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1.0

Introduction
Chemistry deals broadly with the study of matter. There are different aspects of chemistry in \\hich
matter is studied. These arc Phvsical. Inorganic. Organic and Analytical. In fact. the classification
has been further broken d0\\11 in such way that details of matter in terms of structure.· periodic1ty
and energy can be well understood. Phvsical ChemistrY is thus one aspect. Physical Chemistry deals
with a wide variety of topics from the states of matter to the reaction rates. The modem approach to
chemistry is to deal with the following three aspects of matter.
• Structure
• Equilibrium Properties
• Ability to change
In physical chenllStry. we deal with the remmnmg two aspects. namely. equilibrium properties and
ability to change.
Physical Chemistry is one of the timdamcmal courses for Bachelor's Degree Programme in science
(B.Sc.). and science education (B Sc Ed ) in am· UniversitY in the whole world. This course will
also be suitable as an elective for anyone who intends to study chemical cngincenng and other
science-related professional programmes since it deals with the fundamental princ1plcs goveming
chemical transfom1ations.
There arc manY phYsical chemistry courses you wiII encounter whilst studying tor 'our degree.
The\ arc coded as CHM ·s. This present course we :m; discussing its guide. is coded CHM 103It 1s
a two Credit unit course. There arc four modules consisting of 20 units overall. The lirst module
starts with a d1scussion on introduction. TillS is to give you an msight mto the plnsical and
mathematical instruments that ,-ou will be expected to equip yourself with for a better performance
in chemistrY in general and phvsical chemistry in particular.
The second module focuses on gaseous state of matter. The studv of the properties of matter in
solid. liquid and gas fom1 is essential since the substances that take part in a chemical reaction are
found in one of these three states of matter. Because of the cop1ous nature of gas principle. it was
found essentml that a whole module be devoted to it.
The third module cxammes the sohd and liqu1d states of matter. The structural compansons.
properties and nature of bonds m these two states of matter arc explamed
In the fourth module. the concepts of solutions arc discussed. Different solution tv pes and especmlly
the binary liquids arc concentr tcd upon. Details of the unit> in each of the module arc prov1ded 111
a table under sect1on S of this gu1de
The course though adapted trom IGNOU course materials. has been grcatlv transformed and new
concepts in phvsical chemistrv added to suit students in Nigeria. You \\ill be required to practice as
much as possible on \'Our own. the practical and self assessment questions termed as exercise provided
in each of the modules. To assist you 111 accomplishing the course objectives. there will be some
laboratory facliillcs m NOU for you to use and a tutor to facilitate your self mstruct10n; you must
also make tremendous effort to carry out most of the activities and questions rmsed m the modules.
You are free to usc other readmg materials. suggested in each module.or an e-mail facility. telephone.
and even the Internet to get more knowledge about the course.
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The course guide provides you \\ith additional information on what the course aims. objectives and
learning procedures are for ·ou to maximize the effective usc of the four modules on Introductory
Physical Chemistry I. CHM 103.

2.0

What you will learn in this Course
While we realize that the study of physical chemistry is quite vital and enormous. we will begin
with the only introductory aspect of physical chemistry at this level. Specifically. in CHM 103. you
will learn about system units. states of matter. nature of bonds. solutions and phase equilibria. The
remaining aspectof physical chemistry like thermodynamics. thermochemistrY. equilibrium and
electrochemistry that we are unable to cover will be addressed in future courses. And in physical
chemistry CHM 224 course. other advanced concepts of thermodynamics. photochemistry.
electrochemistry. ionic equilibria. etc. will be addressed during the semesters of 200 level.
More importantly you will learn about the significance of units in solving problems in chemistry.
appropnate usage and methods of handling apparatus and data, describing and comparing behaviours
of different matter based on their stmctures and energy.

3.0

Course Aims
The aim of this course is to create an in-depth awareness and develop full understanding of the
concept of energy as the capacity for change in any chemical reaction and moreover that strong
relationship between energy and structure of matter is the foundation of physical chemistry.
Thus, the aim of this physical chemistry course is to:
I. Discuss the mathematical viabilities and standard procedure required in effeclivc study of
physical chemistry.
2.
Explain the basic theories that govern various properties of matter.
3.
Discuss some aspects of physical phase equilibria.
4.
Build cases for the feasibilities of chemical reactions.
5.
Demonstrate the various energy relationships in chemical reactions.
6.
Give you an appreciation of system at equilibrium and fuctors affecting such systems.

4.0

Course Objectives
In order to achieve the course aims. there are some overall objectives set for the course. Moreover.
each module and each unit has their respective objectives which you and your course tutor must
constantly refer to. so that no objective is skipped or unachieved. It is therefore important that you
outline what you have been able to achieve after completing a unit and compare the list with the umt
objccttves. This will help you to ascertain whether you have accomplished what ts reqUired of vou.
All the module and unit objectives are specificities of the course objectives. The course objectives
are stated as follows:
• Familiarize yourself with basic instruments for physical chemistry laboratory work:
• Write and apply correctly Sl units·
• Measure in and convert other units using Sl units:
• Explain and compare the main features of solid. liquid and gas states:
• Appreciate the reasons why real gases deviate from gas laws:
• Analvse the properties of completely. partially miscible and immiscible liquids:
• Discuss the essence of types of solutions:
• Analyse phase changes in matter:
• Describe the conditions regulating the solubility of liquid solutions.
3

5.0

Working through this Course
This course contains some packages that you will be given at the beginning of the semester having
satisfied the conditions of admission and registration. One of them is the course materials. The
details of what constitute course materials will be discussed next. But let us remind ourselves that
there are two areas expected of you to fulfil at the end of your studying this course. These are your
full participation in both the continuous assessment and the final written examinations. Though
there is a practical course developed for this level. it is advisable that some of the sections can be
practicaliscd with the assistance of the course tutor. Your tutor will be readily accessible to issue out
the exercise you are to do and submit according to spcc1fied rules and regulations from the authority.
For you to be considered as successful in this course. vou will be expected to pass at average level
both the continuous assessment and the final wntten examinations. Thus. certain materials have
been packaged for you that will enable you prepare adequately for both the continuous assessment
and the final written examinations First and foremost is the study unit materials that consists of 20
units in all. However. the units have been packaged for you in modules as shown below.
Study Units
Number
of Module

Module

Unit

Title

I

Introduction

I

Units aJJd Dimensions
Sl Prctixes
Separation Teclmiques

2
3
2.

I
2

Gaseous State of Matter
'

·'
3.

Solid and Liqiud States
of Matter

4
:i

I
2
3

4
5
4

Solutions and Phase equilibria

I
2
3

4

5
6

7

4

Gases
Ideal Gas
The Kinetic Theory of Gases
Real Gases
Liquefaction of Gases

Solids States and Solid Types
Nature of Bonds in Solids
Structure of Crystals
Liquids
Other Properties of Liquids
Types of Solutions
Solution of Solid and Gases in Liquid
Binary Liquid SolutionsI
Binary Liquid Solutions 2
Partially Miscible L1qmds
Some Colligative Propert1es
Phase Rule

By and large, you should be able to complete this two-Credit unit for about 15-17 weeks in a Semester.
Well spread out in each of the unit are introduction to the unit. specific objectives. reading material
on sub-topics. self-assessment questions (SAQs). some exercises, conclusion. summary. tutor-marked
assignments (TMA) and references.
Course materials
Major course materials of the course are as follows·
Course Guide: This looks like a blueprint that spells out what constitutes the course itself It
I.
also extends to the basic infommtion you require on how best to study this introductory physical
chemistry.
2.
Study Units: Each of these provides an overview of the content and number of units that will
be covered in this course. The contents are spelt out in seven major headings: the introduction.
objectives to guide what to focus on, the content. conclusion. summary of the content. references
and other materials that will facilitate your understanding and the tutor-marked assignments.
In the body of content are exercises that should always attract your attention after every reading.
Assignment files: These files contain challenging tutorial questions termed as Tutor-Marked
3.
Assignments (TMAs) that will enable you to assess yourself at the end of every assignment
that will be handed out by your tutor. Since we arc operating a course unit system. your scores
in these assignments will be stored. the cumulative of which shall be used to compute vour
cumulative grade score •n this course.
Presentation schedule: Certainly. the modus operandis (e.g time table. hours expected on
4.
each unit/module. assigrunent submission procedure) on how it will be self-tutored with the
best monitoring techniques bv the National Open University of Nigeria will be in the information
package of this schedule.
Study Units
Details of the study units have earlier been presented. It is spelt out in modules with corresponding
units and titles. You will be expected to spend 2-3 hours in studying a unit. The exercise items are
provided to enable you test your ability in whatever you have covered and to help you monitor the
progress made per sub-topic in the unit. There is also the TMA packaged for you but will be given
as assignments.
References and other resources
Apart from this study unit. some reference materials are provided as additional reading materials to
support your study. It is not the responsibility ofNOU to provide them but you may be lucky to spot
them in the library instituted by NOU.
Instructional media
As an open and distance Leaming University. several and relevant multimedia that can make leaming
easy are available. Accessibility to other instructional media \\1ll be disclosed to you from tune to tune
Assignment file
This has been discussed earlier. It is mandatory to always tum in your assignments to any tutor assigned.
Assessment
You will be expected to complete at least ten assignments by the end of the course. Some of these
will be in form of a project. continuous assessment (CA) written tests. Each of these ten assignments
shall carry ten marks making I 00% for continuous assessments. You will also be expected to write
a final examination in the course. The overall score in the course will be a sum of 40% of CA and
60% of written examination. You will be expected to have 50% in the CA and 50% in the written
exanunation. anything short of this will count as a failure.
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Introduction
In your previous course of studying science in general and chemistry in particular. you would have
realized that you are often engaged in problems solYing. Specifically in physical chemistry. equations
containing physical quantities are eminent in problem solving. For you to be at case with these
mathematical expressions and applications. you will need to understand how to represent one single
physical quantity in terms of its magnitude and umts.
In this Unit, we shall examine how .1ysteme mternatwnalc (SI) came about. We will study the
principles of representing the units of the physical quantities. In this unit also. we shall state the SI
umts for a few basic and denvcd quantt!Ics

20

Objectives
By the end of this Unit, vou should be able to:
• Explam the need for SI units
• State basic and derived Sl units
• Define the basic and derived units
• Derive the dimension and the SI unit of a physical quantity using an appropnatc equation

3.0

Units of Physical Quantities

3. I

Concept of Sl
Till recently in the scientific world. mainly two systems of units have been in common use. One is
the metric system. that is. c.g.s (centimetre. gram and second) which was more commonly used over
the European continent and the other is f.p.s (foot. pound and second) prevalent in England. A
common system of units helps in exchanging the scientific facts and ideas originating from different
countries. It is better still if the system of units could be derived from the scientific formulae or
fundamental constants. This long felt need for a common system of scientific units was realized at
a meeting called General Conference on We1ght and ll1easures m 1960. At this meeting. the
international scientific community agreed to adopt common units of measurement known as
International System of Units. This is abbreviated as SI units from the French name. Systeme
lnternatwnale.

3.2

Basic Units
There are seven basic physical quantities from which all other physical quantities can be derived.
Can you mention two of those basic physical units you are familiar with? You are right if length.
time. mass. temperature are parts of what you stated in your answer. Each of these physical quantities
has a unit termed basic unit. with a specified symbol. Table 1.1 presents in details the names of these
physical quantities along with their symbols of SI units. Each of these quantities is regarded as
having its own dimension. The dimensions of basic quantities are useful in defining the derived
phystcal quantities. which wwould use in Sec 3.2. We will be using the symbol given in column
(II) of Table 1.1 to refer to the dimensions of the basic quantities.

7

Table 1.1: Basic Physical Quantities and their Units
Physical quantity
Length
Mass
Time
Electric current
Temperature
Luminous Intensity
Amount of Substances

Symbol of the quantity
I
m

Name of SI unit
metre

kilogram
second
ampere
Kelvin
candela
mole

t

I

T
I

n

Symbol of
SI unit
m
kg
s
A
K
cd
mol

Note that m (italized) is the symholfi>r mass olan oh1ecrwhile m (roman) is the symbol olSlunitfor
metre.
Before vou proceed, have you ever thought of what these basic quantities are? Assuming you can
not remember what length. mass. time. temperature. electric current. luminous of intensity and
amount of substancarc. thelf definitions arc briefly stated here.
Recall that length is a measure of distance or duration of time. Let us consider temperature as a
measurement of the hotness or coldness of matter. Have you ewr thought of the relationship between
temperature and heat'' What is heat and what is temperature'' \\<bat relationship exists between the
two'> To hdp you, from11hat we sav temperature is. it means it 1S a property of matter whereas. heat
is an energv flow to and from matter. When heat is added to matter or removed, there will be an
increased or decrease in temperature. The quantit,· of heat added to a matter determines its
temperature. In Table 1.1 _ the unit of temperature is Kelvin and not Celsius or Fahrenheit. Whv is
Kelvin used tl1r temperature and ho11 is it obtamcd''

HowevcL \\ e arc uot going to define kilogram. meter. etc. since our aim is to usc these unitS and not
to establish the basis of these units. Have you ever thought of how these units are used in daily life
experience'' For instance. a meter man comes home to read your meter, what does he read. the
electric current or the quantity of electricity that will be used to calculate your bill'' If vour answer
is electric current, why do you think you arc correct? It IS important you clarify your answers tram
the National Electric Power Authority (NEPA) office.

These questions are raised to enable you prepare \\-ell for our subsequent discussion.
Exercise 1
(a) What was the name of the German Scientist that devised earliest temperature scales'' ......
(b) Recall from your previous school chemistry. the mathematician and phvsicist who invented the
Absolute scale and what does Kelvin stand for''

8

3.3

Derived Units
Apart from the basic physical quantities there are others called derived physical quantities. As the
name implies, they are derived from the seven basic quantities shown in Table 1.1. The derivations
are done by definitions involving multiplication, division, differentiation and integration.
In Table 1.2 and Table 1.3 the derived SI units without and with special names are given. You will
find it useful. throughout your study of chemistry to refer to these tables whenever some physical
quantities are to be expressed. Since electrochemistry will be studied in this course, a few useful
electrical quantities are also included in Table 1.3
Table 1.2 Derived SI Units Without Special Names
Physical Quantity Definition

Dimensional
Formula

Name of the
SI unit

Symbol of the
SI unit

Area*
Volume*

r-

square metre
cubic metre

m'

kilogram per
cubic metre
metre per
second
metre per second
squared
kilogram per
mole

kg m·-'

Densit\·

Length x length
Length X length
x length
Mass/ Volume

ml·'

Velocity

Displacement/Time

It I

Acceleration

Change 111 VelocitY/
time
Mass/ amount of
the substance

It

Molar mass

I'

2

nu1 _,

m'

ms

1

ms

2

kg mol'

*The definitions given for area and volume arc of general type. although specific formulae are to be
used depending on the geometry of a surface or an ob_1ect.
Let us examine how the SI units of acceleration arc \\Orkcd out from its dimensions.
Go back to Tables 1.1 and 1.2.
In Table 1.2, column (iii) the dimensions of acceleration is it
acceleration''

2.

What is the corresponding unit of

You are correct if you state that units of acceleration m s ' (sec columns(ii) and (iv) of Tables I.])
Let us sec how the defmitions and the units of physical quantities can be obtained usin!J Tables I I - 1.3

Table 1.3: Derived SI Units Having Special Names
Physical Quantity

Definition

Dimensional
Formula

Name of' the
IlC\\·ton

SI unit

Force

Mass x acceleration

mit'

Pressure

Force

mit ';rml '1 '

Area

Energy or Work

Electric current x Time

it

Electric potential
difference

Elcctnc Energy
Electric clmrgc

m/: t :

it

= mH 1 t'

ml' t'
Ft

(Electric Potential diJI)
Electric current

Electric conduc-

'"Nor kg m s'
Pa or N m-:

pascal

or kg m 1 s-c

JOUle

J or N m or P<l m-'

coulomb

Cor As

volt

v or J c-•
or kg m" A 1 s-'

mit 'Im!'t-'

Force x Distance

Electric charge

Electric resistance

Symbol of the
SI unit

tance

I
Electric resistance

I
-mFFt
-

Frequency

(Number of "m-es or cycles)

I

Or VA-'

ohm

SorA V'
or A s'kg 1 111

siemens

1

l

=

Hz or s· 1

hertz

t

Time

Deductions of the Sl unit physical quantity (Tables l.l-1.3)
Now, I want you to use the dimensions of these quantities to derive the dimension and the unit of
R,

What do you have in your substitution?
Your answer should look thus:
The mathematical relationship to be used for the ideal gas equation is as shown below_ (We shall
study more of th•s in Unit 2_)
Pressure x Volume Amount of the substance x gas constant
Rearranging this,

R

=

Pressure x Volume
Amount of the Substance x Temperature

x temperature _

(3 _I)

(3 2)

The dimensions of the quantities in the right hand side ofEq_ 3_1 are mentioned in Tables Ll-1_3_
We use the dimensions of these quan!ities to derive the dimension and the unit of R as shown below

f R
fI
Pressure x Voltune
= Dtmens•ons 0 LA.n,otinloCthcsubstancexternperature
D•mens•ons 0
1-1 -"t'

=

m

t_::_

1

= (ml'C') (n- )(T

J

1
)

nT
Hence, the units of R =joule mole-' Kelvin-'
(using the units corresponding to the dimensions mentioned in Tables Ll- 1_3)
Thus, R has the dimensions of (energy) (amount of substance)-' (temperature)-' and the unit
J mol-' K-'
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In generaL the following hints would be useful in the deduction of the unit of a quantity (which we
name as test quantity):
(i)
Write an equation relating the test quantity to other quantities of known dimensions.
(ii) Rearrange this equation such that only the test quantity is on the left hand side and others are
on the right hand side.
(iii) Substitute the dimensions of the quantities on the right hand side and simplify.
(iv) Write down the units corresponding to the simplified dimensions, using Tables 1.1- 1.3.
Use the above hints and work out the following Exercises.
Exercise 2
Derive the dimension and the unit of root mean square speed (Um.l of a gas using the following
equation:

U

=

/3 x gas constantx te
Molarmass

=• 'I

tu

The dimension of molar mass is mn-1

Exercise 3
From the equation, kinetic energy= y, X mass x (velocity)'. derive the unit of kinetic energy.

II

4.0

Conclusion
In the study of physical chemistry, there are many physical quantities both basic and derived you
will be coming across. In this Unit we have been able to state all and define some of the basic units.
From the basic units, derived units are obtained. Using the units in the tables provided. we were also
able to do some deductions. The SI units. must be consistently used. in applications on quantities.

5.0

Summary
In this Unit you have learned that:
•
There are seven basic physical quantities namely length. mass. time, electric current.
temperature. luminuous intensity and amount of substance.
Length is a measure of distance or duration of time and temperature is a measure of how hot or
•
cold a matter is but its measurement is a function of heat energy flow
•
Other physical quantities with their corresponding SI units can be derived or deduced .
•
The gas constant, R. has dimensions of (energy) (amount of substance)·' (temperaturet 1

6.0

References and Other Resources
IGNOU ( 1997). States of Matter: Physical Chemistry CHE-04 New Delhi.

7.0

Tutor-Marked Assignment
I. Examine the following statements and indicate their validity by writing T for True and F for
False. if false. Indicate the reason for your answer:
(i) The SI unit of mass is gram
(ii) The symbol of SI unit of temperature is k
(iii) The SI unit of pressure is pascal
(iv) IN= I kg m s '
(v) IO-'g=ll-!g
2. If 25.3g of a substance occupies a volume of 23cm' calculate its density in SI units.
3. The molar mass (Mm) of an ideal gas is related to its pressure (p), density ( p) and temperature
(T) according to the equation.

Mm= !.
p
In this expression, R is the gas constant. Find the SI unit of molar mass.
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1.0

Introduction
In Unit I of this Module. we discussed the historv of SI units and explained the basic and derived
units. In this Unit. \\C shall explain the prefixes used to change the order of magnitude of the SI
units. Also we shall state the mles tor representing the Sl units and the procedure of converting nonS! units into SJ units.

2.0

Objectives
By
•
•
•
•

3.1

the end of this Unit. vou should be able to:
Explain how the multiples and the sub-multiples of SJ units can be obtained.
Describe the niles for wnung SI umts and
Convert non-S! lmns uno Sl Umts.
Use the mlcs accordingly when solving problems.

SI Prefixes
We now discuss how to overcome the difficulty of expressing the units of physical quantities which
are either very large or small. as compared to the Sl units. We add a prefix to the unit such that the
magnitude of the physical quantity is 7. 4 x IO·" m. We express it conveniently as 74 pm where pico
is the SI prefix and p is its S)mbol. The list of SJ prefixes is given in Table 2.1 and it is possible to
change the order of magnitude of anv unit using this table.
Table 2.1: SI Prefixes
Sub-multiple

Prefix

Symbol

Multiple

J0-1
J0-2

deci
centi

d
c
m

J02

w-'
10""
JO·"
j()-12

'

l

o·''

mili

mtcro

j

nano

I

p!CO

I

I

femto

JO-i8

atto

I

10

p
f
a

I

I0"

10"

exa

I

10"

109
1012

I

Symbol

deca
hccto
ktlo
mega
gtga
tcra
peta

I0-'

J.l
n

Prefix

da
h
K
M
G
T
p

'

E

I

i

More examples tor usage of prefixes are given below:
103m= lkm: JO·' s Ins
The unit for mass is kg \\hich is alreadv prefixed. We do not add a second prefix but rather usc a
single prefix on the unit gram. Thus to represent JO·' gran1. the S\mbol used is ng and not pkg. For 10
' gram. nog IS used and not pkg.
Exercise 1
Write down the following \\Jth proper Slunit symbols and prefixes:
(b)]()-··second
(c) 103 pascal
(a) IU 'metre

14

Exercise 2
Suggest a convenient SI unit to specify the diameters of atoms and molccuks. which arc in the
region of IQ- 10 m.

································································································································

3.2

Grammatical Rules for Representing the Sl units
The following rules will be of help to you while using the SI units:
(i)

The symbol of a unit is never to be used in plural form. Writing I 0 kilogram as I 0 kg is
correct and not as I 0 kgs.
(ii)
In normal usage. full stop is used to indicate the end of a sentence or the presence of an
abbreviation. To denote Sl unit as an abbreviation by means of a full stop after the symbol
is incorrect: but if the Sl unit is at the end of a sentence. then full stop can be used.
(iii)
When there is a combination of units. there should be space between the symbols. If the
units arc written without leaving space. the first letter is taken as a prefix. Thus m/s represents
metre per second whereas ms stands for milli second.
(iv)
Always leave a space between the magnitude and the unit symbol of a physical quantity.
For exan1ple. writing 0. 51 kg is correct but not 0. 51kg.
(v)
Symbol of the unit derived from a proper name is represented using capital letters but not
the nan1e of the unit (Table 1.3 in Unit I) for example. writing I 00 newton or I 00 N is
correct but not I 00 Newton or l 00 n.
(vi)
For nu_mbers less than unity. zero must be inserted to the left of the decimal point. Thus
writing 0. 23 kg is correct but not .23 kg.
. (vii)
For larger numbers exceeding five figures, one space above every three digits (counting
from the right end) must be left blank. Commas should not be used to space digits in numbers.
For example is 15 743 231 N is correct but not 15.743. 231 N. It is preferable to use proper
Sl prefixes.
(viii) The degree sign is to be omitted before K while representing temperature. For example
298 K is correct but not 298" K.
(ix)
You should not mtx words and symbols for representing Sl units for example. For it is
proper to write N m·'or Newton per square metre and not N per square metre.
(x)
Exponents (or powers) operate on prefixes also. Let also derive the relationship between
cm3 and m3 using the relation. I emI O-' m.
(xi)
To show that the particular unit symbol has a negative component, one may be tempted to
use the sign''/" as solidus. It is better to avoid the usage of this sign and if used no more than
one should be employed. For example. representing pascal (kg m- 1 s·') as kglm s' is allowed
but not kglm/s.
So far. we studied some rules for writing Sl units. Let us now discuss the dimensions for some
mathematical functions. which are useful in studying this course
While representmg the relationship among the physical quantities of substances. we often come
across the mathematical functions like sin
cos e·' and In x. It is to be kept in mind that trigonometric
(sin cos etc) exponential (e' ore·') and logarithmic functions (In x or log x) are dimensionless
quantities and hence have no units.

e.

e

e.
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You can understand the validity of this statement. once you recapitulate the definitions of these
functions. We shall illustrate this for the functions. sin 8 and e".
From the right-angle triangle PQO.
length ofFQ
Sin 8 =
length ofOP
Evidently sin 8 is dimensionless and has no unit. The same is true of other trigonometric functions
also.
p

As an illustration for the exponential senes. let us expand e'.
:

e·: : : ]XX
-r-T+

]I
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3

X

4

- +X-+ ..

31

4'

Since addition or subtraction must be done bc'tween quantities of the same dimensions. etc. e and x
in the above series must all be of the same dimensions. This indicates that x and e·' are dimensionless
and unitless. Again this is tme of c 'and In x or log x also.
Exercise 3
In Module 2. Unit 2 of this book. vou will study that Bragg equation,

nA. = 2 d sm 8
is useful in the diffraction studies of X- ravs bv crystals Given that n is dimensionless and A has the
dim::nsion of lcnght. find the dimension and unit of d.

Conversion of Non-SJ units to Sl units
Often m textbooks we see that the quantities are expressed 111 non-Slunits such as c.g.s and f.p.s. ln
such a Situation. we must kno\\· how to convert non-S I units into Slunits. There is a Simple procedure
availabic for this purpose. It is called 1111!1 fi1ctor method This method can be explained usmg the
following cxamp!e.
Example
An important practical unit of pressure is ; tmosphcre (atm). To be c:•<act. at 29X.2 K a column of
mercury. 76 em high (h = 7h em) exerts a pressure of I arm. (Table 2.2).
The SI equivalent of I atm pressure can be obtained bsubstituting the value of h. g (acceleration
due to granty) and p (densltv of mercury) 111 SI tmits m the fonnula:
P=hgp
.3.1
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The values of g and pin c.g.s units are 980.66 ems·' and 13.595 gem·' respectively. We have to
convert the values of h. g, and pinto SI units, before substituting them in equation 3.1. To accomplish
this we must know how to construct a unit factor.

3.3. I Construction of a Unit Factor
A unit factor is a ratio that is equal to I. It states the relationship between the SI and the non-S!units
of a physical quantity. It is constructed from the equivalent statement relating both these units. For
example, for the conversion of the unit ofh from c.g.s into SI units, the equivalence statement is
JOOcm=lm
From this equivalent statement, the unit factor for conversion can be constructed by dividing both
sides by 100 em (i.e equivalent value in non-S!unit).
IOOcm=i=
...... 3.2
IOOcm
IOOcm
In general, the unit factor for conversion of a physical quantity into SI is given by the relationship:
Sl unit of a physical quantity
Equivalent amount of the physical quantitv in non-S!unit

Unit factor =

Let us now see how the unit factor is useful in unit conversion.

3.3.2 Conversion into SI unit
The unit factor is to be multiplied by the actual value of the physical quantity in non-S!unit to get
the quantity in S.Iunits. For example. the value ofh (actual value= 76cm) is to be multiplied bv the
unit factor. I rnJ I00 em to get it in metre unit.
lm
h in Sl unit =76cm x
0.76m
I 00 em
The conversion of units of h. g and pinto Slunits is represented in Table 2.2
Table 2.2: Conversion of Units of h, g and p
Ph ·sical
quanti!

Equivalence
S.)mhol Statement

Unit factor

t---.-Height or

h

100 em= I m

lllCrCUJ!

lm

----

I

column

Accclcrmion g
due to

] till Clll

Jms

S:

The actual vallK
II the quantity in
non-S.I unit(s)
76 em

,,6cm x --:;;0.76m
1m
100 em

IOOcm

I m s:
IOOcm s'

980 66 ems·' x 1 m s·'

9&0.66 ems'

·

100 ems·'
= 9.8066 m s..'

gr:wity

Density or
McrC'UJ!

p

II

The Quantity in
I unlt(s)

10·' g I kg and
(I k //1 m') 13.595 gem'
IW em- = l tll"' (ltl'g <,l,O'cm'

U596
i

g

cm·'x(lks.J( I
103 8

= t3 595s ,.m

106 em·')

10<kgcm

'

1

10 g

3

m·'

= 1.3595 x 10' kg m'
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Noting that:
or· em' = I m'
* (I 0' em)'I
** Dcnsitv Mass/Volume
Unit tactor for mass conversion
***Unit factor for density conversionUnit factor for volume conversion
The values of h. g and p from the last column of Table 3.5 are to be substituted in Eq 3.3 to get the
SI equivalent of I atm pressure.
1.3595 X 104 kg m'
i.e.. P 0.76 m x 9.8066 m s 'X
1
1.0132x IO'kgm
s'I.OI32x 10 5 Pa
Hence. SI equivalent of I atm is 1.0132 x 10' Pa. Using the above illustration. we can sum up the
steps for the conversion of non-S! units of a physical quantity into SI units as follows:
(i) Obtain the equivalence statement relating the SI and the non-S!units.
(ii) Construct the unit factor.
Exercise 4
The value of the gas constant R is often expressed as I 987 cal moJ-1 K
(J moi-1 K- 1 ). Given that I cal4.184 J.

4.0

1

•

Obtain its value in SI units

Conclusion
In this Unit we have attempted to examine some prefixes. We have put you through some rules that
must be obeyed while using the SI unit quantities. The method of converting non-S!units into SI
umts has also been explained. With adequate illustrations. we have been able to convert non-S!
umts mto SI units.

5.0

Summary
In this Unit. you have learnt that:
• There arc non-S!units and non-S!unit quantities. But to solve any problem given. attempt must
be made to convert the non-S! units into SI units before proceeding.
• Some rules for representing SI units exist and must be mastered.
• Converting the non-S!units of h. g and pin c.g.s. units into SI units requires a construction of a
unit factor.
• A unit factor is a ratio that is equal to I .
• Converting the non-S! units of a physical quantity into SI units involves first. obtaining the

I8

equivalent statement relating the Sl units and the non-S!units and second, constructing a unit
factor.
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Tutor-Marked Assignment
I. The reduced mass (u) of two objects of masses m, and

u-- m,m2
- (m1 +m 2)
What is the unit of reduced mass'/'
2. Complete the following conversions:
(a) I mg = ........ kg= ........ g
(b) ls= ........... ms= ........ ns
(c) Ikm= ....... m= ........ mm.
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m, is given

by the fonnula·
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I0

Introduction
Any course in chemistry requires an appropriate understanding of the apparatus and familiarity with
reagents. Similarly, it is important that we are able to follow instruction accordingly when conducting
practical work and be honest when reporting our observation and calculations. In th1s Unit. we will
examine the concept of instrumentation as well as various separation techniques you might be applying
according to task at hand. Reporting practical \\Drk has not been given a relevant place as such. but
the Unit will briefly mention some key pomts.

2.0

Objectives
By the end of this Unit. you should be able to :
• ldentit}· some key apparatus and explain their uses.
• Describe the various techniques for separating mixtures.
• State maJor ways of reporting practical \\Drk in chemistry.

3.1

Instrumentation
In th1s section. we will be looking at various instruments that will be needed in the course of studying
chemistrv lnstmmentation is a skillful process of identifymg. substituting and using correct apparatus
appropriately in the laboratory. The first task you should carrv out is to familiarise vourself with
some. fundamental and commonly used apparatus in University chemistry laboratory. It is possible to
visit the laboratorY technologist for e><posure or traimng in this area.
Some commonly used apparatus found in the chemistrY laboratories arc not unrelated to the various
experiments designed for that course. Most used instruments include:
I. Melting point tubes: These arc basically used for dctennining the melting points of substances.
The melting point tube is often used in experiments that cover dctem1ination of molecular
\\CJght of substances.
2.

Balance: This is a very important instrument in the laboratory for weighing subst:mces. They
vary in types and kinds.

3.

Titration apparatus: TI1is covers back titration. conductance titration or direct titration. The
common apparatus used include pipette, burette. beakers. conical flask. measuring cylinder and
volumetnc flask. The pipette for instance is calibrated. It is quite essential that whenever
experiments arc to be pcrfom1ed. you should always make usc of the correct technique and
correct measure when usmg an)' apparatus.

4.

Thermometer: TI1erc arc different types that arc used for measuring hotness or coldness of
an obJect: The Beckman thermometer IS used m the Beckman·s apparatus for dctem1inmg the
tfeezmg pomt of a substance. Ynu need to tam1hanzc yourself with this appararus. A thermometer
IS also used mother apparatus like s1mplc steam distillation apparatus.

5.

pH meter: This is for mcasunng the srrcngth of an acid or base.

6.

Electrochemical cells: Various t'pes of this exist and mu should be able to differentiate. We
have the conductance cell also.

7.

Barometer: This is one tYpe of apparatus ,-ou must know how to usc. It is used for measuring
pressure and can be found useful m Barometric method of measuring vapour pressure.

8.

