 1.14 Classification of isomers
Diastereomerism

Geometric isomerism is one occasion where diastereomerism is seen. A C=C double bond
consists of a 6-bond and a m-bond. Due to the 7 bond, the two carbon atoms cannot freely rotate
about the o-bond. Both alkene carbon atoms and the four atoms attached to them are all in one
plane. For geometrical isomers to exist, the two groups attached to each carbon atom of the
double bond should not be identical. In such an instance it is possible to have two compounds
which differ from each other in the spatial arrangements of the groups joined to the two carbon
atoms. These two compounds cannot be superimposed on each other and cannot interconvert by
rotation around the carbon-carbon bond axis (due to the n-bond). Such compounds are known
as geometrical isomers.

For example,

a p a A
‘C:C’ and C=C
/ N / A
b q b P

are diastereoisomers because the structures cannot be superimposed on each other.
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However,
a p a A
/C:C\ and /C—C\
a q a p

are the same because the structures can be superimposed on each other.
Cis and trans nomenclature

In alkenes the words cis and trans are used to indicate the geometrical relationship of
two groups attached to different carbon atoms in the same double bond. Consider a plane
passing through the C=C which is perpendicular to the plane of the molecule (See Figure 1.15).
If the two groups are on the same side of this plane, then the relationship is cis. Observe that in
Figure 1.15 the two H-atoms are cis to each other and the two methyls are also cis to each
other.

Plane perpenducular to the
plane of the molecule

< Plane of the molecule

Figure 1.15 cis-2-butene showing the plane perpendicular to the plane of the molecule

If the two groups are on opposite sides of the plane then the relationship is #rans. Observe that
H atom on C, is frans to the methyl group on C_(see Figure 1.16).

Note that the geometrical isomer of cis-2-butene is trans-2-butene in which the two methyl
groups are trans to each other (the two H atoms are also trans to each other).

Plane perpenducular to the
plane of the molecule

< Plane of the molecule

Figure 1.16 trans-2-butene
Enantiomerism

Isomers which are mirror images of each other are known as enantiomers (see Figure 1.17).
A compound having a carbon atom which is joined to four different groups shows enantiomerism.
Such a carbon atom is known as an asymmetric or chiral carbon atom. When plane polarized light
is passed through a solution containing only one enantiomer, the plane of polarization rotates.
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One enantiomer rotates the plane of polarization in one direction and the other enantiomer in
the opposite direction. As the enantiomers rotate the plane of polarization, they are also known
as optical isomers. Compounds which rotate the plane of plane polarized light are known as
optically active compounds.

E|ir E|ir

A Fu";c\
Cl Cl

mirror

H

Figure 1.17 Enantiomers of bromochlorofluoromethane
Observe that the above mirror images of each other are not superimposable.

Note: Stereoisomers which are not mirror images of each other are known as diastereomers.
Therefore geometrical isomers are diastereomers.
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Introduction

Hydrocarbons are compounds containing only carbon and hydrogen. We have already discussed
that aliphatic hydrocarbons are classified as alkanes, alkenes and alkynes. Halohydrocarbons
are compounds containing one or more halogen atoms in addition to carbon and hydrogen.

2.1 Structure, physical properties and nature of bonds of aliphatic hydrocarbons

Alkane hydrocarbons are saturated hydrocarbons. Only carbon-hydrogen and carbon-carbon
single bonds are found in these compounds. Methane (CH,) is the simplest alkane hydrocarbon
and it contains only one carbon atom. There are four hydrogen atoms attached to this carbon
atom by four single bonds. The alkane which contains two carbon atoms is ethane (C,H,). In
ethane the two carbons are bonded to each other with a single bond and each of these carbon
atoms is bonded to three hydrogen atoms. The alkane with three carbon atoms is propane
(C,H,). It will be noticed that the formula of ethane differs from that of methane by CH,, and
that the formula of propane differs from that of ethane also by CH.,. If two consecutive members
of a series of compounds differ only by a CH, unit, such a series of compounds is called a
homologous series.

A homologous series is a series of compounds with similar chemical properties which share the
same general formula in which consecutive members of a series of compounds differ only by a
CH ,unit. The general formula of an alkane is CH, (wheren = 1, 2, 3, ....) and all alkanes
except cyclic alkanes follow this general formula.

n+2

2.1.1 Properties of alkanes

An alkane molecule is non-polar or very weakly polar. The attractive forces between two non-
polar molecules are the dispersion forces. While the first few members of the series are gases at
room temperature, the higher members are liquids and solids. As a result of increase in surface
area down the series, dispersion forces also increase. While this leads to the aforesaid variation
in the physical states of hydrocarbons, it also results in increase of the boiling points and melting
points of unbranched hydrocarbons with the increase in molecular weight (Table 2.1).

Table 2.1 Melting points, boiling points and densities of some straight chain alkanes, showing
regular increase of the property with the carbon number

Name Formula Melting point/ °C  Boiling point/ °C  Density
(at 20 °C)/ g ecm™
methane  CH, -183 -162
ethane CH,CH, -172 -88.5
propane CH,CH,CH, -187 -42
butane CH,(CH,),CH, -138 -0.5
pentane CH,(CH,),CH, -130 36 0.626
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Name Formula Melting point/ °C  Boiling point/ °C  Density
(at 20 °C)/ g cm?
hexane CH,(CH),CH, -95 69 0.659
heptane CH,(CH,),CH, -90.5 98 0.659
octane CH,(CH)CH, -57 126 0.659
nonane CH,(CH).CH, -54 151 0.718
decane CH,(CH,)),CH, -30 174 0.730

With branching of the carbon chain the surface area of a molecules decreases and consequently
dispersion forces become weaker and the boiling point decreases. As can be seen from the
data given in Table 2.2 the boiling points of alkanes with five carbon atoms decrease with the
increase in branching of the carbon chain.

Table 2.2 Reduction of boiling points of isomeric pentanes as the branching occurs

Compound Boiling point/ °C
pentane 36
2-methylbutane 28
2,2-dimethylpropane 9

2.1.2 Structure of alkanes

Let us consider the bonding of the simplest alkane, methane (CH,). The carbon atom forms four
covalent bonds with four hydrogen atoms. A covalent bond is formed by the overlap of two
orbitals of two different atoms, each of which contains one electron. As the carbon atom in its
ground state has only two p orbitals (p_and py) containing one electron each, it could form only
two covalent bonds at right angles to each other (recall that electronic configuration of C in its
ground state is 1s?2s? 2p?). If the two electrons in the 2s orbital are unpaired and one electron is
promoted to the p_orbital, then the carbon atom would have four orbitals, each containing one
electron to form four bonds to four hydrogen atoms. The energy required to unpair and promote
an electron could be compensated by the energy released by the formation of two extra bonds.

