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About This Textbook...

It has been decided by the Central Goverment of India, that only one competitive examination
will be conducted at national level for the study of higher education. As a result of this planning,
the formation of Core-Currilulum took place. The meaning of this was that there must be same
syllabus in the subjects of Science Stream for national competitive examination. The same syllabus
can be possible if the book is prepared according to NCF-2005.

Hence, by the Gujarat State Higher Secondary Education Board, a new Chemistry syllabus
in Chemistry was prepared by experts and teachers on the basis of core-curriculum and NCF-2005.

Gujarat State Government being attempting for ‘Education without Burden’ plan will
give comfort to students. Gujarat State Board of School Textbooks made positive arrangements for
students to have advantage of the expertship of the teachers from Schools and Colleges having their
own teaching experience, and experience in drawing questions for GUJCET examination as well
as Higher Secondary Examination Board. The writers associated with the writing of this book have
written units which are reviewed by other teachers, experts and reviewers and tried to prepare this
book useful at national level by carrying out proper additions and alterations.

One important matter has been aded. Changes have been expected in different words in this
new book viz. atomic mass instead of atomic weight, molecular mass instead of molecular weight,
enthalpy instead of energy, bar instead of atmosphere as well use of unit pascal. The word like
reactivity will appear to be unknown but its inclusion in the modern study was found to be essential.
In addition to this, in this existing book, instead of the nomenclature, units etc. the modern SI units,
method of nomenclature etc. as in NCERT book are used in the text. This will appear somewhat
new but being very useful in competitive examinations and to counteract the new challanges and to
obtain achievement in present education system, it should be accepted.

Competitive examinations like AIEEE, JEE, NEET are being conducted. SI units are used in the
question papers. In our GUJCET examination, SI units not being used, students were finding it
difficult at the above competitive examination but we are sure that the students will make the name
of Gujarat, as a state of great pride at national level.

The subject content, presentation, examples are included in this book in such a way that the
students will find easy in understanding. Attempt has been made at each level eventhen, if teacher,
friend or anybody will send suggestion for attainment of completeness, the Gujarat State Board of
School Textbook will acknowledge with thanks and will include in the revised edition or new re-print.

“To send proper suggestion is your work and to implement it is our work.” By keeping this
goal, the students of Gujarat State may obtain success at national level being the object, all will join
in these is our expectation and request.

It is a matter of great pleasure that the year 2011 will be celebrated as International Year
of Chemistry (IYC) in the memory of Madam Curie.

— Authors




Unit 1

Chemical Bonding and Molecular Structure

1.1 Introduction

1.2 Kossel - Lewis approach of chemical
bonding

1.3 Ionic bond, covalent bond (including Lewis
structure), bond length, bond angle, bond
energy, bond order and its concept, Born-

Haber cycle.
1.4 Resonance structures
1.5 Geometrical structures of molecules
1.6 VSEPR principle
1.7 Polarity of bond
1.8 Approach to covalent bond
1.9 Valence Bond Theory
® Hypotheses - Assumptions
® Overlapping of atomic orbitals

® Types of overlapping and nature of
covalent bond

® 6 and © bond and s-s, s-p, p-p
overlapping
1.10 Molecular Orbital Theory

® Important points of molecular orbital
theory

® Linear Combination of Atomic orbitals
(LCAO) and Formation of molecular
orbitals

® Condition for combination of atomic
orbitals

1.11 Types of molecular orbitals
1.12 Molecular Orbitals and their relative
energies

1.13 Molecular electronic structure and bond
order

1.14 Energy level diagrams of homonuclear
diatomic molecules like H2 to Nez, bond
order, stability and magnetic properties

1.15 Energy level diagrams of heteronuclear
molecules like CO and NO, bond order,
stability and magnetic properties

1.16 Intermolecular attraction forces
@ Hydrogen bond, its types and importance
1.17 Concept of metallic bond
1.18 Co-ordinate covalent bond
1.19 Hybridisation in BeHz, BC13, CH4, PCIS,
SF, etc. through s, p and d orbitals

1.1 Introduction

Matter is made up of one or more types of
elements. Atoms of inert gases exist independently
in nature, but under normal conditions the atoms
of other element do not remain independent and
so are obtained in combined form. The groups of
atoms combine and exist as species having
characteristic properties are known as molecules.
There must be some attraction force which keeps
the atoms present in the molecule combined with
each other. Thus, the attraction force that keeps
the different components (atom/ion) combined
together is called chemical bond.

The chemical compounds that are formed
as a result of this chemical bond creates
some problems viz. Why do atoms combine? Why
do they combine in definite proportion? Why do
certain atoms combine with each other and not
with other atoms ? Why do molecules possess
some definite shapes ? The answers to these
problems can be given by the principles like
Kossel-Lewis approach, VSEPR principle,
valence bond theory, molecular orbital theory.
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1.2 Kossel - Lewis Approach of Chemical
Bonding

Many attempts have been made to
explain existence of chemical bond in relation
to electron but, in 1916, Scientists Kossel and
Lewis gave satisfactory explanation.

Lewis proposed atom as positively charged
Kernel. In this Kernel, nucleus and electrons in
the inner orbit are present, while eight electrons
can be accomodated in outer shell. Thus, one
electron of sodium element in the outermost shell
is on the corner of a cube while all the
eight electrons of inert gases (except helium) are
arranged on the eight corners of the cube.

Lewis noted that when atoms are
combined by chemical bond, they attain stable
structure of octet of eight electrons. The atom
of sodium element loses one electron (Na*) and
attain stable octet structure. While atom of
chlorine element receives one electron (CI7) and
attains stable octet structure. Molecules such as
C12, 02, F2 etc. attain stable octet structures by
sharing of valence electrons (Exception H2).

Lewis Symbols : In the formation of
molecules by chemical bond, the electrons in the
outermost shell only take part, and the electrons
in the inner shells do not take part in the formation
of bond because they are protected. Lewis utilised
the following type of symbols. e.g. The valence
electrons of the elements of second period of
periodic table can be shown as below by Lewis
Symbols :

Li Be *Be ¢Ce eNe ¢Q¢ :F: :Nes

The number of dots around the symbol of
the elements are considered as valence electrons
of that element. The number of this valence
electrons is useful in calculation of valency of
the group.

Approach of Kossel for Chemical
Bonding :

e The strongly electronegative halogen
elements and strongly electropositive
alkali elements in the periodic table differ
from inert gases.

e Halogen elements receive one electron and
become negatively charged ion, while alkali
elements lose one electron and become
positively charged ion.

e The positively charged and negatively
charged ions formed this way attain stable
electronic structure like inert gases
(Except Helium) whose general electronic
structure can be given as ns® np® (octet).

e This positive ion and negative ion are stable
due to electrostatic attraction.

e In the formation of ionic compound, the
atoms having less ionisation enthalpy
combine with atoms having more electro-
negativity and the bond formed by this
combination is called ionic bond.

e The capacity of formation of ionic bond
of an element is called electrons lost or
gained by element.

The explanation of formation of ionic bond
in sodium chloride compound is as follows :

(1) Na - Nat + e~
[Ne]3s' [Ne]

2) d + e - CI-
[Ne]3s? 3p5 [Ne]3s? 3p6 or

[Ar]
(3) Na* + CI' — NaCl

The bond formed by electrostatic attraction
between positive ion and negative ion is called
electrovalent bond. This approach of Kossel is
not able to explain the formation of large
number compounds.

1.3 Ionic Bond, Covalent Bond (including
Lewis Structure), bond length, bond
angle, bond energy, bond order, and
their concept, Born-Haber Cycle

Ionic Bond : On the basis of approach
of Kossel and Lewis, the formation of ionic bond
depends on the following factors:

(1) Easy availability of positive ion and negative
ion from neutral atoms.

(2) Arrangement of positive ion and negative
ion in ionic bond.

The formation of positive ion from neutral
atom or formation of negative ion from neutral
atom depends on the values of ionisation
enthalpy and electron gain enthalpy of atoms
respectively.

M(g) — M"™ + ne (Ionisation)

X + e”

® — X (g)(Electron gain)
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Tonisation reaction is endothermic
(absorption of heat) while electron gain reaction
is exothermic (evolution of heat). Thus elements
having less ionisation enthalpy and more electro-
negativity form ionic bonds easily.

In the crystal structure of ionic compounds,
there is regular three dimensional arrangement
of positive ions and negative ions. They are also
strongly combined with each other by Coulombic
attraction forces. Such an arrangement or
structure is also called crystal structure or
crystal configuration. The energy required to
remove gaseous form of ions to infinite distance
from ionic compound in one mole solid state is
called crystal lattice energy or enthalpy of
lattice formation. e.g. The lattice enthalpy of
NaCl crystal is 788 kJmol™'. Generally ionic solid
compounds are soluble in water at room
temperature and atmospheric pressure.