An Ost ald viscometer: It

IS

used for measuring the viscositY of a subsrance.
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(li)

(i)

Low.:r buft'o!r duunbli!r

Fig. 3.1: (i) Flame Calorimerer (ii) Page cell
Exercise I
List the basic steps that
conical flask

\'OU

need to folio\\ \\hen measuring with pipette 25 cm-1 of NaOH into a

Other apparatus include Bomb calonmctcr or sunplc calorimeter. test tubes of different types (micro
test tubes. semi-micro test tubes). crucible (e.g. porcelain crucible). chromatographic column.
conductivitv meter. desiccators. isotemiscope tube. fractional distillation apparatus. conductivitv cell
and Bunsen burner.
In phvsical chemistry. there arc some fundamental experiments that you must actively participate
in. Common activities that vou "ill often engage with in the course of these experimentations
include the followings·
I.
Measurements: Often times. mam of ,·ou f1nd it difticult to measure aceuratelv 1vhen vou
undergo the followmg tasks
(a)

\:Vcighing substances using balance:

(b)

Reading the thermometer:

(c)

Collecting n specified volume from an unknown quantity using pippettc or measuring
cylinder
In all. you shculd avoid \\3Slagc. Micro experiments arc prescntlv advocated.
2.

Heating: At sccondarv school level. hardlv do some of vou make usc of the Bunsen burner It
demands s0me skills to usc. otherwise if not skillti.dh· handled. danger or was,c mav be
(.:lllJOCnt. lt 1s possibk all the tunto sec students meltmg a solid using tmmcrsJOn \\atcr bath
or direct hcarm. ustng thBunsen burner fl<Jmc.

J.

Recording results, drawing and plottmg graphs: For tlus ass1gnmcnt. mat 1s also a cn.1ctal
chcmistr\ practtcai work. \·ou should be mathemancally fncndly to calcui<Jttotb and
dma management. Abihry tn l::<trapolmc or mtcrpolatc, gradient dcrcnnmatton or usc graph ro
resolve 1ssues must be constantlv practiSed and dcveioped.
rask m
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Exphlining and supporting observations with relevant theories: There
·ou need to do som1..' !ltcrnturc research pnor to your practical \Vork.

IS

no doubt thai

5.

3.2

Calculations may include determination of some quantities and functional computations: For instance, vou can be asked to detennine the solubility of salts in .water at a given
temperature: electrical conductance: and molecular weight.

Reporting Practical Work
Mostly. reporting is something that is given a place in chemistry even where laboratory manuals are
provided. The laboratory manual fonnat varies as the number oflccturers involved. Also the reporting
style varies as many as the number of supervisors involving students in practical work. Sometimes.
the results and not the procedure are major emphasis of supervisors. There should be some guidelines
to place you on the right course when reporting practical work. Let us just mention the major headlines
that should always be indicated in your report.
l. The Aim ofthe Experiment: Every experiment must always have a title indicating the aim or
what it is to be achieved by the end of the experiment.
2. Theory: This is the theoretical frame that throws light on the baseline of the experiment. It
elicits the conditions. basis and outcomes of the experiments.
3.

Apparatus: We need to list out the apparatus as well as the reagents in their definite quantity
and measurements rcst>Cctively. Where a laboratory manual is provided. further readings become
necessary for you to be able to carry out the experiment with little or no difficulty.

4.

Activities: A brief description of the procedure should be given. Sonietimes. the specif1ed
instruction in the laboratory manual may deviate partially and or completely from the conditions
or steps actually followed. Finally. you will need to provide an explanation why that procedure
is adopted by you.
Recording Accurately the Result and Errors: There is no experiment that is perfectly
don. There is the possibility of some sources of errors which should be reported and could
justify the reason tor some d >viations in the results.

5.

3.3

6.

Tabulation: Often in chemistry. it is advisable to always tabulate data for effective management.
overview and relativity

7.

Answers to Questions: In some cases. some questions are raised to enable you relate your
findings to theoretical principles or values. Straight forward. very brief and direct answers are
expected from you.

Separation Techniques
Most substances as we all know exist in impure form in nature. Th "Y require to be made pure before
usc. A pure substance is a hmnogenous material that contains only one substance. Name any pure
dement you know. Do you say pure crystalline element of diamond? Yes. you are right. There are
many impure elements. compounds that you will come across in your study of physical chemistry.
Exercise 2
List 3 1mpure substances that are solid. liquid or gaseous.
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Mostly the impure substances are mixtures. Whether the mixture is homogeneous or heterogeneous.
separation techniques could be apphd to separate the components. These mixtures are separated
us1ng appropriate techmques that depend on:
1.
relative solubilit,· of the solute in solvent
2. the absorbent 1i1 dium
3.
the crystalline/non-crystalline: gas/solid/liquid: metallic/non-metallic: organic/inorganic nature
of the constituents
4.
reaction of the substances to l)cat (melting, sublimmg, boiling. etc).
Separation Processes
Make attempt to list the separation proc sses that can be used to separate mixtures constituents.
They are evaporation. simple and fmctional distillation. sublimation. crystallisation. precipitation and
chromatography.

Let us consider each of these processes one by one.
Precipitation
Constituents in a solution mixture can be separated by applying a principle of equilibrium. You will
!cam about equilibrium in this course. Suppose the mixture components are silver trioxonitrate (V)
salt and sodium chloride. These t\YO substances have h1gh solubilities in water. What ions will be
formed in the solution mixture'' Your list should read Ag'. CJ-. Na' and NO,

In th1s solution, Ag'C/' 1 mil be formed.
Ag· (aq) + Cl-(aq)

----

AgCI(s)
And this is slightlY soluble in water. The fonnation of a solid from a solution is called precipitation.
Exercise 3
.:;;_,n a mixture containing Pb (N0 1) 0 and Mg (NO,),
( ) Which of the ions in the mixture can be precipitated''
(b) Is there anv need to introduce another substance'' What substance and for \\hat purpose''
(c) Will Mg'· precipate and if no. kind!ind1catc a reason''
(d) Write au equation for the reaction''

---- --------------·--

·n1ere is no doubt that you \\-111 be coming across these processes as you proceed in the course. You
will be Uken through these methods and as thev applv to vanous mixtpres and components

Crystallisation
TI1is IS the process of separatmg a pure solid from a solution llo\\· is this done. vou maY ask'' TI1is is
done by slowly heating the solution until small CIYStals of salt appear after cooling. There are some
conditions that must be obeyed \\hen crystallising. r:1rst. steam bath is used mstcad of direct heatmg
to prevent salt from jumping out of the basin and for safct\ Second. the filtration is done whi!st the
solution 1s hot to prevent crystallisation in the crystallising liquid. These crvstals can be further washed
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with a small quantity of a liquid that will dissolve the crystals. For further purification of the crystals.
it can be dissolved in a little hot water and heat slowly as it was initially stated. The impurities are
filtered off remaining the pure crystals in the basin.
Sublimation
You will learn more about these processes but sublimation as a process is also crucial as any other
separation techniques. It refers to a process in which the solid directly evaporates without it melting.
The change of matter in one phase to another phase will be studied later.
Assuming you are given the following mixtures:
(a) NaCI +I,
(b) Solid co:+ MgSO,
(c) Ethanol +FCN
From our discussion FCN(s)
ICN(g)
!CN(s)

+=!!:: FCN(g)

In sublimation, does the tendency toward maximum randomness favour solid or gas? This and many
other questions will be answered later.
' -;.·''/•'

'·:;;: · ?:::t :
'/

-.,

. - Solvent front
.: &-·-Red
' i -r - Yellow

i'

I
I
\..:;::;1...·

•···-1····

Origin
Ammonia

Fig. 3.3

4.0

Conclusion
In this Unit we have attempted to examine some essential guidelines that ''"ill enable you prepare and
function well in laboratory classes. We have put vou through some rules that must be obeyed while
performing experiments and reporting results. Equally, pure substances are necessary for various
products produced for consumption in the market. Thus. we also discussed some of the processes
that can be used to obtain pure components in a mi.,turc.

50

Summary
In this Unit, you have learnt that:
• Activities we often carried out mclude we1ghing and measuring temperature
• We need to develop the skills required for identin·ing and using mstruments.
• The title of an experiment must be wnttcn.
• Mixtures are substances we deal with in dC ily life but tLe:c need to be purified through some
processes.·
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List three substances that can undergo sublimation.
2. (a) Under what basic principle is fractional distillation employed in separating mixtures''
(b) What major processes are mvolved 111 fractional distillatiOn''
1.
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1.0

Introduction
Having discussed the basic and derived SI units in Module l, Unit I and the rules and converston
methods governing their use in Unit 2 of the same Module. the next three or four Units shall be
dealing with the gases, both real and ideal gas behaviours. This Unit provides you with the behaviour
of gases at certain conditions. However, we shall start with the general characteristics of gases and
follow it up with various gas laws and their applications in determining some unkn0\\11 variables.

2.0

Objectives
By the end of this Unit, you should be able to:
• Describe all properties of matter in the gaseous state
• State accurately the Boyle's and Charles· laws
• Explain the gas laws using some illustrations
• Derive correctly the combined gas la\\
• Determine the unknown variables among pressure. volume and temperature using gas laws and
the correct SI units.

3.1

General Characteristics of Gases
Matter exists in solid, liquid and gaseous state depending on temperature and pressure. A familiar
example is the compound RO. which can exist in ice form. water or steam. The study of the
gaseous state is the easiest as gas laws take a simple fonn at low pressure and high temperature.
However. iliese laws are not valid at all temperatures and pressures. Also the range of validitv
depends on the nature of the substances itself In a gas. the molecules on the average are separated
by large intcnnolecular distances. And at such distances. interactions between these molecules arc
very weak. This is not so in solid and liquids. Hence, the molecules in a gas have greater freedom of
motion. As a result of this. the,· move about randomly and tend to occupy the maximum space
available to them. Hence gases do not have any particular shape or volume. Another consequence of
their random motion is that each gas molecule collides with other molecules and also with the walls
of the container. The constant bombardment against the walls of the container manifests itself as the
pressure exerted by the gas.
Let us take the compound water. which we are all L'lmiliar mth. l11ere is no doubt that it can exist as
icc. water or steam. When in solid fonn. (that is icc) a given mass of it occupies a definite volume and
a definite shape. Its volume in liquid shape can be said to be definite too. but hO\v would you describe
its shape? Do l hear you say the liquid water assumes the shape of its container') Yes you are right.
Docs this apply to its gaseous state, steam? What has been your observation when water boils in a
covered pot? A given mass of it often occupies the entire volume of its container regardless of the
size of the container. Thus. \\'e can say that gases have neither definite volumes nor definite shapes
At high temperature and low pressure. gases tend to expand. When the temperature is lowered.
gases tend to contract Stmilarh-. thev can be compressed almost indefinitelv if they exist above a
certain critical temperature. The crittcal temperature ts defined as the temperature above which a
substance can exist only 111 tile gaseous state.
Assuming you have this gas heated in a rigid container having a fixed volume, what do you sav about
the pressure at that state') The pressure will of course increase.
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Since it is the same volume of a given mass of a gas, when the equations 3.II and 3.12 are combined.
we have
P1V1 = P,V2
T1
T2

•...••..•......................•..•......•.(3.13)

Equation 3. 13 is expressed as combined gas law.

4.0

Conclusion
We have gone through the various properties of gases as distinct from other states of matter. Similarly.
we have demonstrated the need for SJ units in computing the volume, temperature and pressure of
gases. From the Boyle's law and Charles· law, we can derive the combined gas law. We have been
able to detennine some unknown variables when provided with other required conditions using the
gas laws.

5.0

Summary
In this Unit, you have learnt that:
• The volume of a fixed mass of gas varies inversely as its pressures at constant temperature.
• The volume of a certain amount of gas at constant pressure is directly proportional to its absolute
temperature (T).
• From the Boyle's and Charles' laws. the combined gas law can be derived.
• Real gases do not obey laws exactly for all conditions of temperature and pressure.

6.0
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2.
3.

Give True or False to the following:
(a) Volume of a gas is directly proportional to its Celsius temperature.
(b) Volume of a gas at constant pressure is inversely proportional to Kclvm temperature.
(c) Kelvin temperature is directly proportional to pressure of a gas at constant volume.
Express each of the following gas pressures in Pa.
(a) 470 torr (b) 2 atms (c) 720 mm Hg
What will be the final pressure of a given gas occupying O.Olm' at 1.013 x 10' Pa that is
compressed to 0.009 m 3 at constant temperature"
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Pressure: The SJ unit of pressure is pascal (Pa). Its equivalence with other units of pressure is as
follows
I standard atmosphere= I atm = 760 mm Hg = 760 torr
= 10132 X 10< Pa = 1.0132 bar
Example I
What is the force on the Hg base level in a barometer I em' cross section having a volume of
76.00 cm3 at the sea level at oo C''
Volume: The SI unit of volume is cubic metre (m 3 ) . Other equivaknt units arc given below:
lm' = 10' dm' = JO' I= 10'' em'
In the above expression ·/' stands for litre.
Temperature: The SJ unit of temperature is Kelvin (K) To convert temperature from Celsius scale
into Kelvin scale. 273.15 is to be added to the former
What is the composition of air by volume''
Since air is subjected to the gravitational pull of the ea1th. the atmosphere docs not expand mdcflnitely mto space. Moreover. the atmosphere extends above the earth to a height ofapproxnnateh X
to 480 kilometers. rhe force exerted by air on a unit surface area of the atmosphere is termed the
atmosphere pressure.
Recall in Umt I that pressure is defined as force per unit area. Try to write the Sl unit symbol for
pressure. Pressure can be measured by using a simple barometer. The pressure of air. which will
balance a column of mercury to a height of 76 em high at a temperature ofO Cat sea level. is tem1cd
standard atmosphere.
Let us now state the gas laws

3.2

Boyle's Law
In our description of the behaviour of gases m section 3.I you would recognize that relationship
exists between two or more physical quantities. The relationship between the volume and the pressure of a given mass of a gas at a given temperature is knov.n as Boyle's law. This Jaw specifically
states that at constant temperature, the volume V, of a fixed mass of gas varies inversely as its
pressure, P.
This can be mathematically expressed as:

v -l

.... (3 I)

P
Or pV = K (Constant temperature)
Here K is a constant at a given temperature for a fixed amount of the gas. This type of behaviour of
a gas is shown in Fig 1.1 at two different given temperature. Such a plot at constant temperature is
called an isotherm and it resembles a hyperbola.
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Fig. 1.1: Isotherms at 1'1 and T7

Exercise l
Calculations on Boyle's law:
Assuming a 3.00 litre sample of gas at 1.00 atm is compressed to 0.600 litre at constant temperature.
Calculate the final pressure of the gas.

Exe1cise 2
Asunple of gas occupies 360 ml under pressure of 4.052 8 x 1 O'Pa (at constanttemperature). What
volu;11e will the sample occupy at a pressure of 1.013 2 x 10 5 Pa')

Try to recapitulate the Sl units of pressure and volume.

Exercise 3
Express each of the following gas pressures m Pa: (a) 300 nt111 Hg
(b) 0 760 torr (c) 1.5 atm.
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3.3

Charles' Law
Assuming we decide to vary the temperature instead of keeping it constant, \\hat do you think will
happen to the volume of a given mass of gas at constant pressure?
The pressure is likely to vary linearly with the temperature. This observation describes Charles' law
that states:
For a certain amount of gas at a constant pressure, its volume (V) is directly proportional
to its absolute temperature (T).
What do we say the SI unit of temperature is? It is Kelvin (K). To convert temperature from Celsius
Scale into Kelvin scale, 273.15 is to be added to the former.
T = t + 273............................... ..............................(3.3)
Try to express this law mathematically as we did for Boyle's law.
i.eVxT .............................................................. (3.4)

V

=

KT.

............................

········· .............(3.5)

where K is a constant fora given pressure and amount of gas. Fig. 1.2 depicts the variation of volume
with temperature at constant pressure.
Such a piot at constant pressure is called an Isobar and it is a straight line.

P,
P,

T/K

Fig. 1.2: Isobars at p 1 and p,
Exercise 4
1. Calculate the volume which 6.00 litres of gas at 0 C will occupy at 125°C at constant pressure. Draw the
isobar.
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2.

Draw the isobar if the volume previoush· at 125"C is further doubled.

Here are some hints to help you in solving this problem.
Do some conversions of non-S!units to Sl units. Note that absolute temperature are required. Write out
the mathematical expressions of the I" and 2"d conditions.
v, = KTI. .. .
. . .... . (3.6)
New conditions
. . .....
(3 7)
V, = KT, .. . .. ..... .. ....
Combine the separate conditions as follows:

=K

V:T._.= VT._,
I

..............(3 8)

2

Then calculate after substituting correctly.
3

The correct answer should be in cubic metre (m )
vXN
. (3 9)
Where N is the number of molecules in a volume V. But the number of moles (n) is related to the number
of molecules (N) as per the equation.
N

n=--

...... (310)

N,

V·here N, is Avogadro's constant (6.022 x I O'' mol

1 ).

Using equations 3.9 and 3.10, we can state that

2.'.. constant temperature and pressure.

V:x:n
·'hat is. at constant temperature and pressure. the volume of a gas is proportional to the number of moles
oft he gas. In other words. equal amount of two gases would occupy same volume at the same temperature
and pressure.
Using the above gas laws. we can arrive at the ideal gas equation.

3.4

Combined Gas Law
Suppose we desire to examine the volume of a given mass of gas at both varied temperature and
pressure. To do this. \'OU maY suggest \\C use. step bv step. both the Boyle's law and Charles' law
You are quite correct. But instead of computing independently as you rightly suggest. we can combine the two laws to show simultaneously the inycrse proportionalit} of volume and pressure and
direct proportionality of volume and absolute temperature.
Thus. we can have
pV=K

v

T

(3 II)
(3 12)

=K
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1.0

Introduction
So far we have examined the general characteristics of matter in its three states. Specifically gases
have neither definite shapes nor definite volume. In Module I. Unit 3, we described some laws that
characterized gaseous state of matter particularly the Boyle's, Charles' and the combined gas laws.
In this Unit, we will examine other laws that include equation of state for ideal gas, Dalton's and
Graham's laws. It is possible to determine the amount of any sample of gas if the volume, pressure
and temperature are knmm.

2.0

Objectives
By the end of this Unit. you should be able to:
• Define correctly an ideal gas.
• Derive the ideal gas equation.
• Calculate one of the unknmm amongst pressure. volume. temperature or amount of a gas using
the ideal gas equation and the SI units.
• State the Dalton's law of partial pressure and Graham's law of effusion.
• Determine Molar mass. number of moles and partial pressures using all the relevant laws as
applicable.

3.1

An Ideal Gas and its Equation of State
Recall that Equation. 3.13 in Module 2.Unit l is a combined gas law of the Boyle's and Charles· gas
laws.
pV =K
.. (3 I)
T
Looking at the combined gas law in Equation 3. 13 in Module 2, Unit I, what do you think K represents? The constant K refers to a given mass and hence a given number of moles of gas. If we
replace K with this. we can have the general expression of
pT
V = nR
OrpV=nRT

..(3.2)
........(3.3)

Where n is the number of moles of gas in the sample and R is a gas constant that is applicable to all
gases.
Equation 3.3 is kno"n as the equation of state for an ideal gas. The state of the gas is its condition at
a given time. Its pressure. volume. temperature and the amount as pointed out in the introduction
describe a particular gas. Knowledge of any three of its properties is enough to define completely the
stare of the gas. since the fourth proper!can be determined using equation 3.3.
As a matter of fact. no real gas obeys Boyle·sand Charles·law. At high pressure and relatively low
temperature. real gases deviate from these and other gas laws. The gas that obeys the gas laws
exactly for all conditions of pressure and temperature is referred to as an ideal gas.
Let us consider some examples.
Example 1
What will I 0 grams of CO occupy at STP'l Assume that CO is an ideal gas.
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Solution:
We know that
PV= n RT
And at STP. the pressure is 1.013 x 10 Paat 273 K
Therefore. V = !l_grn_ol:'l(8Jli_ nJ._O]I 'K ') Q7_3K)_
1.01.> x 10 Nm ·
V = 8.00

X

10-J

3
111

3.1.1 UnitofR
In section 3.3 of Unit I in Module I, you have studied that R has the dimensions of (energy) (amount of
1
substancef' (temperaturer'. In Sl units. the value of R is 8.3 I 4 J mo( K ·I and we will be using this
value throughout this course.
The value of R in different units is given below:
R = 8.314 J mol- 1 K- 1
= 8.314 x 10 erg mol -I K-'
= l.987 cal mo I -I K-'
= 0.08206 L atrn mol-1 K- 1
The R unit to apply will depend on the units chosen to express pressure. temperature and volume.

3. I.2 Calculations Using Ideal Gas Equation
Equation 3.3 is useful in calculating any of the unknowns amongst pressure, volume. temperature or
the amount of gases from three of the other known quantities. Let us illustrate this.

Example 2
Calculate the volume occupied by 0.0660 kg of carbon (IV) oxide gas at a temperature of 300.2 K
1
and a pressure of 9.41 x I0 Pa assuming ideal behaviour.

Solution
Numberof moles of carbon(iv) oxide(n)=

!vfass_<Jf carb()ll_iiV)oxide _
Molar mass of carbon (IV) oxide
Substituting the valuesof differentquantitiesin ideal gas equation, we get
V=l)RT
p
0- 066°mol x(8314Jmor1 K-1)x(3002K)
0.044
9 41xJ<f Pa
3

=0.0398m
Using the ideas developed above, attempt

tre following exercises:

Example 3
At 27.0"C, Nitrogen gas in a 0.05 m3 container exerts a pressure of5.065 x 10 5 Pa. What mass ofN?
is in the container?
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Solution
number of moles of N2, n =

f
3

tY- Pa- x-0
n =- 5-.0
- 6- 5- x-l-0Sm-8.314Jmor K-1 x300.2K
n = I 0.15 moles
Mass
Molar mass of N2

= 10.15 moles

Mass = Molar mass x number of moles
= 28.0 g mot·' x 10.15 mol
= 284.2 g

Exercise I
5
Calcuiate the density of oxygen gas at 273.2 K and 1.013 x 10 Pa, assuming ideal behaviour.
(Hints): (i) Number of moles =Mass/Molar mass
(ii) Density= MassNolume.

Exercise 2
How many molecules of oxygen arc present in 0.0032 kg of the gas''

3.2

Dalton's Law of Partial Pressures
Suppose we have two samples of two different gases in the same container. If no chemical reaction
occurs between them, the total pressure exerted by these two different gases is merely the sum of
the individual pressures of the two different gases. In other words. each gas exerts a pressure
independent of the other. as if it is the onlv gas in the container.
The individual pressure of a gas in a mixture of gases is called its partial pressure.
Mathematical form of Dalton's law:
Let us consider three ideal gases, A. B and C. Let the pressure of each gas be P,, Ph and P,
respectively when each of them is kept separately at a temperature T and Volume V Let us force
these gases into a vessel of volume Vat the same temperature. According to Dalton's law of partial
pressures, the total pressure (P ). IS given bv.
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3.4
Using equation 3.2 for each of the gases we can write

ll.llB-I_

.... 3.5

p = nsRT

............... 3.6

p =

'

D

v

V

..... 3.7

p = ncRT

c
v
Using equations 3.5 to 3. 7 we can wnte.
RT
n,RT
Pt = (nA + ns + nc) V- = ----y-·

..... 3.8

Where n, =total number of moles in the mixture of gases
The terms

11

n,

' n, and

n,

= n, +

n,, + n,.

n_<: are called the mole fractions of gases A, Band C, respectively

n,

and are represented as x ,. x,, and x,.
Thus the equations 3.5 to 3 7 can be rc\\Tilten as.
p ...

P,

.. \

p

xF. p

p

XC

"

p

3.Y

'

3. I 0
3 !I

..

TI1Us. the partial pressure of a gas in a gaseous mixture is the product of its mole fraction and total
pressuP;

Let uillustrate with some e:xamplcs h\· calculatmg the number of moles of o:xygcn gas collected
over ;·,.tter under cert..1m conditions

Exa111ple 4
Assuming we collect oxygen gas over \\ater at 30.Il·'C in a 0 25 m 1 gas jar at a total pressure of
2.026 x 10'' Pa. What is the number of moles of 0, collected'/ Check Table 2.1 for the vapour
pressure of water at this specified temperature.
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Table 2.1: Vapour Pressure of Water at Some Various Temperatures
Temperature(K)
263
268
273
293
298
303
308
313
318
323
328

Temperature (K)

Pressure (Pa)

333
338
343
348
353
358
363
368
373

2.86xiO'
4.21 X 102
6.1 X 10 2
2.33x 103
3.17x 10 1
4.24 X 10 1
5.62 X 10·'
7.37 X 103
9.58 X 103
1.23x 10'
1.57xl0'

Pressure (Pa)
1.99x 10'
2.50 X 104
311Xi04
3.85 X 10'
4.73 X 10'
5.78 X 10·'
7.00 X 10'
8.44 X I04
8.44xl05

Example 5
Into one litre container are 14.0 grams ofN, 0.20 grams ofK and 1.80 grams ofO, at 27'C. What
is tbe total pressure in the container?
·
·
·
Solution
Recall from Equations 3.9 to 3. U, the partial pressures of the three gases will be

p..

'"2

= '!.'!;..
p
n, ,

Let us start with the calculation of the number of moles for each gas.
1
mole N' ]
n N =mass given x [
'
28.0gramsN 2

I

nN = 14.0grams N 2
I mole N, ]
'
l28 0 grams N 2
= 0.50 mole N,
n 11, = 0.20 grams H2

I mole N2
I
[ 2.0 grams H, J

= 0.10 mole H,
n,, =8.0grams0, [ lmoleO, ]
.,
16.0 grams 0,

= 0.50 mole 0,
Total moles= 0.50 + 0.10 + 0.50 moles= 1.10 moles
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Recall that
nRT
Total Pressure=-V
Having given you some hints and work out for you the number of the total moles. try to determine
the total pressure.
With the example and the principles given. attempt the following Exercises:
Exercise 3
2.00 mol of nitrogen. 1.00 mol of oxygen and 2.00 mol of methane are kept in a vessel of volume
0.060 m' at 250.2 K. Calculate the total pressure of the mixture of gases and the pa1tial pressure of
the individual gases using Dalton's law of partial pressures.

Exercise 4
State the name of the gas present m a1r that has the h1ghest partial pressure.

3.3

Graham's Law of Effusion
Effusion is the passage of a gas through a small opening into an evacuated chamber. Graham·s law
states that the rates at which gases effuse are inversely proportional to the square root of
their densities or molar masses under similar conditions of temperature and pressure.
If r. p and Mm are the rate of effusion. densitY and molar mass of a gas. then

Then roc -1/- Or
·1P

roc

l

... (3 12)

vMm

If two gases \Yith molar masses Mm. and Mm:have densities P, and p, then their rates of effusion
r, and r: under same conditions of temperature and pressure. arc related as.

.i _ /P. _ {Mm,
r: - V p - \/ Mm,

········ ......(3.13)

Usmg the equa!lons 3 13. ans\\er the followmg excrc•se.
Exe•·cise 5
What is the ratio of effusion rate of hYdrogen to oxygen''
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4.0

Conclusion
In the preceeding Unit. we discussed the general characteristics of gases and the combined gas law.
In this Unit. we have been able to derive the equation of state of an ideal gas. In addition. we defined
an ideal gas and we stated that the real gases do not follow these laws under all conditiOns of
pressures and tempcratu res. We also performed some calculations by applying the equation of state
and other laws.

5.0

Summary
At the end of this Unit. rou have leamt that:
• An ideal gas is a gas that obeys gas laws exactly for all conditions of pressure and temperature.
• Its pressure. volume. temperature and the amount. describe a particular state of a gas
• When the gases put in the same container at a specified temperature do not react chemically. the
total pressure of the pressures is exerted by the individual gases occupying the same volume
alone.
• If two gases with molar masses Mm 1 and Mm, have densities p1 and p2 then their rates of
effusion r, and r, under same conditions of temperature and pressure arc:

r,_ /Pl_r, -I[P:· -

6.0

\]Mffi;
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7.0

Tutor-Marked Assignment
1. Calculate the molar mass of a gas for which density is 1.250 x IO' kg m·' at 273.2 K and
1.013 X 10' Pa.
2. 1. 000 x I o--' m-' of argon at a certain pressure and temperature took 151 s to effuse through a
porous barrier. How long will it take for the same volume of oxygen to effuse under identical
conditions'' (Hint: TI1e time taken by a gas to effuse varies inversely as its rate of effusion)
3. A mixture of2.00 x IQ·-' kg of Rand 2.00 x 10 ' kg of He exerts a pressure of 1.50 x 10' Pa
What are the partial Pressures of H, and He''
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I.0

Introduction
By now. we can clearly define a gas as a collection of particles called molecules. In Module 2. Unit I.
we were put through some properties of a gas at low pressure and relatively high temperature. In our
course of studying Chemistry \\C have come to agree that gases behave differently. The differences
among them show that their particles behave differently. In this Unit, a molecular interpretation for
the different properties of gases will be provided We shall start by recapitulating specifically the
Graham·s law of effusion. After this. we shall explain the postulates on kinetic theory of gases and
use these 111 derivmg an equation that will be useful in calculatmg the parameters such as pressure.
average kmehc energy, etc. of the gas molecules.

2.0

Objectives
At the end of this Unit. you should be able to:
• State the six postulates of the kinetic theory of gases
• Explain the molecular velocities
• Derive the equation PV 'h mNu'
• Explain the distribution of molecular speeds
• Calculate the most probable speed and the root mean square speed
• Derive an expression to calculate the collision number between gas molecules.

3.1

Recapitulation of Graham's Law
Before we re-examine Graham's law. I want to ask if you have experienced the movement of gas
molecules through other gases. Let us consider ammonia gas. Assuming it is released with the air in
a laboratory room in which there arc no breezes. What do you notice'I Do I hear you say it is smelt
even in a far comer of the room'' This can easily be detected because NH 3 gas molecules diffuse.
Now suppose we allowed the gas molecules to escape from a covered gas jar container through a
very small tube hole. What did we call the rate of escape in Umt 2?
Again. what factors of the gas molecules affect the rate of escape?
Yes. you \\auld be right to say diffusion. The diffusion depends greatly on the masses of the gas
molecules. You must try to recall the quantitati'c expression of Graham's law of effusion. Do you
kno\Y we can separate isotopes using gaseous diffusion methods? This is one of the applic:1tions of
the Graham's law.
This behaviour of the gas molecules along with other laws can be explained according to the Kinetic
theory of gases. How can we do this?

Exercise 1
Which postulates ofthe kinetic molecular theory can be used to justifY Dalton's law of partial pressure.
which you learnt in Unit two'l --------------------------------------------------------------------------------
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-Consider N H,. and HCl gases at the same temperature. Since the temperatures are equaL the
average kinetic energies of their molecules will be equal.
Let us now examine kinetic theory principles.

Exercise 2
Calculate the ratio of rates of effusion of Cl, and NH, both at 0"C and 1.0132 x 1 O' Pa.

3.2

Postulates of the Kinetic Theory of Gases
It is interesting to note that the kinetic theory of gas was first propounded by August Krong in 1 56
and Kndoff Clausslin in 1857. Other people who also contributed to this theory are Daniel Bernoulli
(1738), James Joule (1845-1851 ). James Clark Maxwell (1860) and Ludwig Boltzmann ( 1871)
In the previous section we discussed gas molecules in continuous motion for the gas to be detected
soon. The central idea that gas molecules are in contmuous motion is called a theory termed kinetic
theory of gas.
The six postulates that hm c been known to explain the kinetic of gases are as follow:
( 1) A gas is composed of a verv large number of tim· molecules. The gas molecules are far apart
from one another in comparison with their 0\\11 dimensions. The gas molecules are considered
as small hard spheres The mlumc of the gas molecules is negligible compared to the total
volume occuptcd bv the gas as a 11 hole.
(2) The gas molecules confined to a container arc in a state of constant rapid random motion. re
they move in all possible directions mth different speeds.
(3) During their motion thc1 collide frcqucntlv 11ith each other and with the walls of the container.
These collisions arc pcrfecth· clastic. which means that the kinetic cncrgv of the molecules
before and after collisions is the same. That is the energy mav be transferred from one molecule
to another dunng collision but there 1s no net decrease in klllctJc energy
t4) At relativelv low pressure. there are no mtermolecular forces between the molecules rc.. there
arc no fOrces of attract ton or repulston between them.
( 5) The collisiOn of these molccu lcs "rth the contamer grves rise to a phenomenon called pressure
In other words. the pressure exerted b1· the gas rs due to the force exerted on the walls of the
container due to non-stop bombardment of the molecules.
From the other five postulates the ideal gas law is formed and often referred to as the 6th postulate
(6)

The absolute tcn:pcraturc of a gas 1s proport1o11al to the mean kinetic cncrgof the molccuks
present 111 It

We shall usc these assumptions in the next section. Let us now Jiscuss some of the features regardmg
molecular velocities that 11ill be rcqltlrcd tor dcnving the equatton of state lor the gases

Resolution of Molecular Velocities
Velocity (!.t) is a vector quantity. The components of r in the x. y and z directions arc fl,, fl, and fl,
The speed u is the magnitude of the vector f1 and the latter is represented bv OC (ftg. 3.1 ).

44

Fig 3.1: Components of Velocity. 11

The lengths OA. OD and OE represent the velocity componets fl,. fl, and fl_. Hence. note that

oc = fl
DB
AB
BC

OA=

OD=
OE=

=

BC is perpendicular to xv plane (shaded). Since OBis in xv plane. BC is perpendicular to OB
Hence. <OBC = 90"
From the right angled triangle OBC. fl' = OC = OB' + BC = OB' +fl.'
You can see from the diagram that OD is on v a.'<is. Since DB is parallel to x axis. DB is perpendicular
to OD. 1.e. <ODB =you
In the right angled triangle. ODB. OB' = OD' + DB' = fly' + flc'

m' = OB' + fl/ = fl,' +

.. ... 3.l

fl.,' + fl.'