However, this overlap would result in a CH, molecule where three of the C-H bonds will be at
right angles to each other and one C-H bond will not have any directionality. This would lead
to a methane molecule which would have two types of C—H bonds. In order to explain the fact
that in methane all four C—H bonds are equivalent, the 2s orbital and the three 2p orbitals are
considered to be mixed with each other, to generate four equivalent orbitals pointing to the
apices of a tetrahedron (Figure 2.1).
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Figure 2.1 Shape and arrangement of sp’ hybrid orbitals of carbon

The mixing of orbitals to generate new orbitals is termed 'hybridization'. The new orbitals are
termed hybrid orbitals to differentiate them from pure atomic orbitals. In methane, the four
hybrid orbitals of carbon are called sp°® hybrid orbitals as one s orbital and three p orbitals are
mixed to generate them. Such carbon atoms are referred to as ‘sp® hybridized carbon’. The
energy of the sp*® hybrid orbitals lies between the energy of the s orbital and the p orbitals
(Figure 2.2).

o g | | wl 1]

Promotion Hybridization 1 1 1 1
—_— —_— 3
1 sp .
2s 1 L 2s 1L __

C C c
Ground state Excited state sp® hybridized

Figure 2.2 Graphical representation of hybridization of carbon in methane

In methane each of these four sp* hybridized orbitals overlap with s orbital of H atoms and
forms four C—H bonds. The angle between any of these two C—H bonds is 109.5° and the four
H atoms of methane are located at the apices of a tetrahedron (Figure 2.3).

Figure 2.3 Tetrahedral shape of methane (CH,) molecule

All carbon atoms joined to four other atoms in any organic compound are considered sp’
hybridized. In alkanes, the carbon-hydrogen bonds are formed by the overlap of a sp* hybrid
orbital of carbon with a 1s orbital of hydrogen while the carbon-carbon bonds are formed by the
overlap of two sp? hybrid orbitals of two carbon atoms (Figure 2.4).
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Linear overlap of
two sp* orbitals

o O

Y
Q o

Figure 2.4 Structure of ethane showing overlap of orbitals to form C—-C and C—H bonds

The overlap of the two sp* orbitals to form the carbon-carbon bond takes place along the
direction of the orbitals. Such an overlap is called a linear overlap and results in the formation
of a ¢ bond.

2.1.3 Properties of alkenes and alkynes

Both alkene and alkyne hydrocarbons are unsaturated compounds. Alkenes contain at least one
carbon-carbon double bond while alkynes contain at least one carbon-carbon triple bond. Acyclic
alkenes with one double bond but without any other functional group form the homologous
series of alkenes with the general formula C H, . Alkynes with one triple bond and without

any other functional group form the homologous series of alkynes with the general formula
CH

n 2n-2°

Carbon-carbon double bond of an alkene and carbon-carbon triple bond in alkyne are stronger
and shorter than a carbon-carbon single bond (Table 2.3).

Table 2.3 Bond energies and bond lengths of carbon-carbon single, double and triple bonds

Bond Bond energy/ kJ mol! Bond length/ pm
c-C 347 154
C=C 611 133
C=C 839 120

Alkenes show boiling points very similar to those of alkanes with the same number of C atoms.
Ethene, propene and the isomeric butenes are gases at room temperature. All the rest are liquids.
As with alkanes, boiling points of alkenes increase with the increase of molecular mass (chain
length). Intermolecular forces of alkenes become stronger with increase in the size of the
molecules. As the polarity of alkynes is also low, their physical properties are very similar to
those of the corresponding alkanes and alkenes.

30



G.C.E. (A/L) CHEMISTRY: UNIT 8 | Hydrocarbons & Halohydrocarbons

2.1.4 Structure of alkenes

Ethene (C,H,) is the simplest alkene. It contains a carbon-carbon double bond. Each carbon atom
in ethene is sp? hybridized and forms three equivalent sp? hybrid orbitals which lie in the same
plane and point to the three corners of an equilateral triangle (Figure 2.5). The unhybridized

p orbital lies perpendicular (90°) to this plane.

-« unhybridized p orbital

sp? orbitals ~7
\:

Figure 2.5 Shape and arrangement of sp* hybrid orbitals an unhybridized p orbital of carbon

These sp* orbitals are formed by mixing of the 2s orbital with two 2p orbitals leaving one

unhybridized p orbital (Figure 2.6).

2p1_1_ — 291—1— 1— 2p

Energy Promotion Hybridization 1 1 1

—_— _

.l ul

c c c
Ground state Excited state sp? hybridized

sp? -

Figure 2.6 Graphical representation of sp? hybridization of carbon in ethane

In ethene each carbon uses two sp? orbitals to form two C—H bonds each. The remaining sp?
orbital in each carbon is used to form a carbon-carbon ¢ bond by linear overlap. The unhybridized
p orbitals of each carbon atom which are parallel to each other overlap laterally to form another
carbon-carbon bond. This bond formed by the lateral overlap of p orbitals is called a © bond.
All alkenes contain a carbon-carbon double bond which consists of a ¢ bond and a = bond. The

n bond is weaker than the o bond (Figure 2.7).

Linear overlap of sp? orbitals

Figure 2.7 Structure of ethene showing overlap of orbitals to form C—C and C—H bonds
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The 2 carbon atoms used to form the double bond and the four atoms attached directly to them
lie in the same plane. The angle between any two atoms attached to the sp? hybridized carbon
will be 120° (Figure 2.8).

Figure 2.8 Planar shape of ethene (C,H,) molecule

2.1.5 Structure of alkynes

Ethyne (C,H,) is the simplest alkyne. It contains a carbon-carbon triple bond. Each carbon atom
in ethyne is sp hybridized and forms two equivalent sp hybrid orbitals which lie in the same
straight line and point in opposite directions (Figure 2.9). The two unhybridized p orbitals lie
perpendicular (90°) to each other and to these two sp orbitals.

unhybridized p orbitals

(perpendicular to each

other and perpendicular
to the both sp orbitals ?\L :

F . ""I" :\
RN TEees J@_ — — —E
. f‘:‘ oy — . 93\
sp orbital : sp orbital
Figure 2.9 Shape and arrangement of sp hybrid orbital and unhybridized p orbitals of carbon

These sp orbitals are formed by mixing of the 2s orbital with one 2p orbital leaving two

unhybridized p orbitals (Figure 2.10).

Promotion Hybridization 1 1
_ = —_—
1 sp L 1
2s 1 L 2s 1
c c C
Ground state Excited state sp hybridized

Figure 2.10 Graphical representation of sp hybridization of carbon in ethyne

In ethyne each carbon uses one sp orbital to form a C—H bond each. The remaining sp orbital

in each carbon is used to form a carbon-carbon ¢ bond by linear overlap. The two unhybridized
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p orbitals of each carbon atom overlap laterally to form another two carbon-carbon bonds (two

7 bonds). Thus all alkynes contain a carbon-carbon triple bond which consists of a 6 bond and
two © bonds (Figure 2.11).

Lateral overlap of p orbital (it bonds)

Lateral overlap of sp orbital (o bonds)

Figure 2.11 Structure of ethyne showing overlap of orbitals to form C—C and C-H bonds

The 2 carbon atoms used to form the triple bond and the two atoms attached directly to them lie

in the same straight line. The angle between the two atoms attached to the sp hybridized carbon
will be 180° (Figure 2.12).

2.2

180°
&«_W
Figure 2.12 Linear shape of ethyne (C,H,) molecule

Chemical reactions of alkanes, alkenes and alkynes in terms of their structures

Covalent bond cleavage during organic reactions

Any organic reaction involves the cleavage (breaking) and formation of covalent bonds. Bond

cleavage can take place in two different ways.