Covalent Bond : As we have seen
earlier, electrons are shared in the formation of
molecules. e.g. H2, Cl2, 02, N2 etc. Thus, when
two or more atoms of any (similar or
dissimilar) elements attain octet structure
by joint sharing of their valence electrons
the bond formed is called covalent bond.
Thus, in the formation of covalent bond at least
one electron is shared by each atom taking part
in the bonding. If one-one electron is shared by
atoms of elements then they form one covalent
bond. e.g.
H
X X o x
H:H, Hf?}i, H’.‘XC.;H
H
But when two-two electrons are shared
by atoms combining by covalent bond, then
formation of double bond between them is
obtained. e.g.

.... .... ...X Xe N x X X x
oOo oOc, ..ox X e D CxxC

° X X

If three-three electrons are shared between
atoms of combining elements, the formation of
triple bond between them is obtained. e.g.

!N::N: HIC:xC:H

Lewis Dot Representation : To show

Lewis Dot Representation of given molecule/ion :

o First of all the number of valence electrons
of each atom taking part in the formation
of molecule is taken into consideration and
they are arranged as required around the
symbol of that atom.

® If negative ion is formed, the number of
electrons equal to negative charge is added
but if positive ion is formed, the number
of electrons equal to positive charge is
deducted. e.g. CO%‘ ion, as there are
two units of negative charge, it has two
electrons more (-2) in number than the
valence electrons present in the neutral
atom. Similarly in NHj ion, as there is
one unit of positive charge, one electron
is less (+1) as compared to natural atom.

® Generally the atom of less electronegative
element is taken as central atom and more
electronegative atoms are arranged around it.

® The electron pair which takes part by
sharing in the formation of chemical
bond is called bonding pair of
electrons and the electron pair which
does not take part in the formation of
bond is called non-bonding pair of
electrons or lone pair of electrons.

Lewis Structures of certain molecules/ions
are shown in Table 1.1.

Table 1.1 Lewis structure of certain

molecules/ions
Molecule/ion Lewis structure
H, H:H* H—H
0, :0::0:  [:0=0:
oodt o.@
0. O
° '..' ° o= / oo
0, ‘0. 0. :/\ -
NF, oF :Nx FefE—N—F:
o0 xo o0 |
Ee :F:
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4
2— 2—
— ‘O° 00

co |l | 2 Ll
0. C :0: 0—C— 0t
LN J + [N ) oo + oo

NOsl6i N OrH|[G=N—8—n
X :O: X .(l).

* Each H atom attains the configuration of Helium

(only two electrons.)

With the help of the Lewis Approach, the
shapes of molecule/ion cannot be known and
also there are certain exceptions.

e.g. BeCl, = :C:l’.‘ Be ’.‘:C:l :

In the molecule of BeClz, the octet of the
central Be atom is not completed; even then
this compound is stable. Similarly, in certain
examples like PCL, there are ten electrons around
central phosphorus atom; even then the compound
is stable.

1.

e Xo4% %o

Cl, Cl:

In certain cases, the stability decreases
with increase in atomic size of central atom even
though the octet structure is complete in the
elements of the same group. e.g. NH, > PH, >
AsH; > SbH, > BiH,. Electrons are shared in
formation of covalent bond, but on the basis of
the type of sharing and type of atom of combining
element, it is divided into three parts :

(i) Polar Covalent Bond : In this type
of covalent bond, atoms of element
having different electropositivity or electronega-
tivity take part in the formation of covalent
bond. As a result, the property of polarity is
Induced in moecules.

H x EZ. .

(ii) Non-polar Covalent Bond : When
a covalent bond is formed by sharing of elec-
trons of atoms of the same element, the bond is
called nonpolar covalent bond. Such compounds
are nonpolar because the electropositivity or
electro-negativity of their elemants is same.

e.g. HCI

¢Cle-Cl:

e.g. HIH

(iii) Co-ordinate Covalent Bond : For the
formation of bond of this type, the required electron
pair is donated by the atom of only one from the
two elements. As a result the covalent bond formed
is called co-ordinate covalent bond. This bond
is shown by the sign of arrow (—) and the direction
of the arrow is from the atom donating the
electron pair to the atom receiving the electron pair.

% H F H
xFx ¢
XX eoX X | |
¥FxB iNxH — F—B<N—H
XX eoX X | |
xx© H F H
Bond Length The equilibrium
distance between the nuclei of two atoms
conbined by bond in the molecule is called
bond length. The bond length is measured by
X-ray diffraction and spectroscopic methods. It

is expressed in picometer (pm = 107’m)

The bond lengths of some common
molecules are shown in Table 1.2.

Table 1.2 Bond Lengths of some common

molecules
Molecule Bond Length (pm)
H, (H - H) 74
F, (F - F) 144
CL (Cl - CD 199
Bl‘2 (Br — Br) 228
La- 0 267
N2 (N = N) 109
0, (0 - 0) 121
HF (H - F) 92
HCI (H - Cl) 127
HBr (H - Br) 141
HH -1 160

The less values of bond length mention
greater stability.

Bond Angle : The angle between the
orbitals possessing bonding electron pairs
around central atom of the molecule/ion is
called bond angle. Bond angle is expressed in
degrees which can be determined by spectroscopic
methods. With the help of the bond angle, the
preliminary information about shapes of molecules
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can be obtained. e.g. The bond angle in
molecule of water can be shown as below :

Bond Energy (Bond Enthalpy) : The
energy required for breaking bond in one
mole gaseous substance is called bond
energy or bond enthalpy. The unit of bond
enthalpy is kJmol™'. e.g. The bond enthalpy of
H-H bond in hydrogen molecule is 435.8
kJ mol™".

kJ mol™'. More the value of bond enthalpy higher
will be the stability of molecule/ion.

Bond Order : The number of bonds
between atoms present in molecule is called
bond order. e.g. In H, molecule, there is sharing
of one electron pair. As a result, the two hydrogen
atoms present in hydrogen molecule are combined
by single bond, H-H. Similary, in O, and N,
there are sharing of two and three electron pairs
respectively and so double bond and triple bonds
are formed. :y—(: :N=N: Single bond,
double bonds and triple bonds are respectively
shown as —, =, and =. With the increase in
bond order, the values of bond enthalpy increase.
As a result bond length decreases and so
stability increases.

Born-Haber Cycle : The formation of
ionic bond depends on lattice enthalpy. More
the value of lattice enthalpy of the product easier
will be the formation of ionic bond. The value
of lattice energy will be more only when the
attraction force between two atoms is more.
Born-Haber first of all gave value of total
enthalpy-lattice enthalpy by studying the enthalpies
of different steps involved in the formation of
ionic compounds by ionic bonds.

We shall try to explain Born-Haber Cycle
by taking example of different enthalpy changes
involved in the formation of NaCl crystalline
compound from its components in standard state.
Generally the simple equation for the formation
of NaCl crystal can be written as follows:

— NaCl,,
AH = - 411 KJmol™!

1
Na + ECIZ(g)
The different steps of formation of NaCl
crystal are as follows :
(1) First of all, sodium element/atom which is

in solid form at room temperature is
sublimed and the value of sublimation

enthalpy (AH) is 108 kJmol™".

Sublimation enthalpy

Na, Nag,

AH = + 108 kimol™!

(i) The value of ionisation enthalpy required
to remove electron from one mole Na(g)
atom to infinite distance is 496 kJmol™!

Ionization enthalpy

+ _
Na(g) Na(g) +e

AH = + 496 kJmol™'

(i) Gaseous chlorine element exists as diatomic
molecule at room temperature. In one mole
solid NaCl crystal structure formation only
one chlorine atom is required. Hence
decomposition of dichlorine molecule be-
comes essential. The enthalpy required for
this is called decomposition enthalpy.

decomposition

1
— %
2 C12(g) Cl(g)

ApH=+ 121 jy01!
2
(iv) The gaseous atom of chlorine obtained this
way accepts one electron and changes to
chloride ion. The enthalpy released for this
is called electron gain enthalpy (AegH)

Cl

+e” Electron gain enthalpy Cl(—g )

(2)
A H = — 349 kImol™!
eg

(v) One mole gaseous positive ion (Na*) and
one mole gaseous negative ion (CI7)
combine with each other and form one
mole of solid ionic crystal. The enthalpy
released during this is called lattice
enthalpy which is expressed as ‘U’

Lattice enthalpy

+ —_—
—H
Na’, +Cl NaCl

(2) (&)

AH = — 787 kimol™!
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By the above method, the crystal structure
of any ionic solid can be known by the study of
each step of the different steps according to
Born-Haber cycle, and the value of enthalpy of
formation - lattice enthalpy can be obtained. The
above different steps can be shown as below :

Formation enthalpy

———> NaCl | +——

1
Nag +3Cly ) —2m

jas)

o

a8
<

Lattice enthalpy
H

A H

Delonposition enthalpy

4

Sublimation enthalpy

y
— electron gain enthalpy —

é
@ ° A H Cl(g) i_
v
Ionisation enthalpy + —
—_—
Na(g) Na(g) + €

AH

a

All the above different steps can be
written in the form of equation as follows :

AH = AH + ApH+ AH + A H + AjH...(11)

The enthalpy of formation of crystal of
one mole NaCl can be obtained by adding up
the different enthalpies as below :

AH = 108 + 121 + 496 + (-349) + (-787)

— 411 kJmol™!