It is important to note that fl is a vector. The speed u and the velocity components fl.,.. fl_, and L arc
scalars A velocity component like fl,. can be positive. negative or zero (corresponding to motion in
the postive x direction. motion in the neg:nivc x direction or no motion in the x direction) but must bv
definition be positive or zero.
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Mean Square Speed
All the molecules do not move at the same speed. As a result, x components of the velocities of
different molecules are different. This IS also true ofy components and z components of the velocities
If flh' + fl,,' + fl,,'....
fix,' are the square of the x components of the velocities lor the
molecules. 1.2.3 .

... N. then the average of these values. u' is given bv:
.............3.2

u;

and u; also. the expressions s1milar to Eq. 3.2 can_ be 'vritten. further similar to Eq. 3.1 the average
For
0
of the square of the molecular Speeds. U • IS related tO u; u; and u;as
-2

U

==

-2

U_,.

+ Uy2 + Uz-2

......... 3.3
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The quantity ii2 is called the mean square speed. Since the gas molecules are in random motion. no particular
direction is preferred. The quantities., uand u;are equal. Hence.
,

u
•

2

u = + u;'+u;)
= (-------·-3

3.4

The above equation will be helpful to mu in understanding the derivation described in the next section.

3.3

Derivation of the Expression for Pressure
Let us consider the cubical container in Fig.3 2. with side'/' filled with N gas molecules Each gas
molecule has a mass ·m·. Let us assume that one of the molecules moves in the x direction with
velocity component ul,.·
I.

Distance: A molecule moving along x-direction will strike the shaded wall every 2xl (em) of its
path. Do you know wll\·'1 This is because after an impact with a wall, it will go to the opposite
wall. travel a distance (I em). rctum and travel another I em before the next impact.

1%\/ u,,

'WI

X

Fig 3.2: Motion of a gas molecule
Thus the distance travelled between collisions

=

I+ I

= 21

2.

Number of collisions: What then will be the number of collisions'' If a molecule is travelling
with a velocit' u, em/sec. along x-direction. then in I sec.. it will have travelled u, em and hence
made u 103 collisions.
'
Number of Collisions = velocity/distance between collisions
u" (em/sec.) 103 em
= u" (collisionlscc.)/2/

3.

Momentum: We know that momentum of the molecule is mass (m) x velocity (u,)
Ifit strikes the wall at the yz plane (shaded face) with momentum mu.and will suffer an elastic
collision so that it bounces back with a momentum- mu". There is a sign change here, is there
not'1 This is because momentum is a vector quantity.
Therefore. the change in momentum in one collision is, mu"- (-mu" ) = 2 mu"
46

.....3.5

4.

Force: Now try to define the force exerted by the molecule as a result of impact with the wall
The force will be the momentum change per collision per time per molecule. W.: can express
this as:
Force/mol. = Total change in momentum/time (mol.)
= (2mu L'\ ) (ut'< /2/)

= m rrII where u is the average velocity but u'=r +i.(+ .andsinccevervdircctionisequally
possible. then

or
Force per molecule = mu' 13/ for one molecule
For N molecules, what will be the total force'l
.. 3.7

F = N m rr' I 31 that is m N u'131
5.

Pressure: But pressure is Force per unit area. The area of the shaded face is

!'

2

Therefore, p = F/A = Fl/
= Nm u' I 31 x I'
= Nm u'/31'
Since for a cube. volume (V) = I'
P = Nm a' 13V
Therefore.
pV = 113 Nm u' ·········· ····

3.8

We shall use this equation in the next section for calculating the average kinetic energy. number
dens1ty. concentration. etc. of the gas molecules.

3.4

Ideal Gas Equation
Although all the gas laws could be derived from Eq. 3.8. we shall derive the ideal gas equation only
and proceed to calculate different molecular parameters.
Eq. 3.8 can be rewritten as.
pV = 2/3 N (l/2mu ')

.... 3.S)

From the Kinetic theory of gases (postulate 6) it is known that the absolute temperature of a gas
sample is directly proportional to the mean kmet1c energy of the molecules, i.e.
T oc 1/2 mu'
Or 1/2 mu·l

=

KT

.. 3.10

where K is constant.
Substituting this in Eq. 3.9. we obtain.
pV = 213 N K T

3 II
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This can be \ritten as
pV

=

3.12

NkT

\\here k. kno\\n :1s Boltzmann const:1nt is equal to 2/3K. The value ofk is I JX x 10 '3 J K 1 Eq
3 12 1s the idc:1l gas equation for N molecules For a gas having nmoles. the number of molecules N
is grven by.
N

c

3 l.i

nN.

'

\\/hen: "l,,. ts Avogrado·s constant and Jt IS equal to the number of molecules (or species} in one mole
,1f a substance. It rs equal to 6 022 x I O'' mol ' Hence. the equation torn moles of the gas can be
\\ rittcn by rsing Eqs 312 and 3. 13
PV

=

'

,,

nkT

=

3 14

n RT

Where R i·s equal to N . k.

"

Let us now calcul:1tc some parameters of the g'ls molecules bv the combined usc of Eqs. 3.. J 10.

J 12 :1nd l 14

.1 4 I

Calculation of Average Kinetic Energy
A\cragc kinetic energy per molecule can be calculated from Eq. 3.10_ knm\·mg that
K J/2k
A\·Cragc kinetic energy per molecule

= l 11

mu:

3/2 k T

... J 15

(N) ( 1/2 mu ')

Sm1ilarl- average kinetic energy per mole

IN.) (3/2 k T)

l/2N.kT
3/2 RT (\\here R rs N, k)

3 16

The energy calculated using this l'\.prcssi0n ts also called the translational energy: this energy is due
to the mot1on of the molecules in space
Thus. \\C can"" that the tr,msbtronal cnergv (K.E) of an ideal gas is independent of the tvpc and
pressure of the gas. What then do vou think it depends on from the equation vvc derived for the
kmetic energy') It depends on the absolute tcnw .:raturc.

Example I
Let us lllustratc the usc of Eqs 3 IS 3.!1d 3 J fi in doing some calculations.
Calculation of the a\"l::ragc translational energy per molecule
Calcubte the average translational kinetic cnerg.v values of nitrogen at 300 K
Using Eq 3 I :i. the translational encrgv of nitrogen per molecule at 300 K 3;2 kT

1.3X x I O-" J K '
6.21 x IO-'' J.
3/2

X

X 300 K

4X

2.

Calculation of the average translatiOnal cnery of nitrogen per mole
Similarly using Eq. 3.16. the translational energy of nitrogen per mole at 300 K
3/2xX.3141mol 1 K 1 x300K
3.74 x 103 1 mol'

3.4.2

312 RT

Calculation of Number Density and Concentration
Number density. (n ,.) is defined as the number of molecules of a gas in unit volume. We can obtain
number density by re-:uranging the equation.
pV
NkT
as
Number of density of a gas ( nJ

=

NIV

=

... 3 17

p/k T

We can also do this for the concentration of a gas \\hich is defined as the number of moles of a gas
in unit volume. What do vou obtam when vou re-arrange equation?
pY = n N,kT = nRT
Concentration of a gas (c)

=

n/Y

p/RT

... ··········· ... 3.18

Example 2
Calculate the number density and concentration of nitrogen molecules at 298 2 K and 1.013 x I 0' Pa.
Using Eqs. 3.17 and 3.1X.
Number of density (n) of nitrogen molecules at 29X.2 K
I 013 x I 0' Pa
1.3Sx 10 1'1 K-'x29X.2 K

= p/k

T

2.462 X 10" 5 111 '
Concentration (c) of nitrogen at 29X.2 K

=

p/RT

1.013xlll'Pa
8.3141 mol·' K' x 2'! .2 K
40. X6 mol m ·'
You should note that the number dcns1ty or the concentration of a gas is directly proportional to the gas
pressure and mvcrsdy proportional to 1ts t mpcrature.
3 4.3

Calculation of Mean Square Speed and Root Mean Square Speed
In section 3.2.2. \\·e have dctincd mean square speed (u'). The square root of its value is called root
mean square speed and 1s represented as u,,, For one mole of the gas. combimng Eqs. 3.8 and 3.14.
\\C can wnte
PV

= RT

=

Mmu·

(n

=

3
1.e. mean square speed ( u')

I and Nm = Mm
=

Root mean square speed (--iu')

............... ...

3RT/Mm
=

u,,,

=

Molar mass)

--!3RT/Mm
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.

..

........ 3.19
...... 3.20

Example 3
Let us calculate uof methane molecules at 515 K using Eq 3.20
Um•

= V3RT/Mm = V3 x 8.314 J mol- 1 K- 1 x 515 K/0.0 16 kg mol
8.96 x 10' m s- 1

Using the above example, answer the following exercises:

Exercise 3
Calculate the root mean square speed of hydrogen molecules at 500 K (Molar mass of hydrogen= 0.002 kg).

Exercise 4
At what temperature will hydrogen molecules have the same root mean square speed that oxygen molecules
have at l27°C?

4.0

Conclusion
We can conclude by saying that the kinetic theory is applicable to any gas. The theory also accounts
for the properties of gases as expressed by the various gas laws we studied in Module 2, Unit I. It is
also postulated that since the molecules are in constant random motion and they always get farther
apart they fill up any container. In the process. the molecules bombard the walls of the container
explaining the existence of pressure by gaseous molecules. However. absolute zero is the temperature
at which the molecules can be said to have no translational motion.

5.0

Summary
In this Unit. we have learnt that:
• Kinetic theory of gases refers to the idea that gas molecules are in continuous motion.
• The absolute temperature of an ideal gas is proportional to the average translation to the average
translational kinetic energy of the molecules present in it.
• The Number density of a gas is the number of molecules of a gas in unit volume.
• The concentration of a gas is the number of moles of a gas in unit volume.
• At any given instant, the molecules in a sample of a gas have a range of velocities.
• One application of Graham's law is the gaseous diffusion method of separating isotopes.

6.0

References and Other Resources
Goldberg, David and Dillard, Clyde (1974). College Chemistry 3rd Revised Edition New York
Macmillan Publishing Co. Inc.
IGNOU ( 1997). States of Matter: Physical Chemistry CHE-04 New Delhi.

7.0

Tutor-Marked Assignment
(l)

Calculate the molar mass of a gas for which density is 1.250 xl0 3 kg m·' at 273.2 K and
1.013xl05 Pa.
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1.000 x to-' m' of argon at a certain pressure and temperature took 151 s to effuse through a
porous barrier. How long will it take for the same volume of oxygen to effuse under identical
conditions''
(Hint: The time taken by a gas to effuse varies inversely as its rate of effussion.)
(3) A mixture of 2.00 x JO-' kg ofand 2.00 x JO·' kg of He exerts a pressure of 1.50 x I 0' Pa
What arc the partial pressures of H, and He''
(4) Calculate the ratio of mean square speed of oxygen to nitrogen at 300 K.
(5) Calculate the number density and concentration of oxygen at 1.013 x 105 Pa and 300 K.
(2)
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l.O Introduction
In Module 2, Units 3 and 4, vou learnt that gases do obey ideal gas laws only at low pressures and high
temperatures. Furthermore. the gas Jaws discussed in those two units are based on the postulates of
the kinetic theory of gases which were discussed in Module 2, Unit 3. Can you recall the Jaw that says
the product of the volume and presure of a gas at a given temperature should remain constant at all
pressures? Yes, you are right by saying it is Boyle's Jaw. Jn reality gases show deviations from this
predicted behaviour of Boyle's law. The real gases also deviate from other gas laws. Thus. to start
with. the deviation of the real gases from ideal gas behaviour will be explained to you in this unit. The
features of the isothenns at different temperatures will be explained. Afterwards, you will learn to
deduce Van der Waals equation. The relationships between critical constants and Van der Waals
constants will be derived.

2.0 Objectives
At the end of this Unit. you should be able to:
• State the differences in behaviour between real and ideal gases
• Deduce Van der Waals equation
• Define the terms critical temperature. critical pressure and critical volume
• Derive the relationships between the critical constants and Van der Waals constants.

3.1 Deviation from Ideal Gas Behaviour
What comes to vour mind when the words real and ideal are mentioned'' Can you think of the difference
between the two'' Yes, ideal is perfect. An ideal gas is expected to be a perfect gas irrespective of the
conditions. However, it has been found that the gases around are not perfect under all conditions.
Their characteristics or behaviour deviate from what the perfect gases should be. Thus an ideal gas is a
hvpothetical concept. The real gases obey ideal gas laws onlv at low pressures. and high temperatures.
The reasons for the deviations of real gases from the ideal gas behaviour are better provided in the
assumptions we studied in Module 2. Unit I. First. it is assumed that the volume of the gas molecules
themselves is as negligible compared to the volume occupied by the gas in the container. The second
reason is the assertion that there are no forces of attraction between molecules. Having given you
reasons for the deviations. let us studv the behaviour of gases at different pressures and temperature.
3. 1 . 1 Behaviour of Real Gases
In Module 2, Unit 1, you will recall that we mentioned four phenomena that could be used to describe
the behaviour of a gas. These are volume. pressure. temperature nnd number of moles. These phenomena
can be measured practically fur each gas. If that gas behaves idc.1ih. 1ts compressibility factor. which.
is defined by equation 3. 1. must be equal to I.

........................................3.1
nRT
If z deviates from the value of unity, the p.as is said to deviate from ideal gas behaviour. In Fig 4 I. z
IS plotted agamst pressure for several gases We notice that all gases approach ideal behaviour at low
pr >ssures. This is inferwd from the fact that z approaches unity at low pressure for all gases.
z=

..£Y

To illustrate the effect of temperature. z IS plotted against pressure for nitrogen gas at three temperatures
in Fig. 4.2. Note that the curve at high temperature (673 K) approaches ideal gas behaviour much
more than the curves at lower temperatures (203 K and 293 K). This is true of all the gases. To sum
up, the gases behave ideally at low pressures and at htgh temperatures.

For real gases_ the value of z is greater than or less than unity.
203 j(_

I 4

Ideal gas

0.6 ':--: -::!::---,!:::---o:':-0

200

0

400 fiOO 800
p:atm

200

400

600

800

parm

Fig. 4.1: Plots of z against p ji;r several gases

Fig. 4.2: Plots of o agmnst p )i>r mtrogen ga.r
at lhree temperatures

Van der Waals derived an cquatwn of state for explaining the experimental facts of the bahaviour of
gases. We shall study tlus in the next secnon.

3.2 Van der Waals Equation
You had learnt earlier about the origin of the deviations of gases from ideal gas behaviour. What are
these two assumptions again'' Firstly. the volume of a molecule is by no means neg!Jgible and cannot
be ignored under all conditions Secondly. there certainly exists intcr.molecular mteraction between
molecules at close distances. Vander Waals modified the ideal gas equation by taking into account the
dbove shortcomings.
Shortcomings: Two corrections were applied considering the fact that the molecules of a real gas
have definite volume: and (ii) the pressure exerted as a result ofthe number of molecules strikmg the
wall and attractmg a molecule from behmd.
Let us take the two corrections one b' one
Volume corrections: Van der Waals realized that the molecules of a real gas have dctlmte volume
Therefore_ the entirvolume (V) of the contamer is not available for the free movement of the gas
molecules. The volume available for the motion of the molecules can be given by (V-nb). where n IS
the number of moles of the gas and - b- the
correction in volume for one mole of the gas. The The van dcr Waals constm1t 'h 'is cqual1o the exluded
quanti tv ·b- is known as co-volume.
volume of one mole of a gas. H can be sl10wn that 'h 'is
Hence. corrcctd volume :::: V,.ur;
equal to four times the actual volume of the molecules
Tt1c constant 'b ·has the units. m3 moi- 1
=V-nb..
(32)
Pressure correction: Van der Waals applied
pressure correctiOn by taking into account the
intern1olccular forces. The pressure of a gas is
due to the collision of the gas molecules on the
nalls of the container. Consider two identical
molecules in a gas such that one is somewhere in
the middle of the container and the other just Fig. 4.3: The allraction experie!lcc:r/ hv the
stnkes the wall (F1g. 4.3)
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Jli'Jiecuh's

It can be seen that a molecule in the middle of the container is attracted on all side by the other
molecules surrounding it. However. in case of a molecule that just strikes the wall. there is a net
backward drag on the molecule and it will strike the wall with a somewhat weakened impact. Hence.
the observpressure (p) of a gas will be less than the pressure exerted by an ideal gas. A presssure
correction is therefore needed to be applied. The correction term in pressure (Dp) is proportional to
two factors. viz.,
• the number of molecules striking the wall per unit areas and
• the number of molecules attracting a molecule from behind.
EaGD-Qf the above factors is proportional to the square of concentration of the gas i.e..
Dp a. (concentration)2
But the J;onc. :ntration of the gas =
Number of moles (n)
Volume of the container (V)
Hence it can be written that.
p a. .K
V2
i.e., D p

=

2
n
Va
2

3.3

where ·a· is a paran1eter characteristic of a gas. Hence the corrected pressure <Pcorrl is given by.
Pwrr = p + n2a ...............
3.4
\(1

If the corrected pressure and the corr 'Ctcd volume of the gas are substituted in the ideal gas equation
(Module 2 Unit 2). we obtain
·············· .. 3.5

{P+ )V-nb)=nRT

This equation is known as Van dcr Waals equation. Since for one mole of gas. V=V m (i.e.. molar
volume) and n = I. hence. Eq. 3.5 becomes
........3.6

Van derWaals equation (Eq. 3.5 or 3.6) is quite important and is applicable over a much wider range
of p-V-T data than the ideal gas eguation. The quantities ·a· and 'b. are called the Vander Waals
constants or parameters. The quantities ·a· and 'b· arc obtained empirically by fitting values on;,
experimental p-V-T data to Eq. 3.5. It may be pointed that 'b' is a measure of the moleclj]ar size and
·a' is related to the intermolecular mteraction. Table 4.1 gives the values of the parameters ·a·and ·b·
of some selected gases. It can be seen that 'b· increases as the size of the molecule increases
whereas ·a· has large value for an easily compressible gas. The values of the critical constants p,. V,
and T, are also given in Table 4.1.
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Table 4.1: Van der Waals Parameters and Critical Constants of Some Gases
Gas

·a'/Pa m6 mol·'

106 x ·b '/m3 mol·'

He
Ar
H,

0.003457
0.1373
0.02476
0.1378
0.1408
0.3639
0.5536
0.4225
0.2283

23.70
32.19
26.61
31.83
39.13
42.67
30.49
37.07
42.78

o,
N,

co,
H 20
NH 3
CH4

w·'x PJPa

I06 x VJm3moi·1

2.20
48.64
12.97
50.76
33.94
73.66
220.89
112.5
46.41

57.8
73.3
65.0
78.0
90.1
94.0
55.3
72.5
99.0

TJK
5.21
150.7
33.2
154.8
126.3
304.2
647.4
405.5
191.1

Explanation of the behaviour of gases using Van der Waals equation
Many a time, either one or both the correction terms could become negligible. Let us study these
cases.
When 'b' is negligible:
If'b' is very small, then equation 3.6 becomes.
(P +

v Jvm

RT

.

. .................................. 3.7

i.e., pVm = RT - JL
Vm
or z = pVm = I -_a_
RT
RTVm

......... 3.8

Thi;shows that under these conditions. pVm will be less than RT or z will be less than unity. Equation
3.8 will be valid for substances like water vapour for which 'a' is large and 'b· is comparativelv small
(SeTable 4.1 ). Also for gases such as N 2• CH4 and C02 (Fig. 4.1) at moderately low pressures. Vm
is large such that (Vm- b) is nearly equal to Vm· Hence. equation 3.8 is applicable for such gases at
moderately low pressures.
When a

is negligible:

If 'a' is negligible we have
p(Vm-b)=RT
i.e., pVm = RT + pb

.......... 3.9

pVm
pb or
z=- =I+- RT
RT

3.10

Hence, pVm will be greater than RT or z will be greater than unity. Particularly, this is tme for hydrogen
(Fig. 4.1) and noble gases for which the value of ·a' is small. This IS also tme for all the gases at h1gh
pressures. since then Va

2

is negligible in comparison to p.

m
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When 'a' and 'b' are both negligible:
When pressure is very low or the temperature is very high. p is small but V m is very large. In this case.
the correction terms, .JL and bare both negligible in comparison to p and V m·
Vm2

Hence, at very low pressures or high temperatures. the gases obey ideal gas equation and their z value
is nearly equal to unity.
Let us now illustrate the use of Equation 3.5 in the calculation of pressure of2.000 mol of methane
at I.OOOK x 103 occupyingavolumeof5.000x I0·2 m'Re-arranging quation 3.5. we can write.
_ nRT
p- (V- nb)
From Table 4.1, a= 0.2283 Pa m6 mol-2
b = 42.78 x 10-<> m-' mol" 1
substituting the values of the parameters we get,
p=

2 000 mol x 8 314 J moi·1K' x I 000 x 103K
_ (2.000 mol)2 x (0.2283 Pa m6 moi·2 )
(5.000 x 10·2m3 - 2.000 mol x 42.78 x 10·6 m3 mo1" 1)
(5.000 x 10-2 m3 )2

p=

3.328

X

105 Pa

Applying van der Waals equation to methane at 1.000 x 103 K, the pressure calculated is 3.328 x 105 Pa.

Let us also calculate the pressure of methane using the same values of n, T and V but assuming ideal
behaviour.
_ n RT _ 2.000 mol X 8.314 j moi-'K- 1 X 1.000 X 10-'K
p- V5.000 x J0·2 m3

= 3 3226 x 105Pa
It is interesting to see that the pressure values of methane obtained by Van der Waals equation and ideal
gas equation at I.000 x 103 K are more or less same. This indicates that the methane behaves ideally at
1.000 X 103 K.

Virial Equation of State
A number of attempts have been made to propose equation-of state for ideal gases. These are supposed
to represent the p-V-T data over as wide range as possible. However, from practical consideration, it is
desirable that the equation of state should have only a few adjustable parameters. It should be simple
from mathematical point of view.
The most gener:tl cquabon of state \L proposed by Karnmerlingh -- Onnes and is known as virial
equation of state. In this equation. the pressure is represented as power series of
I

vm
p , RT ,B(T) + C(T) + _

V'
"'
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TI1e coefficients B(T). C(T) ... are known as vi rial coefficients. It may be noted that these depend on
temperature. By having sufficient number of tem1s m this equation, p-V-T data can be represented to
desired accuracy.
In the next section, we shall introduce the critical phenomena and then study the relationship bcl\vcen
Van der Waals constants and critical constants. Before that. work out the following Exercise:

Exercise I
Calculate the pressure of 2.000 mol of methane at 298.2 K using the other data from Table 4.1 and
assuming that it obeys Van der Waals equation. Also calculate its value. if methane were to behave
ideally at 298.22 K.

3.3 Critical Phenomena and Critical Points
Now that we know that real gases obey ideal gas laws at low pressures and high temperatures. what
do you think will happen to a real gas that is subjected to high pressure and sufficicntlv low temperatures''
The gas will liquefy. But we must also realize that there is a temperature above. which the gas will not
liquet):no matter what pressure is applied. TI1is temperature is called the critical temperature (T,) of
the substance. The pressure that is required to liquefY a gas at its critical temperature is called its
critical pressure (Pc). The volume occupied by one mole of a fluid at its criticC>I tc"'perature and
pressure is called critical volume (V,). To explain the phenomena better. a series of experiments
performed by Andrews "ill help vou out
Andrews pcrfom1cd a series of experiments and obtained isothcm1s (p against V plots at constant
temperature) for carbon (iv) ox1dc. TI1e results obtained bv· him arc shown in Fig 4.4.
[J

s

'

'

;--;- -- ---\ -·-------;I{

\

'

VIm

Fig. 4.4: Isotherms of Carhon (IV) Ox1de
Finally. let us go through the methods of liquet:J.etion of gases and study the intermolecular forces in
general.
At high temperature. the 1sothcrm IS a hyperbola (curve l) in accordance with Boyle's law. At low
temperatures. the isothenns (the curves IL lii and IV) show considerable deviation from ideal gas
bchav1our. The 1Sothem1 at 304.2K (curve II) rema111s horizontal for a certain value of pressure The
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two falling portions, EFO and OGH. of curve II meet at point 0. The point 0 is known as the critical
point; the temperature and pressure at this point arc kno\\n as criticial temperature, T, and critical
pressure, p,.

3.4 Critical Constants
In this section we would examine how critical temperature (T,), critical pressure (Pel and critical
volume (V,) are related to Van der Waals constants.
3.4.1 Critical Constants and Van derWaals Constants
The Van der Waals equation (Eq. 3.6) can be made the basis of a theoretical consideration. The
curves in Fig. 4.5, known as Vander Waals isotherms, sho\\ the isotherms 'calculated on the basis of
this equation.
Expanding Eq. 3.6 we get,
(p + a!V.,2) (V.,- b)= RT
i.e., pV.,- pb +a!V.,-

abN., 2

············································ 3.11
= RT

Multiplying the equation throughout by Vm2/p, we obtain,
V3.,- bV.,'+ aV.,/p--ab/p = RTV.,2/p
ie.,

V.,3 - V.,2

.3.12

(b + RT/p) +alp V.,- ab/p = 0

3.13

The cubic equation will yield three values for Vm corresponding to a given presure and temperature.
All the three valus t>f V m may be real or one may be real and the other
two may be complex conjugates. Isotherms III and IV do yield three
values ofV., in certain ranges of p and V This is true in general for all
isotherms below the critical tempemture. Curve JI corresponds to critical
temperature and curves at higher temperature (such as curve I)
approach the isotherm representing the Boyle's law. These theoretical
curves are similar to those obtained by Andrews for C02 but a maJor
difference is the wave like portion BCDEF in the theoretical curves. If
experiments are performed without perturbance, then portions BC and
EF are realisable, these portions represent the supersaturated vapour
and superheated liquid, respectively.
Fig. 4.5: fim .rier Waals isotherms
The wave like portion decreases as temperature increases "<.t the critical temperature, it is reduced to a
point which means that all the three roots ofEq. 3.13 are identical and equal to the critical volume, V,.

We can obtain a cubic equation bv raising it to power three, i.e.,
(V.,- Vel 3

=

0

············· ··············· ... ·············· ......... 3.14

or V.,..-3V, Vm' + 3V/ V.,-V, 3 = 0 !········· ...........................3.!5

This equation should be identical with the expanded form of the Van dcr Waals equation
(Eq. 3.13) at critical temperature and pressure.
. .......... 3.16
No"· comparing the coefficients of equal powers of Vm in Eqs. 3.15 and 3.16. we obtam
......... .3.17

-3 V,= -(b + RTJpJ or 3V, = b + RT/p,

...... 3.18

3V/ =alp,
and- V/ = -ab/p, or V, 3

= ab/p,

.......... 3.19

From Eqs. 3.1 X and 3.19. we obtain

v:

.......... 3.20

= b or V, = 3b

3
Substituting the value of V, in Eq. 3 I X.
a
p, = 27b'

............ 3.21

From Eqs. 3.17 and 3.20. "e get
RT, =(3V -b)= Xb
g,;
I.
orT, = Sb. p, /R
"'ou.
=

a
27b2.
R.I

(using Eq. 3 21)

8a
27Rb

3.22

Hence. the values of p,. V, and T, can be calculated from the Vander Waals constants

3 4.2 Determination of Critical Constants
Let us study experimental method of determination of critical constants.
Critical temperature
Aim: To detennine critical ccmpcraturc.
Apparatus: capillary tube. alumimum block. water. Bunsen burner, thermometer.
Procedure:
• Select and evacuate a capillary tube that is able to withstand high pressure.
• Fill it up with the liquid and seal up.
• Place it in an aluminium block having a wmdow
• Heat the set up system gradually.
• Observe closely the mcmscus of the liquid through the window.
Repeat it a number oftimes by varying the temperature in both directions.
Observation
You will observe that initially the liquid is in equilibrium with the vapours and a distinct boundary can be
seen. But as soon as the criticaltempcrature JS reached the boundaries disappear. After repeating this
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experiment a number of times by varying the temperature in both· directions, you can then take the
mean as the experimental value of critical temperature.
Critical pressure
The gas under observation is taken in a high pressure vessel at the critical temperature. Initially the
gas pressure is kept low. Slowly the gas is compressed at constant temperature. As soon as the vessel
inside is covered with mist, it indicates the formation of some liquid and this pressure corresponds to
P,. Since the pressure is generally much higher.than what an ordinary barometer can measure. special
pressure gauges are to be used.
Critical Volume
Critical volume is determined indirectly based on the findings of Cailletc and Mathies. According to
them, a plot of the mean values of the densities of a liquid and its saturated vapour against temperature
is a straight line (Fig. 4.6).

Fig. 4.6: Plot o(densities o(vapour (1). liquid (11) and their mean values (ill) against temperature
It is clear that the density of the vapour (curve I) increases with increase in temperature because the
evaporation is higher at higher temperature. But the density of the liquid decreases as temperature
increases (curve II). At the critical temperature. the two densities must be equal. However, due to
flunctuations it is very difficult to measure the density at T,. Hence, the two curves, I and II are
extrapolated to intersect the combined curves I and II at C. The density at C. known as critical density.
represents the density at T,. From this. the critical volume is calculated using the relationship.

V=

Molar mass

' Crillcal density

Some of the experimental values of the critical constants are already given in Table 4.1.

3.4.3 Test for Van derWaals Equatioq
The calculation of the compressibility factor at the critical point (zJ based on experimental p,. V, and
T< values can be a test for Van der Waals equation. Theoretically the values of Z,can be derived as
tollows:
Z

'

= p,V,

-RT, .................

. ........ 3.23
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Z,= (a) (3b) _.I.
R 8a/27Rb
27b2

(P
a
V 36 T
Sa )
c = 2ibz' c = , c = Z7Rb

= 3/8 = 0.375
For most gases, the value of Z, obtained from the experimental values of the critical constants lies
between 0.2- 0.4. This variation from the theoretical value of0.375 indicates the appropriate nature
of Van der Waals equation. Why don't you apply these principles in solving the following exercises''
Exercise 2
lndane gas supplied for household usc is mostly a mixture ot propane and butane. Are the critical
temperatures of these two gases higher than 298 K''

4.0 Conclusion
In this unit. we have been able to examine the reasons for c al gases deviation from ideal gas laws at
high pressures and low temperatures. Similarly the nature and types of intermolecclar forces have
been discussed.
Also above critical kmperature. a substance can exist only as a gas for the mere fact that the kinetic
energies of the molecules are so great that intennolecular attractions are negligible at very high pressures.
However, the conditions for liquefaction of gases have been discussed. The volume and pressure
corrections in Van der Waals equation are also explained.
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Summary
In this Unit. we have learnt that:
• Real gases behave non-Ideally at very high pressures.
• The pressure necessary to liquefy a gas at its critical temperature is called its critical pressure.
• The volume occupied by one mole of a tluid at its critical temperature and critical pressure is called
its critical volume
g
The intermolecular forces include Van der Waals forces. metallic bonding, hydrogen bonding etc
• The deviation occurs due to the presence of intermolecular forces.
• The Van der Waals c1uation 'corrects' the obseCYed pressure and the obserYed volume of a
real gas to those of an Ideal gas as follows:
I

,

t

I p + 'lJl V- nb)=nRT

V')

6.0 Tutor-Marked Assignment
l. A vessel of 1.000 x 10·3 m3 volume contains 0.0180 kg of argon at 300 K Calculate its pressure
usmg id1;;1l gas and Vander Wards equations. Usc Table 4.1.
2. Why is it that when an ideal gas unlike a real gas IS allowed to expand into a vacuum, it would not
be cooled'>
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1.0 Introduction
In the last Unit. we examined the extent to which real gases deviate from ideal gas behaviours. Some
explanations to-the behaviours of real gases using Van der Waals equation were made. In this Unit. let
us examine liquefaction ()(gases. We will go through the methods of liquefaction of gases and stud'
the mtermolecular forces m general.

2.0 Objectives.
By the end of this Unit, you should be able to:
• Define liquefaction process
• State the princlp)es
liquefaction methods
• Explain the nature of intermolecular forces. and
• Discuss the effect ot mtermolccular forces on the condensation of gases into liquids and solids.

0r

3.1 Liquefaction of Gases
We have learnt about the liquefaction of air. liquefaction of petroleum gas and even coal. Let us
quickly look at the concept ofliquefuction. What docs it mcan'l Do you say it is concerned with obtaining
liquid from gas or solid'' You arc right. Liquefaction is a process of making a gas or solid to become liquid.
How can we make a solid to become liquid''We can make a solid become liquid by melting and a gas can
be changed to liquid bv condensation. The critical phenomena and our knowledge of the critical constants
are pmctically useful in the liquefaction of gases. The liquefaction of air is important in the rnanufucture
of nitrogen and oxygen which are both important industrial chemicals. The liquefied petroleum gas (mixture
of propane and butane) is used as a domestic fuel. Liquid helium and nitrogen arc particularlv important
for making the materials superconducting. Easily. liquefiable gases such as ammonia and
dicWorodifluoromethanc (Freon) are used in refrigeration and air conditioning.
Let us now study some methods of liquefaction of gases. It has alreadv been clarified that a gas
cannot be liquefied above its critical temperature. Many substances like water, ethyl alcohol. etc .
have high critical temperatures and hence exist as liquids even at room temperature. Others like
ammonia. sulphur (IV) oxide, etc.. under ordinarY conditions are above their critical temperature but
can be easily liquefied by cooling using freezing mixtures under moderate pressure. This implies that
the freezing mtxture lowers the temperature of a substance below its critical temperature and the
moderate pressure is then sufficient to liquefy the gas. On the other hand. there are many gases like
oxygen. nitrogen. hydrogen and helium whose critical temperatures are much lower. Special methods
are adopted to cool these gases below their criticaltempcrature. Let us study the principles of two of
the common methods of liquefaction.