(@)

(ii)

Heterolytic cleavage

In heterolytic cleavage the two electrons involved in the bond will remain with one of the
atoms (the more electronegative atom). This will result in a positively charged species
(cation) and a negatively charged species (anion).
AweB —> A" + :B
' cation anion

When writing mechanisms, heterolytic cleavage is shown by a curved arrow which
indicates the movement of a pair of electrons.

AL% — A" + B
. cation anion
Homolytic cleavage

In homolytic cleavage the two electrons involved in the bond will be equally divided such
that one electron will remain with each atom. This will result in two neutral species each
having one unpaired electron. Such species are called free radicals.
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AdB —= A+ B
Free radicals
(neutral)

When writing mechanisms, homolytic cleavage is shown by a pair of fishhooks. Each fishhook
indicates the movement of a single electron.

m(“ - L]

A—B —_— A+ B
Free radicals
(neutral)

2.2.1 Reactions of alkanes

In alkanes all the bonds are either C—C or C—H bonds. Because the polarity of those C—C and
C—H bonds is low, alkanes do not have atoms which bear high positive (electron deficient) or
negative charges (electron rich). Therefore, they do not react with common polar reagents such
as OH-, CN-, H" under normal conditions.

2.2.1.1 Chlorination of alkanes

Although alkanes do not react with common polar reagents, they tend to react with free radicals
by homolytic cleavage of C—H bonds. For example, alkanes react with reagents such as chlorine
and bromine free radicals (Cl atoms and Br atoms) which can be generated by the homolytic
cleavage Cl,and Br,. This can be achieved by irradiation of Cl, or Br, with ultra-violet light. Thus,
methane in the presence of ultra-violet light reacts with Cl, to give a mixture of chloromethanes,
CH,CI, CH,Cl,, CHCI, and CCl,. These products are formed by a sequence of reactions where
the product of one reaction, becomes the starting material for the subsequent reaction of the
sequence. Such reactions are called chain reactions.

The mechanism of the reaction is given below. The first step of the reaction is the formation of
chlorine free radicals by the homolysis of the covalent bond between two chlorine atoms. This
is called the chain initiation step.

cl~cl =% 2c¢f Chain initiation step

The chlorine free radical reacts with CH, to produce methyl free radical (¢«CH,). The methyl free
radical reacts with another molecule of chlorine (Cl,) producing CH,CI and CI'. The chlorine
radical produced in this step can react either with a molecule of CH, or a molecule of CH,Cl
to produce the corresponding carbon free radicals as shown in the reaction sequence given
below.
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() . &
H3C—MI —>  H;C + HCl

WA : _
HsC  CI—Cl — CHzCl + Cl Chain propagation steps

Cl — CICH, + HCI

C|Hch@—(8| —> CH,Cl, + CI

CLHC-H "' ci — CLHC + HCI

CIZHC/—\’@—'/.C‘I —> CHCl; + CI

i — ClLC + HCI

VG -
Cl,C TCI=Cl CCla + € Chain propagation steps

These steps are called chain propagation steps. In these chain propagation steps, free radicals
are used and are also generated. Therefore the reaction sequence can proceed without stopping
until all the H atoms in CH, are replaced by CI. The carbon free radicals produced in this reaction
sequence are called reactive intermediates in the free radical chlorination of methane.

A chain reaction can be stopped by chain terminating reactions. There are many chain
terminating reactions (steps) that can occur during a chain reaction. In these chain terminating
reactions the radicals are used but not generated. A few such chain terminating reactions are
shown below.

’I-\(‘B Cl,

C | —
Hac'rv?;i —>  CH4CI

Hs /\’(\C'H3 —  CH;CH;, Chain terminating steps
It should be noted that, as free radical chlorination (and bromination) of alkanes produces a
mixture of products, it is of limited use in the synthesis of chloro or bromo hydrocarbons in the
laboratory.

2.2.2 Reactions of alkenes

The reactions of alkenes take place at the carbon-carbon double bond. Carbon-carbon double
bond is formed from a ¢ bond and a m bond. The double bond of an alkene is an electron rich
area due to the presence of the pi-electron cloud above and below the plane of the alkene.
Therefore it can attract a species which can accept a pair of electrons. Such species are electron
deficient and are known as electrophiles.
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As each of the doubly bonded C atoms is bonded only to three atoms, they are unsaturated and
another atom can be attached (added) to each of these two carbon atoms during a reaction.

Therefore the typical reactions of alkenes are electrophilic addition reactions. Let us study the
electrophilic addition reaction with its mechanism, using a few examples.

2.2.2.1 Addition of hydrogen halides (HCl, HBr or HI)

The electron deficient pole of a hydrogen halide molecule is H (eg. H*— Br*"). This acts as an
electrophile and reacts initially with the double bond. During the reaction the H-Br bond breaks
releasing a Br- ion. Thus, the H reacts as if it was a H" ion and forms a bond with carbon using
the two electrons from the n-bond.

During these electrophilic addition reactions, intermediate carbocations are formed
(Carbocations are electron deficient positively charged trivalent carbon species).

Let us look at the mechanism of addition of HBr to ethene. The reaction proceeds in two
steps.

Step 1
H\ ﬁ—\ Hﬁ\ér H +xH -

pag —— c-C + :Br
’ \ H™ \
H H H H
carbocation

Step 2

Carbocations are classified as primary, secondary and tertiary carbocations depending on the
number of hydrogen atoms attached to the positively charged carbon atom.

Stability of these carbocations follows the order shown below.

R H H
N+ N+ N+ v +
R-C > R—/C > H—/C > H=C
R R R H
tertiary secondary primary methyl
carbocation carbocation carbocation carbocation

When alkyl groups are attached to the positively charged C atom of the carbocation, stability
of the carbocation increases. The reason for this is the release of electrons by the alkyl groups
through C—C bonds towards the positively charged carbon atom to which they are attached.
This results in spreading the positive charge thereby stabilizing the ion. When asymmetrically
substituted alkenes undergo electrophilic addition reactions with hydrogen halides, two different
carbocations can be formed after the bonding of the electrophile (H"). The more stable of these
two carbocations forms more easily. Let us take addition of HBr to propene as an example.
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+ ,CH3 !
H,C-C — . major product
H
secondary carbocation
(more stable)

protonation at
C1

1 2 ,CHB
HzCTC‘

protonation at

Cc2 CH,

+ /
HaC=C~y ~—————»  minor product

primary carbocation
(less stable)

The more stable carbocation is obtained when the electrophile gets attached to the carbon
atom to which the higher number of hydrogen atoms is attached. This is the explanation for
‘Markovnikov’s rule’ which states that when a protic acid HX adds to an asymmetric alkene,
the H adds to the carbon atom bonded to the higher number of H atoms.

The mechanism of addition of HBr to propene can be shown as follows.