Thus, the value of enthalpy of formation
for one mole NaCl obtained is negative which
indicates its stability.

Example 1.1 : Find the enthalpy of
formation of MgCl, using the following values:

-1

Mg — Mg(g) AH = + 150 kJmol
2+ _ -
Mg, — Mgg + 2¢ AH = + 1451 kimol™

Cl, . — 2Cl A%H = + 242 kJmol™

2(g) (€:9)

_ = _ -1
2C1(g) + 2¢” — 2Cl(g) AegH = —-698 kJmol

Mg + 2Cl,) 5MgCl,, A H= ~1352 kimol”
Solution :

AfH = ASH + AiH + A%H + AegH + AUH

150 + 1451 + 242 + (-698) + (-1352)
— 207 kJmol™

1.4 Rasonance Structures

The experimentally observed properties of
the molecules cannot be explained only by Lewis
Structure. This is its limitation. This means that
Lewis Structure is incomplete to explain the
experimentally observed properties of molecules
e.g. Ozone molecule can be explained by
following two structures :

&0 4 &0
S ¢ S X
S
N, 7 %,
0: <0- ‘0 -0"
I 11
S (0 vy
7, NP
\"?/ \\f’&
0o
11

Fig. 1.1 The resonance structures of Ozone molecule

In both the structures, O — O single bond and
O = O double bond are present. O — O single bond
length is 148 pm (1 picometer (pm) = 10~'? meter)
and O = O double bond length is 121 pm; but the
bond length between any oxygen-oxygen in ozone
molecule is same, and its value is 128 pm. Thus,
the bond length between oxygen-oxygen in ozone
molecule is in middle of single bond and double
bond, which cannot be explained by any one of
the structures I and II as shown in fig 1.1. Hence,
the idea of resonance was presented to explain
the real structures of molecules like ozone and
others. You have studied about resonance
structures of CO, molecule in Semester I. Thus,
in resonance structure, same energy, same
position of nucleus as well as bonding electron
pairs and non bonding electron pairs are taken
into consideration, the resonance structure which
represents the molecule definitely. According to
Fig 1.1, structures I and II, represent the resonance
structures of structure III which is the real
structure of ozone. Such structures are called
hybrid resonance structures. Such similar examples
like benzene; carbonate ion (CO%‘) also can
explain the resonance.

Resonance structures give stability to the
molecule because the energy of resonance
structure is less than those of structures shown
separately. Thus decrease in energy is responsible
for the stability of resonance structure.



Chemical Bonding and Molecular Structure 7

1.5 Geometrical Structures of Molecules
Variety has been observed in geometric structures of molecules. The basis of diversity in geometrical
structures of molecules in one type of molecules, the bonding and non-bonding electron pairs present in

them as well as the magnitude of the attraction produced between them.

Table 1.3 Geometrical shapes of molecules in which central atoms of the molecule has no
non-bonding electron pairs

Number of Arrangement of Molecular Hybridisation | Examples
electron electron pairs geometry
pairs
2 A sp BeH,, BeCl,
— A——. B——A—8 HgCl,
Linear Linear
.. B
7
)
: AO i BERECT
. 3 B B
Trigonal planar Trigonal planar
s _ B o | cH, N
109%30"
BE, , CCl,
_—
D —
: B
Tetrahedral Tetrahedral
5 p B sp’d PCI
= | ="
120° “ /
B
Trigonal bipyramidal Trigonal bipyramidal
.o 392
6 /N B sp3d SF
. B
0 \ N B
90°_/, '\W \
. | . B |
A W B
) B
Octahedral Octahedral
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Table 1.4 Geometrial shapes of molecules in which the central atom of molecule has one

or more non-bonding electron pairs

Molecule |[No. of bonding No. of Arrangement of Shape Examples
type pairs lone pairs electron pairs
AB,E 2 1 . | Bent SO,, O,
A
PN
B B
Trigonal planar
AB;E 3 1 | Trigonal NH,
P /A . pyramidal PCl,
B B
B
Tetrahedral
AB.E, 2 2 |
A Bent H,0
« / \B
‘B F,0
Tetrahedral
B
AB,E 4 1 | B See saw SF,
—A
| N
B
B
Trigonal bipyramidal
B
ABE, 3 2 | T- shape CIF,
B—A <
| ..
B
Trigonal bipyramidal
ABE 5 1 B Square BrF;
B\/L B pyramidal.
B~ | B
Octahedral
AB,E, 4 2 B l B Square XeF,
A planar
B | B
Octahedral
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Table 1.5 Geometrical shapes of molecules having bonding and non-bonding electron pairs

Molecule(No. of bonding| No. of Arrangement Shape | Example
type pairs lone pairs of electrons
AB,E 2 1 @ Bent SO,
Py .
:! :/4 M\\\\\(l’ ()‘-’// \\'i}
_N
AB,E 3 1 /fu\\\‘*li Trigonal | NH,
’ H
- pyramidal
i M\ H
H~ ]
T H
O.
// ’\j‘\
AB,E, 2 2 it H Bent H,0
® .
» ///i . // 1
AB,E 4 1 (8) F— 8 \\ I \ See saw |SF,
‘ TN
I
¢
F g
’ R 1
® SNl N
F

(More Stable)
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AB,E, 3 2 T F T- shape | CIF,
&l
@ cl—F i CI—=F
| i
- F
£ F
! Q-
(b) ‘Cl —F FENG| _ F
/ =2
. F
© F—CI FZ—cCI _ |
o NLC 00 A \
F @ F

1.6 VSEPR Principle (Principle of Valence
Shell Electron Pair Repulsion)

Lewis Aproach was incomplete to explain
shapes of molecules. Only the hypotheses about
the structures of molecules containing covalent
bond can be made. First of all, in 1940, Sidgwick
and Powell presented the theory of repulsion
existing between electron pairs present in valence
shells of atoms. In 1957, Nyholm and Gillespie
presented this theory in the developed form. The

main hypotheses of this theory are as follows :

® The shape of the molecule depends upon
the number of electron pairs (bonding and
non-bonding electron pairs) in valence shells
around the central atom.

The electron pairs present in valence shell
being negatively charged, repel each other.

These electron pairs possess the tendency
of obtaining such an arrangement in the
space that the repulsion between them is
minimum and as a result there is maximum
distance between them.

If there are two or more than two

resonance structures in the molecule,

VSEPR principle can be applied to any of
the structures.

@ The magnitude of the repulsion produced
between electron pair is as follows :

Thus, VSEPR principle is helpful in
determining geometrical shapes produced
due to presence of electron pair in the
molecule. Especially, the geometric structures
of compounds of elements of p-block can be

explained by this principle.

The molecule of sulphur dioxide is angular
and bond angle is 119.5% instead of 120°. This is
due to repulsion produced between bonding and
non-bonding electron pairs. In the same way, in
methane, ammonia and water molecules there is
similar type of hybrid orbitals (sp?), even then
the repulsion forces are produced in different
magnitudes due to different numbers of electron
pairs and as a result different bond angles are
obtained.

The electronic structure of central carbon
atom in methane molecule in ground state is as

follows :

¢C : 1s% 2s° ZpL 2ply 2p(z)

Repulsion produced
between non-bonding
and non-bonding
pair of electron

(Lp—Lp)

Repulsion produced
between non-bonding pair
of electron and bonding
pair of electron

(Lp —Bp)

Repulsion produced
between bonding
pairs of electrons

(Bp — Bp)
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As four hydrogen atoms are combined with
central carbon atom, four half filled orbitals will
be requied. For this, writing the electron structure
of carbon in excited state will be.

6C* : 1s% 28! ZPL 2ply 2p1Z

Thus, carbon atom in its excited state
utilises sp> hybrid orbitals, combines with half
filled 1s! orbitals of hydrogen atom and forms
four covalent bonds.

Thus, in methane molecule, there are four bonding
electron pairs (Bp) between carbon and hydro-
gen atoms. According to Sidgwick-Powell rule,
there is minimum repulsion between these
four bonding electron pairs. As a result, tetrahedral
structure corresponding to sp’ hybridisation is
observed in which the bond angle as in regular
tetrahedral structure that is 109°28'is observed.

In the molecule of NH;, nitrogen atom
has five valence electrons, out of which three
electrons combine with electrons of 1s orbital of
three hydrogen atoms by sharing and form three
covalent bonds. Even after that nitrogen atoms
has two electrons or one electron pair which
remains uncombined even after formation of
bonds. Thus one non-bonding pair of electrons
remains.