3. 1. I Linde's Method
The method is bas -d on the principk kno\\n as Joule-Thompson effect. According to this effect when
a gas under high pressure is :J.IIO\\ed to expand into a region oflow pressure, its temperature falls. The
gas does not do any external work but the kinetic energy of the molecules expend somwork to
overcome the attractive forces between the molecules. As a result. the temperature of the gas is
lowered. A precaution is required m this process. Do vou know why'' It is because to have a eoolmg
effect. a gas IS to be brought below a charactenstic temperature. kno"n as mversiOn temperature.
before allowing It to expand. If the temperature of the gas IS above Ils mvcrs1on temperature. Joule·
Thompson c:-;pcmsiOn results 111 heatmg
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The schematic diagram of the equipment used is shown in Fig. 5 .I

Fig. 5.1: Liquefaction usmg Linde ."v merhod
The gas at a temperature lower than its inversion temperature is compressed usmg a compressor. This
gas is then allowed to expand through a valve which results in its cooling. The cold gas is used in
cooling the high-presured gas in the heat exchanger and is recirculated through the compressor. It gets
cooled still further. as it expands. The c,·clc continues till the liquetied gas drops from the throttle

3.1.2 Claude's Method
Claude"s method (Fig. 5.2) is more efficient than Lindc·s method. The compressed gas in the insulated
vessel (i.e.. under adiabatic conditions) is partly used to do work against a piston in a cylinder and
partly expanded through a valve. The cooled gas obtained by adiabatic expansion is used for cooling
the incoming gas in the heat exchanger. The process is repeated till the gas is liquefied.
Compr sor

Fig. 5.2: Liq11efaclion usmg Claude\"s method
Using the principles of Linde·s method. answer the following question·

Exercise I
If Hydrogen gas is allowed to undergo Joule-Thompson expansion at room temperature, it is heated but not
cooled. Explam.

3.2 Intermolecular Forces
In section 3.3 of Module 2. Unit 4. we studied that the real gases deviate from the ideal gas behaviour
because of the presence of intemJOlccular forces. The intem10lecular forces are also responsible for
the conversion of gases into liquids and solids. Van der Waals not only derived an equation to explain
the behaviour of real gases but also to develop a model that would explain the behaviour of liquids. In
recognition of his work. the weak intennolecular forces in liquids and solids are often called Van der
Waals forces.

3.2.1 Vander Waals Fot·ces
Van der Waals forces include:(i) D1 pole.<:fipole mteractions
(u) Dipole-induced dipole mteracl!ons
(i1i) London or dispersion forces
Fig. 5.3
Let us study them one by one in details.
Dipole-Dipole Forces
Polar molecules can attract each other electrostatically. During this attraction the positive end of one molecule
is close to the negative end of the adjacent molecule. as sho"n in Fig. 5.3.
Such an attraction is called dipole-dipole interaction. In the liquid state. although molecules arc in continous
motion. they tend to align themselves so that. on the average. the intermolecular attractions are maximun1
The interaction energy (V".".) between two polar molecules separated by a distance r is found to be directly
proportional to the square of the product of the dipole moments of the two molecules. lnverselv proportional
to temperature and also inversely proportional tor"
i.e.. V
u'u

_I_
a r'·

Dipole-Induced Dipole Interaction
The dipole-<lipole interaction can explain the attractive torces between polar molecules at ordinarY temperatures
whereas at high temperatures it cannot. It was thought that induced dipole interaction must also be importam A
polar molecule can induce a dipole moment in a nieghbouring polarisablc atom or molecule. Let us explain.
the terms 'polarisable·and 'polarisability·.An atom or molecule 1s said to be polarisable. if its electron cloud
can be distorted. The ability of a species to undergo electronic distortion is described in terms ofpolarisabilit'
The electron charge cloud of a larger atom (one with higher atomic number) can be easih distorted due to the
followmg reasons:
• The electrons arc more in number
• The influence of the nucleus is less due to larger d1stancc.
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So a larger atom has a higher polarisability than a smaller atom For example, argon has higher polarisability
than helium. Similarly larger molecules (due to greater number of electrons) have higher polarisability than
smaller molecules. For example. ethane is more polarisablc than methane: propane is more polarisable than
ethane, and so on.
The dipole-induced dipole interaction between a polar molecule and a neighbouring polarisable molecule (in
which dipole is induced) causes a lowering of energy. That is. such an attractive interaction adds to the
stability. The interaction energy (Yu·d) betwem1 a dipole and an induced dipole separated by a distiance r has
been estimated to be
• Directly proportional to the square of the dipole moments of the polar molecule,
• Directly proportional to the polarisability of the molecule (in which dipole is induced).
• Inversely proportional to the sixth power of r.
(i.e. V•.• a

)

Unlike dipole-dipole interaction, dipole-induced dipole interaction is independent of temperature
Induced Dipole-Induced Dipole or London or Dispersion Interaction
The two interactions mentioned earlier cmmot explain the liquefaction of gases like hydrogen, oxygen, chlorine.
helium and argon - which are all non-polar. London gave an acceptable quantitative explanation fur the
attractive forces existing between nonpolar molecules and hence such forces are called London forces.
These forces arc called dispersion forces since the oscillations producing the attractive forces are also
responsible for the dispersion of light by the molecules.
To understand the origin of this interaction. let us consider a pair of helium atoms. On the average. the charge
cloud around a helium atom is symmetrical. But the electrons surrounding the nucleus of the helium aton1 arc
in constant motion, Because of this. the helium atom can develop a momentary non-sysmmetrical electron
distribution. This results in a temporary dipolar arrangement of charge. otherwise known as instantaneous
polarity. This helium atom that has instantaneous polarity can then induce a dipole in the ne ghbouring helium
atom. This is illustrated in Fig. : .4.

Atom A

Atom B

Fig. 5.4: Im·tantaneous dipole Q/1 atom A induces aon atom B. i5 • and (j· rekr to d1polar charges
and c stands for the nucleus
The resultant induced dipole-inducea dipole attraction is both weak and short-lived. But this can be ven·
significant for large atoms (or molecules) that have high polarisabihty. For these interactions to bccDme
strong enough to prodoce a solid or a liquid, therml motions must be decreased. This explains why noble g:>s
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clements have low liquefaction temperatures. The interactions explained above are also responsible for the
liquefaction of non-polar molecules like H2• CH". CCI" and C0 2 .
The interaction energy (V.;,) between two noble gos otoms or two non-polar molecules separated by o
dastance r is
• Directly proportional to the product of the polarisability of the two species
• lnvcsely proportional to the sixth power of r

(ie." n )
3.2.2 Total Interaction Ene•-gy
All the three types of interactions explained above arc attractive in nature and can account for the
cohesive forces responsible for liquefaction of gases. It must be remembered that repulsive forces
also operate when molecules arc brought too close. It has been estimated that the interaction energY
due to repulsion (Y,,,) is invcrselv proportional to t\\dfth power ofr.
. V rep a.. f;
I
I.e.
r·

The sum of the attractive and repulsive energies. is the total mtcraction energy (V,)

This equation can be written as

v E..
+3..
ri2
r6

3.2

1

Where the first term in the right hand side stands for repulsive interaction V"'" ( +ve sign): and the
second term for the sum of all attractive interactions. viz. Yu·u +V u·ct + Yd;,( -vc sign). TI1c terms p and
q are characteristic of the molecules under study. Eq. 3.2 imphes that the molecules have attractive
forces (proportional tor·'') and repulsive forces (proportional tor 12)
The effect of attractive and rcpulstvc intcrations on the cnergv of a svstem can be understood by
plotting the values ofV, agamst r. Fig 5.5 sho\\s an example of such plot drawn for methane molecules
By convention. the total interaction cnergv of the two methane molecules separated bv infinite distance
(represented by the point A) is zero. When the two molecules ore brought closers. thev begin to attract
one another and there is decrease in the total interaction energy. The falling portion ABC of the curve
indicates this. At C. the two molecules have the lowest energy. If the two molecules are brought still
closer. repulsive forces overtake the attractive forces and the total interaction energy starts increasing.
l11e rising pottion CD of the curve indicates this. It is important you note that the decrease in V, due
to attractive forces (along ABC) is gradual but the increase in V, due to repulsive forces (along CD)
IS very steep (Guess the reason I).
+

0

D

\ Repulsin: regillll

_

_

-· - .::B

_:A

c
ripm

Fig. 5.5: [oral mcertwflon energy as a jimcrwn of mrermolecular dcsrance
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J.;U Hydrogen Bonding
There are several specific types of interactions encountered between various types of n!olecules. Of
these, metallic bonding and hydrogen bonding are very significant. We shall study metallfu bonding in
Module 3, Unit 2. Here let us study hvdrogen bonding in detail. When a hydrogen atom iscovalently
bonded to a strongly electronegative at m. such as oxygen, fluorine or nitrogen, the bond is fi!UCh polar.
Such a hydrogen atom would still possess large affinity for non-bonding electrons present,on other
oxygen. nitrogen or fluorine atom. The latter atom could be a part of the same molecule or a nei bourmg
molecule. The strong interaction that results IS called a hydrogen bond. It is a special type ofllipo,ledipole attraction. In water, for exantple. hydrogen bonding arises between hydrogen atom (positive end
of the dipole) of one water molecule and the oxygen atom (negative end of the dipole) of the other
(Fig. 5.6a). Hydrogen fluoride is another molecule having hydrogen bonding (Fig. 5 6b).
8- <i+

8-

i\+

6-

6+

6-

8+

----- Q-H----- O-H---- -O-H·--- -0-H

(a)

H/
8+

H/
li+

H/
ii+

H//
8+

(b)

Fig. 5.6: Hydrogen bonding: (a) in water (b) in hydrogen fluoride
Hydrogen bonding is strong in HF, H 2 0 and NH, as compared to many hydrides due to the higher
electronegativity of fluorine, oxygen and nitrogen. Strong hydrogen bonding in these compounds results
in enhanced attractive interactions between the molecules.
Let us study the effect of the above interactions on the physical properties of the compounds

3.3 Effect of Molecular Interactions on Physical Properties
Intermolecular forces have significant effect on the physical properties such as melting point boiling
point. solubility, surface tension, density and so on. Here. we consider the effect of intermolecular
forces on melting and boiling points only. since these two concern change of state.
(i) Polar molecules have higher melting and boiling points than the non-polar molecules of similar
molecular size. It is so since in the polar molecules. in addition to London forces. dipolar interactions
arc also present. In general. we can conclude by sa ·ing the larger the dipole moment. the higher
the melting and boiling points. See some illustrative data in Table 5.I.
Table 5.1:

Effect of Dipole-Dipole Interaction on Melting and Boiling Points

Compound

Relative molecular
mass

C2H 6
CH3F
SiH4
PH,
H 1S

30.1
34.0
32.1
34.0
34.1

I

Dipole moment
10·3 "Cm

Melting poiut/K

Boiling
Point/K

()

89.7
1312
88
140
1875

184.4
194.6
1612
185 3
212.3

6.17
0
1.93

324

(ii)

Among the noble gases_ the boiling point increases with atomic number (Table 5.2). As explained
earlier_ the London forces are more in large atoms due to higher polarisability.
(iii) Among a series of similar non-polar molecules such as hydrocarbons. boiling point increases with
the molecular size (Table 5.2). Again. the reason is that a larger molecule has higher polarisability
and increased London forces.
(iv) Among the hydrides of 5. 6 and 7 group elements in the periodic table. those havmg the highest
boiling points are NH3 • H 2 0 and HF. respectively_ This is due to the strong hydrogen bonding in
these three compounds

Table 5.2: Effect of London Forces on the Boiling points
Boiling point/K
4 I

Noble gas
He
Ne
Ar
Kr

Atomic number
2
10
18

Compound

Relative molecular mass
16
30

270
87.3
120.7

36

CH"
C2H 6
C3H,
C"H10 (butane)

44

5X

Boilinl! ooint/K
II1.5
184.4
231
272.4

There is a striking contrast in the boiling points of the isomeric compounds. ethanol (351 K) and
dimethyl ether (249 K)_ The hydrogen bonding between the molecules of ethanol (Fig. 5.7) con·
tributes to a much higher boiling point On the other hand. the molecules of dimethyl ether are held
together only by weaker dipole-dipole interaction (Fig. 5.X)

(v)
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CH;CH,
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0

I

8-t-H
I

I
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/0"-

CH,CH,

8-t-/ 8-tCH

H &r

CH.

Fig. 5.7: Hydrogen bonding m ellwno/
(vi)

Fig. 5.8: !Jlpo/e-dipo/e mleraclwn m ,flmelhyl elher

London forces also depend on the molecular geometry For example. among the isomeric hydrocarbons_ stratght chain Isomer has htgher bOiling pomt than the branched cham Isomer Let us
Illustrate this with a specific example. The str'ltght chain isomer. butane. boils at 272.4 K whereas
the branched chamtsomcr. 2-mcthylpropane. bOils at 263 K. The molecules of2-methylpropanc
arc nearly spherical whereas those of butane arc distorted rod-like (Figs 5 .lJa and b)
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(a)

CHJ

.,.....cH,-..._
.....

-cH,

CH,

.,.....cH,-..._
CH

'

n

-cH,

Fig. 5.9: (a) Interaction among nearly spherical molecules of 2-methy/propane
(b) Interaction among distorted rod-like molecules of butane
Hence. the molecules of butane have a larger area for interaction with each other than those of 2methylpropane. The stronger interactions in butane are reflected in its higher boiling point.
Care must be exercised in comparing the physical properties of molecules differing sharply in more
than one way. viz., relative molecular mass, polarity and geometrical shape. Based on the principles
developed above. answer the following exercise.

Exercise 2
The melting points of Cl 2, Br,. 12 are 172 K 266 K and 386 K respectively. Explain this variation.

4.0 Conclusion
Two methods of liquefaction of gases have been described. These are the Linde·s and the Claude"s
methods. The nature and types of intermolecular forces have been discussed. Finally, we described
the effect of intermolecular forces on the melting and boiling points of molecules.

5.0 Summary
At the end of this Unit you have learnt that:
• Liquefaction is a process of obtaining liquid from solid or gas through melting or condensation
processes.
• The liquefaction of gases can be performed using Linde's and Claude's methods but the latter is
more efficient than the former.
• The temperature above which the gas will not liquefy no matter what pressure is applied is termed
the critical temperature.
• Physical properties of molecules, such as melting point, boiling points, solubility, etc., are significantly
affected by the intermolecular forces existing between the molecules.
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References and Other Resources
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7.0 Tutor-Marked Assignment
I. Why is the liquefaction of gases easier at low temperatures and high pressures?
2. Ethanol has higher boiling point than butane although the latter has higher relative molecular mass.
Explain.
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1.0 Introduction
In the earlier Units, we had drawn a comparison among the three states of matter- solid, liquid and
gas. These states of matter were described in terms of a few physical properties like ·solids are
denserthan liquids or gases' or 'it takes enormous pressure to compress a solid even by a fraction of
the volume'. etc. However, instead of defining the states of matter in terms of the physical properties.
it is much more useful to think in terms of the binding forces (ionic, covalent, Vander Waals, etc,)
involved in a particular state impa1ting different properties to solids. liquids and gases. In the next two
units, we will be discussing solids. Specifically, this Unit focuses on the definition of solid state, types
of solids. crystal systems and definitions of terms used in crystal systems.

2.0

Objectives
By the end of this Unit. you should be able to acurately:
• Detlne lattice. basis. unit cell. primitive and non primitive cells.
• Describe the seven crystal systems and the fourteen Bravais lattices.
• Identify the face. corner. edge. face-centre and body-centre in a cube.

3.1

Types of Solids
From what we have discussed in Module 2. Unit I. what do you consider to be a solid state? You are
free to read through Unit 3 of the same Module again especially where solids are described in
comparison with liquids and gases. Solid state could be defined as a state of a substance in which the
neighbouring particles movement (or the molecules) is restricted with respectto its neighbours. Solids
can be classified in two ways:
First, the solids can be of two types- Cry.vtal/ine and Amorphous. Let us explain what a crystalline
solid is. Those solids, which are formed due to regular repetition of identical building blocks. are called
crystals. It is like having a collection of identical bricks which could be arranged in some regular
fashion to construct a wall. On the other hand. there are solids which do not appear to have any
regular internal arrangement in every pa1t and thus do not show regular shape: these are called
amorphous solids. Amorphous solid means a solid without regular form. Glass. polythene as in plastic
bags. etc.. are common examples of amorphous substances.
Crystalline solids compared to amorphous have definite heat of fusion. definite crystal lattice and
definite melting point. Can you easily identity a solid substance as crystalline or amorphous by mere
looking at it? Do you say yes? To some extent yes. But it is not possible in all cases to say convincingly
that a solid is crystalline or amorphous until the solid is examined under a microscope. The microscope
reveals easily and clearly the crystalline nature or otherwise of the solid. In fact, their liquids behave
differently from the liquids of amorphous upon cooling. You wi II learn more about the difference at a
higher level.
The second way is to classi(y solids into four, namely:
I. Macromolecular solids
2. Discrete molecular solids
3. Metals
4. Ionic solids

3.2

Definition of Terms Used in Crystal Systems
We have already seen that a crystal is defined in terms of a regular and repetitive arrangement of
particles (atoms/ molecules/ ions) in space. In order to understand crystals and their structures. we
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encounter a few new terms. These terms form a kind of crystallographic language. us now look
at the definitions of some of these terms.
3.2.1 Lattice
Lattice is defined as an arrangement of geometrical points in a definite pattern in space (Fig. l.la). It
resembles a scaffold (a fran1ework) erected for the construction of a building. Putting it in a simpler
way. one can define a lattice as a regular periodic arrangement of points in space.

(a)

(b)

(c)

I

I

I

I

I

I

I

I

I

I

I

I

I

I

I

I

I

I

I

I

0000000000

g:;g:;g:;g:;g:;
g::g::g::g::g::

Fig. 1.1: Representation of (a) /a/lice in two dimension (b) basis {with two atoms) {c) crystal
stmcture showing the basis of two atoms in relation to lattice points
3.2.2 Basis
When atoms are attached regularly to each lattice point, it forms a crystal. However. instead of an
atom, we can have a group of atoms attached to each lattice point. The group is called a basis (Fig.
1.1 b). The basis consists of the atoms, their spacings and internal bond angles. Every basis is identical
in composition. arrangement and orientation. Fig. 1.1 shows the structure where you can recognize
the basis and imagine the lattice. For a large number of crystals, the basis has only a small number of
atoms but in a few instances. the basis exceeds 1000 atoms. For exan1ple, the basis in iodine crystal
is 12 molecule whereas in the ice crvstal, f\0 molecule is the basis.
3.2.3

Unit Cell
The unit cell is the .fimdamenta/ unit in a crystal. The repetitive arrangement of unit cells in three
dimens10ms produces a crystal just as a wall is built from identical bricks. In other words, a unit cell
is the smallest unit of a crystal that on translational displacement in three dimensions will produce the
crystal.
A unit cell chosen to represent the crystal may be quite different in size and shape from another unit
cell that may be, it should be the simplest representation and, when repeated in three dimensions. 1t
should produce the crystal.
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b

Fig. 1.2: Choice o( unit cell
Fig. 1.2 shows four rows of spheres. representing atoms. in a closely packed structure in two
dimensions. If we join the centres or any other points. say, gaps between the spheres. of different
atoms in successive three rows. we get a cell of the type a. b or c. All the other rows of atoms arc a
repetition of the first three rows. It is immaterial whether the unit cell chosen is a. b. or c. but it is the
simplest representation which on repetition in two dimensions will produce the entire assemble as
shown in Fig. 1.2. The situation in a crcstal are three dimensional. Thus. we can say that the simplest
repeating unit in a crystal is called a unit cell.
It is true that the unit cell must have some regulantv in structure. Docs any type of regular shape
constitute a unit cell? The answer is no. To understand this. let us consider the covenng of a floor
space by tiles without leaving a gap. Can we usc any type of tiles-triangular. square. pentagonal.
hexagonal, or octagonal? Again the answer is no. You can cover the floor space completely with
triangular. square or hexagonal tiles but not with pentagonal, heptagonal or octagonal tiles are used.
Just as tiles with specific shapes are useful in covering the floor space completely. unit cells with
specific symmetry properties constitute the crystal lattice. The course on Spectroscopv deals with
symmetry properties in detail.

Fig. 1.3: Of all the regular polygons. onv triangles. squares and hexagons can fill a .floor space
without a gap. Filled-in space is denoted by grey area
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Exercise l
List out 5 examples of crystals and 5 examples of amorphous substances.

Exercises 2
What is the essential charateristic of a unit cell?

3.3

Bravais Lattices and Crystal Systems
The basic shape of a unit cell is described by a parallelepiped (Fig. 1.4.a).
A unit cell has three co-ordinate axes, a. b and c (note the bold letters). The cell-edge lengths in the
three axes are a. band c (note the italized letters), respectively (Fig. 1.4b ). The angles between a and
b axes, b and c axes and c and a axes are y, a and b, respectively. The quantities a. b and c are
called lattice parameters or unit cell parameters.
c

' '
' ' '' '
''
'
'' ''

',' ·,- --------------------

L- ''
'
''

c

''

'' ''

•

(a)

•

(b)

Fig. 1.4: (a) parallelepiped; {b) three co-ordinates. cell-edge lengths and the angles between axes
Based on the relationships among the axis angles and the edge-lengths, there are seven crystal
systems as given in Table 1.1.
Table l.l: The Seven Crystal Systems
Systems

Axes

Angles

Cubic
Tetragonal
Othorhombic
Rhombohedral
Hexagonal
Monoclinic
Triclinic

a=b=c
a=b*c
a*b*c
a=b=c
a=b*c
a*b*c
a*b*c

a = fJ = r =90"
a = fJ = r =90"
a = fJ = r =90"
a=[J=r=90°
a ={J=y=90o
a = fJ = r =90"
a = fJ = r =90"

17

Examples
NaCI,CsCl
Ti0 2 (rutile)
CdSO,, HgBr2
CaCO, (calcite)
Si02
KI03, NaHCO,
NaHSO 4, CuF2

Cubic System Geometry

33.

Of the seven systems. we are particularly interested in cubic system due to its simplicity and symmetrv.
A cube has the same value for all the three lattice parameters (a=b=c). We must understand the
geometry of a cube. For this purpose. imagine that vou are sitting in a cubical room. Each wall
(including floor and ceiling) of your room is called a face. A cubical room has six faces- four walls.
the ceiling and the floor. You can consider the ceiling and the floor as horizontal walls'
Each fucc has four corners. By joining the corners of a face diagonally. 1\vo face diagonals are
obtained. For example, in Fig. 1.5b. the lines AC and BD (obtained by Joining A and C. B and D
respectively) arc two of the twelve face diagonals in a cube The centre point of a face where the
two face diagonals meet 1s called a face-centre: one of the six face-centres is indicated by M 111
Fig 1.5b
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Fig. 1.5: (a) F1ght wrners in a cuhe mdicaled by /ette1s A 10 H- each corner is marked by dol: Melve
ec es indicoled by number l to 12: (b) bottom_l{1ce ABCD a_( the cube shown. A(' and BD are
the lace dwgonals and M '-' toce-ce/1/re: (c) The righl angled tnongle MCG
fly-Joining any two corners which are not in the same face, a bodv diagonal is obtained. There are.
four bodv dwgonals in a cube - AG, BH. FD and EC in Fig. 1.5a. All the body diagonals meet at the
bodY-centre ·n1e definitions of face. corner. edge. face-centre and body-centre applv to other crystal
syst ,;m:, also

3.3 2 Bravais Lattice
Some crystal systems may be one or more types of lattices depending on the number oflattice points
If there arc lattice points only at the eight corners of a lattice of a unit celL it 'is called a simple or
primitive fP) cell. A cell that has eight lattice points at the corners and two more at the centres of a
pair of any 1\vo opposite faces is called an end-centred (C)'cell. If a cell has eight lattice points at the
corners and one at the body centre. it is called a body centred (I) cell. The unit cells of the type F. C
and I are called non-primitive cells. Based on the presence of lattice points in the seven crystal
svstems there are fourteen Bravais lattices: these are given in Fig. 1.6.
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Simpl<! (P)

Rhomhoh.:dral

Fig. 1.6: Fourreen Bravais Larrices

Of these Bravais lattices. \\C shall consider simple cubic (Sc). bodv-centred cubic (bee) and facecentred cubic (fcc) lattices only. In the next section. let us see how to represent the crvstal planes.
Exercise 3
Describe the following: simple cubic. body-centred cubic and face-centred cubic crystals.

4.0

Conclusion
In this Unit. we have briefly discussed those solid substances which can be classified as crystals. The
crystalline solids arc compared with other tvpes. In addition. we have been able to explain some basic
terms such as lattice. basis and unit cell. In aiL seven crystal s}·stems and 14 bravais lattic 'S were
discussed.

5.0

Summary
At the end of this Umt. you have learnt that:
• There are two main solid types - crYStalline and amorphous.
• A crystalline solid consists of regular repetition of identical building blocks called crystals.
• A crystalline solid has definite melting point. a crystal lattice and definite heat of fusion.
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•
•

6.0

The unit cell is the fundamental unit in a crystal and its repetitive arrangement in a crystal is 3dimensional.
There are seven systems. Among them arc cubic. tetragonal and hexagonal crystal systems.

References and Other Resources
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7.0 Tutor-Marked Assignment
I. In the following case. mark ..v·· for correct statement and ··x·· for wrong statement.
(i) The basis in ice crystal is H,O molecule.
(ii) A cube has twelve edges.
(iii) The unit cell of caesium chloride crystal contains the formula units ofCsCI,.
2. How many net atoms are there in a fcc and bee unit cell?
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I

I0

Introduction
In Module 3. Unit I. we considered solid types. Both the crystals and the amorphous \Vere mentioned.
Though the study of amorphous substances is also quite useful and interesting. we shall confine
ourselves to the study of the crystalline olids in this Unit and the next. Different crystalline structures
are associated with different phpical propertrcs. Hence. we shall discuss the crystal forms and
crystal structure determinanon method in thrs Unit.

2.0

Objectives
By
•
•
•
•
•

3.1

the end of tillS Umt. you should bable to
State the crystal planes in terms of Miller indtccs
State ex: ctly Bragg law
Describe correctly the determination of crystal structure by X-ray ditfraction method
Dctcnninc the type of unit cell based on experimental and calculated values of density
Examine all the types of bonds in solids

Crystal Planes and Miller Indices
Crystal planes arc represented by certain numbers \\hich is known as Miller indices. These indices
arc determined in the following \\ays:
(i) Find the intercepts of a crystal plane on the a.xes. :1. band c in terms of cell-edge lengths a. band
c. Suppose that a Cl) stal plane makes intercepts 3a. 2b. 2c as shown in Fig. 2. I.
<
2

•

h

Fig. 2.1: Miller indices
(ii) Divide the intercepts by the respective cell-edge lengths (a. band c). For the crystal plane in Fig.
2.1. this step gives 3a/a. 2b!b. 2c/c. t.e. 3.2.2 as the answer.
(iii) Take the reciprocal of the above numbers. Corresponding to Fig. 2.1. this step gives 1/3, 1/2. 1/2
as the answer.
(iv) Finally reduce the above fractions to the smallest integers having the same ratio. Write these
numbers enclosed in parentheses without comma signs; these are the Miller indices of the given
crystal plane. For the illustration in Fig. 2.1. the Miller indices are (233): this is to be pronounced
as two three three plane.
Miller indices are generallv represented as (hkl). You will nottce that the Miller mdiccs arc defined m
such a way that all equrvalcnt and parallel planes are represented by the same set of Miller mdtces
Thus. planes whose mtercepts are 3a,2b. 2c or a, 2b/3, 2c/3 or 9a, 6b, 6c,etc.. are all represented by
a set of Miller indices (233 ).
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If a face is parallel to an axis. theoretically the corresponding intercept is equal to -:1: To illustrate this.
let us draw a crystal plane of a cubic cell which makes intercepts a. so. cJ:J. That is the· plane is parallel
to band c axes. Applying the above steps in order. 1\C get the Miller indices for this plane as (I00)
Remember 1/cJ:J is equal to z ro. The origin (0) and the axes directions arc shown in Fig. 2.2a. The
(I 00) plane is indicated in Fig 2.2b. Similarly. corresponding to the planes with intercepts a. a. :JC and
a. a. a. the Miller indices are ( 110) and (Ill). respectively: these are shown in Figs. 2.2c and d.
respectively.
•

•'
•
(c)

(b)

(d)

Fig. 2.2: (a) the origin. 0 the axes and th<' cell-edge length a in a cubic cell:
(b) (100) plone.(c) (110) plane. (d) (Ill) plane

We can calculate the distance bctwc<.:n the dpccnt planes labelled by the same Miller indices (hkl).
but no generalized formula can be written. The actual formula in a particular case would depend
upon the crystal structure. For example. the distanced,"', between the (hkl) planes of a cubic lattice
is given b).
a

... ·················· .... ········ ........ ·············· ............3.1
where a ts the cell-edge length of the cell and (hkl) arc the Miller indicc. Thus, in sodium cWondc
crystaL the cell-edge length is 5.63 x I O-"' m. The distance between (Ill l pbncs is given bv Eq. 3 .I.

d
Ill

= 5.63 _x_ W'0m = 5,6 2',10 10 = 3 25x J<r"\11
j2 + J2+ J2

j3

Eq. 3.1 could be used only for cubic crystals. For an orthorhombic cell, the equation ford""' turns our
to be.
I
d\u
= (hla)' + (klb)' + (lie)'
...... 3.2
Using Eq. 3.2, work out the following exercise.

Exercise 1
An orthorhombic crystal has the following parctmetcrs:
a = 8.2 x 10-1" m: b = 9.4 x 10 '" m: c = 7.5 x 10 1'' m

What is the distance between ( 123) planes'.'

3.2

Determination of Unit Cell
The comparision between the experimental and the theoretical values of density could help us 111
detemtining the cubic cell type. First let us calculate the number of atoms belonging to a unit cell in
each type of cubic cell.

3.2.1 Number of Net Atoms in a Cubic Unit Cell
An atom at the body center of a unit cell belongs to that cell only. (Fig. 2.3a). An atom on the facecentre of a unit cell is shared by two unit cells (Fig.2.2b) and thus. only half of such an atom belongs
to one unit cell. An atom at the edge-centre of a unit cell is shared bv four unit cells (Fig. 2.2c); onefourth of an atom in the edge-centre belongs to one unit cell. But an atom. at the comer of a unit cell
will be shared by eight unit cells. as sho\\n in (Fig. 2.2d). Hence. we can say that one eighth of an
atom in a comer belongs to a particular unit cell. Using this background. let us calculate the number of
net atoms present per unit cell for a simple cubic. face-centred cubic or body-centred cubic structure.

/

/

(
(b)

(a)

/

!
)_

1/

/
:/

(d)

+Y

---- -J/
Fig. 2.3:

•
•
•

(a) An atom at the hodv-centre of' a unit cell: (b) An atom at the. fi:rce-centre shared hv two
unit cells: (c) an atom at the edge-centre shared by four umt cells: (d) An mom in the
corner shared by e1ghr rmrt a/is.
'

In a simple cubic cell. there are atoms only at the eight corners: and hence. a simple cubic
structure has only one net atom (8 x l/8 = I) per unit cell.
On the other hand. in a bee structure. there are atoms in the eight comers and the centre of the
cell: hence there are two net atoms (8 x l/8) + I = 2) per unit cell of a bee stmcture.
Finally. for a fcc structure. there arc atoms 111 the eight comers and six face centres That is. a fcc
structure has four net atoms ((8 x l/8) + (6 x 1/2) = I +3 = 4) per umt cell.
The density of a crystal depends on the number of atoms, their mass and the volume of the umt
ceiL Let us now see the calculation of the densities of these three types of umt cells.
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3.2.2

Density Calculation
It is known that density = mass/volume

..........................................33

X-ray measurements give us the cell-edge length. If the c ll-edge length is am, (i.e.. a metre) then
..............3.4
the volume of the unit cell = a'm'
The mass of an atom of the substance is obtained bY di\ iding the mass of one mole atoms (i.e.. atomic
mass (w) in kg mo]·1) by Avogadro's constant (N ·.·which is equal to 6.022 x IO'' mol')
_ w kg mol
Mass of an atom - N mol ,

" ku

.3 5

N

A

A simple cubic structure has onh' one atom per unit cell: hence. mass of unit cell of a simple cubic
crystal is given by Eq. 3.5. Substituting the proper values from Eqs. 3.4 and 3.5 in Eq. 3.3. we get.
The density of a simple cubic cell

=

wiN, a' kg m

3

...................... 3.6

Since, simple cubic. bee and fcc unit cells have one, two and four atoms per unit celL the densities of
bee and fcc are given bv:
Density of a bee cell = kg m '
N"a

3.7

1

Density of a fcc cell =

3.X

-1-w kg mNAil'

3.9

In general, the•:knsity of a cubic unit cell (p)
where n is the number of net atoms per unit cell.
Re-arranging Eq. 3.9. we get
n : ;: : P NA a·'

...................... 3.1(1

w
3.2.3

Experimental Method
The cell-edge length (a) and the densitv (p) of a cn·stal are experimentally detennined. These values
are substituted in Eq. 3.10 and n is calculated. Depending on whether n = I or 2or 4. the unit cellts
simple cubic or bee or fcc. Let us work out an example.