1

Stepl /ey ala Ho 4 CHs B
/C:C\ e H/IC_C\ + Br
H H H o H

more stable carbocation

Step2 + FHs a H LHs
/\C_C/—\: Br /\C_C/Br

H I N H / N

H H H H

Hydrogen bromide adds in the opposite way to this rule (anti-Markovnikov addition) when
there are peroxides in the reaction medium (i.e. the H adds to the carbon bonded to the lower
number of H atoms). The reason for this is that in the presence of peroxides the reaction between
hydrogen bromide (HBr) and the alkenes takes place via a free radical mechanism and not
the ionic mechanism described above. 4 description of the mechanism of this reaction is not
expected. 1t is to be noted that the direction of addition of HCIl and HI is not changed in the
presence of peroxides.
RO—OR

CH;CH=CH, + HB — > CH3CH,CH.Br
3 2 ' (peroxide) a2

2.2.2.2 Addition of bromine to alkenes

Bromine is a not a polar molecule, but polarity is induced in it during the reaction with alkenes.
When a bromine molecule approaches the electron rich double bond, a dipole is induced with
the Br atom closer to the pi-bond having a partial positive charge. In the first step of the reaction,
this Br atom reacts with the double bond and forms a bromonium ion, which is a three membered
cyclic intermediate with a positive charge on the Br atom.
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In the second step of the reaction, a bromide ion (Br) acting as a nucleophile, forms a bond to
one of the carbon atoms bonded to Br*. The bond formed by that carbon atom to Br* is broken
during this step, giving an open chain structure again.

The mechanism is as follows.

Stepl H H
c=¢  —— H-c-c-H + :Br
/ \ \ /+ b
H( H QBr
s, bromonium ion
‘Br: . .
C 1 intermediate
2.B.r25—
Step 2 B
H ’//H\:.B:r: Br ’HH
H~c—c—H —> ,-C—C~
\ / 4+ / \
QBr H Br

2.2.2.3 Addition of sulphuric acid and the hydrolysis of the addition product

Alkenes react with cold concentrated sulphuric acid to form alkyl hydrogen sulphates. The
reaction is an electrophilic addition reaction and proceeds via a carbocation intermediate as in
the case of the addition of HBr.

(@] (e}
H/Chs DI H 4+ fHs -1
C=C + H— —ﬁ—O—H — |_|/IC—C\ + O—ﬁ—O—H
H H 0 H H o]
more stable carbocation
H +CHs 0] H CH3
N / — N /_0S0,0H
L= 0—S—0—H — AL=C 2
AIVIRNRY ! H H
o) H

The reaction is carried out by passing the gaseous alkene through cold concentrated H,SO,
or stirring the liquid alkene with the cold concentrated H,SO,. When the solutions of alkyl
hydrogen sulphates are diluted with water and heated, they undergo hydrolysis to give an
alcohol bearing the same alkyl group as the original alkyl hydrogen sulphate. Let us look at few
examples of this reaction.
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Conc. H,SO. H'/H,0
CHy=CHy ————2> 44 CHyCH,080sH ————= CH3CH,OH
heat
Conc. H2804 cI)SO:”.-I H‘!H;O CI)H
CH:}CH:CH; — (CH;CHCH; ——» (CH;CHCH-
heat
H-
M cone H,S0, GHs H*/H.0 Gt
Cch=CH2 —_——— CH_;CCHg — CH3CCH3
OSO4H nost OH

It is seen that the final product of this sequence of reactions is the alcohol that would be obtained
by the Markovnikov addition of water (H-OH) to the alkene. The same products can be obtained
directly by the direct addition of water to alkenes in the presence of dilute sulphuric acid.
However the preparation of ethanol by direct addition of water to ethylene is difficult under
laboratory conditions.

2.2.2.4 Catalytic addition of hydrogen (Hydrogenation)

In the presence of catalysts such as finely powdered Pt, Pd or Ni, alkenes react with hydrogen
to produce alkanes.
H

2
CHsCH=CH, ——— (CH;3;CH;CH;
3 2 Pt or Pd or Ni

2.2.2.5 Reaction of alkenes with cold, alkaline, dilute potassium permanganate

Alkenes react with cold, alkaline, dilute KMnO, solution to produce diols (glycols). When this
reaction takes place the purple colour of permanganate is disappeared and a brown precipitate
of MnO, is formed. This reaction is used as a test for unsaturation (carbon-carbon double bonds
and triple bonds). This is named as Baeyer test for unsaturation. However easily oxidisable
substances such as aldehydes will also answer this test.

2.2.3 Reactions of alkynes

Alkynes have a triple bond which consists of one sigma bond and two © bonds. Alkynes also
undergo electrophilic addition reactions with reagents that add to alkenes. The two pi-bonds
react independently of each other.

2.2.3.1 Addition of bromine

Brz H Br
H-C=C-H - c=c
8’ H
H Br H Br
\ 7 Br \
Cc=C e  Bro-c.,
j \ Vi \
Br H Br
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2.2.3.2 Addition of hydrogen halides

HBr H Br
H-C=C-H - b=
H H
H B HBr L
szC\ - M;C_C\h Br
H H H

2.2.3.3 Addition of water

In the presence of Hg** and dilute H,SO,, one molecule of water adds to an alkyne producing
an enol. A molecule containing a hydroxyl group attached to a carbon atom in a carbon-carbon
double bond is known as an enol.

H*/H,0 H  OH
H=C=C-H ———» c=C (enol)
Hg‘b H.r \H

Enols are unstable and rapidly rearrange to a more stable keto form (aldehydes or ketones)

H ’,C - Ci aldehyde (a keto compound)
H H H H

The addition of water to alkynes takes place according to the Markovnikov’s rule as shown
below by the reaction of propyne.

H*'H,0 H  OH
H-C=C-CH; ——» c=C (enol)
Hg® H CHs
H\ .rOH H IO
C= C\ _—e H“\C —C: ketone (a keto compound)
H CH‘S H CH;]

2.2.3.4 Catalytic addition of hydrogen (Hydrogenation)

Alkynes react with hydrogen in the presence of catalysts such as Pt, Pd or Ni to give alkanes.

H,/Pd
HC=CH ——  HyC—CHj

During this reaction the alkyne is first reduced to the alkene which is further reduced to the
alkane under the reaction conditions. The reaction can be stopped at the alkene stage by using
a less active catalyst. Very often, Pd catalyst deposited on BaSO, deactivated (poisoned) by
quinoline is used.

H»/Pd-BaSO4

HC=CH ——— > H,C=CH,
quinoline
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2.2.4 Acidic nature of alkynes with terminal hydrogen

The triple bond C atoms are sp hybridized. A C-H bond involving a triple bond carbon is formed
by the linear overlap of a sp orbital of C and a s orbital of H.

Since a sp orbital has more s character (50% s character) than sp? or sp® orbitals, the bonding
electrons in the C—H bond of alkynes are closer to the carbon nucleus than in the case of
C-H bonds in alkenes and alkanes. Therefore the H attached to a triple bond carbon has a
higher acidity than the H in alkene or alkane C—H bonds. However, the acidity of H attached to
terminal alkynes is less than that of water and alcohol.

The H of a terminal alkyne can react as H" with strong bases such as NaNH, and active metals
such as Na. The resulting acetylide anion is stable because the two non-bonded electrons
(negatively charged) are close to the carbon nucleus (positively charged).