H XX

. N
HexNY — H/é;{\H

. H

H

This non bonding electron pair of nitrogen
atom repels the two bonding electron pairs around
nitrogen according to Sidgwick-Powell rule. As
a result, both these electron pairs are pushed
inside. As a result the bond angle between them
decreases or instead of regular tetrahedral bond
angle 109%28" it is obtained as 107°.

In H,O molecule, there are total six
valence electrons around central oxygen atom,
out of which, two valence electrons form covalent
bond with 1s orbital electrons of two hydrogen
atoms but remaining four electrons or two
electron pairs become non bonding electron pairs.

st *-O+
fofs
H." X'H /104 30\

According to Sidgwick-Powell rule there
is maximum repusion force between these two
non bonding electron pairs and as a result they
remain away from each other. When it happens
so, they go near the bonding electron pairs and
repulsion is produced between them. Because of
this, bonding electron pairs are pushed inside, in
more proportion and there is noticeable decrease
in the bond angle. In H,0O molecule, even though
there is sp> hybridisation but bond angle formed
is 104° 30" by decreasing from bond angle 109928".

1.7 Polarity of Bond

Any chemical bond does not possess
completely ionic or completely covalent nature.
In the molecules like H,, N,, O,, CI, etc. the
covalent bond is formed by sharing of electrons
between its two atoms; but when the experimental
values of bond lengths and bond enthalpies are
studied, it is found that there is some contribution
of ionic bond. Heteronuclear diatomic molecules
like hydrogen fluoride (HF), the electron pair of
covalent bond remains dragged more towards
atom of fluorine element because the electro-
negativity of fluorine (in comparison to hydrogen
atom) is more. As a result the partial negative
charge (-0) is produced on atom of fluorine
element and partial positive charge (+9) is
produced on atom of hydrogen. Its real
structural formula can be written as below :

H— F - q° SiF

Dipole Moment is found in the molecule
due to this property of polarity. In the same
way in the molecule of water, one oxygen atom
and two hydrogen atoms combine to form two
covalent bonds. The electronegativity of oxygen
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element being more relative to that of atom of
hydrogen element, the electron pairs remain
dragged towards atom of oxygen. This produces
partial positive charge (+0) on hydrogen atom
and partial negative charge (—3) on oxygen atom.
In addition due to the two non-bonding electron
pairs on atom of oxygen element, property of
polarity is as shown below :

2(-9)

(@)
(+9) H/ \H +8)

In linear molecule like beryllium flouride
(BeF,) polarity of the same magnitude exists
between beryllium and each fluorine atom but in
opposite directions. As a result, the resultant value
of polarity becomes zero and the value of dipole
moment becomes zero.

-0 2(+8) -0

F—— Be ——F

The value of dipole moment of ammonia
(NH3) is not zero, so it is not linear but the
structure of the molecule is pyramidal.

2(-5)
/ N\\
<5 H HCO
¢ H

The electronegativity of flurine element
being more than that of the electronegativity of
hydrogen, the value of dipole moment of NH,
molecule is more than the value of dipole moment
of NF;. In both these molecules, one non bonding
electron pair is on central nitrogen atom. In the
molecule of NH, the polarily of all the three
N—H bonds is towards nitrogen atom. (The
electronegativity of nitrogen is more than that of
hydrogen). Thus, the polarity of three bonds is
concentrated on central nitrogen atom and so
the resultant value of dipole moment increases
while, in NF; molecule, the polarity of N—F
bond is towards F atom (The electronegativity
of fluorine is more than that of nitrogen). Thus
in NF; three N=F bonds in different directions
and so the resultant value of dipole moment is
less in comparison to NH, molecule.

The values of dipole moments of some
molecules and their geometrical shapes are in
Table 1.6.

Table 1.6 Dipole moments of some selected compounds and their geometrical shapes

Type of molecule Example Dipole moment Geometrical
u (D) shape
Molecule AB HF 1.78 Linear
HCl1 1.07 Linear
HBr 0.79 Linear
HI 0.38 Linear
H, 0 Linear
Molecule AB, H,O 1.85 Bent
H,S 0.95 Bent
Cco, 0 Linear
Molecule AB, NH, 1.47 Trigonal pyramidal
NF; 0.23 Trigonal pyramidal
BF, 0 Planar trigonal
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CHCl,
CCl,

13
0 Tetrahedaral
1.04 Tetrahedaral
0 Tetrahedaral

1.8 Approach to Covalent Bond

The explanation of covalent bond can be
given by Lewis theory but the shapes of
molecules and polarity of bonds cannot
be explained by this theory. The modern theory
of covalent bond formation is based on the
quantum mechanics. For explanation of this, there
are two major approaches-Valence Bond Theory
and Molecular Orbital Theory.

Heitler and London had presented the
theory of valence bond in 1927 which was later
developed by scientist Pauling with some changes.
According to this theory, the bond is formed by
overlapping of valence orbitals of atoms. e.g.
Dihydrogen molecule is formed by combination
of two hydrogen atoms. Each  hydrogen atom
possesses one proton in the nucleus and one
electron in its orbit. According to valence bond
theory, one covalent bond between two hydrogen
atoms H—H is formed by the overlapping of 1Is
orbital of each hydrogen atom. The directions of
the spin of electron in 1s orbital of each
hydrogen, which is overlapping are opposite to
each other. In the formation of hydrogen molecule,
the electron pair obtained by overlapping of two
1s orbitals, and having opposite spins remain in
between nuclei of two hydrogen atoms and this
bonding electron pair experiences similar
attraction by both the nuclei.

1.9 Valence Bond Theory

In 1927, Heitler and London first of all
presented the valence bond theory. Its detailed
study and devlopment were carried out by
scientists Linus Pauling and Slater. According to
this theory, when half filled atomic orbitals come
near to each other, then they get overlapped,
and as a result the formation of covalent bond

is attained. Thus, one half filled orbital of one
atom overlaps with half filled orbital of other
atom and forms bond. Thus, the combining
atoms share their valence electrons and form
covalent bond. Sometimes, out of the two
combining atoms, the orbital of one atom may
be completely filled and the other orbital of the
other atom may be vacant, even then they both
overlap and form special type of covalent bond
(which is called co-ordinate covalent bond).

Two atoms A and B of hydrogen element
which possess nuclei N, and Ny. Suppose, they
go near to each other. The electrons in the two
atoms are shown as e, and ez. When these
two atoms are at very far distance, there is no
interattractive force between them. When they
come nearer to each other, the attractive and
repulsive forces are produced between them.

The attractive forces are produced because
of following factors :

(i) The attractive forces produced between
nucleus of the atom itself and its own

electron or N, - e, and Ny - eg.

(i1) The attractive force produced by nucleus
of one atom and electron of other atom.
N, - egand Np-e¢,.

In the same way, repulsive forces are

produced because of the following factors :

(i) Repulsive force produced between electron-
electron of two atoms e, - e .

(i) Repulsive force produced between nuclei
of two atoms or N, - Np .

Attractive forces try to take both the atoms
near to each other while repulsive forces try to
push each other. This is shown in Fig 1.2.
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Hp

Old force

e — New force

Attractive Forces

Repulsive Forces

Fig. 1.2 Forces of attraction and repulsion during

the formation of H2 molecule

It is proved from the experiments that the
magnitude of attractive forces is more than that
of repulsive forces. As a result both the atoms
go near to each other and their potential energy
decreases. Both the atoms go near to each other
to such an extent that attractive forces are
balanced by repulsive forces and the system
attains minimum energy. At this stage, both
hydrogen atoms combine with each other and
remain at certain definite distance and forms
stable hydrogen molecule. This distance or bond
length is 74 pm.

Assumptions of Valence Bond Theory :
According to valence bond theory, the half filled
atomic orbitals (and having same symmetry) having
same energy overlap with each other and form
covalent bond. As a result there is pairing of
electrons in valence orbitals. The strength of
covalent bond is directly proportional to the
magnitude of overlapping of orbitals or if the
overlapping of valence orbitals of atom is more,
then stronger will be the covalent bond

The assumptions of valence bond theory can be
given as follows :

(1) Generally there must not be much
difference in energies of overlapping atomic
orbitals.

(i) The overlapping orbitals must be half filled
and the spin of the electrons in them must
be in opposite direction to each other.

(iii) There must be overlapping of atomic
orbitals to proper extent, so that chemical
bond formation can take place.

Overlapping of atomic orbitals : When
two atoms come near to each other, there is
overlapping of atomic orbitals. This overlapping
can be positive, negative or zero wich depends
upon the properties of the overlapping atomic
orbitals. The different overlapping arrangements
of s and p orbitals are shown in Fig. 1.3.