Example 1
Nickel metal packs in a cubic unit cell with a cell-edge length (a) of3 524 X JO·'"m. 1l1c densitv (p) of nickel
is 8.90 X 103 kg m·'- Let us find out the unit cell type for nickeL Since atomic mass of nickel is 58. 7. " =
0.0587 kg m0J- 1 .
First we have to calculate n using Eq.3.10
n =

{J:'J-' a3
w
8.90 X ]0 3kg mo]-1 X 6.022 X IO'' mol·'
n =
0.058 7 kg mol'

X

93.524

X

10 1 "m3

4 (rounded to the nearest whole number).
Since there are four atoms per unit ceiL mckel has a fcc lattice.
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In the follomng sections. we shall studv the nature of bonds responsible for holding the solid together. Before
that. attempt the following exercise:
Exercise 2
Tungsten torms bee crystals. Its cell-edge length

33

IS

3.16' fO·'"m. Find the density of tungsten.

Nature of Bonds in Solids
Th-..:1\.: arc ba :ncall t\\O thcon .:s or models ro t\plam the nature of bonds in solids. One is known as
bond model and the other as hand model. These tvvo names mav· sound new: however, they are
the same two approaches that we have alreadv studied (in Module I, Unit 4 and Module 2,
linit 2 of atoms and molecules course) in connection with the formulation of a molecule by
the combination of two o•·more atoms The bond model 1s the same as the valence lmnd approach.

Hl!rt. we consider a crysrai as a three dim.:nsJOnal arrangement of atoms and each of these atoms
h:s valence electrons 11h1ch can form normnl chcnllcal bonds with neighbouring atoms. These bonds
mav· be ionic. covalent or Van dcr Waals in character. In the other approach. 11hich is called the band
model. vve follovv the molecular orbttal treatment. All the nuclei with their core electrons are coosidered
as a fixed pcnodic arrao\·cr the \ akncc .:kctrons
\\C sprt!ad out. It is like pouring of electron
cement ov'-!r a fixed arrangcmr.:11r of nudcJr bricks. \Ve have already read about ionic. covalent
bond, hydrogen houd, etc. in \1odule I. Unit 3 of Atoms and Molecules cou•·se. We shall
now stud\· metallic bonding in tr.;-rrns of the abo\" .:: t\\O models.
Metallic Bonding
According to the bond theorY. the md: lilc solids can be considered as having covalent bonds between
adjacent atoms. Hm\C\ cr. m rhcsc ca cs. th.n.. umber of electron pairs available tOr bond fom1ation is
less than tk number of orbitals "' ai lab!L- Hence. vv hen such substances :1rc placed under an applied
dectnc f1dct. the cieetrons from the tilled orb1tais can casik flow mto the vacant orbitals. thus making
thcn1 h1ghh (:.Ondnctmg
In the band theorY nf meta is. a cf'\·sraJime mcralllc solid is considered as a smgk g1ant molecule
Lmcar combinanon of atom1c ortHtals on all the atoms 1s taken to given molecular orbitals of the sohd
_tust as 111 the case of simple diatomic molecule. It is also assumed that there is negligible overlap of
inner shell atomic orbitals and the encrg1es of these remain practicallv· the same as atomic orbitals on
isolated cttoms Hovvever. the outer orb1tals do combine to give molecular orbitals of bonding and
:wtibonding character Suppose that a crvstal of sodium contains N atoms. where N IS of the order of
I 0·'; Neglecting thr.: umcr orbitals. there anN number of 3s orbitals on all the atoms in the crystal
''hich can c0mhinc to gi\ c !\ molecular orbitals or dclucal1scd crystal orbitals. Since each molecuiar
orbital can hold 2 electrons. tht roral ntnnh...:r of ck\:trons \\hich these orbitals can hold is 2N. The
J.Ctua! number of clccrroas iS ho\\C\ cr onh N_ since each atom is contributing on!· one 3s electron
Hence. onh" h lf of the rnu!ccuiar nrbitais \Yil! b..:: occupied hY the eiectrons and ha!f \\ill rcmam
vacanL FurthcL SI!IC(: thcr . rL· :-., rn,)lc.-.:uiar ,xbltals and rhc lotal cnerg_\ dittCrcncc bct\veen the
highest and the lo\n st orbit tl l'; '-.:n smalL th..: l'IH.:rg:-o s...:paration bct\\ccn the adjacent molecular
orbitJis \\"0uld be verY - m:1ll For a!l pr::tctiGII purpose.; \\C can consider these ll!olccular orbitals as
formiwt : ;:c\n ii101i:-l hJ.nd of .::ncr( \ rarlH..:t· tl ill S(\)J.ratc cncrglevels. Thus. \\"C have
situation

a

where a band of vacant energy levels lie very near a band of occupied energy levels. Therefore. the
electrons present in the occupied lower energy levels can easily move out to vacant band. This is the
reason given for metals being good conductors of electricity.

Exercise 3
The density of potassium bromide is 2.826 x IOJ kg m-3 Its cell edge-length is 6.54 x IO-"'m. It has a cubic
structure. Find out whether it has CsCI or NaC I type of structure.

4.0

Conclusion
In this Unit. we have discussed cf\stal olanes and Miller indices. We have compared the experimental
and theoretical values of dens1t' that could help us in deten11ining the cubic cell type. Example was
worked out to enable vou grasp the problem-solving skills in this area. Though, you may have to recall
your knowledge on bonding modds kamt 111 Atoms and Molecules course. we treated in this Unit, the
nature of bonds in solids specif1call' mctall1c bonding.

5.0

Summary
At the end of this Unit. vou have learnt that
• Miller indices are cenain number that represent crvstal planes and are generally represented by
(hkl)
• An atom on the face-centre of a umt cell is shared bv 1\m unit cells and only half of such an atom
belongs to one unit cell.
• The density of a crystal depends on the number of atoms. their mass and the volume of the unit
cell.
• Bond and band models explain the nature of bonds in crystals.

6.0
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7.0

Tutor-Marked Assignment
I.

What are the separation of the planes with Miller indices (Ill). (211) and (I 00) in a cubic crystal
having cell-edge length of 432 pm''
2. Sodium crystallizes in a bee lattice with a cdl-edge length of 4.23 x I 0 "m. Calculate the densit'
of sodmm metal.
3. The dcnsitv and cell-edge length of sodium chloride are 2.163 x 103 kg m-J and 5.63 x IO-"' m.
respectively. Using these data. arrive at the number of formula units per unit cell of soldium
chloride crvstal
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1.0 Introduction
It is correct to say that the information obtained from crystal structure studies could help us in
understanding better the physical and chemical properties of solids. In Module 3. Unit 2. we discussed
the nature of bonds in different solid types. In this Unit. we shall examine the ionic, covalent and
molecular structures of crystals. In addition. the chemistry of semiconductors with particular reference
to electrical conduction is described.

2.0 Objectives
By the end of this Unit, you should be able to:
• State all the crystals in solids.
• Discuss the structures of some ionic. covalent and metallic crystals.
• Describe all the types of semiconductors.

3.1 Crystals
There are several types of solid crystals. In this section, we shall consider the structures of some of
them, which have either ionic or covalent bonds; examples are also given for crystals having covalent
bonding with Vander Waals attraction or hydrogen bonding.

3. I. I Ionic Crystals
As examples for ionic crystals. we shall consider caesium chloride and sodium chloride
which have bee and fcc structures. respectively.

Bee Structure
The structure of a bee crystal can be defined in terms of unit cell-edge length and two unique positions
in the cell.Consider a crystal like CsCI which has bee structure and has two different ions in lattice
positions. Suppose the centre of a cube is occupied by Cs "ion; then, this is one of the unique positions of
the crystal. It is unique because there is no other point within the cell which is one cell-edge length awa
and which can be occupied by another Cs' ion. Now. if one of the corners of the cube is occupied b,· a
chloride ion, then all the eight corners of the cube must be occupied by chloride ions. This is so because
each of the corners is one unit cell-edge len;,>tl• away from its nearest neighbours and if one comer is
occupied by CL- ion. its immediate neighbours which arc unit cell-edge length away must also be occupied
by chloride ions. We can say that any one corner position is unique in the sense that once you associate
an atom with this position, then all the other corners automatically gL'I associated with the similar atoms
Thus. once these two positions are defined t'·whole crystal gets defined (Fig. 3 I)

:. -.......
_

'

("

,.,
Fig. 3.1: CsC/ .\rmcrure

Since CsC l crystal has one Cs· ion at the centre and eight CI- ions at the comers. it has one Cs' ion
and one Cl ion (8xl/8 =I) belonging to one unit cell as per discussion in Subsection 3.2.1 ofthe last
unit. That is, each CsCI unit eel' has one formula unit.

Fcc Structure
In a fcc structure_ there are four unique positions: once these positions are defined. the rest of the
crystal gets completely described. These arc the centres of three adjacent faces and one comer.
Once, one comer is occupied by an atom all other comers will have similar atoms. Further, if one
atom occupies the centre of one face. the centre of the opposite face would also be occupied by
similar atom. Thus by describing the atoms \\hich occupy the centres of adjacent three faces. we
know the atoms occupying the centres of all the six faces Similarly. all the eight comers are
described, once we know the atom occupying one of the corner positions. Thus, the whole crystal is
described. Sodium chloride is one example. It can be considered to be composed of two interpenetrating fcc lattices. one made up of sodium ions and the other made up of chloride ions (Fig 3 .2.)
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Fig 3.2: 5rruclUre of' sod1um chloride
The sodium ion lattice is shifted in all the three dimensions by half-cell edge length from the chloride
ion lattice. A unit cell ofNaCI contains four fonnula units.

3.I. 2 Covalent Crystals
In covalent crystals_ definite covalent bonds join all the atoms in the crystal. The stn1cture of a covalent
crystal is related to the number of valence electrons, the nature of orbital involved in bond formation
and their orientation. One of the most commonly cited examples is that of diamond (Fig. 3.3 ). Each
carbon atom in diamond is tetrahedrallv bonded to four neighbouring carbon atoms. This is so since
carbon has four sp' hybridised orbital pointing towards the comers of a regular tetrahedron. These
orbitals overlap with the similar set of orbitals on the neighbouring atoms. Crystals thus formed are
hard and unreaclive.
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Fig. 3.3: Stmcture o( diamond

Fig. 3.4: Stmcture of iodine crystal
the hasis is I.molecule

Let us now see another type of covalent crvstals known as molecular crystals.

3.1.3 Molecular Crystals
In molecular crvstals. the molecules are held together due to Van der Waals interaction. These
crystals acquire the structure which has the minimum energy maintaining the original shape of the
discrete molecules. Iodine (Fig 3.4) and carbon (IV) oxide crystals are examples of this type.
There is a class of crvstals which have hydrogen bonding between the molecules. An example of this
type IS ice. In icc, each oxygen atom is tetrahedrally surrounded by four hydrogen atoms. two betng
linked through covalent bonds m the same molecule and the other two through hydrogen bonds to
different water molecules. In the next section. we shall illustrate the four main types of cry·stal structu1es
m metals.

Exercise I
Classify the following crystal types:
(a) CaF.(b) CH4 (c) Cu (d) Ni (e) S,

3.2

Commonly Encountered Metallic Structures
Most of the metals crystallize in one of the fuur basic structures- simple cubic. body-centered cubic
(bee). hexagonal closed packed (hcp) and face-ccn:red cubic (or cubic closed packed- ccp). Simple
cubic structure is not verv common except perhaps for polonium metal which packs in this structure
Alkali metals. Ba. V. Cr. Mo. etc.. crvstallizc in bee structure. The number of nearest neighbours
(co-ordination number) IS R 111 bee arrangement.
Each atom in hcp and ccp arrangements touches three atoms in the plane above. three in the plane
below and six in the same plane. Thus. 111 both cases. the co-ordinalton numl:x,..,. is 12. Further, m ccp
and hcp structures. 74% of the total spacis filled with atoms. The difference between the hcp and
ccp structures (Figs. 3.5a and b) IS tn the a1Tilagen1ent of the third layer of atoms with respect to the

first layer. Metals like Be. Mg. Co. Zn. pack in the hcp structure. whereas those like Ag. Au. Cu.
Ni crystallize in ccp arrangement.

3.3 Semiconductors
Semiconductors are solids which are insulators under normal conditions but become conductors when
heated or doped with impurities. The electrical conductivity of a semiconductor increases with
temperature. The semiconductors can be broad]\· classified into two types. Let us consider them one
bone.
3.3.1 Intrinsic Semiconductors
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Fig. 3.5: (a) hcp arrangement - the atoms in the thmllayer are straight above those in the lirsr layer
arrangement: (b) ccp arrangement - the atoms in rhe third layer arranged
called ABAB
di{{erentv from those in the first .. called ABCABC. arrangement.
3.3.2 Extrinsic Semiconductors

Semiconductors with impurities are called extrinsic semiconductors. The,· can be class1tied into n type and p-t ·pe semiconductors.

n-type Semiconductors
When a semiconductor is doped with an impuritv having more valence electrons than those in the
semiconductor. an-type semiconductor is produced. Such an impurity can donate clectron(s) to the
valence band of the semiconductor. and is called a donor. Phosphoms. arsenic or antimonv (each
having five valence electrons) arc examples of donor impurities added to germanium or silicon (each
semiconductor having four valence electrons). The addition of donor impurity to the semiconductor
provides additional energy levels and if they arc righth- related to the bands of the semiconductor.
conductivity may result. That is. if the impurity contains a filiienergy level just below that of an emptY
band in the semiconductor. the electrons from the impurity go to the empt,· band in the semiconductor.
Hence. it becomes negatively charged (n-type). Up to certain temperature. the conductivity ofn-type
senuconductor mcreascs with mcrcase in temperature.

p-type Semiconductors
When the impurity used for doping has less valence electrons than the semiconductors. the impurit\
can accept electron(s) from the valence band ofthe semiconductor Such an impurity IS called accepwr
The addition of boron. alummlllm, galhum or indium (each having three valence electrons) to silicon or
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gemanium (each semiconductor having four valcnct; el ctrons) is an example ofthi$ type. The e sential
· · feature is that the inipurlry must containan empty energy level just above a full And in_tbc semiconductor
The ek-ctrons from the full band in the semiconductor will pass to the empty level of the impurity:
passage of electron from the semiconductors to impurity makes the fanner pesitively charged (Ptype). The effect of temperature on the conductivity of a p-tyPe semiconductor is similar to that of ntype semiconductor.
The combination of p-type and n-typc semiconductor is called p--n j!mction. The p-n junctions are
used·as rectifiers. solar cells. light emitting diodes and other electronic devices.
Exercise 2
Differentiate between intrinsic and extrinsic semiconductors.
. • • • •.· --- .' •• _. ·-·.' ......_.
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Conclusion
In this Unit. we have examined different crystal trpes. We focussed specifically on ionic. covalent and
molecu Jar crystals. The semiconductors were also discussed. The uses of two types of semiconductors
were described. For the next Unit. we will be discus-sing liquids.

50 Summary
At the end of this Unit, you have learnt that
• Crystal solids can be classified into ionic, covalent, molecular and metallic.
• The ionic solids are body-centred cubic (bee) and face-centred cubic (fcc).
• The molecules in molecular solids are held by Van der Waals interaction.
• Most metals have fcc, bee and hcp lattices.
• Extrinsic semiconductors are insulators with impurities under normal conditions but their electrical
conductivity increases with temperature.

6.0 References and Other Resources
IGNOU ( 1997). States of Matter: Physical Chemistry CHE -04 New Delhi._ ··
• !
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7.0 Tutor-Marked Assignment
I. IdentifY the type of attractive forces (or bonding) mainly responsible for crystal bonding in the
following cases:
(i) diamond

(ii) potassium bromide (iii) aluminium (i\:)helium
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These properties are related to the strength of intermolecular forces in liquids. We now discuss surface
tension and viscosity ofliquids.
Surface tension
The presence of a surface in a liquid gives rise to the phenomenon of surface tension. Let's see how
it arises. In the absence ofe,1emal forces. liqwds form spherical drops spontaneouslv This is facilitated
by the fact that for a given volume. a sphere has a smaller surface area than any other shape. Th1s
fascinating phenomenon is one of the reasons for the spherical shape of earth. sun. moon. etc. Let us
explain the origin of forces operating to minimize surface area.
All the molecules surrounding it attract a molecule in the interior of a liquid. It is pulled equally in all
directions. It is important to note that a molecule at the surface of a liquid is attracted only by molecules
belm' It (Fig. 4 2)

Fig 4.2: Molecules in the hulk and on the surface of" liquid hemg attracted by neighbours
Therefore. the molecules on the surface of the liquid are dra\Vn inwards trying to minimize the
surface area. Because of this tendency of a surface to contract, each point on the surface of the
liquid is under pressure like a stretched rubber membrane. The resistance of a liquid to increase its
surface area is correlated to its surface tension. It is defined as the energy required for increasing the
surface area by one unit by moving the molecules from the interior of the liquid to the surface. It is
also defined as the force per unit length perpendicular to a liquid surface. Corresponding to these
two dcfimtions, SJ units of surface tension arc J m _,and N m·' (which are of course, equivalent). It
is represented by the Greek letter y. Increase of temperature increases the thermal motion of the
molecules in a liquid. This opposes the effect ofintem1olecular forces. Thus as temperature IS raised.
the surface tension decreases.
The value of surface tension of some liquids are given in Table 4.1.
Table 4.1: Values of surface tension (y) of some liquids at 293 K
Liquid
Water
Benzene
Carbon tetrachloride
Chloroform
Mercury
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X yiN

m·'

7.28
2.89
2.64
2.67
46.5
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Some of the factors, which influence the magnitude of surface tension. are given below:
• Molecules having strong hydrogen-bonds have high surface tension. The surface tension of water. for
example. is about three times higher than that of non-polar liquids like carbon tetrachloride.
• Metallic bonding also lead to high surface tension. For example. the surface tension of mercury is
more than six times that of water.
• The dispersion forces are quite significant in molecules with large atoms and are often more important
than dipole-dipole forces. In fact. surface tension of carbon tetrachloride is only slightly less than that
of chloroform: the effect of London forces in the former is nearly equal to the combined effect to
London and dipole-dipole forces in the latter.
Intermolecular forces give rise to capillary action. It is the rise of liquids through a capillary (narrow glass)
tube (Fig. 4.3a). Two types offorces- cohesive and adhesive are responsible for this property. The cohesive
forces are the intermolecular forces among the molecules of a liquid that we discussed in Module 2. Unit I.
Adhesive forces exist between the liquid molecules and the molecules in the capillary walls. For example.
glass contains many oxygen atoms: each oxygen atom (with partial negative charge) attracts (the positive
end of) a polar molecule. such as water.
The adhesive forces enable water to •·wet" the glass. The adhesive forces acting upward pull up a water
column inside a capillary tube when the latter is in -contact with water. The height of the water column inside
the capillary tube is such that the adhesive forces acting upwards balance the cohesive forces (in the form of
weight of water column) acting downwards. The height of the water column inside the capillary tube has
been found to be inversely proportional to the radius of the tube. Hence only in tubes of small radius. the
capillary rise is meaningful.
The concave shape of the meniscus of water in a glass tube indicates that the adhesive forces of water
towards the glass are stronger than its cohesive forces. A metallic liquid such as mercury (Fig. 4.3b) shows
a lower level in a capillary tube and a convex meniscus. This behaviour is characteristic of a liquid in which
the cohesive forces between its molecules are stronger than the adhesive forces between the molecules and
glass.

(b)

(a)

Fig. 4.3: (a): A polar liquid such as water rises in a capillary htbe -- >•later has concpve meniscus in a glass
(b): A metallic liquid such as mercury shows a depression of level- mercury has c/JnVe%-meniscus

Viscosity
Another property ofliquid that depends on intermolecular forces is viscosity; it is a measure of the resistance
t.o flow. A liquid, which has higher viscosity. flows slowly. It is represented by the Greek letter TJ (eta). Its unit
is Pas. It decreases with temperature. The viscosities of a few liquids are given in Table 4.2.
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3.2 ComparJson of Liquids wlttr Gases and Su1ids
We can obl<iin a, liquid by heattiJ&.· qlid orbycoolinll a gas u der certain conditiens. We clUJ also have
it !liituraily From your dose. interactions with the substances provided. what cal) you say ,to;;; a
liquid? Therefore, liquid state is in between solid and gaseous states. In a solid, the particles have only
yi ration n:totion, about .their equilibrium positions. The strong_intermolecular forces present in a solid
. crystal are responsible for the restricted motion of the particles and their orderly arrangement.

A a result, a solid has a definite shape. In contrast to this, the molecules in a gas are free tomove
randomly and have a disorderly arrangement. The gases can expand or contract to confomi to the
volume o,f the vesseL H nce, the gases have no defimte shape or volume.
The characteristics of'liquids lie between the extremes of a gas and a solid The particles in a liquid 'are
free to move frotn one point to another. In this respect. it resembles a gas. Theabilityefa liquid to flow
enables it to assume the shape of its container. Yet it never expands or contraCts to fill the container
and thus resembles' a solid. Ut us now examine the structural aspects of liquids.

3.3 Structure of Liquids
The particles·in a liquid are not as much orderly as in a solid; also not as much disorderly as in a gas.
To establish this, we cite the following three pieces of evidence:

3. 3. I Voblme Change During Fusion and Vaporaation
A pure solid melts to give a liquid at a sharp temperature. Do you agree'' Take ice block .for close
examination. Ob el'Yc it while melting in a beaker. This process is called fusion., It is geneJ1!IIY seen
that during fuston, volume increases by I 0%. This implies that a substance retains its orderliness to a
coosid rable extent during fusion. On the contrary, in the conversion of a liquid to vapour at its boiling
pomt.(known as vaporization), the volume increases., 00 -I 000 fold. This. large increase in vol!lme
during vaporization indicates that the particles arc changed into a moredisorganized state.
·
3. 3. 2 Molar Enthalpies of Fusion and Vaporization
The amount ofheat required at constant pressure to convert one mole of a solid into liquid at its melting
point is called molar enthalpy of fusion (t.W••). Similarly, the amount of heat required at constant
pressure to convert one mole of a liquid into its vapour at its boiling point is c llcd the molar enthalpy
of vaporization (C. H""p!. The values of Mf""'" H'"• and boiling point (BPare given in Table 4.1 for
some substances. It is seen that I'.H 3,, is larger than t.H.'. for all the substances. It requires more
heat to convert a liquid into vapour than.to convert a solid into liq)lid. ltl s-rea. <lllltble to assume
that a large heat absorption durihg change of t<\te i;s associated lWtth increas¢ 'in d order. On this
assumption, we can think that a liquidhas-cmlsiderab'le measure or orderly arrangement as compared
to a gas.
0

3.3.3 X-rayDiffrllction byLiquids
tater in yollr programme, you shall study that the X-ray diffraction by·a solid crystal gives rise to sharp
diffraction pattern. The sharpness of diffraction pattern is an indication of the orderly arrangement of
atoms or ions in the crystal lattice. Gases, on the other hand, do not give rise to diffraction lines with
"X-rnys. 'This'is again due to the rat\doni arrangement and movemeittofmoleeitles'in a gas. Liquids do
· gtve diffraction patterns with X-rays;although the lines'are diffuse (i.e>notqtiite·sharp): The diffuse
diffraction pattern makes· it clear that the order m the arrangement elf partiCleS is only partial but not
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total. Experimental data indicate that the first few neighbours of a particle in a liquip are at fairly well
defined distances: the neighbours farther away are randomly distributed. Tllis 'n'teans thai the
arrangement of particles in a liquid exhibits short range order and long range disorder. The number of
nearest neighbours around the particles in different regions of a liquid is not the:Sain\f A model !Or the
structure ofliquids is shown in Fig 4.I.
:\-rav dillfa..:til)n is the s..:atl<!ting 11f:\-ravfrom a
r.:gu\;\1·arrnv or atoms. mol.!cul.:i'\ or ion

Fig 4.1: A model filr the stntcture of liquid'
The main aspects of this model arc summarized below:
• The particles in a liquid are fairly close.
.
• These particles have higher kinetic energy (and hence. speed) compared to thosin a olid.
• Because of their speed. the individual particles occupy more space. and a liquid is less dense than
the corresponding solid.
• To explain the relative densities of liquids and solids, it is further assumed that there arc some voids
between the molecules.
• These voids enable the liquids to flow.
• Particle close to one of the voids behaves like a particle m a gas.
Based on the above. answer the following exercise.

Exercise 1
Liquids are less compressible than gases. State the reason.

3.4 Surface Tension and Viscosity
Having discussed the structure of liquids. we now take up the study of the properties ofliquids. Three
of the characteristic properties of liquids are:
• Possession of a sharply defined surface
• Ability to flow
• Tendency to vaporize into space above the surface and to exert vapour pressure
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1.0 Introduction
In Module 2, Unit 2, we discussed the characteristics of ideal gases. We assumed that there is no
attractive or repulsive interaction between the individual molecules. In Module 2. Unit 5, this treatment
was modified to account for the behaviour of real gases at low temperatures and high pressures and
to explain the liquefaction of gases. Finite sizes of the gaseous molecules and their weak interaction
were recognized. In Module 3. Units I and 2. we studied the strong interactionsa solid crystal and the
order!,· arrangement of particles in it. In this Unit and in Unit 5 of this Module, we will discuss the
characteristics of liquids in contrast to those of gases and solids. Our aim in this unit is not to list the
properties of liquids but to correlate these to the intermolecular interactions.
We will describe the features of a model proposed for the structure of liquids. We shall explain the
correlation bdwcen the intennolecular forces and the properties of liquids such as surface tension.
viscosity. vapour pressure. boiling point and molar enthalpy of vaporization.

2.0 Objectives
By the end of this Unit. you should be able to
• Explain the concept of a liquid
• Compare distinctly liquids with gases and solids in Module I
• Explain accurately the structure of liquids
• State the significance of surface tension and viscosity of liquids.

3.1 Concept of a Liquid
Milk, kerosene, petroL water. salt solution. alcohol and sugar solution arc all liquids. Mercury is even a
heavy liquid. Why do we say these are all liquids despite the fact that:
(i) They are different substances
(ii) Some contain a mixture of solid and liquid substances
(iii) Some are organic and some inorganic
(iv) One of them 1s even metallic
(v) Some are compounds while some are elements.
What then makes a liquid? There is no doubt you have interacted with each of the samples listed as
liquids. Pcrharps a close examination of these substances will enable you to have the right description
of what a liqmd is.
Activity I
Apparatus: Test tubes. balance. water. milk. kerosene. petrol. salt solution.
Procedure:
Weigh each of the 5 test tubes.
Collect 5cm' of each of the samples separately mto the weighed five test tubes
Re-weigh each of the test tubes with content inside.
Determine the dens1ty of each liquid.
Shake the content in the test tubes.
Examme the ;urfacc of each liquid in the test tubes.

Table 4.2: Viscosity (l]) of some liquids at 298 K
Liquid

11 /Pa s

Water
Benzene
Glycerol
Chloroform

8.YO X 10
1
6.0 X 10
0.9945
4.7 X 10 '

,,

Liquids with larger intermolecular forces tlow slowly and arc called viscous liquids. Hydrogen bonding is
particularly important in this respect because it can bind neighbouring molecules together much strongly This
accounts for the fact that water has higher viscosity than benzene and chloroform. which have no hydrogen
bonding. Glvcerol has very high viscosity. mainly due to numerous bonds it can form.
Molecular arrrangement also could cause high viscosity Heavy hydrocarbon oils and grease are not
hydrogen bonded but are highly v1scous. Their viscosity arises partly from London forces between molecules
and partly because the long cham-like molecules become entangled with each other (Fig 4.4) like cooked
noodles served 111 a plate.

Fig. 4.4: '/'he molecules m the heavy hydrocarhon oil entangled together
Use the above discussion on surface tension and viscositv to answer the following exercises.
Exercise 2
For waterproof coating of wood paraffin wax is used. Explain the reason. (Hint: paraffin wax is a mixture
of solid hydrocarbons)

Exercise 3
Among the alkanes -octane (C,H,) nonane (C,H,,.) and decane (C10 t\,)- which is expected to have the
highest viscosit ··>

4.0

Conclusion
I\ this Unit. we studied the characteristics of liquids. The model proposed for the structure of liquid
was discussed. Surface tension and viscosity ofliquids were explained and the dependence of these
characteristics on intermolecular forces was brought out. We discussed the properties of liquids such
as vapour pressure. molar enthalpy of vaporization and boiling points.
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5.0 Summary
At the end of this Unit. you have learnt that:
• A liquid is a substance that flows and has no definite shape of its own.
• The characteristics of a liquid lie between the extremes of a gas and a solid.
• Three evidences of volume change during fusion and vaporization. molar enthalpies of fusion and
vaporization and X-ray diffusion by liquids show that a liquid has considerable measure of orderly
arrangement as compared to a gas.

6.0

References and Other Resources
IGNOU. ( 1997). States of Matter: Physical Chemistry CHE-04 New Delhi.

7.0 Tutor-Marked Assignment
(I) Comment on the fact that the densities of solid, liquid and gaseous nitrogen are 1.026, 0.8081 and
125lx 103 kg ctm·'. respectively.
(2) In a polythene tube. water meniscus is convex. Explain.
(3) Molar enthalpies of vaporization of benzene and naphthalene are 3 I. I and 44 kJ mot·'. Explain.
(4) At room temperature, among water, methyl cyanide and methanol, which is expected to have the
highest tension? State the reason.
(5) Why the viscosity of water at 373 K is one-sixth of its viscosity at 273 K'?
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1.0 Introduction
So far we have examined different samples of liquids. By now we should be able to explain what a
liquid is irrespective of what is made up of. In the preceding Unit. we discussed some characteristics
of liquids. Specifically we described the structure of liquids among other properties. In this Unit, we
will be discussing other properties of liquids including boiling point and liquid crystals. their types and
applications.

2.0

Objectives
By the end of this Unit, you should be able to
• Discuss the qualitative dependence of vapour pressure, boiling point and molar enthalpy of
vaporization of liquids on the molecular interactions.
• State and explain Trouton·s Rule.
• Discuss all the types of liquid crystals and their applications.

3.1

Vaporization
The escape of molecules from the liquid surface to form vapour is called vaporization or evaporatwn.
To have an understanding of this process. we must kilO\\ how vapour pressure. boiling point and molar
enthalpy of vaporization are conne_cted among themselves and also to the intermolecular forces.

3.1. I Vapour Pressure
The molooule£ in a liqt1id lliO'c constantlv. 1'Juringlllls mollon. tllemolecuJeS,\·itliSUfficieiiikinetic
energy can jump out into the space above the liquid as vapour. If the liquid is kept in an open vesseL
the molecules escape into the atmosphere and the liquid keeps on evaporating. However. if the liquid
is kept in a closed vesseL the number of molecules in a vapour state increases at first (Fig 5.la). They
also start returning to the liquid surface which is called condensation. The condensation rate keeps on
changing till it is equal to the rate o( vaporization and the space above the liquid is saturated with
vapour (Fig 5. I b). The pressure exerted by a vapour in contact with its liquid at a given temperature is
called its vapour pressure.

(a)

Fig 5.1:

(b)

(a) Initially molecules are transferred from the liquid to the vapour phase:
(b) at equilibrium. the rate of' vaporization is equal to the rate of' condensation

Vapour pressure of a liquid is commonly measured by introducing a liquid into a container. the container
is closed and connected to a U-tube containing mercury (Fig. 5.2).

103

Fig. 5.2. Vapour pressure measurement
The difference in the heights of mercury columns (h) is measured in mm ofHg unit. The vapour pressure
in SI units can be calculated using the following equivalence statement: 760mm of Hg1.013 x I 0 P'a
(Recapitulate the unit conversions discussed in Sec.3.5 of Unit I in Module I).
The vapour pressures of some liquids are given in Table 5.1 .
Table 5.1: Vapour Pressure of some Liquids at 298 K
Substance

Vapour pressure/Pa

Mercury
Water
Ethanol
Diethyl ether
Benzene

0.227
3.17xl03
7.85 X 103
5.90xl0'
1.26x 104

Fron. Table 5.1. it can be inferred that the liquids having strong intermolecular forces do not vaporize
easil:f and their vapour pressures are low. Water, due to strong hydrogen bonding has lower vapour
pressure than ethanol and, the latter has lower vapour pressure than diethyl ether. Metallic bonding
sigmfies strong interaction among the atoms: as a result of this. mercury has low vapour pressure
As the temperature of a liquid increases, the average kinetic energy of the molecules also increases.
The number of molecules escaping as vapour also increases. Hence, the vapour pressure increases
with temperature. To illustrate this, the vapour pressures of water at different temperatures are given
in Table 5.2.
Table 5.2:

Vapour Pressures of Water at different Temperatures

Temperature I K
283
293
323
348
284

Vapour Pressure/Pa
I. 226 X 103
2.330x 10'
1.233 x I 04
3.X50x 10'
1.013 X 105
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There is a quantitative relationship. known as Clausius- Clapeyron equation. between the vapour
pressure of a liquid and its temperature. Let us now define the boiling point of a liquid.