_ Na -
Hs,C—C=C—H ——> H3C—C=C Na + Hy

_ NaNH, -
H,C—C=C—H —> H3C—C=C Na + NH3

Terminal alkynes react with certain heavy metal ions such as Ag* and Cu" to form insoluble
metal acetylides. These two reactions can be used to identify terminal alkynes.

NH3/Cu,Cl
HC—C=C—H ———2 "% H,C—C=C—Cu |

NH3/AgNO
HC—C=C—H — 2978 HsC—C=C—Ag |

2.3 The nature of bonding in benzene

The molecular formula of benzene is C . H, which indicates that it is an unsaturated compound.
Under normal conditions benzene does not answer the tests for unsaturation. Therefore, benzene
cannot have a structure similar to that of a simple alkene or an alkyne.

2.3.1 Structure of benzene

The structure proposed for benzene by Kekulé contained a six-membered ring of carbon atoms
with alternating three double and three single bonds (Figure 2.13).

H

I
H.‘(I;,CQ g H
H‘C\?’/C\

H
Figure 2.13 Structure of benzene proposed by Kekulé in 1865

H

This structure was based on the evidence available regarding the relationships of aromatic
isomeric compounds. No isomer has been found for any mono-substituted benzene
(CHX; X=-CH,, -CH,, -OH, -Cl, -Br, -CHO etc.), implying that all six atoms in benzene
are equivalent. Therefore substitution at any one carbon atom will always give a single
compound.
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It was found that there are three isomeric disubstituted benzenes. Kekulé proposed structures
with 1,2-disubstitution, 1,3-disubstitution and 1,4-disubstitution (Figure 2.14), later named
as -ortho, -meta and -para isomers.

Br Br Br
H...Cq..Cl H...CoH '
¢ ¢ ot
/C\ //C\ /C\ //C\ ~
H 9 H H ? CI H/C\C/C\H
H H Cl
1,2-bromochlorobenzene 1,3-bromochlorobenzene 1,4-bromochlorobenzene
(ortho-bromochlorobenzene)  (meta-bromochlorobenzene) (para-bromochlorobenzene)

Figure 2.14 Three isomeric disubstituted benzenes

However these structures implied that two distinct ortho- disubstituted benzenes are possible,
depending on whether the substituted carbons are separated by a double bond or a single
bond. Since two different ortho- isomers have never been found, Kekulé proposed that
benzene molecule could be represented by two equivalent structures which are in equilibrium
(Figure 2.15) so that single and double bonds continually interchange positions.

('Z‘,l CI
H. ..Cs..Br H. .C.__B
9 (T: —_ Q’C (} r
H—C\?I,C-.H Hac.}C/C\H

H H

Figure 2.15 Proposed rapid equilibrium of two equivalent structures of
ortho-bromochlorobenzene

This proposal explains that benzene has two possible structures and that both of them exist at
room temperature. However, no experimental evidence has been found for the existence of two
such structures for benzene.

Further the bond length between any two adjacent carbon atoms in benzene is the same. The
carbon-carbon bond length of benzene is 1.39 x 107" m which is in-between the length of a
carbon-carbon double bond (1.34 x 107 m) and the length of a carbon-carbon single bond
(1.54 x 10" m).

The structure of benzene is now considered to be a resonance hybrid of two structures as
given in Figure 2.16.

A H
H\C,C\‘;‘C,H H\C',C\ ,H
1 (I: —— - (I: i
H” ‘g* “H H” *q’ "H
o i

Figure 2.16 Resonance structures of benzene
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For convenience, the resonance hybrid of benzene is written as shown below.

Q

Take note of the difference between the resonance sign (the double headed arrow) and the
equilibrium sign. In an equilibrium, the compounds shown by structures really exist while in
the concept of a resonance hybrid, none of the compounds represented by the structures really
exist. They are drawn because there is no other way of representing the real molecule. Each
structure contributes to the real structure of the compound. The extent of contribution depends
on the relative stability of each resonance structure with the more stable structure making a
larger contribution to the real structure. In the case of benzene, both structures have the same
stability and contribute equally.

All C atoms of benzene are sp? hybridized. Each carbon bears an unhybridized p orbital which
can overlap with the unhybridized p orbitals on either sides of it (Figure 2.17). From this, a
cyclic delocalized electron cloud common to all six carbon atoms is formed. Hence, the real
structure of benzene is considered to be a hybrid of two Kekulé structures. The real structure of
benzene with delocalized electrons is more stable than the hypothetical Kekulé structure with
three double bonds. The concept of resonance is used when there are delocalized electrons to be
depicted using conventional structures which are drawn using localized bonds.

Figure 2.17 Benzene showing lateral overlap of p orbitals forming a cyclic delocalized
electron cloud

2.3.2 Stability of benzene

The data for the standard enthalpy of hydrogenation helps to illustrate the stability of a benzene

molecule.
@ + H, » O AH® =-120 kJ mol!
@ . 3, , O AH® = 208 kJ mol*

Since the standard enthalpy of hydrogenation of cyclohexene (six-membered cyclic hydrocarbon
with one double bond) is -120 kJ mol ", the standard enthalpy of hydrogenation of benzene should
be 3 x -120 kJ mol! = -360 kJ mol™ if it possesses three double bonds similar to alkenes. The
standard enthalpy of hydrogenation of benzene is found to be -208 kJ mol!, which is-152 kJ mol!
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less than the expected value for the hydrogenation of three double bonds (Figure 2.18). Hence,
benzene is more stable than its Kekulé structure by an amount equal to (360-208) = 152 kJ mol™.
This stability is due to the cyclic delocalization of six pi-electrons, and is termed the resonance
stabilization (or aromatic stabilization) energy of benzene.

Hypothetical 'Cyclohexatriene’

L

E 152 kJ mol™
2 Resonance @ + 3H,
N Energy Benzene
o
()
C
L
- 360 kJ mol™* - 208 kJ mol!

Y y cyclohexane O

Figure 2.18 Standard enthalpies of hydrogenation of benzene and hypothetical cyclohexatriene.

2.4 Characteristic reactions of benzene exemplifying its stability

Benzene contains loosely bound delocalized electron cloud on both faces of the planar benzene
molecule. This makes benzene ring electron rich and hence reactive toward electrophiles,
similar to alkenes. As we have discussed, benzene shows extra stability due to this delocalization
of electrons. Therefore benzene does not easily undergo reactions which destroy this cyclic
delocalization. Hence the characteristic reactions of benzene are electrophilic substitution
reactions and not electrophilic addition reactions as in the case of alkenes.

2.4.1 Electrophilic substitution reactions of benzene

In electrophilic substitution reactions, hydrogen atoms attached to the benzene ring are
substituted by electrophiles (E*).

H E
O e — O

The first step in this reaction is the formation of a bond between the electrophile (E*) and a
carbon atom in the benzene ring giving rise to a carbocation (arenium ion). This step is very
similar to the first step of the electrophilic addition of HBr to an alkene.
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= + H
\/\1 -~
| +E — o E

=

The intermediate carbocation thus formed is stabilized by the delocalization of the positive

charge by conjugation with the two m bonds. This can be shown by resonance as follows.