Positive Overlap

> 0" z|-(> 0’0 z
z Z

Negative Overlap

P2 P2 (o)
Oz [

p, S p, S

(b) (®

vy ()

Fig. 1.3 Positive, negative and zero overlapping of

s and p atomic orbitals

The assumptions of overlapping of atomic
orbitals are applicable similarly to homonuclear,
heteronuclear, diatomic and polyatomic molecules.
The chemical bonding in molecules having
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polynuclear atoms like CH,, NH; and H,O can
be explained with the help of valence bond theory.
Their shapes and bond angles can also be known.
We know that the shapes of the molecules CH,,
NH, and H,O are tetrahedral, pyramidal and
bent respectively. These geometrical shapes can
be explained with reference to overlapping of
atomic orbitals.

The electronic structure of central atom
carbon in CH, molecule, in its ground state is

[He] 2s* 2p1( 2p1y 2p(z), and in excited state it is

[He] 2s' 2glx 2p]y 2pL. Thus, four half filled
orbitals of carbon atom overlap with 1s orbitals
of four hydrogen atom, which are also half filled
and form four C — H bonds. Three p-orbitals of
carbon atom are at 90° to one another and so
three C — H bonds are found at 90° to one
another. But 2s orbital of hydrogen atom are
symmetrically spherical, hence, they overlap with
each other in any direction. Hence, the fourth
C — H bond is not determined clearly. But this
assumption is not consistent with tetrahedral
molecular structure in which bond angle is
109928 . Hence, it can be said that the overlap-
ping of atomic orbitals does not possess vector
properties. In the similar way the shapes of
molecules of NH, and H,O and their bond angles
can be explained.

Types of Overlapping and Nature of
Covalent Bond : The covalent bond formed by
overlapping of atomic orbitals can be divided in
to two types.

(i) o bond : This type of ¢ - covalent
bond is obtained by end to end overlapping of
the ends of two atomic orbital having internuclear
axis. It is also called axial overlapping. This type
of overlapping is obtained by overlapping of
atomic orbitals as shown below :

Overlapping of s—s orbitals : In this type,
overlapping of two half filled orbitals having one
axis is observed.

O+O—@
s-Orbital s-Orbital s-s Overlapping

Overlapping of s—p orbitals : In this type,
there is overlapping between half filled atomic

s-orbital of one atom and half filled atomic
p-orbital of other atom.

s-p Overlapping

s-Orbital  p-Orbital

Overlapping of p—p orbitals : Here it is found
that when the two atoms go near to each other
the overlapping of p-p orbitals due to overlapping
of half filled p-orbital of two atoms is observed.

OO+OO0-O@>4
p-Orbital p-Orbital

(ii) m— bond : In this type of m—covalent
bond formation, the axes of atomic orbitals that

p-p Overlapping

are overlapping remains parallel to each other
and it is perpendicular to internuclear axis.

e S

p-Orbital p-Orbital p-p Overlapping

The strength of any type of ¢ or ® bond
is proportional to the magnitude of overlapping of
atomic orbitals. In ¢ bond formation, overlapping
of atomic orbitals is more and as a result
6— bond is strong. In m— bond formation the
megnitude of overlapping is less because of
overlapping of atomic orbitals is sidewise and as
a result m— bond is weaker relative to 6— bond.

1.10 Molecular Orbital Theory

The molecular orbital theory was first of
all presented by Mulliken and Hund in 1932.
According to them, the description of molecular
orbital is similar to that of atomic orbital. As
electrons of atom are arranged in atomic orbitals
(such as s,p,d...etc) in the same way the
electrons of the molecule are arranged in molecular
orbitals. The probability distribution of electrons
around the nucleus of the atom can be shown by
atomic orbitals. Similarly, the probability distribution
of electrons around the nucleus of molecule can
be shown by molecular orbitals is carried
out obeying Auf bau principle, Pauli's Exclusion
principle and Hund's rule of maximum multiplicity.
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Important points of molecular orbital
theory :

(i) As the electrons of the atom are arranged
in different atomic orbitals, similarly
electrons of the molecule are arranged in
different molecular orbitals.

(i) The atomic orbitals having similar energy
and proper symmetry combine with each
other in some definite way and forms
molecular orbitals.

(iii) The electrons in the atomic orbital are under
the effect of only one nucleus, while the
electrons in the molecular orbitals are under
the effect of two or more nuclei. It
depends on how many atoms are there in
the molecule. Thus atomic orbitals are
monocentric, while molecular orbitals are
polycentric.

(iv) The number of atomic orbitals that combine
with each other is the same for molecular
orbitals. Half the number these molecular
orbitals are called Bonding Molecular
Orbitals (BMO) and remaining half number
of molecular orbitals are called Anti-
bonding Molecular Orbitals (ABMO).

(v) The energy of the bonding molecular orbitals
obtained by combination of respective
atomic orbitals is less in comparison to
the anti-bonding molecular orbitals.

(@ € ¢

Wopz (1) +

tb) 0% - 09 —

Wopz (1) - Wopz (2)
L=
() +
Yopy (1) + Yopy 2)
id) =
| - -
Wopy (1) = Wopy 2)

Linear Combination of Atomic Orbit-
als (LCAO) and Formation of Molecular
Orbitals : According to quantum mechanics, the
formation of molecular orbitals between any two
atoms is the linear combination of acceptable
wave functions or Linear Combination of Atomic
Orbitals. When two hydrogen atoms combine and
H, molecule is formed, acceptable wave functions
of each hydrogen atom ¥, ;) and ¥, takes
place by linear combination in two ways as
follows : Hence two acceptable wave functions
Yo and W*, are formed.

Fyo = Yy + Y

o = Yy = Yo

Here, (1) and (2) are the numbers used
for two atoms of hydrogen. Two molecular wave
functions formed here describe two molecular
orbitals. The molecular orbital indicated by ¥,
is called bonding molecular orbital and by ‘¥*,,,
is called antibonding molecular orbital.

When the molecular orbital is formed by
complementary overlapping of two 1s orbital, it
is spread over the nuclei of both the atoms. The
total energy of this molecular orbital is less than
the total energy of both the atomic orbitals. It is
called bonding molecular orbital. When the
molecular orbital formed by opposing overlapping
of two Is orbitals has total energy more than
the total energy of both the atomic orbitals, is
formed, it is called antibonding molecular orbital.

B - L

W2pz (2)

¥MO (o)
B oo avEll
e
*
— WMo (6%)

=3 “;:;)' {:} 180"
-
— WYMo (m)

a
g W

—_— ¥vo (%)

180°

Fig. 1.4 Bonding and anti-bonding molecular orbitals



Chemical Bonding and Molecular Structure

17

In the Figure 1.4, the horizontal line is the
bond axis. (+) and (—) signs are the signs of
wave function; they do not indicate electric
charge. If the rotation of axis is carried out by
180° angle, the positions of (+) and (=) signs
in (a) and (b) do not change. Hence, these
molecular orbitals possess cylindrical symmetry.
These orbitals are expressed by 6— symbol. In
(a) the probability of electron in the field be-
tween two nuclei is maximum and so such type
of molecular orbitals are (G). In (b) the prob-
ability of electron being in the field between two
nuclei is less and so this type of molecular or-
bitals resist the entry of electrons. Hence, they
are called anti-bonding molecular orbitals (6™).
The molecular orbitals shown by (c) and (d) are
of m—type because, the positions of the signs of
wave functions change by rotation of bond axis
by an angle of 180°. In (c) the probability of
electron in the field between two nuclei is more
and so it is ©-type bonding molecular orbital (1),
while in (d) the probability of electron in the
field between two nuclei is decreasing and so it
is m— type anti-bonding molecular orbital (™).
In this type of molecular orbital the nodal plane
between the two nuclei is plane. The probability
of getting electron in the nodal plane is zero.

Conditions for the Combination of
Atomic Orbitals :

When the molecular orbitals are formed
by linear combination of atomic orbitals, some
of the requirements should be satisfied. These
requirements are also called the conditions for

the linear combination of atomic orbitals. They
are as follows :
(i) The atomic orbitals of the combining
atoms must possess similar energies.

(i) The combining atoms must be as near as
possible so that the overlapping can be
maximum on the axis of atomic orbitals.

(iii) The symmetry of the atomic orbitals of
combining atoms must be same.

1.11 Types of Molecular Orbitals

The molecular orbitals of diatomic
molecule are generally expressed as ¢ and T.
The o—type molecular orbitals possess symmetry
around the bond axis, while m-type molecular
orbitals do not possess symmetry around the
bond axis. Generally o—type molecular
combination of s — s orbitals and s — p type
orbitals, while by linear combination of p, — p,
atomic orbitals c—type molecular orbitals are
obtained. By linear combination p, — p, and
Py — Py atomic orbitals, m—bond is obtained.
1.12 Molecular Orbitals and Their Relative

Energies

When two atoms come near to each other
and form molecular orbitals, the number of
molecular orbitals is equal to the total number
of atomic orbitals of those two atoms. The types
of molecular orbitals, formed when diatomic
molecule is formed by bringing two atoms of
elements from hydrogen to neon when brought
near to each other and their relative energy can
be shown as in Fig 1.5.