3.1.2 Boiling point
The temperature at which the vapour pressure of a liquid equals the external pressure is called its
boiling point.At this temperature. the vapour produced in the interior of the liquid results in continuous
bubble formation that is characteristic of boiling. The temperature of a boiling liquid (even with the
absorption of heat) remains constant until all the liquid has been.vaporized.
The boiling point of a liquid at 1.013 x IO'Pa (1 atm) pressure is called its normal boiling point. The
boiling points mentioned in this course are normal boiling points. A less volatile liquid (i.e. a liquid which
has low vapour pressure at room temperature) is to be heated to a higher temperature so that its
vapour pressure equals atmospheric pressure. That is a less volatile liquid has a high boiling point. On
the contrary. a more volatile liquid (i.e. a liquid having high vapour pressure at room temperature)
needs to be heated less to make it attain atmospheric pressure and thus has a low boiling point.
Let us now study the effect of external pressure on boiling point. The boiling point increases as
external pressure increases and the boiling point decreases as external pressure decreases. This
principle is made use of in distillation process under reduced pressure (Fig. 5.3). It means making a
liquid boil at a pressure lower than atmospheric pressure. If a liquid has a high boiling point and
decomposes when heated, it can be made to boil at a lower temperature by reducing the pressure. For
reducing the pressure, a vacuum suction pump is used.
Thermometer

---of

Wat rotd

Condenser (for eooling the vapour)

Jmpure lij:juid
m a solution

Wat.:rin

Fig 5.3. Reduced pressure dwiiiation
Distillation under reduced pressure is often used in the separation and purification of organic and
inorganic compounds. A commercial application is that excess water content is removed from manv
food products by boiling under reduced pressure. An alternate way of looking at Table 5.2 is that it
gives boiling points of water at different external pressures. Thus at a reduced pre:;sure of 1.226 x 10-'
Pa (0.0103 atm), water boils at 283 K; the boiling point of water is lowered by 90K at this pressure.
In Module 3, Unit 4, we learnt about the correlation between boiling points and intermolecular forces
It is interesting to note that intern1olecular forces have similar effect on the boiling points and the molar
enthalpies ofvap<)rization, if comparisons are restricted to similar compounds. Let us examine Table 4.1
of Unit 4. Module 3 from this angle: Water has stronger hydrogen bonding than ethanoL the boiling
point and molar enthalpy of vaponzation of ethanol are higher than that of the alkanes. Eflect of
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metallic bonding is clearly seen in the high values of boiling points and molar enthalpies of vaporizatiOn
of mercury, silver and aluminum.
The parallel between the molar enthalpies of vaporization and the boiling points of liquids led Trouton
to suggest a relationship between the two quantities. Before studying Trouton's rule, organize your
thoughts by answering the following exercises.
Exercise I
The vapour pressure of methanol is higher than that of ethanol at 300 K. Suggest a reason.

Exercise 2
Arrange the following compounds in the increasing order of boiling points: ethanol, glyceroL and ethylene
gi;I{'Ol.

3.2 Trouton's Rule
Trouton's mle can be stated as follows:
The ratio of molar enthalpv of vaporization of a liquid to its boiling point is approximately 85 J mol·' K '
LC.

Ll.H"

.j

= 85 J mol K

-1

BP
Trouton's mle holds good for liquids in which hYdrogen bonding is absent. The ratio. Ml""/BP is also
known as entropy of vaporization. It is a measure of disorderliness gained by a substance due to
vaporization. During vaporization. a hydrogen bonded liquid gains more disorderliness as compared to
a non-hydrogen bonded liquid: hence Mfo'"jBP is more than 85J mol·' K-' for hvdrogen liquids. For
example. the values of t.Ho"/BP for water and ethylalcohol are I 09 and 112 J mol·' K'. respectively.
For non-polar liquids. Eq 3. I is useful in calculating the boiling point or molar enthalpy of vaporization.
if either is known. Let us calculate the molar enthalpy of vaporization of benzene: its boiling point is
352 K. Using Eq. 3.1.
-l

352 K x 85 J Mol K
I
= 30 kJ Mol

.j

=

The experimental value is 3 1.1 kJ Mol·'
So far, we have studied the characteristics of liquids. There is a class of compounds. known as liquid
crystals, which flow like liquids and have stmctural similarity to solids. We take up the study ofliquid
crystals in ihe next section: before going through the next section, it is better you try the following Self
Assessment Question (SAQ)
Exercise 3
Calculate the molar enthalpy of vaporization of carbon tetrachloride which boils at 350 K.
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3.3 Liquid Crystals
Gases and liquids are i.•otropic. This means for any gas or liquid. the value of any of the physical
properties such as refractive index. coefficient of thermal expansion. electrical conductivity. speed of
sound etc is same in all directions. In contrast to this. a crystalline solid when examined as an individual
crystal (or a single crystal) behaves in a different way. Depending upon the direction in which the
crystal is kept during measurement. it may have a different value for its physical properties mentioned
above. Such a single crystal is anisotropic. ln some cases different faces of crystal may show
different catalytic activity. Another class of compounds which are anisotropic is liquid crystal. Let us
first define the term 'liquid crystal' and then see how its anisotropy gives rise to interesting applications.
Some organic compounds often have two melting points. On heating such a crystal. it melts into a
turbid liquid at a definite temperature, and on heating further, the turbid liquid becomes clear at another
temperature. The turbid liquid is called 'liquid Crystal'.

A number of compounds of the following type exists as liquid crystals:

A-o-B-o-C
HCO-o-N=N
-o-OCH
-

A. U and Care substituents on carbon chains..

A.n examplis p azoxyanisole

'

0

-

'

Fig. 5.4: p-Axoxyanisole
These molecules have a length that is larger than breadth. In general, the arrangement of molecules in
liquid crystals resembles a pile of c1gars.
Depending upon the structural pattern of molecules. liquid crystals can be classified as follows:
Smectic Liquid crystals have molecules arranged in parallel layers or planes. These planes are at
equal distances. The molecules in all the planes point to the same direction. That is. the molecules have
same orientation. The only difference between a solid crystal (Fig 5.5a) and a smectic liquid crystal (Fig
5.5b) is that in the former. the particles are arranged at regular intervals within a plane: whereas in the
latter it is not so.

1111111111111111
1111111111111111
1111111111111111
(a)

111"1111111111111

(b)

1111111111111111
1111111111111111
Arrangement in equidistant Planes.
regular within planes - a single crystal

11111111111111111
111111 11111111 Ill II
11111111111 111111111
111111111 11111111111
1111111 1111 I Ill
IIIII III Ill II II
1111 1111111111 IIIII

Same orientation arrangement in equidistant planes: no regularity within planes
- smectic liquid crystal
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(d)

Multiple layers with successive twist:
same orientation within a layer cholesteric crystal

Same orientation: absence o( plane
arrangement nematic liquid arrangment

(e)

Neilher orientation nor planar
arrangement - Liquid (giving rise
to ISotopy)
Fig. 5.5: (a). (b). (c). (d) and (e)
Nematic Liquid Crystals have all the molecules within the same orientation (Fig 5.5c). Unlike m smectic
type. the molecules arc not arranged in planes in nematic liquid crystals. Application of an electric field
causes a change in the orientation of the molecules in a nematic liquid crystal. A change in molecular orientation
causes a"'change in optical properties. It is this anisotropic character that makes a nematic liquid crystal usetill
in LCD 1Liquid crystal display) 1\'atches and calculators.

Cholesteric liquid crystals have a multiple layer structure. hut each successive layer is inclined or twisted
slightly. Fig 5.5d illustrates the cholesteric liqu1d crystal structure. For comparison. the typical disorderly
arrangement of molecules (accounting for isotropy) in a liquid is shown in Fig 5.5e.
The successive twist in structure makes the cholesteric liquid Cl)'Stals coloured. A minute change in temperature
causes a change in the amount of twisting. It results in reflection of different wavelength of visible light; that
is, the colour changes with temperature. This anisotropic nature facilitates cholesteric liquid crystals being
used in thermometers and in devices for indicating the temperature of the skin or of electrical devices.
Temperature changes as small as 0.00 I K can be detected using sensitive cholesteric liquid crystals This
class of liquid crystals received their name from the fact that many derivatives of cholesterol pertain to this
type.
CH,
CH,

CH,

HO
Cholesterol
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We see that a difference in the orientation of molecules in a nematic or a cholesteric liquid crystal causes a
difference in its optical properties. thereby pointing to its anistropic nature. On the basis of what you have
studied so far. answer the following exercise:

Exercise 4
In what way, is an isotropic substance different from an anisotropic substance '1

4.0

Conclusion
In this Unit. we were able to state and explain the Trouton 's rule. The terms isotropy and anisotropy
were defined. The applications of anisotropic character of liquid crystals were illustrated. More
information ofliquids solution is presented in the next three Units.

5.0

Summary
At the end of this Unit, you have learnt that:
• Three of the characteristic properties of liquids are:
(i) sharply defined surface;
(ii) flowing ability;
(iii) tendency to vaporize into space and to exert vapour pressure.
• Trouton's rule is the ratio of molar enthalpy of a liquid to its boiling point.

6.0

Tutor-Marked Assignment
(I) Explain the reason for the anisotropy in the optical properties of nematic and cholcsotoric liquid
crystals.
(2) The molar enthalpy of vaporization and boiling point of ammonia arc 23.3 kJ mot·' and 240 K.
respectively. Does it obey Trouton·s rule'/
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1.0 Introduction
We have been exposedJo different substances in life. Specifically, we must have familiarized ourselves
with pure substances like sodium chloride, sugar, water and ethyl alcohol. You will agree that these
substances are different. By mere looking at them, you can tell some possible differences. For examples.
sodium chloride is powder while sugar is crystalline, but you cannot identif)• some properties by mere
looking at the two substances for example. sodium chloride is an ionic compound while sugar is an
organic compound but you can say that both are solids. They have different definite density and
melting points, which we can confirm. The four substances mentioned earlier can mix each with any
other substance to form a solution. That means there must be different solutions formed. ln this Umt.
we shall discuss different solution types.

2.0 Objectives
By the end of this Unit, you should be able to:
• Make a distinction between pure substances and solutions.
• Define a solution and other relevant terms.
• List various types of solutions providing at least two examples each.

3.1 Definition of Basic Terms
3.I. I Pure Substances and Solutions
Quickly carry out this simple activity on your own.
Activity 1
Aim: To observe the differences between pure substances and solutions.
Apparatus: Sodium Chloride salt, granulated Sugar, ethyl alcohol, distilled water as reagents, 4 big test tubes.
a chemical balance, filter paper.
Procedure
I Measure 0.5g ofNaCI, 0.5 g of sugar and 5cm3 of ethyl alcohol.
2. Measure IDem of water into three test tubes.
3. Pour each of the substances in Step I into the 3 test tubes containing water.
4. Repeat the activity using ethyl alcohol instead of water.
5. Record your observation.
Did you observe that:
(I) NaCI and Sugar dissolved in water'!
(2) Ethyl alcohol and water produced a liquid similar in appearance to the two original liquids'!
These salt-water mixture, the sugar-water mixture and the alcohol-water mixtures are called Solutions. A
solution can be defined as a homogeneous mi,.1ure of two or more substances. In other words, the mixture
formed is said to be a single phase.
Let us consider salt-water mixture. There are two constituents in the mixture. One is a solute and the other
a solvent. Assuming you have more thao three constituents in a solution, one will be the solvent while all
other constituent' s in that solution are referred to as solutes.
Ill

Assuming we add D.5g ofNaCI to 50Dcm 3 of water compared to D.5g we added to IDem' of water. The
mixture of D.5 gin 500cm 3 of water can be said to contain relatively small quantity of solute. Such a solution
is said to be diluted. The mixture of D.5 g in IDem' of water that can be said to contain relatively large
quantity of solute is said to be concentrated.
3.1.2 Differentiating Between Pure Substances and Solutions
In nature. do you know we have both pure and impure substances? We have considered NaCI and
C,H120, that are solutes. Each of these two substances contains particles that are uniform. After we
obtained the salt-water and sugar-water mixtures. the substances are also homogeneous. We can say
then that both pure substances (examples ofNaCI and Sugar) and solutions (examples of salt-water
and sugar-water mixtures) are homogeneous. But can you tell the difference') A pure substance is
a homogeneous material that contains only one substance whereas a solution is a homogenous matenal
that contains more than one substance. A pure substance is further characterised by definite properties
such as density, vapour pressure. melting and boiling points, the properties of a solution depends upon
the relative amounts of constituents. For an example. the salt-water mixture consists of a single pha.5e
Its density is greater than that of pure water. It is equally found out that its vapour pressure is lower
than the vapour pressure of pure water.. Do you agree with that last sentence') If you do. give a reason
for your agreement. The reason given must be close to the fact that to raise the vapour pressure to
76Dmm. pure water must be heated to IDDoC. But to reach this vapour pressure. it is discovered that
salt-water must be heated above I OO"C. One can infer that the boiling point of salt-water is above the
boiling point of pure water.
Exercise l
Predict the following:
I. When more salt is added to the salt -water mixture. \\ill the boilmg point be lower or higher?
2.
To crystallize ice from salt-water. will the temperature be lower or higher than crystallizing ice from
:eire \:Vater'!

There are some terms we used in explaining homogeneity. We will examine these terms as we proceed to
study types of solutions.

3.2 Types of Solutions
A solution may exist in solid. liquid or gaseous state. Depending upon the physical state.a solution may
be classifid int;:, the types shown in Table 1.1.
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Table 1.1: Types of Solutions
Solute
Gas

Solvent
Gas

Gas

Liquid

Gas

Solid

Liquid
Liquid
Liquid
Solid
Solid
Solid

Gas
Liquid
Solid
Gas
Liquid
Solid

Example
Mixture of gases
(e.g.. air)
Aerated water (which is a solution of C02 in water under
pressure)
Gas absorbed by metals or minerals
(e.g. H, in palladium)
Moist air
Alcohol in water
Mercurv in zinc (zinc amalgam)
Camphor in air
Salt in water
Alloys (e.g.. brass)

A solution is always in the same physical state as the solvent. In this Unit, we shall study solid-liquid. gasliquid and liquid-liquid solutions.
Exercise 2
Classify the following into the types of solutions to which they belong:
(i) A five kobo coin
(ii) Sodium amalgam
(iii) Soda Water

3.2.1 Gaseous Solutions
In Table l.l. gas solute dissolves in gas solvent to fom1 a gas homogeneous mixture. You are given air
as an example of a gas solution. There is only one phase- the gas rhase. What is a phase'' A phase
refers to a homogenous part of a system that 1s unifonn and altke throue;hout. W!tft the definit.ion of a
gas phase, we can say that all the molecules bchw n< gas rn,..lRcules. Thiis applicable to any gas
solution, whatever the source ofd1e constituents. Can o" list out other gas solutions apart from the
ones listed in Table l.l. An e....ample is camphor in air. However the constituents can be separated by
phase changes. We will consider the details of phase changes in due course.

3.2.2 Liquid Solutions
In your laboratory work, you will be har.dling more of liquid solutions. I want you to make some
attempts at mentioning some liquid solutions without checking on Table l.l. You will be correct to
mention groundnut oil-water mi,'ture. alcohol-water mi,'ture, salt-water.etc in other words. liquid solutions
Can be prepared by dissolving a gas m a liquid (or example carbon (IV) oxide m water under pressor )
or by mixing two liquids (for example alcohol and water) or by dissolving a solid in a liquid (for example
$alt-water mixture). In such a liquid solution. the other constituent dilutes one; of the constituents We
have in section 3.1.2 distinguished some of the properties of liquid solution from pure water.
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3.2.3 Solid Solutions
Naturally, solid solutions are uncommon. In Module 3, Unit L we discussed some of the properties of
solids. One of these is that their crystals are stable due to the regularity of the positioning of the atoms.
However, in metals, it is relatively common for solid solutions to be fom1cd. In Table 3.I, brass is an
example. The atoms of one clement enter the crystal of another element especially if their atoms are
of similar size. What atoms of elements coiT'bine to fom1 the brass alloy') Other solid solutions include
zinc amalgam and H, in palladium. You would have noticed that the solvent component determines the
name given to the type of solution fomJCd.

3.3 Different Ways of Expressing Concentration of Solutions
For us to indicate the composition of a solution, we must have an idea of the relative amount of the
different kinds of constituents in that solution. Chemists call these relative amounts as concentration.
The relative amounts of a solute and a solvent in a solution are expressed through concentration terms.
Some of the ways of expressing the concentration of a solution are described below:

(i) Molarity (M)
Molarity is defined as the number of moles of the solute present in I dm 3 (I Lor I 03 m 3) of the solution.
When 0.1 mole of a solute is present in one cubic decimeter of the solution, we say that the solution is
01molar (0 I M).
Molarity (M)

Number of moles of the solute
Volume of the solutiOn 111 dm 3

Note that the volume of the solution should be expressed in dm 3 for expressing the concentration in
terms of molarity.

Example 1
What is the M of a solution prepared bv adding IOOg ofNaCI to sufficient H,O to make I dm' of solution'!

Solution
58.3gI mole
I mole x 100 g =1.7!mol
58. 3 g
M number of moles per volume of the solution1.71 mol/!dm
UIM
100 g

3

(ii) Molality (m)
Molality is defined as the number of moles of solute present in one kilogram of the solvent. When one mole
of solute is dissolved in one kilogram of water, the concentration of the solution is one molal (I m)
Molality (m) Number of moles of solute
Mass of the Solvent in kg

(iii) Normality (N)
The number of gram-equivalents of a solute present in I dm' of the solution is called its normality. A normal
solution contains one gram-equivalent of a solute in I dm 3 of solution and is defined by:
Normality (N)Strength in g dm- 3
Equivalent weight
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Exercise 3
Calculate the molarity of a solution prepared by dissolving 0.4 moles of solute in sufficient solvent to make
0.20 dm'
........................................................................................ ··············· ............ .
········································ ········································ ································ ····································.
································································································································ ··············
···························································································

(iv) Mole fraction (x)
The mole fraction of a solute in a solution is the ratio of the number of moles of a solute to the total number
of moles of the solute and the solvent in a solution. If n, mole of a solute is dissolvea m n, mole of a solvent
the mole fraction of the solvent and the solute are given by the following expressions:
Mole fraction of the solvent (x,) =

n,
n1 +n

Mole fraction of the solute(":,)=

n,

(v) Percentage
In terms of percentage, the concentration of a solution may be expressed in four different ways:
I 0 mL of alcohol present in I 00 mL of solution = I 0% (VN)
I Og NaCI present in I 00 mL of solution

= 10% (WN)

I 0 mL alcohol present in I 00 g of solution

=I 0%(V/W)

I 0 g NaC/ present in I 00 g of solution
(vi) Parts per million (ppm)
When a solute present in a solution is in very minute amounts, the concentration is usually xpressed in parts
per million (ppm). For example, the amount of oxygen dissolved in seawater is 5.8 g per 106 (I million) of
seawater. It means 5.8 parts ofm:ygen are present in one million parts of seawater. Hence, the concentration of
oxygen in seawater is 5.8 ppm. The concentration of gases that polute the atmosphere is also expressed in ppm.

One ppm =

•

Mass of solute (g) x I 0
Total mass of solution (g)

Let us work out an example using the molarity expression explained above.
Example l
1
3
Concentrated tetraoxosulphate (vi) acid contain, 98% acid by weight. Its density is l.R5 x I 0 kg m- Calculate
ots molarity.
Solution
Molarity ofTetraoxosulphate (vi) acid = Number of moles oftetraoxosulphate (vi) acid
\bourne in dm 3
Mass of H,So, acid in I m

3

3

Molar mass X 10 dm'
98

X

J

1.85 X 10 kg

I
X

I 00 x 0.098 kg mol ;
18.5M.
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Exercise 4
A solution contains 0.100 kg each of water and ethanol. Find the mole fraction of each component.

4.0 Conclusion
In this Unit, we have expressed a solution as a homogenous mixture of two or more substances. The
three phases at which solutions arc formed namely solid. liquid and gaseous are also discussed. Solutions
can be divided into nine types depending upon the physical state of the solute and the solution. The
composition of the solution can be measured.

5.0

Summary
We can summanse what we have learnt as follo\\s:
• A phase 1s a homogeneous part of a system which 1s susceptible to change on certain conditions
• Different solutions exist namelv solid solutions. liquid solutions and gaseous solutions.
• In solid solution. the solid is the solvent and examples include zinc amalgam and H, in palladium.
• In liquid solution. the liquid is the solvent and examples include ethanol and salt water.
• In gaseous solut1ons. the gas is the solvent and examples include air and camphor in air.

6.0

References and Other Resources
Golberg. D. and Dillard, C. ( 1974) College Chemistry 3rd Revised Edition New York: Macmillan
Publishing Co.
IGNOU ( 1993). Solution and Phase Equilising- Physical Chemistry 2 CHEM -04 New Delhi.

7.0 Tutor-Marked Assignment
I.

2.
3.

Fill in the blanks in the following:
(i) The solubility of a solute
with increase in temperature when the
dissolution is accompanied bv absorpt1on of heat.
(ii) One molal solution contains a mole of a solute dissolved in
of the solvent.
(iii) In ail ideal solution. partial vapour pressure of a component of a solutionmole fraction X
.solution can be separated by fractional distillation
(iv) The constituents of
into pure components.
Explain why we cannot prepare absolute alcohol by fractional distillation.
lfO.I OOkg of an aqueous solution of potassium chloride contains 7.45 X JO·' kg of the solute. then
calculate the molality ofthe solution.
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1.0 Introduction
There is no doubt that some variations exist among the properties of different solution tvpes. In this
Unit. we shall examine solutions of solids in liquids and solutions of gases in liquids. All the phenomena
that characterized these solution types would be discussed in this Unit.

2.0 Objectives
By the end of this Unit. you shall be able to:
•
•
•

Define Solubilitv
Expr ss the composition of solutions
Explain the variations among the properties of solutions.

3.1 Solutions of Solids in Liquids
In solutions of solids in liquids. the liquid is refcned to as the solvent and. the solid which is dissolved
in it. as the solute. When a solid is added gradually to a given amount of a liquid (solvent) at the
constant temperature, a state is reached when some of the solid remains undissolved. Then the solution
is said to be a saturated solution. The mass of the solute that
can be dissolved in 0 l OOkg of a solvent to fonn a saturated
solution at a given temperature is called its solubility. The
solubility of a substance is the concentration of the substance
in a saturated solution at a specified temperature and can be
expressed as mol dm·' or g per lOOOg of solvent.
1

Assuming you are to determine the solubility of a solute in
mol dm 1 in which 11.2 g Mg(NO;J. were dissolved in 112 g of
distilled water at 298 K. Trv to make an attemot.
Solubility of a solid in a liquid vanes With temperature. The plot
of solubility against temperature IS called the solubility curve.
Some typical solubility cuncs arc shown m Fig 2.1.

"'

[: .....,,_.;, c;c

-

·-··-···-·-----··- ····- J

Fig 2.1. Soluhility curves of different solutes:
S standsfor sa/uhility and Tfor temperature
Exercise 1
Use Fig 2.1 to answer the following questions:
(a) Which of the substances is least soluble at the arbitrary highest temperature specified?
(b) Which of the NH,Br end KClO, is more soluble at the arbitrary lowest temperature?
(c) Which of the solute in a solution is the least affected bv temperature''

The solubilities ofmanv of the ionic substances in "atcr increase with temperature. The solubilitv of sodium
chloride increases to a very small extent with rise m temperature. The solubility of caicium acetate decreases
ll

with rise in temperature. In manv cases. when a solute is dissolved in a solvent. heat is absorbed. i.e. cooling
results. Then according to Lc Chatclier's principle. when the temperature of a saturated solution in contact
with the solute is raised. a change will take place such that there is absorption of heat. i.e. along the direction
in which cooling takes place. The solubility of the substance will. therefore. increase with rise in temperature.
The dissolution of some salts in water (e.g. calcium salts of organic acids) is accompanied by evolution of
heat. Evidently, the solubility of such salts decrease with rise in temperature.

3.2 Solutions of Gases in Liquids
Most of the gases dissolve in water or some other liquids to a greater or less extent. In a gas the
molecules arc far apart. After dissolution in a liquid solvent. the molecules of the gas are much closer. it
is JUSt like saying that before a gas dissolves in liquid. it must be condensed to g1ve a liquid. The
condensatiOn of a gas IS an cxothem1ic process. l11e enthalpy of condensatiOn is larger than the
enthalpy of solution. Thus the dissolution of a gas is an exothermic process (i c. heat is evolved). The
solubility of a gas in a liquid is measured in tcm1s of absorption coefficient or Bunsen coefficient. This
coefficient has been named after the scientist. Bunsen. who introduced it. It is denoted by ac. it is
defined as the volume of a gas at standard temperature and pressure (273. 15K and 1.013 x I()'< Pa)
dissolved by unit volume of the solvent at the temperature of the experiment and under a pressure of
1.013 x 105 Pa. The absorption coefficients of some gases are given in Table 2.1.
Table 2.1: Absorption Coefficients at 293 K
Solvent
Water
Ethanol
Benzene

Carbon (IV) Oxide
0.88
3.00

---

Hydrogen
0.018
0.081
0.060

Oxgyen
O.D28
0.142
0.165

Nitrogen
0.015
0.130
0.105

3.2.1 Factors affecting Solubility of Gases
The solubility of a gas in a liquid depends upon:
• Temperature
• Pressure. and
• Nature of the gas and the solvent.
We will consider each of these factors separately.

1. Effect of temperature
The dissolution of a gas in a liquid is an exothermic process. Hence,_ according to Le Chatelier 's
principle. the solubility of a gas in a liquid decreases with rise in temperature. This behaviour can
be seen when bubbles of dissolved air escape on heating water below 373 K.
2.

Effect of pressure- Henry's law
The solubility of solids in liquids is not so mucll affected by pressure, as the volume changes are not so
htgh, But the solubility of a gas in liquid varies considerably with pressure. In1803, the English Chemist.
Henry found that the solubility of a gas increases as the gas pressure is increased at a given temperature.
He proposed the generalization that is known as Henry's law. It may be stated as fullows:
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At constant temperature, the partial pressure of a gas over a solution is directly proportional
to the concentration of the gas in· the solution.
For example. doubling the pressure of oxygen, doubles the amount of oxygen that "ill dissolve in a
g1ven amount of the solvent
Mathematically. Henry's law is expressed as follows:
p = Kx

. . ., . ,,,3. I

Where pis the partial pressure of the gas over the solution and xis the solubility of the gas in terms of its mole
fraction in the solution: K is a constant. characteristic of the specific combination of the solvent and the gas.
It is called Henry's law constant. The partial pressure is expressed in tenns of Pascal (Pa).
From Eq. 3. I. the Henry's Law constant is g•ven as
' '' '''' ''''''' ... 3.2
K has the dimensions of pressure. K is not constant as expected from Eq. 3.2 because of non ideality of the
solution. Its value is obtained by plotting the rat1o pix vs x and extrapolating to x = 0. Such a graph is shm\n
in Fig2.2.

Pix

0

0
Fig Z.2: Et·a/ua/ion of Henry:, law consla171

Henry's law consta01t for some ga>es are given m Table 2.2:
Table 2.2: Henry's Law Constants at 298 K
Gas

K/10' Pa
In water

N2

7.12
8 68
4.40
5.80
017

o,
o,

co
co,

In benzene
0.37
0.24
-

0.16
0.01

I

120

It has been found that Henry's law is followed most closely by dilute solutions of gases that do not react with
the solvent. Thus the law is valid for the solubility of hydrogen chloride and ammonia in water. Hydrogen
chloride ionizes in water and ammonia enters into chemical combination with water.
H,O + HCI "'"===;;;:o H,Oe + CI
H,O + NH3 ----+ NH.,OH .!====;;;: NH; + OH

3, Nature of the gas and the solvent
Generally, gases. which react chemically with the solvent are more soluble in it than in other solvents. For
example, hydrogen chloride gas is more soluble in water than in benzene. Gases, which can be easily liquefied.
are more soluble in common solvents.
Example 2
The Henry's law constant for 0, is 4.40 x 10 9 Pa. Calculate the molarity of oxygen in water at 298 K. The
partial pressure of oxygen over the solution is 1.00 x 10' Pa. Assume that 1.00 dm 3 of the aqueous solution
weighs 1.00 kg.
Solution
K = 4.40 X 109 Pa
P= I.OOx 10' Pa
Mole fraction of oxygen,

of02 is negligible in comparison to the number of moles ofH,O.

then

Xo1 = no2

+

nlt:!u

Substituting the values in Eq. 3.1, we get
.1;

-3

n 0,= 1.26xiO.moldm
In other words. the solubility of oxygen in water at 298 K = 1.26
solution conta,ins 1.26 x I o·' mol of oxygen.
Exercise 2
Why can fish not live in warm water'>
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X

3

10- mol dm-

3

Smce

3

j

kg (or I dm ) of the

4.0

Conclusion
In this Unit. we have expressed a solution as a homogenous mixture of two or more substances. the
three phases at which solutions are fanned namelv solid. liquid and gaseous arc also discussed. Solutions
can be divided mto nme types depending upon the physical state of the solute and the solutiOn The
compositiOn of the solution can be measured Pressure has onlv a small effect on the solubility of solids
m liquids. The solubility of a gas varies \VIth pressure. All these two phenomena are also d1scussed m
th1s Unll

5.0

Summary
We can summarise what we have learnt as follows
• A phase is a homogeneous part of a system which is susceptible to change on certain conditions
• Different solutions ex1st but can be d1fferentiated mto solid solution. liquid solution and gaseous
solutiOns

•

The solubility of a gas in a liquid depends upon temperature. pressure and nature of the gas and the
solvent

6.0 References and Other Resources
Goldberg and Dillard. C. (I '174) C allege Chemistry 3rd Revised Edition New York Macmillan
Publishmg Co
IGNOU ( 1993) Solution and Phase Equilismg- Phvsical Chcmistrv 2 CHEM -04 New Delhi.

7.0 Tuto•·-Marked Assignment
I

The vapour pressures of pure liquids A and 8 at 300 K are 2.o x I o·• Pa and o x 10'
Pa.
respect1vclv. Calculate the mole fract10ns of A and 8 in vapour and hqu1d phases of a solutiOn
when the eqUilibrium total vapour pressure of the binary liquid solution 1s 4.5 x Ill' Pa at 300 K
Assume that the liquid and the vapour are ideal.

2. The solubilitv of carbon (IV) o,;ide in water at 29X K is 3.40 x I o-: mol dm-'. The partial pressure
ofCO,over the solution is 1.00 x 10' Pa. Assuming that one dm' of the solution contains UlO kg
of water calculate the Henrv"s law constant for carbon (IV) o,;ide.
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1.0 Introduction
In Module 4, Unit 2, we considered solutions of solids and gases in liquids. This Unit is devoted to
solution of liquids in liquids because you will be dealing mostly with this type of solution. And it is
important to understand their behaviours. In the liquid - liquid type of solution, we will consider onlv
binary liquid solution at this level of your programme. We will discuss the differences between ideal
and non-ideal solutions and explain which of these obey Raoult"s law

2.0

Objective
By the end of this Unit, you should be able to:
• Explain the concept of binary liquid solution
• State Raoult's Law
• Distinguish between ideal and non-ideal
• Discuss Raoult's Law curves.

3.1

Binary Liquid Solutions
You must bve heard of binary compounds. What arc they'' They arc compounds that are compose'd
of only two elements. These clements could be a metal and a non-metal and they can also be metals.
In the cascofbinarv liquid solution. make an attempt to explain what it means. Binary liquid solutions
arc liquid solutions composed of two liquids. When two liquids A and B arc mixed completely there are
three possibilities:
(i) Liquid A is completely miscible with liquid B in all proportions (e.g. 1\atcr and ethanol. toluene
and benzene, etc.).
(ii) Liquids A and Bare only partially miscible in each other (e.g. water and phenol).
(iii) Liquids A and B are completely immiscible with each other (e.g., water and palm oil).
We shall study completely miscible liquid systems in this Unit. The other two types will be taken
up for study in Unit 5.
Completely miscible liquids
When liquid A is completely miscible with liquid B in all proportions. A miscible liquid solution is
obtained. Let us consider examples of such liquids.
Assuming water and ethanol mixed to fonn a liquid solution, a water ethanol solution is formed.
Another example.is toluene and benzene. Now I want you to make a list of5 miscible liquid solutions.
Many more of this type of binary liquid solution can be obtained. In the next Unit. we will examine
other possibilities. Next is a discussmn on Raoult's law.