+ H H H
Of - Of — O

However, in going from benzene to the above carbocation the cyclic delocalization of w electrons
is broken, and the aromatic stabilization energy is lost. It is energetically more favourable for
the intermediate carbocation to lose a proton and re-establish the cyclically delocalized electron
cloud, than to react with a nucleophile and give an addition product as in the case of alkenes.

The proton is usually taken up by one of the bases (B:”) present in the reaction mixture. Thus,
the result is the substitution of a H atom on the benzene ring with E.

e v — o

2.4.1.1 Nitration

Benzene reacts with a mixture of conc. HNO, and conc. H,SO, to give nitrobenzene which is
formed by the substitution of H by a nitro group.

conc. HNOg/conc. HaS04 | - NO2
50 °C - =

The electrophile in this reaction is "NO, which is generated in the medium by the dehydration
of nitric acid by sulphuric acid as follows.

— ‘{\'
H80; + HONO, —= HSO, + H-O-NO, —= H,0 + NO,
H

The 'NO, ion reacts with benzene and in the final step the proton is removed by the
hydrogensulphate (bisulphate) ion which act as the base.
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/\ + H
+
© + RO, ONOZ

+/\H/—\_ NO,
ONOQ + HSO, ——> ©/ + H,S0,

2.4.1.2 Friedel - Crafts alkylation

Benzene reacts with alkyl halides in the presence of a Lewis acid such as anhydrous AICI, to
give alkyl benzene, in which a H attached to the benzene is substituted by an alkyl group.

O RCl/anhydrous AICI; Q/R

In the case of secondary and tertiary halides (see section 8.6) the electrophile of this reaction is

R*, and is generated in the first step by the reaction between alkyl halide and the Lewis acid.
RCI + AICl; —— R + AICI

In the final step a proton is removed by AICI,.

AICl; + H' —— ACl; + HCI

Let us see an example.

¢Hs
H C\ CHCH3
@ N 3 ‘CHe anhydrous AICIQ;_ @’
H3C

The mechanism of this reaction is as follows.

HsC HaC,

CHCI + AlCl; —=—= cH o+ ACK
HaC HsC

_ R

/ ‘\‘_'_J’CH:; :. FHJ_
@ + HC S @‘-cmm

CHs

i CHa

L1 CH, \ CHCH

! -
i CHCHy 4 AICl, —= ©/ + ACl, + HCI
—
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As you can see the first step of this reaction is formation of carbocation from the alkyl halide.
In the second step benzene interacts with this carbocation to form an arenium ion. Removal of
proton takes place in the final step restoring the aromatic stability in the product.

In cases where RX is a primary alkyl halide (eg. CH,Cl) the species actually reacting with the
benzene molecule may not be R, but be a R-Cl molecule polarized by coordination to AICI,,
which will transfer R* to the benzene molecule during the reaction by cleavage of the R-Cl
bond.

The possible mechanism is as follows.

+ —
CH3_C| + A|C|3 CH3_C|A|C|3

+ H
TN CH A
+ CH3—CIAICl; ——> 3 + AlCl,

% CH,
Foo —

The Friedel - Crafts alkylation does not take place in mono substituted benzenes where the
substituent group has a stronger electron attracting ability than halogen. (eg. nitrobenzene).

2.4.1.3 Friedel - Crafts acylation

Benzene reacts with acid chlorides in the presence of a Lewis acid such as anhydrous AICI,,
giving acyl benzene, in which a H is substituted by an acyl group.

O

1
© RCOCl/anh.AIC; ©/C\R

The electrophile in this reaction is acylium ion (RCO™). This is formed in the first step by

reacting AICI, with acyl chloride as follows.

O O

I
Co. + AC, — C

+ p—
_ —> R-C=0 + AICI
R™Cl R 4

((;ZLIATICIS

In the step 2, the acylium ion reacts with benzene to form an arenium ion and in the final step a

proton is removed restoring the aromatic stability.
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ik +
of Oy
+ R-C=0 - 9
o)
N
'H,R _ R
g + AICl, e + AICl; + HCI
0

2.4.1.4 Halogenation

When benzene reacts with Cl, or Br, in the presence of a Lewis acid such as FeCl,, FeBr,, AICI,
or AlBr,, under anhydrous conditions, substitution by a halogen atom takes place in the benzene

ring.

Cl

S
| = + Cly anhydrous FeCI3: |
= Z

The effective electrophile in the above reaction is CI". It is transferred to the benzene ring
from the complex during the reaction. Proton is removed in the last step restoring the aromatic

stability.

+ -
Cl, + FeCl; ——»  CI—CIFeCls

/\ ~ + H
+ —_ p—
© Cl—CIFeCl; ——> ©C| + FeCly
+ N H Cl
Ou ¢ Eeol, ©/ + FeCly + HCl

2.4.2 Resistance of benzene ring towards oxidation

Benzene does not get oxidized by normal oxidizing agents like H/KMnO, due to its stability.
However, the alkyl group in alkyl substituted benzene can be oxidized by H/KMnO, to a
carboxylic acid group. H/K Cr,0O, can also be used for this oxidation.

Tertiary alkyl groups do not get oxidized under the conditions in which primary and secondary
alkyl groups get oxidized. More vigorous conditions under which tertiary alkyl groups can be

oxidized also result in cleavage of the benzene ring.
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2.4.3 Resistance of benzene ring towards hydrogenation

Although benzene does not undergo electrophilic addition reactions, like alkenes, it can undergo
addition of hydrogen in the presence of suitable catalysts at higher temperatures in comparison

to alkenes.
Raney Ni
+ 3H, ———
150 °C

2.5 Directing ability of substituent groups of mono substituted benzene

When a monosubstituted benzene undergoes an electrophilic substitution reaction, the place
where the second substituent group attaches will be determined by the nature of the first
substituent group. Substituent groups can be categorized into two basic types.

2.5.1 Ortho para directing groups
eg. -OH, -R, -NH,, -NHR, -OCH,, halogens

Other than halogen, the ortho para directing groups activate the benzene ring towards
electrophilic substitution by making it more electron rich than benzene.

CH3 CH, CH4
conc. HNOs/conc. H,SO, ©,N02 S
- + | P
NO,
ortho para

2.5.2 Meta directing groups
eg. - NO,, -CHO, -COR, -COOH, -COOR

Meta directing groups deactivate the benzene ring towards electrophilic substitution by
withdrawing electrons from it.

CHO CHj
@ conc. HNOj/conc. H,S0, @\
Z NO,
meta

2.6 Structure and reactions of alkyl halides

Alkyl halides are classified as primary, secondary or tertiary depending on the number of
H atoms attached to the carbon atom which carries the halogen atom.

H R R
/C"'X /C"x ’C."x
3 ' R™
B H B H R
Primary alkyl halide Secondary alkyl halide Tertiary alkyl halide
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Alkyl halides are polar compounds. Although they are polar, the solubility of alkyl halides in
water is very low. One reason for this is that they do not form hydrogen bonds with water.

Due to the higher electronegativity of the halogen atom relative to the carbon atom, the carbon-
halogen bond is polarized. As a result, there is a deficiency of electrons in that carbon atom.
Therefore, it is possible that nucleophiles attack this position. Nucleophiles are basic, electron
rich reagents which can utilize a pair of electrons to form a bond with an electron deficient
carbon atom.