Energy

o*2p,
— 2]
o*2s
2s
G2s
G*ls
ols >— Is

ls—<

Fig. 1.5 Energy levels diagram of molecular orbital
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The increasing order of molecular orbitals

for molecules from H, to N, is as follows :

ols < 6%*ls < 02s < 0%2s < (M2p, = TCZpy)
< 02p, < (W*2p, = TE*Zpy) < 0*2p,
But the order is changed for molecules

from O, to Ne,, which is as follows :

ols < 0*ls < 028 < 0%2s < 02p, <

(M2py = m2py) < (W*2py = M*2py) < 6*2p,

1.13 Molecular Orbitals and their Relative
Energies
The distribution of electrons in different
molecular orbitals is called molecular electronic

configuration. Some important information is

obtained from electronic configuration of

molecule.

Stability of Molecule :

the number of electrons in bonding molecular

Suppose N, is

orbital and N_ is the number of electrons in

anti-bonding molecular orbitals, then :
(i) For N, > N,, molecule is more stable.

(i1)) For Ny < N_, molecule becomes

unstable.

Bond Order and Stability : The stability

of molecule is directly proportional to the value

number of electrons in bonding molecular orbitals
(Nb) and the number of electrons in anti-
bonding molecular orbitals (Na) when divided by

two, the value of bond order is obtained i.e.

Bond order = [Nb - Na]

1
2

If the value of bond order is positive
(N, > N,) the molecule becomes stable but

negative or zero value of bond order (Nb <N,

or N, = Na) indicates instability of molecule.

If unpaired electrons are there in electronic
configuration of atomic orbitals, the molecule/ion

becomes paramagnetic and if all the electrons

are paired it becomes diamagnetic.

1.14 Energy Level Diagram Bond Order,
Stability and Magnetic Properties of
Homonuclear Diatomic Molecules Like
He, to Ne,

The energy level diagram of molecular
orbitals of any homonuclear diatomic molecule
can be drawn as shown in Fig 1.5 and the bond
order can be calculated by arranging electrons
in them. The energy level diagrams of molecular
orbitals of H, molecule and O, molecule are

shown as illustration in Fig 1.6 (a) and (b)

of bond order. The difference between total respectively.
H,

o*1s
B
A U

W

g 1s 1s

= Iy
ols

Atomic orbitals
of H

Molecular orbitals
Of H2

Atomic orbitals
of H

Fig. 1.6 (a) Energy level diagram of molecular orbital of H,
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0,
c*2s
N
? 2s 2s
= Iy
G2s
o*1s
1s . 1s
cls
Atomic orbitals Molecular orbitals Atomic orbitals
of O of O, of O
Fig. 1.6 (b) Energy level diagram of molecular orbitals of O,
(1) H, molecule : The electronic (2) He, molecule: The electronic

configuration of H-atom is 1s'. Hence, there
are two electrons in H, molecule. The molecular
electronic configuration of these two electrons
will be as follows :

H, = (ols)

Bond order =

= N =

=1
Hence, H — H is in H,.

configuration of He atom is 1s2. Total four
electrons are there in He, molecule, whose
molecular electronic configuration can be shown

as follows :
He, = (ols)* (6%1s)?
1
Bond order = 5 [Nb - Na]
1
=—-[2-2] =0
2

Here, the value of bond order obtained is
zero which indicates that He, molecule is

unstable and so He, molecule is not possible.
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(3) Li, molecule : The electronic confi-
guration of Li atom is 1s% 2s!. Thus, there are
six electrons in Li, molecule whose arrangement
in molecular orbitals can be made as follows :

Li, = (cls)* (6¥1s)* (02s)

Bond order

1
— [Ny, = N,]
2 b a

1
—[4-21 =1
2

Hence, Li — Li is there in Li,.

(4) Be, molecule : The electronic confi-
guration of Be atom is 1s> 2s>. Thus, there are
totally eight electrons in Be, molecule which will

be arranged in molecule orbitals as follows :

Be, = (61s)* (6*1s)? (625)* (672s)?

1
Bond order = — [N,, — N, ]
) b a

1
—[4 -4 =0
2
Thus, the value of bond order of Be, is
zero which indicates unstable molecule.

(5) B, molecule : The electronic confi-
guration of B atom is 1s*>2s?2p!. Thus, in boron
molecule there are ten electrons which will be
arranged as follows in molecular orbitals.

B, = (6ls)* (6*1s)? (625)* (672s)?
(nsz)l = (Tczpy)l

1
Bond order = 5 [N, — Ngl

1
= —[6-4] =1
2

Hence, B — B is in B,. Here, there are
two unpaired electrons and so B, molecule is
paramagnetic.

(6) C, molecule : The electronic confi-
guration of carbon atom is 1s® 2s*> 2p%. Hence
the total number of electronic configuration will
be as follows :

C, = (6ls)* (6*1s)* (625)* (672s)?
(n2py)° = (n2py)’

Bond order = [Nb - Na]

8 -4]=2

= =

Hence C = C is in C,. All the electrons
are paired and so C, molecule is diamagntic.

(7) N, molecule The electronic

configuration of N atom is 1s* 2s> 2p3. Hence
there are totally 14 electrons in N, molecular
orbitals will be as follows :

N, = (6ls)? (6%1s)* (625)* (672s)*

(M2py)* = (n2py)° (62p,)°

Bond order

NSRS N

[N, — Nyl
= —[10-4] =3

Hence, N = N is in N, molecule. As all
the electrons are paired, N, molecule is

diamagnetic.

(8) O, molecule
configuration of O atom is 1s? 2s> 2p*. Hence,

The electronic

there are 16 electrons in O, molecule. The
electronic configuration in molecular orbitals will

be as follows :
0, = (61s)* (6*15)* (625)* (6™25)* (62p,)°

(n2py)? = (2p)* (W*2p,)' = (W*2p,)’

1
Bond order = — [Ny, — N, ]
) b a

1
—[10 - 6] =2
2

Hence, O = O is in O, molecule. As two
unpaired electrons are there in O, molecule, it
is paramagnatic. This result expresses the
importance of molecular orbital theory because
O, molecule is diamagnetic according to valence
bond theory.

(9) F, molecule : The electronic confi-
guration of F atom is Is> 2s? 2p°. Hence 18
electrons are there in F, molecule whose
arrangement in molecular orbitals can be shown

as follows.
F, = (61s)* (6¥1s)? (625)* (6*2s)* (62p,)*

(n2p)? = (M2py)* (W*2p,)* = (W*2py)’?
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Bond order= [Nb - Na]

[10 - 8] =1

D= =

Hence F — F is in F,. As all the electrons
in F, molecule are paired, the molecule will be
diamagnetic.

(10) Ne, molecule : The electronic
configuration of Ne is 1s? 2s?> 2pS. Hence 20
electrons are there in Ne, The arrangement of
it can be as follows :

Ne, = (ols)* (6¥1s)* (62s)* (672s)* (52p,)°
(n2py)° = (2p)* (*2p,)* = (W*2p))’
(6%2p,)°

1
Bond order = 5 [N, = N,

1
= —[10-10] =0
2

Here, the value of bond order is zero.

Hence, Ne, molecule is not possible.

1.15 The Energy Diagram, Bond Order,
Stability and Magnetic Properties of

Heteronuclear Diatomic Molecules like
CO and NO

CO (carbon monoxide) molecule : CO
is a heteronuclear diatomic molecule. Atoms of
two different elements carbon and oxygen take
part in its formation. There is difference in energy
levels of atomic orbitals of carbon and oxygen
atoms. As compared to carbon atom, the energy
level of respective orbitals of oxygen atom is at
lower level i.e. possess less energy. As a result
it is more stable. Total fourteen electrons (six
electrons of carbon atom and eight electrons of
oxygen atom) are there in carbon monoxide
molecule. These fourteen electrons are arranged
in molecular orbitals obtained by combination of
atomic orbitals of carbon and oxygen. It can be
seen from the energy diagram of carbon
monoxide that all the electrons in it are paired
and so it is diamagnetic. The energy diagram of
CO molecule is shown in Fig 1.7.

o & W

2py 2p.

2s

Energy

2s

G 2s

c*ls

W&

cls

Atomic orbitals of C Molecular orbitals of CO Atomic orbitals of O

P

Fig. 1.7 Energy leval diagram of CO molecule
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The arrangement of fourteen electrons
present in carbon monoxide molecule, can be
written in molecular orbitals as follows :

CO : (ol1s)? (6*1s)? (02s)* (6%2s)?
(M2py)° = (M2py)” (62p,)°

Bond order = [Nb - Na]

= =

[10 - 4]

=3
Hence, C = O will be in CO.

NO (Nitric oxide) molecule : NO is a
heteronuclear diatomic molecule. Atoms of two
different elements nitrogen and oxygen take part
in its formation. There is difference in the energy
of oxygen atom is less than corresponding to

that of nitrogen atom.