3.2

Raoult's Law
Consider a binary solution containing two liquids A and B which arc completely immiscible with each
other in all proportions. In such solutions. the terms. solute and solvent, can be interchanged for the
two components. lnl880, the French chemist, Raoult found that when a non volatile solute is dissolved
in a solvent (liquid), the vapour pressure of the solvent decreases. If the solute and the solvent are both
volatile the vapour pressures of both the components arc decreased. Based on these observations. he
gave the following generalization which is called Raoult's Law.
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The partial vapour pressure of any volatile component in a solution is equal to the product of the
vapour pressure of the pure component and its mole fraction in the solution.
If x and x are the mole fractions of the components A and B in the liquid solution and p"A and p""' the
' g to Raou It,s Iaw,
vapour preBssures of these components respecti.vely. then accor dm
p A = p"A X A

...............................................................,...., ..... 3.1

3.2
If the vapour behaves like an ideal gas. then according to Dalton's law of partial pressure. the total
vapour pressure. p. is given bY

3 .2.1 Ideal solutions
A solution that obeys Raoult's law at all concentrations and at all temperatures is called an ideal
solution. Two liquids A and B on mixing fonn an ideal solution. If
(i) The molecules of A and B have similar structure and polarity, and
(ii) The intennolecular attractions between A and A. Band B, and A an B are alike.
Thcnnodynamically. ideal solutions are those in which there is no volume change (6V,,,,. =0) and
enthalpy change (6H"'''"' = 0) when two liquids A and B are mixed. Thus the characteristics of an
ideal solution arc:
(i)

It must obey Raoulfs law
6H nliXIJ1!!. = 0
(iii) t.Vmtxm = 0
(ii)

Some examples of nearly ideal liquid mixtures arc
(i) Ethylene bromide and ethylene chloride
(ii) n-hexane and n-heptane
(iii) Benzene and toluene
(iv) n butyl chloride and n-butyl bromide
(v) Carbon tetrachloride and silicon tetrachloride.
3.2.2 Non Ideal Solutions
Many of the completely miscible liquid pairs form non-ideal solutions. TI1esc solutions do not obey
Raoult's law. They either show positive deviation (When the vapour pressure of the solution is higher
than that of an ideal solution of the same concentration) or negative deviation (When the vapour
pressure of the solution is lower than that of an ideal solutiOn of the same concentration) from Raoult's
law. In such solutions.
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When the components of a non-ideal solution are mixed, a considerable change in volume and enthalpy
is noticed. Thus the characteristics of non-ideal solutions are as follows:
(I)

They do not obey Raoulfs law

(II)

till""'""

< nn

"'v"'""' "' o

etc. 0

Examples of non-ideal solutions showing positive and negative deviations are given in Table 3.1.
Table 3.1. Liquid Pairs Showing Deviation from Raoult's Law
Positive deviation

Negative deviation

H,O + C,H,OH

H,O + HC1

CH,COCH, + C,H,OH

H,O + HNO,

C,H, OH + C,H,

H,O + H2 SO,

CH,COCH, + CS,

CH,COCH, + CHCI,

Let us work out an example illustrating the application of Raoult's law.
Example 3
Two liquids A and B form an ideal solution at 300 K. The vapour pressure of a solution containing 1.0 mol
of A and 2.0 mol ofB at 300 K is 2.0 x 10'Pa. When one more mole ofB is added to the solution, the
vapour pressure of the solution is 2. I X I0' Pa. Calculate the vapour pressures of A and B in the pure
state.
Soll'tion
Act.Jrding to Eq. 10.11. total vapour pressure of the solution is given by,
p -p

0
X
A.\

+ p''BB
X

Substituting the values, we get

2 • 0 x I 0' Pa = p'' A
or 2.0

X

10' Pa = p 0)3.0 + 2.0 p'' 8/3.0

or p",+ 2.0 p 08 = 6.0 X 10' Pa ..
Also 2.1

X

10' Pa

or p"A + 3.0 p08

(l)

= p''A
=

8.4 x 105 Pa

(2)

From (I) and (2).

P"8 = 2.4 X 10'

P\

= 1.2 X

10' Pa

Exercise 1
0 I 00 mol of acetone and 0. I 00 mol of chloroform arc mixed at 308 K. At this temperature. the total
vapour pressure of the solution is 3.4 7 x I 04 Pa. The vapour pressures of pure acetone and pure
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chloroform at 308 K are 4.60 x 104 Pa and 3.92 x 10' Pa, respectively. VerifY whether this solution is
ideal or not.

3.3 Ideal Solutions of Volatile Solutes
Now let us consider a situation in which the two constituents of an ideal solution are both volatile. For
such a composition, the vapour pressure of each constituent will be lowered in accordance with
Raoult's law. For two liquids A and B. at a given temperature.
PA=
N.po,

p 8=

N8 p"8

The vapour pressure of the solution will then be the sum ofthe vapour pressures of the two constituents.
Thus.
solution= P• + P8
0
Np
+Np"
A A
B J3

3.4 Raoult's Law Curves
According to Raoult 's law, the partial vapour pressure of each component A and B of an ideal solution
is given by Eqs. 3.1 and 3.2. The partial vapour pressure of each component can be plotted against its mole
fraction in the liquid phase. Such vapour pressure curves fur an ideal solution are sho"'n m Fig. 3.I.
Completely miscible liquid pairs may be ideal or non-ideal. Ideal solutions obey Raoulfs law. Non-ideal
solutions either show positive or negative deviation from Raoulfs law. Ideal solution can be separated
into two fractions by fractional distillation - one. a pure component and, another, a constant boiling
azeotropic mixture.

--' ---'

//:N

'

.............
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'I

Q

L

'-.._

T

Fig. 3.1: Vapour pressure curves for ideal solution
Curve 1: Total vapour pressure of solution
Curve 2: Partial vapour pressure of A, PA ,.oX
I' A A
Curve 3: Partial vapour pressure of B, P 8 =p"aXa
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The dotted line shows the variation of vapour pressures of the components A and B with mole fraction
in the liquid phase. Thus, curve QR (III) indicates the variation of partial vapour pressure ofB with its
mole fraction in the liquid solution and curve ST (II) indicates the variation of partial vapour pressure
of A with its mole fraction in the liquid solution. The points, Sand R, represent the vapour pressures(P0 A
and po8) of the pure components A and B respectively. The variation of total vapour pressure with
respect to the mole fraction of B in the liquid solution is given by the curve SR (1).
From Fig. 3. I. it can be seen that the vapour pressure of an ideal solution of composition L is given by
the suln of the partial vapour pressure of A and the partial vapour pressure ofB (or OL = ML + NL)
Vapour Pressure curves of solutions showing positive deviation
If the molecular interactions between A and Bare weaker than the A-A or B-B molecular interactions.
then the escaping tendency of the molecules of A and B from the solution becomes more than that
from the pure liquids. As a result. the vapour pressure of the solution will be greater than that of an
ideal solution of the same composition. Such solutions are said to show the positive deviation from
Raoult's law. Mathematically.
PA >pi)AXA

Po >p''Ifs
and P > puAxA + Pu,Xs
In Fig 3.2 the dotted lines are theoretical curves showing the ideal behaviours, the solid lines are curves
drav.n as per experimental values and show positive deviation from behaviour. When ethanol and
cyclohexane are mixed. the curves shown in Fig. 3.2 are obtained.
In ethanol. there is a strong intermolecular hydrogen bonding. When cyclohexane is added to it,the cyclohexane
mole ules get in between the ethanol molecules thereby decreasing the intermolecular interactions. During
the ;ormation of such a solution, heat is observed and there is a slight increase in volume.

P"k: ·===----,

---

x,

Fig. 3.:Z: Curves showing positive deviatwn from Raoult :,· law
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Vapour pressure curves of solutions showing negative deviation
..
If the intermolecular forces between A and B are stronger than those of A-A and B-B. the solutiOn
formed by mixing A and B shows negative deviation from Raoult's law Due to stronger A-B interactions.
the escaping tendency of A and B from the solution becomes less than that from the pure liquids. The
vapour pressure of such a solution will be less than an ideal solution of the same composition. This
behaviour is shown in Fig. 3.4.

Q

X,
X4

=1

x,=O

Fig. 3.4: Curves showing negative deviation from Raoul! s law
The dotted lines are the theoretical curves representing the ideal behaviour, whereas the solid lines art
the curves drawn as per experimental values and show negative deviation from ideal behaviour. When
acetone and chloroform are mixed. they form hydrogen bonds with each other. As a result the
intermolecular attractions between acetone and chloroform become stronger. The tendency of the
molecules to escape from the solution thus decrease.The vapour pressure therefore decreases. During
the formation of such solutions. heat is evolved and there is a slight decrease in volume.

4.0

Conclusion
We have learnt in this Unit about the solutions and their various properties. A solution is a homogenous
mixture of two or more substances. Solutions can be formed in all the three phases, namely, solid,
liquid and gaseous. Solutions can be divided into nine types depending upon the physical state of the
solute and the solvent. A solution which cannot dissolve more amount of a solute at a particular
temperature, is said to be saturated.

5.0 Summary
Specifically what you have learnt can be summarized as follows:
•

•
•

An ideal binary solution is one which can be formed from two constituents with no evolution or
absorption of heat and whose volume is the sum of the volumes of each of the constituents.
Raoulfs law states that the partial vapour pressure of any volatile component in a solution is equal
to the product of the vapour pressure of the pure constituent and its mole fraction in the solution.
Ideal solutions obey Raoult's law while non-ideal solutions do not obey.
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6.0

Tutoh-Marked Assignment
l. State whether the following statements are true or false:
(i) Raoulfs law for ideal solutions is applicable both to the liquid and the vapour phase
compositions.
(ii) The solubilities of all substances. i.e. solids. liquids and gases. in liquids increase with rise in
temperature.
2. Which of the following liquid pairs can be completely separated into its pure components''
(I)
E thana I
water
(II) Ethylene chloride
etln-lenc bromide
(III) Nitric acid
water
(IV) Acetone
carbon disulphide
(V) Carbon tetrachloride
water
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1.0 Introduction
In Module 4. unit 2. we considered solutions of solids and gases in liquids. In Module 4. Unit 3 we
learnt about completely miscible liquids and we discussed Raoult's law.-ThisUnit will be devoted to
completely miscible liquids as well but we will be concentrating on vapour pressure variation 'l'ld
boiling pomts diagrams. We will emphatically examine ideal solutiOn of different compos1ti6n.

2.0 Objectives
By the end of this Unit. you should be able to
• Describe the effect of composition on the vapour pressure of the completely miscible liquid
system.
• Explain the effect of composition on the boiling points of solutions.
• Recogmse the variations in boiling points of solutions.

3.1 Vapour Pressure Variation with Liquid and Vapour Composition
Consider a solution containing one mole of benzene and one mole of toluene so that the mole fraction
of each component in the solution is 0.5. The vapour pressures of pure benzene and toluene at 29M K
are 1.2) x 10' Pa and 3.70 x 10' Pa. respectively. According to Raoult's law·

p

C6 H 6

=

p···

.xc H

= (125 X 104 Pa) X 05 = 6.25 X JO'Pa

(, (,

X

c
(3 70 x I O' Pa) x 0 5
1.85 X 103 Pa
CHs"

=
roral

H
(, 6

pc - ll8

p

poe

(6.25x IO'Pa) +(I X5x IO'Pa) =X Ill X IO'Pa

Mole fraction of benzene in the vapour phase
6.25 X 10' Pa
X 10 x 103 Pa

= II

7?

Mole fraction of toluene m vapour phase
1.85 x 10' pa
= 0.23
8.10xiO'Pa
It is quite interesting to compare the mole fractions of benzene in the vapour and liquid phase solutions.
From the calculations above. the mole fraction ofbcnzene (0.77) in the vapour phase 1s more than that
in the liquid phase (0.5). Again. the mole fraction of toluene in the vapour phase (0.23) is less than that
in the liquid phase (0.5). Beanng in mind that benzene is more volatile than toluene. \\e can arrive at
the following generalization which is one of the forms of Konowaloff's rule: The mole fraction of a
more volatile component in an ideal solutiOn IS more in the vapour phase than m the liquid phase

For the purpose of comparing the compos1t1ons of the solutiOns in the liquid and the vapour phases at
a g1ven total pressure. it IS worth drawmg curves of the t)·pes I and II sho\\n m Fig.41. Curve I sho\\·s
the vanation of total vapour pressure with respect to the mole fraction in the liquid phase. S'mtlarly.
curve II shows the variatiOn of the total vapour pressure with respect to the mole fracuo, n the
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vapour phase. The line MN is called a tie line and it gives us the compositiOn of tho solutiOn in the
liquid and vapour phases m equilibrum at a particular total vapour pressure.
Note that the vapour phase curve II lies below the liquid phase curve I. This is due to the fact that the
vapour phase is richer in the more volatile component than the liquid phase and this has been c'<plaincd
in the beginning of this section.

,, 1------'

-

------j..

x.=l
..t 0 :(1

Fig. 4.1: Ltqutd and vapour compos //Ion curves for an tdeal solution
The curves I and II of Fig. 4.1 are obtained in the case of solutions obeying Raoulfs law. In the case
of solutions showing positive deviation from Raoulfs law. the liquid and vapour composition curves arc
of the type shown in Fig. 4.2. Note that there is a ma'<imum point M. where both the liquid and vapour
phases have the same composition.
In the case of a solution showing negative deviation from Raoul·!slaw. tl1e liquid and vapour composition
curves are of the type shown in Fig.4.3. Note that tho curves meet at the minimum point M where both
the liquid and vapour phases have the same composition.

x, =I

x, =()

'·

x,

=.

x,=l

x"= I

x,

x,. =0

Fig. 4.2

x,, =0
x" =I

Fig. 4.3

So far we studied the effect of composition on the vapour pressure of the completely miscible liquid
system. In the next section. we will study the effect of composition on the bo•hng pomts of soluuons
Such studies are helpful in understanding some of the aspects of separation of components from a
binary liquid mixture. In particular. we will study the principles offractional distillation and azeotropic
distillation.
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Exercise l
In a binary solution obeymg Raoult's law. can the liquid and the vapour phases have the same
composition?

3.2 Boiling Point Diagrams
Let us consider a binary mixture consisting of two liqUids A and B which are completely 1111SC1blc wlth
each other. On heatmg under constant pressure. say. under atmosphenc pressure. it wdl start boiling
when the total pressure becomes equal to the atmosphenc pressure. If P represents the atmosphenc
pressure. then the condition for boiling is

Where P A and P 8 are the partial pressures ofthe two components A and B. Since different composihons
of a solution have differerent vapour pressures. the various solutions will not reach a total vapour
pressure equal to the atmospheric pressure at the same temperature. Hence. the solut10ns of different
compositions will boil at different temperatures. In generaL solutions of!ow vapour pressure will boil at
temperatures higher than those of solutions for wh1ch the 1·apour pressures are high. It is because
solutions of high vapour pressure can have the total pressure equal to the atmospheric pressure <1t
relatively lower temperatures as compared to solutions for which vapour pressures arc lo". Hence. 1t
is possible to draw temperature-composition diagrams. Which 1Yill correspond to the three general
types of vapour pressure-composition diagrams. First we shall study boiling point-composition CUJTCS
of an 1deal solution.
Type 1: Distillation of an ideal solution
Let us consider a binary mixture of liquids A and B obeying Raoult's law

x,=
x"=O

x,

x, =I

x.=O

x,

x,= U

x

=l

Fig. 4.4: (a) Uqwd and vapour compo.\'ltlon plotted agamst vapour pressure at constant temperature
for an 1dea/ solution. (b) hqzud and vapour composition plotted agamst temperature at
constant pressure for an 1deal solution
Let the vapour pressure of pure A be higher than that of pure B (Fig. 4.4a).
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Consequently at constant pressure. the boiling point of A(T) will be lower than that ofB (T R). We can
get an idea about the relative composition of the vapour phase over a solution using Konowaloff·s rule
Although you have studied one of the forms of this rule in the last section. this rule can also be stated
as folllows:
In the distillation of a binao-y liquid mixture. vapours coming out will be 1·icher in that
component whose addition to the liquid mixture causes an increase in vapour JH·essure.
In other words. as co111parcd to the liquid mi>:turc. the vapour is richer in the more volatile component In
the hqurd m1"turc that we have takC!l. A IS more volat1lc than B. Hence. the vapour cm11posttton at an\
temperature must he closer to A !han the corresponding liquid composrt1on. In other 110rds. in tht:
composition against temperature plot. the vapour composition curve must lie abO\ c the hquid composition
curve as shown in Fig. 4.4b. Note the difference in the relative positions of the liquiJ and vapour
curves bet\\ccn Fig 4.4 a and b.
Using Fig 4.5 \\"e can understand the various stages in the separation of..the components of an ideal
soiunon

•

-I

I

--·

I

:a'

,.

x.

"

h

x, = fl
x., =I

x,=l

x.=U

Fig. 4.5: Separation of the components jiwn an 1deal solutwn at constam pressure
Let us start with a solution of A and B having liquid composition. a. If this solution is heated. it boils at a
tcmpcrature,T., when its vapour pressure is equal to the atmospheric pressure. At T,let the composition of the liquid and the vapour be a and a·. respectively. Since A is more volatile than B. vapours of
composition of a' will be richer in A than liquid of composition a. Assume that these vapours coming
out of the liquid are collected and condensed to obtain the liquid. The liquid so obtained by cooling the
vapours of composition a' also will have the same composition. As the vapours of composition a·
(which are richer in A than the liquid of composition a) are removed. the composition of the residual
hquid changes to b: note that the liquid of composition b is richer in B than the liquid of composition a
The boiling pomt of this residual liquid (T',) is higher than T,. At this temperature. vapours commg out
of the boihng tube have composition b·. Agam the vapours of composition b' are richer in A than the
liquid of composition b.The vapours on condensation give liquid of composition b'. On the removal of
vapours. the boiling point rises and the residual liquid becomes richer in B. So. if this process is
continued. the boiling point of the residual solution will rise from initial boihng point T, towards the
boiling point of pure B, T8 . At the same time. the residue will become richer in Band if the process is
repeated continuously, a final residue of pure B can be obtained.
Let us now consider the liquid a' obtained by cooling the vapours coming out at T,. If this liquid is
heated, it boils at T" and the vapou rs coming out will have the composition a'. which on condensation
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g1ve the liquid of same composition It is obvious from Fig4.5 that liquid of composition a·· is richer in
A than that of composition a·. If the process of distillation and condensatiOn 1s continued, we can
obtain vapours of pure A So. we can separate mixtures of type I mto a residue of the less volatlk
component (B) and a distillate of more volatile component (A). The separation IS practically more
efficient using fractional distillation.
Fractional Distillation and Theoretical Plafes
The several stages described for the separation of ideal solution into its pure components can be
carried out in the continuous process n·h1ch 1s called fractional distillation. In fractional distillation. the
process of successive vaponzat10n and condensation is carried out in a fractionating column Let us
understand it bv tak1ng benzene and toluene liquid m1xture. having the composition (Fig. 4 6).

c

X 11

=I

x,

Fig. 4.6:

X

11

x,

x, =0

L1qwd and vapour composi/Jons of benzene and toluene: x 11 and
fi·actJOns o( benzene and toluene

::

0

=

1

.\f

refer to mole

The vapours in equilibrium arc richer m the more volatile component. benzene, and will hme the composition b. This vapour may be condensed by lowering the temperature along the line be. If a small fraction
of this condensate is vaporized. the vapours fanned will have composition d. Fmally. by repetition of
vaporization and condensation. a vapour fraction rich in benzene can be obtained Here. each vaporization and condensation represented by the path abcde corresponds to an idealized process m which only a
small fraction of the condensate is revaporizcd. Practically. the fractionating column shown 111 Fig..J. 7 1s
more efficient.
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x.= I
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Fig 4.7: Fractwnatmg column

u

x,

x. = 0
x, =I

Fig. 4.8: Fractwmzatwn of the components: X8 and Xr
stand for mole fracllons o( benzene and toluene

Each layer of the liquid on the plates of the column is equivalent to the boiling liquid in a distillaltion
flask. and the liquid on the plate next above it is equivalent to the liquid condensed from the vapours
The vapour passes upwards through bubble caps. where it is partially condensed from the vapours
The vapour passes upwards through bubble caps. where it is partially condensed into the liquid and
mixed with it. Part of the resulting solution is vapourized in the process and is condensed in the next
higher layer. while part of the liquid overflows and runs down the tube to the next lower plate.
The efficiency of a column is expressed in terms of the equivalent number of theoretical plates. The
number of theoretical plates in a column IS equal to the number of successive infinitesimal vaporizations
reqmrcd to give the separation to the desired extent. The number of theoretical plates in a column is
equal to the number of successive infinitesimal vaporizations required to give the seperation to the
desired extent. The number oftheorctical plates in a distillation column, under actual operation. may be
obtained bv using Fig. 4.8 This can be done by counting the number of equilibrum vaporization required to achieve the separatiOn of the components to the required extent. Suppose that m d1stilhng a
solution of benzene and toluene of composil!on a with a certain distillation column. it is found that
distillate of composition h is obtained (Fig. 4.8). Such a distillation is equivalent to three simple
vaponzat1ons and condensatiOns as indicated by steps abc. cdc and efh. Since the distilling pot itself
corresponds to one theoretical plate. the column has two theoretical plates.
Type II: Distillation of a Solution Exhibiting Positive Deviation
Let us now take up the separation of a mixture of liquids showing positive deviation from Raoult's Ia\\
fig. 4.9 represents the boiling point-composition diagram of such systems. Note that this system has a
minimum point C where the liquid and vapour phases have the same composition.
Let us consider the distillation of a solution of composition. a, which is between X and C. The vapours
coming off will have the composition p and will be richer in B than the liquid. a. Because of this. the
composition of the residue will shift towards A. Hence. the residue will have to boil at a higher
temperature than the original solution. a. If the distillaltion is continued (through the steps pqr. qrs, etc.).
vapours of composition C will eventually be obtained. Such vapours when condensed and redistilled
will again yield the vapours of composition C i.e., vapours will have the same compositiOn as that of
the liquid solution. Hence. no further separation is possible by distillation. Because of this. the liquid of
composition Cis called the constant boiling mixture.
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X, =0
X,= I

Fig. 4.9:

Boiling point-composl/um dwwam o( a liquid nux lure showml' posJ/IVe devwtwn

Thus a mixture having a composition between X and C can be separated by fractiOnal distillation only
in a residue of pure A and a final distillate of composition. C. but pure B cannot be recovered
On the other hand. if a solution of composition m. which is between C and Y 1s distilled then the
vapours of composition n which are coming out will be richer inA than the origmal solution. Hence. on
repeated distillation. the residue will tend towards pure B. while the distillatcc will tend towards C
Such solutions on complete distillation "ill yield. pure B m the vapour fonn. That is. repeated distillations
and condensations of liquid a. leads to a liquid residue of composition D and ,·apours of pure B
A mixture of composition m between D and X will yield on distillation a vapour of composition n richer
in A than the solution. Here again. the residue will shift towards D. By redistillation of the condensate.
the vapours will tend towards pure A. Finally. we will have a residue of composition D and a distillate
of pure A.
In general. we can separate a liquid mixture showing negative deviation into a residue of composition
D. the constant maximum boiling mixture. and a distillate of either pure A or pure B depending on
whether the starting composition is between X and D or DandY But D cannot be separated further
by distillation.
The constant boiling mixtures having composition C in type II solutions (Fig. 4.1 O)and composition D
in type Ill solutions (Fig. 4.11) are called azeotropes (i.e.. liquids boiling unchanged). The\' resemble
pure compounds in their boiling behaviour. However. changes in pressure produce changes in the
composition as well as the boiling pmnt of the azeotropcs (See Table 4.1). The azeotropes are not
chemical compounds but arc rather mixtures resulting from the interplay ofinter.molccular forces in
solution. Table 4.2 lists some azeotropic mixtures along w1th their point of a liqmd.

Table 4.1: Presure Dependence of H,O-HCI Azeotropes
Pressure/l05Pa

% HCI

B.P./K

0.658
0.921
1.00
1050

20.92
20.36
20.22
20.16

370.7
379.5
3817
383.1
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Table 4.2: Azeotropes with Minimum Boiling Points (at 10' Pa)
Component I

I!,f, !If I

Component II

K

B,f, !![II
K

A aa!irsu:u:
Mass

/o of I

0

B.P./K

H,O

373.1

C,H,OH

351.4

4.50

351.3

H,O

373.1

CH,COC,H,

352.7

11.30

346.5

CCI,

349.9

CH,OH

337.8

9.44

328.8

CS,

319.4

CH,COCH3

329.6

67.00

312.4

CHCI,

334.3

CH,OH

337.8

87.40

326.5

Exercise 2
Can azeotropes be separated into pure components by fractional distillation? Explain.

Exercise 3
How many theoretical plates are there as per Fig. 4.9?

4.0 Conclusion
We have learnt in this Unit more about the completely miscible liquids and their various properties. The
effect of composition on the vapour pressure and boiling points has been discussed. The processes
involved in fractional distillation were also stated.

5.0 Summary
Specifically what you have learnt can be summarized as follows:
• The vapour phase is richer in the volatile component of an ideal solution than the liquid phase.
• Ideal solutions obey Raoult's law while non-ideal solutions do not obey.
o Fractional distillation involves the process of successive·vaporization and condensation.

6.0 Tutor-Marked Assignment
I. State whether the following statements are true or false.
(i) Azeotropes are compounds and not mixtures
(ii) Molality is the number of moles of solute present in one k1logram of the solvent.
2. State Konowaloff's rule.
3. An azeotropic mixture of hydrochloric acid and water contains 20.2% hydrochloric acid. Calculate
its molality
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1.0 Introduction
In Module 4. Unit 3. we have discussed the completely miscible liquid systems. In this Unit, we shall
study the partially miscible and completely immiscible liquid systems. We shall explain Nemstdistribution
law and use it in calculating the amount of the substances left unextracted after a given number of
extraction. This wi II help us in understanding the principle of extraction by the solvents. In the next
Unit, you shall study some of the aspects of dilute solutions.

2.0 Objectives
By the end of this Unit, you should be able to:
• Describe the effect oftemperature on the miscibility of partially miscible liquid pairs.
• Deline consolute temperature.
• Describe the effect of impurites on the consolute temperature.
• Explam the principle of steam distillation.
• Deline distribution law.

3.1

Partially Miscible Liquid Systems
Some liquid pairs do not give homogeneous solutions at all compositions. Such liquid pairs are said to
be partially miscible liquids. However. due to increased solubility with increase or decrease in
temperature, these may become completely miscible. We can explain such a system of liquids phenol
and water. When a very small amount of phenol is added to water at room temperature. it dissolves
completely to give a single phase. However. when the addition of phenol is continued. a point is
reached when phenol does not dissolve anymore. At this point, two phases, i.e., two liquid layers are
formed-one consisting of water saturated with phenol and the other containing phenol saturated with
water. Further addition of phenol causes water to shift from water-rich layer to phenol-rich layer. If
addition of phenol is continued. a point is reached when phenol acts as a solvent for all the water
present and the two phases merge with each other to form a single phase, i.e., solution of water in
phenol. Thus, on shaking equal volumes of phenol and water. two layers are formed- one of phenol in
water and the other of water in phenol.
It has been experimentally found that at constant temperature. the composition of the two layers,
although different trom each other, remains constant as long as the two phases are present. Such
solutions of different compositions co-existing with each other are termed as conjugate solutions. The
addition of small amounts of phenol or water changes the volume of the two layers and not theu
compositions. As the temperature is increased, the behaviour remains the same except that the mutual
solubility of the two phases increases. When the temperature reaches 338.8 K. the composition oft he
two layers becomes identical and thereafter the two liquids are completely miscible: i.e.. at and above
338.8 K, phenol and water dissolve in each other in all proportions and yield only a single liquid layer on
mixing. The variation of mutual solubility of water and phenol with temperature is shown in Fig. 5.1.
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Fig. 5.1: Phenol-wmer system: c,,,, stand1· for composition of phenol and c, for compositon of ll'atcr
At a particular temperature. say 325 K, point A represents the composition of water-rich layer and point
A,. represents the composition of phenol-rich layer in equilibrium with A. Between these compositions.
all mixtures will yield two layers of compositions 1\ and A,. Outside these compositions. the two liquids
are soluble mutually at 325 K. Similar behaviour is seen at other temperatures below 338.8 K. We can
conclude that the dome-shaped area represents the range of existence of two liquid phases and the area
outside the dome represents a single liquid phase. The temperature corresponding to the point B, i.e.. the
temperature at which the sol ubi lily becomes complete is called the critical solution temperature or the
consolute terro pemture.Since the mutual solubility of phenol and water increases with rise in temperature.
the critical solution temperature (CST) lies well above the room temperature. Hence, such liquid systems
are said to possess an upper critical solution temperature or upper consolute temperature. Thus, the
critical solution temperature. for phenol-water systc"' is 338.8 K. At and above 338 8 K. phenol and
water are completely miscible with each other in all proportions. At this temperature. the composition of
the solution is 36.1% phenol and 63.9% water. At any point C. the relative weights of the two separate
layers is given by the relationship,
Mass of the first layer

A, C

Mass of the second layer

AC

291.5
,-,,\ = (Jf/(
c"::::

JOWX

cl,\

c.=

.;:

loo(;;

()<)!

Fig, 5.2: Triethylamine-water ystem: c,_, Stands jiH· the composition of triethylamine
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There are some liquid pairs (e.g.• triethylamine-water) for which mutual solubilities decrease with rise
in temperature. As the temperature is decreased. the mutual solubilities increase and below the consolute
temperature, the two liquids become miscible in all proportions. Such systems possess lower consolute
temperatures. The variation of mutual solubility of triethylamine and water with temperature is shown
in Fig. 5.2. Above 291.5 K. on shaking triethylamine and water. two layers are formed: but below
291.5 K. triethylamine and water are completely miscible with each other in all proportions.
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Fig. 5.3: Nicotine - Water Systems: Cv, stands for the composition of nicotine
Some liquid pairs. e.g.. nicotine and water. show both the upper and lower consolute temperatures.
These liquid pairs are completely miscible above a certain temperature (upper consolute temperature)
and below a certain temperature (lower consolute temperature). The variation of mutual solubilities of
nicotine and water with temperature is shown in Fig. 5.3. Within the enclosed area. the liquids are only
partially miscible while outside the enclosed area, they a1·e completely miscible. The composition
corresponding to both the upper and the lower consolute temperatures is the same. i.e.. 34% nicotine.
Table 5.1 lists the consolute temperatures of some liquid pairs. The two components are denoted as A
and B.

Table 5.1: Consolute Temperatures of Some Liquid Pairs
Components
A Water
Aniline
Methanol
Water
Water
Water
Glycerol

3.2

B
Phenol
Hexane
Carbon disulphide
Diethylamine
Triethylamine
Nicotine
m-Toluidine

Consolute Temperature
Lower
Upper
338.8
333.6
323.5
316
291.5
334
483
393
280

Effect of Impurities on CST Values
The presence of an impurity, dissolved in one or both of the phases. changes the CST values as well as
the liquid phase composition at CST. Substances soluble in only one oftlie liquids raise the upper CST
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and lower the lower CST For example. one percent solution of sodium chloride raises the upper CST
of phenol-water system by 12". About 0.12 molar solution of naphthalene (insoluble in water) in phenol
raises the upper CST of phenol-water system by 30". Substances soluble in both liquids te1od to lower the
upper CST and raise the lower CST. For example. sodium oleate is soluble in both water and phenol.
Addition of I% solution of sodium Oleate to phenol-water system lowers the CST value by 45".
As seen above. the presence of small amounts of impurities produces a very large change in the CSI
values. The change in CST values is usually a I in ear function of concentration of impurities. Traces of
water present in alcohol are estimated by measuring their CST \alues with cyclohexane.
As mentioned above. a very small amount of sodium oleate lowers the CST value of P"'"ol-water
system considerably. Thus, by making phenol completely miscible with water (by adding: appropriate
amounts of sodium oleate), lysol-like disinfectants are made.

Exercise l
Give one example each tor liquid pairs with,
(a) Lower critical solution temperature
lb) Upper critical solution temperature
(C) Both upper and lower critical solution temperatures.

Exercise 2
What is the effect of adding 0.1 molar KC/ on the CST of phenol-water system''

Exercise 3
Whn would happen when potassium carbonate is added tc a solution of water and alcohol?

3.3

Immiscible Liquid Pairs
In Section 3.1. we studied the partially miscible liquid pairs. 111 this section. we shall discuss the
characteristics of the completely immiscibie liquid pairs. We should. however, understand that there is
always some solubility of a substance into the other. But tl11s is so low that we can call it insoluble or
completely immiscible.
According to Raoult's law. the 'apour pressure of a liquid is lllwered on the addition of another liquid.
if the latter is soluble in the tormer. Otherwise. the vapour pressure of each component remains
unatfected and each liquid exerts its own vapour pressure independent of the other. Thus, when two
completely immiscible liquids A and Bare mixed. the total vapour pressure (p) above the mixture wi II
hL the swn of the vapour pressures of the purL: liqu1ds at that temperature. 1.e..

.......... . . ··········· (3.2)
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Where p0 A and p08 are respectively. the vapour pressures of pure A and B. It is known that a system
starts boiling when its total vapour pressure becomes equal to the atmospheric pressure. The mixture
of immiscible liquids A and B will thus sta11 boiling at a : mpcrature (T) at which.

p" A + p08 = atmospheric pressure.

..........(3.3)

This temperature will be lower than the normal boiling point of A or B. The mixed vapours thus
obtained and condensed will have a composition dependent on the partial pressures of A and 13 at
temperature T. Since the number of moles of each component present in the vapour phase is proportional
to its vapour pressure. the mole ratio of A to 8 ( n Jn 1J) in the condensate is given by
n in

B

= ..,
y

lp.