A few common examples are:

OH OR NH, CN RCEC H,0 NH,

Characteristic reactions of alkyl halides are nucleophilic substitution reactions. During
nucleophilic substitution reaction, the carbon atom forms a new bond with the nucleophile and
the halogen atom leaves as a halide ion.

= R =
Nu: + R—X —» Nu—-R + X

Let us look at some examples:

aq. NaOH_; R-OH
NaOR' > R-O-R'
NH;
=  R-NH,
Ko » R-CN
C=CR’
£=c = R=CZEC~R’

As anucleophile possesses a pair of electrons, any nucleophile can also act as a base by forming
a bond with H". Therefore, when an alkyl halide is reacted with a reagents such as: OH, OR",
it can also undergo an elimination reaction by the mechanism shown below.

HO + _C-C~ —» :C=C<

In this reaction, instead of reacting OH" group as a nucleophile with carbon, it reacts as a base and
removes a H* from the carbon atom adjacent to the carbon atom bearing halogen. The hydrogen
atoms attached to the carbon atom adjacent to the carbon atom bearing the halogen atoms,
have a low acidity due to the polarization of the C-X bond. Thus substitution and elimination
are competing reactions in alkyl halides. The balance between substitution and elimination is
influenced by the solvent used in the reaction. In the laboratory, aqueous KOH is used when
substitution is desired, and ethanolic KOH is used when elimination is desired.
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alcoholic KOH

CH3CH2CH28F CH3CH=CH2

Alkyl halides react with Mg in the medium of dry ether to form Grignard reagents. Grignard
reagents are organometallic reagents.

RX + Mg dry ether R-MgX

When an alkyl halide forms a Grignard reagent the polarity of the carbon atom originally joined
to halogen, changes as shown below.

\0-' &~ \ﬁ— O
,7C X — .7C ~MgX

Thus, an electron deficient carbon atom is converted to an electron rich carbon atom. In fact, the
alkyl group attached to Mg can utilize the pair of electrons in the C-Mg bond and behave as a
strong base as well as a strong nucleophile.

Therefore Grignard reagents cannot be prepared or used in organic reactions in the presence of
compounds which have even weakly acidic H atoms, including water.

RMgX + H,0 —= RH + MgigH

The strong basic character of the Grignard reagent can be shown by the following reactions.

0
RMgX + CHyCOH  —— RH + CH,COMgX
RMgX + CH,OH ——» RH + CHsOMgX
RMgX + CgHsOH — RH + CgHsOMgX
RMgX + NHs —— RH + H,NMgX
RMgX + CHaNH; ——> RH + CHsNHMgX
RMgX + CH,C=C-H ——> RH + CH;C=CMgX

The last reaction of the above list is the reaction of a Grignard reagent with a terminal alkyne.
Note that the product is also another Grignard reagent. This reaction can be used to prepare
acetylenic Grignard reagents.

2.7 Nucleophilic substitution reactions of alkyl halides in terms of the timing of bond
making and bond breaking steps

During reactions, bonds are broken and new bonds are formed. Nucleophilic substitution
reactions of alkyl halides involve the breaking of a carbon-halogen bond and the formation of a
carbon-nucleophile bond. To study the mechanism of nucleophilic substitution reactions of alkyl
halides the time interval between bond breaking and bond making steps can be considered.
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When the breaking of the C-X bond and the formation of the new bond to the nucleophile takes
place simultaneously, the nucleophilic substitution reaction of the alkyl halide takes place as a
one-step reaction.

Accordingly, for the reaction of an alkyl bromide with the hydroxyl ion, the one-step reaction
can be presented as follows.

/H\R1 R!

- ] .‘n‘ ] -

HO: Rz'-C\HBf S RZF‘C{-‘OH + Br
R* R3

When the breaking of the C-X bond takes place at first and then the formation of the new bond
to the nucleophile takes place, the nucleophilic substitution reaction of the alkyl halide takes
place as a two-step reaction.

Accordingly, the reaction that takes place by two steps can be presented as follows

R! R!
Step 1 Rg,é.%r —_— R2-C + Br
ke R
carbocation
R! R!
Step2 R2-¢* NOH —> 2.0
\ R4 ™OH
R3 R3

Thereaction that takes place by two steps goes through a carbocation intermediate. On considering
the stability of the carbocation formed, the tertiary alkyl halides (R', R?, R? = alkyl) which are
able to form a more stable tertiary carbocations tend to undergo nucleophilic substitution in
two steps. The primary alkyl halides (R', R* = H, R* = H or alkyl) tend to undergo nucleophilic
substitution reactions in one step as the primary carbocations they form are less stable.

Generally, both pathways are taken by the secondary alkyl halides (R' = H, R?, R* = alkyl) to
extents which depend on the reaction conditions.

Vinyl and phenyl carbocations are unstable and therefore, vinyl halides and aryl halides they do
not react by the two step pathway. They also do not react by the one step pathway because the
C-X bond is stronger than in alkyl halides due to its double bond character. This can be shown
by resonance.

Resonance structures of vinyl halide:

Resonance structures of chlorobenzene:

O O - - O
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Introduction

The common oxygen containing organic compounds includes alcohols, phenols, ethers, carbonyl
compounds (aldehydes and ketones) and carboxylic acids and carboxylic acid derivatives
(esters, amides and acid halides). Alcohols are compounds containing OH group attached to
aliphatic carbon atom while phenols are aromatic compounds in which an OH group is attached
to a benzene ring. Aldehydes, ketones, carboxylic acids and carboxylic acid derivatives all
contain a carbonyl (C=0) group. These classes of compounds differ from each other based on
the nature of the two groups attached to the carbonyl carbon.

3.1 Structure, properties and reactions of alcohols

Alcohols are compounds containing an O—H group attached to a sp* hybridized carbon atom.
Alcohols with one OH group are called monohydric alcohols while those with two, three, four
etc. are called dihydric alcohols, trihydric alcohols, tetrahydric alcohols etc. Compounds with
many OH groups are commonly called polyhydric alcohols. Our discussion will be mainly
confined to monohydric alcohols.

3.1.1 Classification of monohydric alcohols

Similar to the alkyl halides monohydric alcohols are classified into three types depending on the
number of H atoms attached to the carbon atom bearing the OH group (carbinol carbon atom)
as primary (2 H atoms), secondary (1 H atom) and tertiary (no H atoms attached) as shown
below.

carbinol carbon atom

R R R

H H R
Primary alcohol Secondary alcohol Tertiary alcohol

3.1.2 Physical properties

In alcohols the O—H bond is polarized as R—O%—H?". Hence, inter-molecular hydrogen bonds
are formed between alcohol molecules (Figure 3.1).
H\Q/C2H5
i
(0N .0
CoHs™ H\O/H/ © CaHs