There are total 15 electrons (seven
electrons of nitrogen atom and eight electrons
of oxygen atom). The arrangement of these 15
electrons can be made in molecular orbitals as
shown in Fig 1.8.

The arrangement of electrons of NO
molecule in molecular orbitals can be written as
follows :

NO : (c1s)* (6*1s)? (625)* (6%25)* (62p,)*

(n2p)* = (n2py)* (W*2py)"
1
Bond order = 5 [N, — Nyl
1
= —[10-5] =25
2

As there is one unpaired electron in NO
molecule, it is paramagnetic and as the bond
order is a fraction, NO molecule is unstable.

The electrons of 1s orbitals (inner shells)
do not take part in formation of bond and so

they are called non-bonding electrons.

Y

2p,  2py

o*2p,

LA

2py 2pz

Energy

2s

2s

G2s

o*ls

1s

@

Atomic orbitals of N

| _GCls

Molecular orbitals of NO

Atomic orbitals of O

Fig. 1.8 Energy level diagram of NO molecule
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1.16 Intermolecular Attraction Forces

Scientist van der Waals mentioned weak
attraction force existing between molecule-
molecule on the basis of the study of deviation
from ideal behaviour of gas. The existence of this
weak attraction force cannot be explained by
any other chemical attraction force. It is called
van der Waals attraction force. This phenomenon
is universal. There is presence of van der Waals
attraction force in components of ionic substances
and also in components of covalent substances.
As its dimension is very less about 42 kJ mole™!
in relation to other attraction force, it is mostly
covered by other attraction forces. This attraction
forcoe prevails upto a very less distance about
4.5 A. The electrons on the surface of molecule
experience attraction of nucleus of other
molecule. Hence, van der Waals attraction force
is produced. As the strength of this attraction
force is different between molecules of different
substances, the difference in melting points and
boiling points of different substances is observed.
The intermolecular forces depend upon the
following factors :

(i) Shapes of molecules

(i1)) Number of electrons in molecules
(ii1) Contact surface of molecules
(iv) Average intermolecular distance

The study of these four factors can be
understood from the molecule of nitrogen (N,)
and phosphorus (P,) viz. At normal temperature,
from amongst the elements of the same group
nitrogen is in gaseous form while phosphorus is
in solid form.

Hydrogen Bond : Nitrogen, oxygen and
fluorine are strong electronegative elements.
When such elements combine with hydrogen atom
through covalent bond, the electrons combined
by sharing in covalent bond remains dragged
towards more electronegative element. Thus,
partial positively charged hydrogen atom of one
hydride forms strong attraction bond with more
electronegative element of the other hydride
which is called hydrogen bond (H-bond).
Hydrogen bond is weaker than covalent bond.
Thus, the attraction force produced between
electronegative elements having non-
bonding electron pair with positively charged
hydrogen atom is called hydrogen bond.

Hydrogen bond is shown by dotted (......... ) line.
e.g. In molecule of HF, hydrogen atom of one
molecule and fluorine atom of other molecule
has formed H-=bond shown as below :

Here, hydrogen bond works as a bridge
between two atoms in which it forms
covalent bond with one atom and forms
hydrogen bond with other atom. The hydrogen
bonds in NH;, H,0 and HF molecule can be

shown as in Fig. 1.9

: =Nos —=Ni-
Y ™ “n
R 1 N2 H H N2
‘H/ H/ /H/
o =Nz~ Ng
H-Bond in liquid NH3
H, H

\/ P N/
/\ /\

“\/

H-Bond in H, O liquid

H-Bond in liquid HF

Fig. 1.9 Hydrogen bond

NH;, H,O and HF in their liquid states
possess strong hydrogen bond. Hence their boiling
points and melting points are very high in
expectation to those of hydrides of other elements
of the same group viz. the higher melting points
and boiling points of hydrides of first elements
of group 15, 16 and 17 (NH,;, H,O, HF) support
presence of hydrogen bond in them. The energy
of hydrogen bond is about 40 kJmol™!, which is
higher than the van der Waals' forces.

The density of water is maximum at 277 K
In the temperature interval of 273 K to 277 K
the density of water being more than that of
ice, ice floats on water. Ice is a solid crystal of
water having hydrogen bond. The magnitude of
hydrogen bond is maximum in solid state of a
substance and is minimum in gaseous state of a
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substance. The effect of hydrogen bond is
observed on the structures and the properties of
the compounds.

Importance of Hydrogen Bond :

(i) As hydrogen bond is formed in water, its
evaporation is slow at normal tempera-
ture. Hence, water on the surface of the
earth is retained in large proportion.

(i) The storage of water in animal and
vegetative cell is due to hydrogen bond.

(iii) Molecules of water forms hydrogen bond
with components of the soil. Hence, the
moisture is retained in the soil.

(iv) Hydrogen bond is formed in protein
molecules in the muscles of living ones
through amide (—CONH—) group. Hence,
certain functions of muscles are due to
hydrogen bond.

(v) The effectiveness of medicines increases
and becomes faster due to hydrogen bond.

(vi) Hydrogen bond plays an important role in
living cells of biochemical molecules in
nucleic acid, DNA, RNA etc.

(vii)) The clothes of synthetic fibres (nylon,
terrylene etc) dry faster than cotton clothes
because of hydrogen bond formation by
water with cellulose of cotton clothes.

Types of Hydrogen Bonds :
Hydrogen bond is mainly of two types :

(1) Intramolecular Hydrogen Bond
(i) Intermolecular Hydrogen Bond
If hydrogen bond is formed between
atoms of same molecule, then that type of
hydrogen bond is called intramolecular hydrogen
bond. e.g.

O—H.,
él CH, CH;

H_O ......... H_O

0-Chlorophenol Ethane 1,2-diol

The hydrogen bond formed between two
or more different molecules of the same
compound is called intermolecular hydrogen
bond. e.g.

Cl Cl Cl

p — Chlorophenol

CH; CHj

......... O Her O Hore
Methanol

As the intermolecular hydrogen bond is
formed with more than one molecules of the
same compound, the number of such hydrogen
bonds is more. As a result, the melting points
and boiling points of such compounds are
comparatively higher.

The intramoleaclar hydrogen bond is formed
internally between atoms of the same molecule.
As a result, the number of such hydrogen bonds
is limited. Hence, the melting points and boiling
points of the compounds having intramolecular
hydrogen bond are relatively lower.

E.g. The boiling point of p-chlorophenol is
higher than that of o-chlorophenol because
intramolecular hydrogen bond is present in
o-chlorophenol and intermolecular hydrogen bond
is present in p-chlorophenol.

1.17 Concept of Metallic Bond

The less ionisation energy of metal
indicates that metal atom has less attraction for
valence electron. Also, it has less number of
valence electrons (generally 1, 2 or 3) to form
covalent bond. Hence, covalent bond between
two atoms of metal is not formed. As a result,
the directional property is not observed in metals.
The valence electrons of atoms of metal are
considered not specific for any nucleus but same
for the whole crystal. These electrons are called
delocalized electrons. The delocalized electrons
can change their positively charged kernel
(positively charged part of the atom with the
nucleus except valence orbit). This can
be described as positively charged sphere in the
delocalized electron cloud. According to Laws
of Electrostatics, the atomic kernel being positively
charged, there must be repulsion between each
other. Even then, the atomic kernel arranged
very near to each other. The attraction between
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atomic kernel and the delocalized electrons keep
the atomic kernels together. The attraction
between positively charged atomic kernel and the
delocalised electrons arranged around it is the
metallic bond. It makes the arrangement in such
a way that atomic kernel can be accommodated
in least possible space and also keeps parallel
distance between each pair of spherical atomic
kernel of any two nearby kernels.

The explanation of metallic bond can
be given with the help of Electron Sea Model.
According to this model, the metal crystal is
considered as sea of delocalised valence electrons.
The positively charged kernel is imagined to be
floating in it. They are arranged near to each
other. Because of the presence of delocalised
electrons between such positively charged
kernels, these delocalised electrons possess very
strong attraction forces with positively charged
kernels. Such an attraction force is called
metallic bond. All the electrons which are
delocalised, have attraction between electron sea

and positively charged kernel.
Positively charged kernel

Electron

Fig.1.10 Electron - Sea model of metallic bond.

1.18 Co-ordinate Covalent Bond

Co-ordinate covalent bond is one type of

covalent bond. In the formation of covalent bond,

the atoms combining with bond give same number
of electrons for sharing. e.g. H, molecule. But
sometimes the electron pair required for sharing
in the formation of molecule/ion, one of the atoms
from the combining atoms donates the electron
pair and bond is formed. The sharing of the
electrons in this type of bond formation is called
covalent bond. But the electron pair required for
sharing are donated by atom of only one ele-
ment, special type of covalent bond is formed
which is called co-ordinate covalent bond. This
bonding is expressed by the sign of arrow (—)
and the direction of arrow is from the atom
donating the electron pair towards the atom
receiving the electron pair.