A

0

......... (3.4)

B

If W, and W 8 are the masses of A and B in the condensate, and M, and M 8 their respective molar
masses. then

WJM,

pn ;po
.'\

W"/M"
Or

........ (3 .5)

B

......... (3

6)

The fact. that a system of immiscible liquids starts boiling at temperatures less than the normal hoi ling
points of both the liquids. is made use of in steam distillation. The steam distillation is a process of
purifying organic liquids which have high boiling points and are immiscible with water. For purificatinn
by steam distillation. an impure compound
!i)
Must be immiscible in water
(ii)
Should not decompose at the temperature of steam
(iii) Should have a fairly high vapour pressure at 373 K
(iv) Should have non-volatile impurities.
For example. chlorobenzenc has a boiling point of 405 K. A mixture of water and chlorobenzcne disti Is
at a constant temperature of 363.3 K. when the external pn:ssurc is 9.8 x iO-' Pa. by passing steam

through it. Let us explain the procedure f(lr purifying an organic liquid using steam distillation. The
apparatus used for steam distillation is as shown in Fig. 5.4.

B

I>

The impure organic compound is taken inround-bottomed 1lask (A) and a small quantity of water is
added. The flask must be kept in a slanting position to prevent the impure liquid from splashing up into
the condenser. The flask A is then heated gently on a sand bath. Now steam from 1lask B is bubbled
through the contents in the water condenser C. The condensate thus obtained in the tlask F is a
mixture of water and the organic compound. This mixture can be separated by means ofn separating
funnel.
Let us illustrate the application ofEq. 3.6.

Example 1
A mixture of water and an organic liquid A. which is immiscible with water. distils at 36K K when the
external pressure is 1.00 x 10' Pa. The vapour pressure of water at 368 K is 8.35 x 10' Pa. Calculate
the relative molecular mass of A if the distillate contains 40% by weight of water.

Solution
Let us represent the vapour pressures of pure water and the organic liquid A at 368 K as I'",,, and P"
respectively. At a total pressure of 1.00 x 10 5 Pa, the liquid mixture boi Is, i.e.,
p0 110 + p0, 1.00 X 105 Pa

1

At the distillation temperature, p0 11.o8.35 x I 0' Pa
Hence P", (1.00 x 10 5 Pa- 8.35 x 10' Pal1.65 x 10' Pa
Using equation 3.6,

p ofU>X M JU>
\V ;\

1 0,1 x M"

But water is 40% by weight; hence we can write
X 0018 kg mol·'
40 8.35 x 10' Pa
60
1.65 x I 0' Pa
M •\
orM, 8.35 x 10' Pa x0018 k"mol·'x60
" 1.65 X I 0' Pa
"'
40
o.l37 kg mol·'
The relative molecular mass of A137.

Exercise 4
Why does a mixture of two immiscible liquids boil at a temperature which is lower than the boiling of
any of the pure liquids?

3.4

Concept of Distribution Law
In this section. we shall discuss the effect of the addition of a solute to pair of immiscible liquids. Water
and carbon tetrachloride, for example are practically immiscible with each other but iodine dissolves
both in water and carbon tetrachloride. When iodine is added to a mixture of water and carbon
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tetrochloride at a certain temperature, iodine distributes itself between the two immiscible layerswater and carbon tetrachloride. Let the concentration of iodine in water and carbon tetrachloride be c,
and c,. respectively, at a particular temperature. Then we have.

2._=K ······················································································· (3.7)
c"
where K is a constant temperature.
If more of iodine is added to this system. it again distributes itself between the two layers. Now the
concentration of iodine in both the layers will be more than that in the previous case. Let the
concentrations be c',fc' 11 is again equal to the constant, K, i.e.,

c'lc'" = K .................................................................................... (3.8)
It is evidentthat, in each case, 1 1 distributes itself between the two immiscible layers in such a way that
the ratio of its concentration in the two layers is a constant at a certain temperature. It was pointed out
byNernst that the ratio, c',/c'tr is constant only when the solute exists in the same molecular form. i.e.
the relative molecular mass of the solute is the same in the two layers. The Nerst distribution law may
be stated as follows:
At a fixed temperature. a substance X distributes itself between the two immiscible solvents A and B
in equilibrium with each other in such a way that the ratio of the concentrations of X in the two
solvents is constant. provided that the solute X is in the same molecular state in both the solvents.
Mathematically,
K = Concentration of X in solvent A
Concentration of X in solvent B

........ (3.9)

The constant K is called the distrihutio11 or partition cocflicienl of the solute between the two
solvents. You can see from the data given in Table 5.2 that the value of K is fairly constant in dilute
solutions. As the concentration increases, there is a deviation.

Table 5.2: Distribution of I, Between H,O and CCI,
IO"x [H,O]
Mol dm 3

10' X [CCI]
Mol dm-1

I

K = [H,O]
CCI,

3.22

2.745

1.17 x I O·'

5.03

4.29

1.17X IO·'

7.63

6.54

1.17x IO·'

11.5

10.1

1.14 X 10·2

13.4

11.96

1.12 X JO·O

147

K depends upon
Nature of the solute
t Nature of the solvent and
t Temperature
t

The distribution law can be derived taking into account thermodynamic considerations. This will he
discussed at second level physical chemistry course.

4.0

Conclusion
By and large. when two liquids are mixed. there are three possibilities. two of which are partially and
completely immiscible liquid systems. We have discussed these two systems in this Unit. The miscibilit\
of partially miscible liquid pairs is said to vary with temperature. The miscibility of some paniall)
miscible liquid pairs e.g. phenol-water tends to increase with increase in temperature. Thus phenolwater system possesses an upper CST Liquid pairs possess lower cs·r that is then mutual solubilit)
decreases with use in temperature.

5.0 Summary
At the end ofthis Unit, you have learnt that:
• The temperature at which a pair of partially miscible liquid becomes completely miscible is called
critical solution temperature.
t The temperature at which the solubility becomes complete is referred to as the critical solution
temperature (CST) or the consolute temperature.
t Below a certain temperature, some liquid pairs that possess lower CST are completely miscible.
t The presence of an impurity in one or hotl1 ihc phases changes the CST values.
.
• A pair of immiscible liquids boi Is at a tempe1·ature lower than the boiling points of any of the liquids
• Mathematically. the distribution law can be expressed as
K concentration of X in solvent A/concentration of X in solvent B.

6.0

References and Other Resources
IGNOU ( 1993). Solutions and Phase Equilibrium: Physical chemisl!y 3 CHE-04 pp 26-32 New Delh1.

7.0 Tutor-Marked Assignment
I. Two liquids A and Bare completely immiscible with each other. Their normal boiling points are Ta
and T8 respectively, and T, is less than T 8. The two liquids taken together will boil at
A. T,
B. T 8
C. T, + T/2
D. A temperature less than T,
E. None of these temperatures
2. An immiscible mixture of an organic liquid, A and water on steam distillation boils at 372 Kat
pressure of 1.00 x I 0 5 Pa. At this temperature the vapour pressure of water is 9.60 x I 0 4 Pa. The
ratio of the mass of water to the mass of A in the distillate is 4: I. Calculate the relative molecular
mass ofliquid A.
3. Explain the behaviour of partially miscible I iquid systems with respect to change of temperature.
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1.0 Introduction
In this Unit. we shall study colligative properties of the solutions containing non-volatile solutes. The
colligative properties depend only upon the number of particles of the solute in the solution. They do
not depend upon the nature of the solute. These properties help us in determining the relative molecular
mass of a non-volatile solute. The colligative prope1ties are:
• · Relative lowering of vapour pressure,
• Elevation ofboiling point,
• Depression of freezing point. and
• Osmotic pressure.
We shall study only the first two properties in this Unit.

2.0 Objectives
By the end of this Unit, you should be able to:
• Explain what is meant by colligative properties.
• State Raoult's law of relative lowering of vapour pressure.
• Explain elevation ofboi ling point

3.1 Relative Lowering of Vapour Pressure
You should recall we discussed pure and impure substances even when they are homogenous or
heterogenous systems. If a pure liquid is placed in a closed container that is initially evacuated. the
liquid evaporates to fill up the space above the liquid. At any given temperature when equilibrium is
established. the pressure exerted by the vapours of a liquid is called the vapour pressure of the pure
liquid (P", ). If a non-volatile solute is added to this liquid. the equilibrium vapour pressure (p,) over the
solution is found to be less than that of the pure liquid. According to Raoult's law. the vapour pressure
(p 1 ) of the solvent of an ideal solution is given by

P, Po, x, ................................................................................................3.1
Where x, is the mole fraction of the solvent in the solution and p", is the vapour pressure of the pure
solute. Since the solute is non-volatile. its contribution towards the vapour pressure of the solution is
negligible. Hence. the vapour pressure of solution containing a non-volatile solute is only due to the
solvent. Since the mole fraction (x 1 ) of the solvent is less than one, it is clear ti'om Eq. 3.1 that p1 will
also be less than p0 ,. The lowering of vapour pressure when a non-volatile solute is added to a solvent
is given by (p0 1 - p 1).
Substitution for from Eq. 3.1. we get

Po,- P, Po,- Po, x,= Po, ( I - x,) ......................................................, ........

3.2

Since x 1 + x,I.
3.3
Where x2 is the mole fraction of the solute.
According to Eq.3.3, the lowering of vapour pressure of the solvent depends both on the vapour
pressure of the pure solvent and on the mole fraction of the solute in the solution. In other words. 11
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depends on the nature of the solvent and on the concentration of the solute and not on the nature of the
solute. Eq.3.3 can be written as

Po,- P,
-.-- =x2
Po,

.................................................................................................. 3.4

The expression on the left hand side of Eq.3.4 is called the relative lowering of vapour pressure.
Eq.3.4 also may be stated as:
"The relative lowering of vapour pressure of a solution is equal to the mole fraction of the solute''.
'.fhe above statement is also called Raoult's law of relative lowering of vapour pressure.

3.f.l Determination of Relative Molecular Mass from the Lowering of Vapour Pressure
Having discussed relative loweringofvapour pressure, it is possible to measure the relative molecular
mass of a non-volatile solute, if we know the vapour pressure of a dilute solution containing.the non·
volatile solute. Now let us consider the equation that we need to measure the relative mole£.ular mass
from the lowering of vapour pressure.
Assuming w2 kg of the solute having molar mass M, kg mol·' is dissolved in w kg pf the solvent
having molar mass M 1 kg mol·', then from Eq.3.4 we have:

Po, -·p,
n,
=x=2
n +n
Po,
I
2
p0 - p
or 1 0 1
- 1p

w,fM 2
=- + w,fM 2
w, 1M,

............................................................................3.5

........................................................................

3.6

For a dilute solution, the number of moles of the solute (n,) is negligible in comparison to the number of
·
moles of solvent (n 1). Thus Eq.3.6 reduces to

Po,-p,
Po,

w,fM,
w,IM,

w, M, ......................................................................................... .3.7
w, M,

Thus; if we are able to know the mass of the solvent, its relative molecular mass, mass of the solute.
the vapour pressure of the solution and of the solvent, the relative molecular mass of the solute can be
calculated from Eq.3.7.
3.1.2 easurement of Vapour Pressure Lowering
The lowering of vapour pressure 'of a solvent when a non-volatile solute is dissolved in it can be
measured by the following methods:
(i) Static Method
In this method, the difference between the vapour pressure of the solvent and the solution is
determined with the help of a differential manometer. The apparatus is as shown in Fig.6.1. It
consists of two bulbs which are connected to a manometer. One arm of the manometer is connected
with the bulb, A, containing the solvent and the other arm with the bulb, B, coniainingthe solution.
The manometric liquid is an inert, non-volatile, low density liquid such as b-bromonaphthalene.
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From the difference in the levels of the liquid in the two arms, the difference in vapour pressure
between the solvent and the solution can be read directly.

Fig. 6.1: Static Methodfin· determining the lowering of vapour pressure
(ii) Dynamic Method
This method is due to Ostwald and Walker. In this method (Fig.6.2), a stream of dry and purified air
is first passed through a pre-weighed set of bulbs containing the solution. The air coming out of the
bulbs takes up an amount of vapour which is proportional to the vapour pressure of the solution.
Evidently, the loss in mass suffered by tile bulbs containing the solution is proportional to the vapour
pressure of the solution. lfw, is the loss in mass suffered by the solution bulbs and p, is the vapour
pressure of the solution. then we have.
3.8
w-\ (l p,

\

IV

Fig. 6.2: Ostwald and Walker\apparatus for measuring the vapour pressure lowering:I11 air: 1 !11
solution hulhs: Ill/; soh·enl hulhs: r!VJ H"eighed CaC 0 IUhes. rV; cily cw·
The air coming out ofthe solution bulbs is then passed through pre-weighed set of bulbs containing the
solvent. As the air containing vapours of the solvent passes through the solvent. it takes up a further
amount of vapour which is proportional to the difference in vapour pressures of the solvent and the
solution. Evidently the loss in mass suffered by the solvent bulbs is proportional to the difference in
vapour pressures oft he pure solvent and the solution. If w 8 is the loss in mass suffered by the solventbulbs and p", is the vapour pressure of the solvent, then we have
WB

a Po,- P, .................................................................................................3.9
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From Eqs.3.8 and 3.9 we have
(w, + w 8) a p, + p0 ,- P,
or(w,+w 8)a p", ........................................................................................

3.10

From Eqs.3.8 and 3.10 we have.
3.11

Thus knowing w,and w 0 , the relative Jo,wering of vapour pressure can be calculated using Eq.3.11.
lfthe solvent is water, the moist air coming out of the solvent bulbs may be passed through a weighed
tube containing fused calcium chloride which absorbs moisture from moist air. The mass of calcium
chloride tube will increase and the increase in mass will be equal to (w,+ w 8 ).

Example I
The vapour pressure of a solution containing 0.0 12 kg of a solute dissolved in 0. I 00 kg of water at
300 K is 3.50 X I O' Pa. Calculate the molar mass of the solute, if the vapour pressure of water at 300
K is 3.70 x 103 Pa.
Solution
w, O.IOOkg
M,0.018 kg mot·'
p0 1 3.70 X I 0' Pa

w, O.OI2 kg
M' .
P, 3.50 x 10 3 Pa

Using Eq.3.7. we have
(3.70 x I 0' Pa- 3.50 x I O' Pa)
3.70x IO'Pa

=

(0.0 12 kg)(O.OI8 kg mot·')
O.IOOkg(M,)

or M (0.012 kg) (0.018 kg mol·') x 3.70 X 10' Pa
'
O.IOOkg
0.20 x 10' Pa
0.040.kg mol·'
In this section, we discussed the correlation between the relative lowering of vapour pressure and the
mole fraction of a non-volatile solute in a solution. In the next section, we shall study how the boiling.
point of a solvent is suffered when a non-volatile solute is added toot.

Exercise I
State whether the following statements are true or false:
(i) Lowering of vapour pressure is not a colligative property.
(ii) Relative lowering of vapour pressure is equal to the mole fraction of the solvent.
(iii) Relative lowering of vapour pressure de(>ends upon the number of particles of the solute and the
solvent.
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3.2 Elevation of Boiling Point
The temperature. at which the vapour pressure of the liquid becomes equal to the atmospheric pressure.
IS called the boiling point of the liquid. Since. according to Raoult's law, the vapour pressure of a
solution contaming a non-volatile solute is less than that of its pure solvent. the boiling point of such
solution will be higher than the boiling point of the pure solvem. This is because when a non-volatile
solute is added to a solvent at a particular temperature. the vapour pressure of the solvent decreases.
Thus, the solution has to be heated further to make its vapour pressure equal the atmospheric pressure.
This can be understood from the vapour pressure curves plotted in Fig.6.3.

TIK

T

Fig. 6.3: Eleva/ion of boiling point
The curve I represents the variation of vapour pressure of the pure solvent with temperature. The
curve II represents the variation of vapour pressure of a dilute solution of known concentration with
temperature. The boiling point of the solvent is T, and that of the solution is T so that the elevation in
boiling point is T- T, = Th. At temperature T 0, the lowering of vapour pressure of a solvent. when a
non-volatile solute is added to it. is p''- p. From the vapour pressure curve of the solution. it is clear
that the vapour pressure of the solution is pat T, and p" at T.

Determination of Boiling Point Elevation
For measuring the elevation ofboiling point. a number of methods are avaiiaule. In all these methods.
care is taken to avoid superheating_ofthe liquid. The most commonly used methods are given overleaf:
(i)

Tbe Landsberger Method
In this method, the solvent or the solution is heated lo its boiling point by passing the vapours of
the solvent through them. As the vapour condense. they give up their latent heat to heat the
solvent or the solution. Superheating is nearly impossible in this way because. when the hoi ling
point is reached. the vapour will be in equilibrium with the liquid at atmospheric pressure and no
more vapour will condense. The apparatus is shown in Fig.6.4a. It consists of flask A which
contains the solvent.
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(a)

Fig. 6.4: (a) Apparatus for Landsberger method: (b) Beckmann thermometer
The flask is connected to a graduated tube B which also contains the solvent. Solvent in tlask A
is boiled so that the vapour pass into the solvent in B. where these vapour emerge in small
bubbles through a number of holes at the end of the tube. The temperature of the solvent rise'
and wlilln it becomes constant. it is noted. Any excess vapour pass from the right hand top
portion (H) of the graduated tube (B) into the condenser (C). A known mass of the non-volatile
solute is then added to the solvent in B. The solution is then again heated by passing the vapour
of the solvent through it. When the temperature reaches a constant value. it is cooled. The
passage ofvapours is stopped and the volume of the solution is noted as shown on the graduated
tube. A thermometer, which is graduated in tenths of a degree and is capable of reading up to
0.0 I", is generally used. One such thermometer is the Beckmann thermometer (Fig. 6.4b ).
Knowing the density of the solvent. the mass of the solvent in the solution can be calculated.
The volume of the solute is supposed to be negligible. The difference between the two boiling
points gives the elevation in boiling point.

(2)

Cottrell's Method
The apparatus is as shown in Fig.6.5. It consists of a graduated tube A which contains the liquidsolvent or the solution. An in vetted funnel is placed in the tube A through which the bubbles rise.
When the liquid starts boiling, a steam of liquid and vapour is poured over the bulb of a Beckmann
thermometer so that the bulb of the thermometer is covered with a thin layer of the boiling liquid.
After detennining the boiling point of the pure solvent, a known mass of the solute is added and
the boiling point of the solution is again detem1ined.
1

[- ""'
-"' 1 1

Fig. 6.5: Appurulus jiJr ('o/IJ·e/1:, me/hod
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The difference between the t\vo readings gives the elevation in boiling point.
You \Viii learn more about boiling point elevation later in your programme.

Exercise 2
Explain why the boiling point of a solution is higher than that of a pure solvent.

4.0 Conclusion
In this Unit. we were able to examine some colligative properties specifically the lowering of vapour
pressure and elevation ofboiling point. The methods tOr determining boiling point elevation and lowering.

vapour pressure were described. Later in another physical chemistry course. we shall consider other
colligative prope11ies and their related measurements.
5,{)

Summary
At the end of this Unit, you have learnt that:
• Colligative properties of a solution depend upon the number of particules of a solute present in the
solution.
• Colligative properties are independent of the nature of the solute.
• The collig:ative properties we discussed in this Unit are relative lowering of vapour pressure and
elevation of boiling point.
• According to Raoult's law. relative lowering of vapour pressure is equal to the mole fraction oft he
solute.
• Since the addition of a non-volatile solute to a solvent decrease the vapour pressure of the solvent.
the boiling point of the solution containing a non-volatile solute is higherthan that of the pure solvem.

6.0 References and Other Resources
IGNOU ( 1993). Solutions and Phase Equilibrium: Physical Chemistry 3 CHE-04. pp 26-32.

7.0 Tutor-Marked Assignment
I. Define colligative property. Name two of them.
2. What is Raoult's law of relative lowering of vapour pressure?
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l.O Introduction
The study of the effect of various parame ers such as pressure, temperature or composition on the
physical state of chemical substances is the subject matter of phase equilibria. In the last Unit, you
have studied the criteria for equilibrium. In this Unit. we shall con,ider the varioL"aspect> of chemical
equilibria. This means:
• focusing our attention on the equilibria regarding physical state and
• relating physical equilibria to various parameters such as pressure, temperature and composition
using phase rule.
We shall define the terms such as phase. component. degrees of freedom and phase transition. We will
deduce phase rule. One-component system will be studied in the light of phase rule. Gas systems will
be discussed.

2.0 Objectives
By the end of this Unit, you should be able to:
• Define the terms phase. component and degree of freedom
• Calculate the number of phases. components and degrees of freedom in a system
• State and deduce the phase rule
• Comment on the stability of the phases of subliming and non-subliming substances.

3.1 Definition of the Terms
In 1876. Gibbs deduced a simple relationship among the number of phases in equilibrium. the number of
components and the number of intensive variables known as degrees of freedom. Let us detine the
terms phase, component and degrees of freedom.

3.1.1 Phase
In Units 8 and 9. we examined phases of different liquid -liquid solutions. Try to recollect and define
a phase as given in these Units. We can define a phase. symbol Pas a physically distinct and homogenous
part of the system that is mechanically separable from other parts of the system. The definition as
suggested by Gibbs is that a phase is a state of matter that is uniform throughout, not only in chemical
composition but also in physical state.

Example I
• A gas or a gaseous mixture is a single phase since there cannot be an interface between one gas and
another. Air. for example. is one phase system. although it is a mixture of many gases.
Example II
• A system of totally miscible liquids will exist in one phase only as far as the liquid phase is concerned. But
since each liquid has its vapour above, the total number of phases in a system of miscible liquids is two, one
for the liquid and the other for vapour. These two phases are separated by the surface of the solution in the
liquid phase.
·
Example III
• A system of two immiscible liquids has a total of three phases, two for the substances in the liquid state and
another for the vapour phase containing vapours of both the liquids.
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Example IV
A crystal is a single phase. Different solids having different crystal structures constitute different phases,
irrespective of the fact whether they have same chemical composition or not. A mixture of graphite and
diamond constitutes two phases although both are only allotropic modifications of carbon.

e

Next, we take up the definition of the word, component.

3.1.2 Definition of Number of Components
The number of components (c) in a system is the smallest number of substances in terms of which the
composition of all the phases in the system can be described separately. The number of component
may be smaller than the number of chemical substances that are present in the system.
The definition is easy to apply when the species do not react, for them we simply count their number.
For example, phase equilibria containing ice, water and its vapour is a one-component system since
the composition of each phase can be expressed in terms of the component, H,O, only. A mixture of
ethanol and water is a two-component system.
If the species react chemically and are at equilibrium, we have to take into account the significance of
the phrase' all the phases' in the above definition. Dissociation of calcium carbonate in a closed vessel
is a two-component system, although at first, it may appear to be a three-component system, namely,
CaCO,, CaO and CO,.
CaCO, (s)

CaO(s) + CO,(g)

You can see that the composition of any one species is related to the other two and the dissqciation of
calcium carbonate is, therefore, a two-component system .
. In the case of solid ammonium chloride being heated in a closed vessel, there is an equilibrium between
the solid ammonium chloride and its vapour (which consists of ammonia and hydrogen chloride
molecules). Since both the phases have the formal composition 'NH 4C I', it is a one-component system.
However, if ammonia or hydrogen chloride is added to the system, the system has two components
because now the relative amounts of hydrogen chloride and ammonia are not the same.
lfthere are'S' susbstances (may be chemical compounds or ionic species) and 'R' relations (which
include equations representing chemical equilibria or charge neutrality) among them, then the number
of components (C) can be calculated using the equation,

.....................................3.1
To illustrate this, we can consider two examples. If you consider a solution of glucose in water, there
are two substances and hence S = 2. But there is no relation between them and so R = 0; therefore.
C 2 and this is a two component system.

=

Let us re-examine the equilibrium of solid ammonium chloride with its vapour. HereS= 3 since there
are three substances, NH,C I, NH, and HC I. But R = 2 since these are two relations as shown below:

!59

(2) Concentration of NH, = Concentration of HC/ (and both of them are in gaseous phase).
Therefore C = S- R = 3-2 = I. This is a one-component system. If extra HC/ (g) is added then. the
second relation given above will no more hold. That is, R = I although S = 3. This is therefore a two
component system, as C = S- R = 3 -I = 2.

3.1.3 Degrees of Freedom
The number of degrees of freedom (F) or variance of a system is the smallest number of intensive
variables. such as pressure, temperature and composition, which are to be specified to describe the
state of the system completely.
• IfF= 0, the system is invariant and this means none of the intensive variables can be changed.
e In case F = 1, the system is univariant and one of the intensive variables can be changed.
• For a bivariant system, F is equal to 2, and two of the intensive variables can be changed.
The phase rule relates the degrees of freedom to the number of phases and the components. Before
studying phase rule, let us recapitulate the criteria for equilibrium.

Exercise 1
Calculate the number of phase in the following cases:
(a) A closed beaker partially tilled with toluene and water.
(b) A closed beaker partially filled with acetone and water.

Exercise 2
Calculate the number of components in the following cases:
(a) Dissociation of ammonia in a closed vessel;
(b) Dissociation of ammonia in a closed vessel containing nitrogen.

3.2

Phase Rule
In a heterogenous equilibrium, not influenced by gravitational or electrical or magnetic forces, the
number of degrees offreedom (F) of the system is defined by the number of components (c) and the
number of phases (P) according to the equation,
.................. 3.2

F=C-P+2

Once the values of C and P are known, F can be calculated.
Let us take up some examples to understand Eq. 3.2. In the vaporization equilibrium of water (C = I),
there are two phase (liquid and vapour) and hence. F = C- P + 2 = I -2 + 2 = 1. That is. specifying
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pre,sure or temperature fixes the other. This is all the more understandable from the general statement
that at a particular temperature, vapour pressure of a liquid is constant. If all the three phases. ice.
water and its vapour. are to be in equilibrum, then FI -3 + 20; that is, the system is invariant. This
means all the three phase of water are in equilibrium only at a fixed temperature and pressure. Any
effort to change pressure or temperature results in the disappearance of one of the phases.

Deduction of Phase Rule
Having stated the phase rule, we shall now deduce the same. Consider a system of C components
existing in P phases. We want to calcultate the number of independent variables or degrees of freedom
·F' in order to define the state of the system completely. The value ofF can be given by the following
equation also:
F (Total number of variables)- (number of relations)

......... 33

First, let us calculate the total number of variables. To define the composition of each phase. it is
necessary to define the concentration of (C- I) constituents of that phase. For P phases, the total
number of concentration variable is P (C - I) and these, along with two variables, pressure and
temperature, constitute the total number of variables.
Total number of variablesP (C- I)+ 2

......... 3.4

Regarding the number of relations, we know that for one component existing in three phases a.(3 and

y. there are two relations,
a

13and 13

y

The relation ay need not be specified but is understood. As two relations are required for three
phases of a component, (P- I) relations are there for P phases of a component. Hence.a total number
ofC (P-I) relations exist for P phases ofC components.
Number of relationsC (P- I)

......... 3.5

Using Eqs. 3.4 and 3.5 in Eq. 3.6,
F = P (C- I)+ 2- C (P- I)
PC-P+2-PC+C
i.e., FC- P + 2

......... 3.6

Having derived phase rule, we will apply it to various systems. Its application can be seen in the study
of phase diagrams, A phase diagram speaks about the stability of various phases at various temperatures, pressures and compositions.
Exercise 3
The four phases of sulphur are rhombic, monoclinic, liquid and vapour. Can all these four phases exist in
equilibrium at a particular temperature and pressure?
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3.3

Phase Diagrams
So far, we have shown that a substance primarily exists in various physical states depending on the
speciftc conditions which prevail. The phase rule is used in summarizing the behaviour of the substance
in that system. In this section. the phase diagrams of various examples of one component system will be
provided. You will need to interprete these diagrams following a rule termed phase rule. Then, what did
we say a phase rule is? Let us examine some phase diagrams of one component system.

Example 1

Phase Diagram of Water
In Fig. 7.1, the phase diagram of water. you can observe (i) curve OC represents the equilibrium between
liquid water (I) and water vapour (g): ( ii) along line 08, fusion and vaporization (ice-water-water vapour) are
in equilibrium.

c

B

p/Pa

z
\

g
\

T/K
Fig. 7.1: Phase diagram of water; s, land g .\}andfor solid, liquid and vapour phases respectively
Now for curve OA, what does it represent? Curve OA from the diagram represents the sublimation equilibrium
of water solid (ice --7 vapour). Point 0 is tenned Triple point. At this Triple point, three phases are in
equilibruim (solid, liquid and vapour, meaning P= 3). The treezing point is pointY. Now look at the diagram
and state the point of normal boiling point of water. Your answer should be around curve OC. The point Z is
the answer.

Example 2

s,

t.

ll

Fig. 7.2: Phase diagram of Sulphur; S, S..,, S, and s, refer to rhombic,
monochinic, liquid and vapour phases of sulphur.
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In Fig. 7.2, the stable form of sulphur at ordinary temperatures and under one atmosphere pressure is rhombic
sulphur. If rhombic sulphur is heated, it slowly transforms to solid monoclinic sulphur at 368.6 K.Above 368.6 K,
monoclinic sulphur is stable and melts at 392.2 K to give liquid sulphur which is stable up to its boiling point
(717.8 K). The transformation of one crystal!ine modification to another is often very slow if rhombic sulphur
is heated quickly to 387.2 K, it melts. The curve 80 represents the metastable equilibrium, between rhombic
sulphur and sulphur vapour. Likewise, ifliquid sulphur is allowed to cool quickly, monoclinic sulphur may not
appear.

3.4

Stability of the Phases of a Pure Substance
The golden rule with reference to phase study is that phase with the lowest chemical potential, j.!, is the
stable phase. This rule can be used in making inferences trom the curves obtained by plotting chemical
potential of a pure substance against temperature for each phase. For most of the substances, 1-!
against T plots for solid, liquid and vapour phases are of the type shown in Fig. 7.3a.
At the melting point (T 1 ), the solid curve (AB) and the liquid curve (CD) meet. Similarly, at the boiling
point (T,), the liquid curve (CD) and the vapour curve (EF) meet.
Applying the golden rule given at the beginning of this section, we can infer that for substances
exhibiting behaviour of the type represented in Fig. 7.3a, solid phase is stable phase below the melting
point. Between melting and boiling points, liquid phase is stable and above boiling point, vapour phase
is stab e. Evidently this is applicable for non-sublimig su stances.
E
E

T

Ar---.:::::::-' ::-- \----

B

'
'

D

'T,
T/K

T/K

Fig. 7.3: f.l against T plots at constant pressure: (a) for non-subliming substance (b) for subliming
substances;in both the plots, g. Iand s refer to vapour. liquid and solid phase curves
In the case of subliming substances. 11 against T curves are of the type shown in Fig. 7.3b. The
sublimation temperature (T,), is the point of intersection between the solid (AB) and the vapour (EF)
curves. Hence, below T,solid phase is stable and above T , the vapour phase is stable.
)

As per Clapeyron equation studied earlier. we are aware that a decrease in pressure affects melting
and boiling points to a different extent. If the pressure is reduced sufficiently, the boiling point of a
liquid may even fall below the melting point of a solid whereby the substance is said to be sublime.
Hence, the type of 1-! Vs T curves and the type of stable phase would be decided by the experimental
conditions of pressure, solid carbon (IV) oxide melts to give a liquid and, below 5.2 X I05 Pa pressure.
solid carbon (IV) oxide sublimes.
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Exercise 4
In Fig. 7. I, a orb gives J.! against T plot of a pure substance at constant pressure. F.or a substance in a closed
system,
d).!= Vdp- SdT.
What thermOdynamic property of a substance is given by the slope ofFig.7.3 a orb?

4.0 Conclusion
In this Unit, we have explained the tenns phase, component and degree of freedom. The phase rule
has been applied to one component system. The Unit helps us to examine the influence of variables
like pressure, temperature and composition on the phase equilibria of substances. Details of phase rule
applications would be studied later on in the programme.

5.0 Summary
At the end of this Unit, you have learnt that:
t A phase is a physically distinct and homogenous part ofthe system.
• fhere may be one or more components in what is termed a system.
t The phase rules relate the number of variables to the number of phases and the components.
t We can predict the existence of a system in equilibrium at a particular temperature and pressure
once we apply the phase.

6.0 References and Other Resources
IGNOU (1993). Solutions and Phase Equilibrium: Physical Chemistry, 3 CHE-04 pp 26-32.

7.0 Tutor-Marked Assignment
I. Examine the following statements and write "true' for the correct ones and 'false' for the wrong
ones:
(a) The number of phases of a mixture of three gases enclosed in a container is 3.
(b) The number of phases of a mixture of ethy I alcohol and water is 2.
(c) The equilibrium point among ice, water and vapour is called eutectic point.
(d) The number of phases present in a vessel half tilled with water is I.
(e) The melting point of ice decreases with increasing pressure.
2. Fill in the blanks:
(a) The equilibrium between liquid water and vapour below 273K is an example fora...............
(b) In a one-compou nt system, maximum number of phase that can co-exist in a true equilibrium
5 ..............................................................................................................................

(c)
(d)
(f)

Boiling point of water ......................................................... with increase in pressure.
A phase transition requiring latent heat is called ..................................... phase transition.
A melt of eutectic composition when cooled shows only a ................ in the cooling curve.
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