[
CyHs

Figure 3.1 Intermolecular H-bonding in ethanol

Because of these relatively strong intermolecular bonds, the boiling points of alcohols have
higher values compared to the alkanes and ethers with comparable relative molecular masses
(Table 3.1). The boiling point increases in going down the series of alcohols. Similar to alkanes,
branching of the alkyl part of the molecule leads to a reduction of boiling point.
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Table 3.1 Boiling points of alcohols, ethers and alkanes of comparable relative molecular

masses
Compound Structural formula Relative molecular Boiling point/ °C
mass
ethanol CH,CH,OH 46 78
dimethyl ether CH,OCH, 46 -25
propane CH,CH,CH, 44 —42
1-propanol CH,CH,CH,OH 60 97
2-propanol (CH,),CHOH 60 83
ethylmethyl ether CH,CH,OCH, 60 11
butane CH,CH,CH,CH, 58 0
1-butanol CH,CH,CH,CH,OH 74 118
2-butanol CH,CH(OH)CHCH, 74 99
2-methyl-2-propanol  (CH,),COH 74 82
diethyl ether CH,CH,OCH,CH, 74 35
pentane CH,CH,CH,CH,CH, 72 36
1-pentanol CH,CH,CH,CH,CH,OH 88 138
ethyl propyl ether CH,CH,CH,0CH,CH, 88 64
hexane CH,CH,CH,CH,CH,CH, 86 68

Alcohols with low relative molecular masses are soluble in water. The solubility of alcohols in
water is due to the OH group which can forms H - bonds with water molecules. The non-polar
alkyl group in the alcohol molecule is a hindrance to the solubility in water. In going down
the homologous series of alcohols the size of the non - polar alkyl group gradually increases
relative to the OH group. Accordingly the solubility of alcohols in water gradually decreases
(Table 3.2).

Table 3.2 Boiling points and solubility (in water) of some long chain alcohols

Alcohol Structural formula  Boiling point/ °C  Solubility (g/ 100g H,O)
methanol CH,OH 65 00

ethanol CH,CH,OH 78 00

1-propanol CH,CH,CH,OH 82 0

1-butanol CH,(CH,),CH,OH 118 7.9

1-penatanol CH,(CH,),CH,OH 138 2.3

1-hexanol CH,(CH,),CH,OH 158 0.6

1-heptanol CH,(CH,),CH,OH 176 0.2

1-octanol CH,(CH,),CH,OH 195 0.05

o - Miscible in any proportion.
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3.1.3 Reactions of alcohols

Alcohols undergo reactions involving cleavage of O—H bond and cleavage of C—O bond.

3.1.3.1 Reactions involving cleavage of O-H bond

(a)

(b)

Reaction with sodium (and other alkali metals)

Alcohols show acidic behaviour because of the polarization of the O—H bond and react
with sodium liberating hydrogen and forming sodium alkoxides. The alkoxide ion is a
strong nucleophile and also a strong base.

RO-H + Na —> RO + H,

However alcohols are not acidic enough to give a substantial reaction with sodium
hydroxide to give sodium alkoxide. Thus the equilibrium shown below lies essentially on
the side of the alcohol. Hence alcohols are weaker acids than water.

ROH + NaOH RO Na* + H,0

Reaction with carboxylic acid (Acylation of alcohols to give esters)

Alcohols react with carboxylic acids to form esters (esterification reaction). Concentrated
H,SO, acid acts as a catalyst for this esterification reaction.

conc. H,SOy/heat

C,HsOH + CH;COOH CH3COOC,Hs + H,0

3.1.3.2 Nucleophilic substitution reactions involving cleavage of C-O bond

(a)

Reaction with hydrogen halides (HBr or HI)

Alcohols undergo nucleophilic substitution reaction with HBr or HI to give the
corresponding alkyl bromides or alkyl iodides. Protonation of the O atom in the presence
of acid (HBr or HI), converts the -OH group into a better leaving group (H,0O).

H
rR-07 B — = R-G o+ B

\

H H
B~ RCBH, — > R-Br + HO

This is a nucleophilic substitution reaction. In this reaction Br™ ion acts as the nucleophile
and the leaving group is H O.

Alcohols react with HCI only in the presence of Lewis acids or acids.

The Lucas test to distinguish primary, secondary and tertiary alcohols makes use of
this fact. In this reaction, ROH is converted to RCl. ZnCl,which is a Lewis acid acts
as the catalyst in this reaction. Because alkyl halides are insoluble in water, as the
reaction proceeds the reaction mixture becomes cloudy and turbid. The time taken for
the turbidity to appear, after the mixing of reagents, can be used to distinguish between
primary, secondary and tertiary alcohols. Under the given reaction conditions the above
nucleophilic substitution reaction takes place in two steps. Tertiary alcohols form stable
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intermediate tertiary carbocations and therefore, tertiary alcohols in the presence of the
Lucas reagent form turbidity in a very short time. Secondary alcohols take longer time to
produce turbidity and primary alcohols react very slowly.

(b)  Reaction with phosphorus trihalides (PCl, or PBr,)

Alcohols react with PCl, and PBr, to give alkyl chlorides and alkyl bromides
respectively.

3ROH + PCl; —» 3RCl + H3PO;
3ROH + PBr; — » 3RBr + H3PO;

(¢)  Reaction with phosphorus pentachloride (PCL,)

Alcohols react with PCI, to give alkyl chlorides.
ROH + PCl;, —> RCl + POCl; + HCI

Reactions of alcohols with phosphorous halides described in (b) and (c) above are also
nucleophilic substitution reactions where the halide ion acts as the nucleophile.

3.1.3.3 Elimination reaction

Alcohols undergo an elimination reaction when heated with conc. H,.SO, or when heated
with alumina to a higher temperature. The reaction is the dehydration of alcohols, in which a
molecule of water is eliminated from an alcohol. During this reaction an alkene is formed as
the product.

H conc. H,SO,/heat
R—Q—QHZ o » R-CH=CH,
H OH anhydrous Al,Os/heat

3.1.3.4 Ocxidation of alcohols

Alcohols can be oxidized with several oxidizing agents. The product of oxidation depends on
whether the alcohol is primary, secondary or tertiary. Oxidation of alcohols can be carried out
with H/KMnO, or H/K Cr,O, or H"/CrO,.

(a)  Oxidation of primary alcohols

Primary alcohols are oxidized to carboxylic acids through the corresponding aldehyde
with the above oxidizing reagents.

H*/KMnO,
or L 0] P
R°¢% Wkcno, R%y —— RG
2Ll V7 H
O or OH
H*/CrO,

The oxidation reaction will be stopped at the stage where aldehyde is formed when
pyridinium chlorochromate [CsHsNH]" [CrOs;CI] (PCC) is used.
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PCC o)

R—C/\’

R_CI:HZ
OH

(b)  Oxidation of secondary alcohols

Secondary alcohols are oxidized to give ketones with any of the above reagents.

H*/KMnO,
or R\
H+/K2CI’207 /
or
H*/CrO4
or
PCC

I2\
CH-OH
R

(c) Oxidation of tertiary alcohols

Generally the tertiary alcohols do not undergo oxidation under conditions that primary
and secondary alcohols are oxidized.

3.2 Structure, properties and reactions of phenols
3.2.1 Acidity of phenols

Aromatic compounds, in which an OH group is joined directly to a carbon atom of a
benzene ring, are called phenols. Alcohols and phenols dissociate in aqueous solutions as
shown below.

ROH + Hzo =— RO + H30+
CGH5OH + HZO —_— CSH50- + H30+

Phenols are more acidic than alcohols. Th