Generally, the molecules having one or more
non-bonding electron pairs form this type of bond
by donating electron pair. Thus, this type of bond
is formed between completely vacant orbitals of
the atom of the element and atoms possessing
non-bonding electron pairs by sharing the
electrons easily.

(1) e.g. In NHj ion, there are three
covalent and one co-ordinate covalent bonds.

NH, +H" —> NHj

-~ -+

H
HexN I H
H

NH;

1.19 Hybridisation in BeHz, BCl3, CH4,
PCl,, SF,, by s, p and d Orbitals

The information of hybridisation in BeH,,
BC13, CH4, PC15, SF6 etc. through s, p and d
orbitals is included in the table 1.3.



26

Chemistry

SUMMARY

In this unit, the study of chemical bonding and formation of molecule from the
atoms are included. The smallest particle of element is atom and the smallest particle in
a compound is molecule. The force or the binding that keeps the atoms in the molecule
combined during the formation of molecule is called chemical bonding. The concepts like
that of Kossel-Lewis, VSEPR principle, valence bond theory, molecular orbital theory
have been presented. In chemical bonding, it has more relation with orbitals around the
nucleus and especially the valence orbitals. We do not think about the nucleus but we
take into consideration the effect due to its positive charge. Scientists Lewis and Kossel
have mentioned the approach of chemical bonding. In this, the atom obtains the octet
either by losing or by gaining the electron, which is chemically inert. This is called law
of octet. Such bonds are called ionic bonds e.g. NaCl. Also, some atoms share electrons
with each other and obtain octet structure resulting into stable covalent molecule. e.g. Cl,.
To explain the structures of such molecules he mentioned dot and cross symbols and
explained the stability of the molecules. Such a bond is called covalent bond. The approach
of Kossel Law is explained in detail in the unit.

When any bond is formed, the distance between their atoms is called bond length
and the angle is called bond angle. As you know the bond lengths of single (=) bond,
double (=) bond and triple (=) bond are different. The bond angle gives geometrical
shapes to molecules viz.180°- linear, 109°28' tetrachedral. You will study in detail about
covalent bond which can be of three types. Polar covalent bond in which the electron
remains dragged towards the more electronegative atom and +8 charge on electropositive
atom and —O charge on electronegative atoms are shown. As a result the molecule
becomes polar. If the electronegativities of the two atoms are same or the difference
between them is less, than non-polar bonds, formed by both the atoms sharing the
electrons. In co-ordinate covalent bond, one of the two atoms sharing a pair of electrons
and the second atom completes the octet with the help of this gained electron pair. viz.
F;B <— NH;. Bond <« indicates co-ordinate covalent bond. Over and above, bond length,
bond angle, bond enthalpy (bond energy) is also an important concept. Shorter the bond
length, more will be the stability and so more energy will be required to break it. Thus,
the values of enthalpy may be different according to bond formation. The number of
bonds is called bond order which we have studied in detail and also the formula to
determine it. Born-Haber showed that the enthalpy evolved in formation of compound is
the mathematical results of the enthalpies of several reactions of atoms. It is explained
in the unit by discussing the formation of compound like NaCl.

Sometimes, it so happens that the electron pair instead of being localised on any
molecule it localises towards other molecule. Thus, the bonds in the molecule can be
shown at different positions in the compounds having same molecular formula. Such
structures are called resonance structures and energy associated with the changes of
these resonance forms is called resonance energy. This can be studied through the
molecules of ozone, carbon dioxide, benzene etc.

As we have seen earlier, structures like linear, tetrahedral etc, can be obtained on
the basis of bond angle. This study can be used to show the shapes of the molecule by
hybridisation of atoms in them, geometrical structures etc. viz. linear BeCl, - 180°, trigonal
BCl, - 120°, tetrahedral CH, - 109°28".

Lewis approach being insufficient to explain the shapes of molecules, Sidgwick and
Powell proposed one principle which is known as VSEPR principle which was developed
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by Nyholm and Gillespie and they proposed certain assumptions. In this it is important to
note that when non-bonding electron pairs are there, then they show deviation in geometrical
structure and bond angle due to repulsion between electron pairs. e.g. Molecule of water
has sp® hybridisation and so its bond angle must be 109°28" but it becomes 104° 30" due
to repulsion by two non-bonding electron pairs. Hence, it is called distored tetrachedral.
The polarity of bond is a vector quantity. Hence, if a polar bond is formed due to difference
in electronegativities but another bond of the same type is formed in its opposite direction,
then polar bond will be formed but the resultant polarity of the molecules becomes zero

and molecule will be non-polar.
F

!
€g F <+ Be+—— F or A//(B\\\

F F

The dipole momentes of polar substances can be calculated for which both the
charges +0 and —0 and the distance between them is to be utilised. More the value of
dipole moment, more will be the polar bond and more will be the ionic bond. One
important aspect is that polar substances dissolve only in polar solvents and non-polar
substances dissolve in nonpolar solvents. e.g. NaCl will dissolve in water. Napthalene will
dissolve in benzene. New hypotheses have been presented affter taking into consideration
the limitations of the principles for the approach of covalent bond. Two are main from
them : (1) Valence Bond Theory and (2) Molecular Orbital Theory. These concepts are
based on quantum mechanics. Heitler and London first of all gave the idea of valence
bond theory and it was developed by Pauling and Slater.

In the assumptions of valence bond theory the attraction - repulsion forces between
positively charged nuclei of two atoms and the electrons arranged in the orbits around them.
According to Coulomb's Law if attractive forces are more than repulsive forces then the
bond will be formed and molecule will be formed. In this theory, on the basis of the
overlapping of valence orbitals different overlaps can be formed. In this type of overlapping
the excitation of electrons in valence orbitals can be shown and then formation of molecule by
covalent bond with other atoms. viz. In carbon, the electrons of valence orbital 1s* 2s* 2p?
will be excited to give 1s*2s! 2le 2py1 2pZ1 containing four orbitals with one electron in
each and four hydrogen atoms, and hence will give stable molecule like CH,. The geometrical
structure, and bond angle can be expressed from the hybridisation associated with it. In such
valence bonds, two types of bonds—G and T are also observed. ¢ bond is a covalent bond;
it attains axial overlap of internuclear axis. The stability of this bond is more than that of
1t bond. In the m—bond the axis of the atomic orbitals undergoing overlapping remains
parallel to each other and is perpendicular to internuclear axis. T— bonds are less stable in
comparison to 6—bonds or they are weaker. Valence bond theory is based on overlapping
of valence orbitals. It explains properties like the geometrical shapes, the bond angle etc.
very simply but cannot explain magnetic properties.

Scientists Mulliken and Hund suggested molecular orbitals like atomic orbitals and
proposed molecular orbital theory. Amongst its important points, the idea that atomic
orbitals can also form molecular orbitals was taken into consideration. As many atomic
orbitals take part in the formation, same number of molecular orbitals, their energy,
symmetry etc. were taken into consideration. The formation of these types of atomic
orbitals can be shown in the formation of homonuclear molecules like H,, Be,, F, etc.
and heteronuclear molecules like CO, NO etc. Molecular orbitals are formed by linear

combination of atomic orbitals—LCAO principle. On the basis of these types of combination
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two types of molecular orbitals are formed which are known as Bonding Molecular

Orbitals (BMO) and Anti-Bonding Molecular Orbitals (ABMO). In the formation of rules
these types of BMO and ABMO the principles like Hund's rule of maximum spin multiplicity,
Pauli's exclusion principle, Aufbau principle etc. which are applicable in formation of atomic
orbital are also obeyed and maintained. In the unit the molecular orbital diagrams of
construction of molecular orbitals from the atomic orbitals for formation of homonuclear
molecules from H, to Ne, elements as well as for formation of heteronuclear molecules
like CO, and NO are shown. From these diagrams, important property like bond order
can be calculated. Bond order

1 .
= P {electron in bonding molecular orbitals — electrons in anti—bonding orbital } viz. for N,

1
molecule bond order =— (10—4) =3 i.e. there will be triple bond N = N. In the same
2

1
way, in NO molecule bond order will be = 5 [10 — 5] = 2.5. Here, we will note that

if the value of bond order becomes zero, the bond will not be formed e.g. He,. If the
value of bond order is integer, the bond will be formed and according to the integer 1,
2, or 3, there will be single (=), double (=) or triple (=) bonds respectively. If the value
of bond order is fraction, then molecule will attain unstable structure. The
molecular orbital theory can explain the magnetic properties e.g. In O, molecule two
unpaired electrons are there and so it is paramagnetic and in N, molecule, all the electrons
are paired and so it is diamagnetic. Thus molecular orbital theory is superior to valence

bond theory in this matter.

Above this, one important phenomenon is hydrogen bond. The first element of
15, 16, and 17, groups N, O, F being higer electronegative than the other elements of the
group it can form covalent molecules like NH;, H,O and HF with hydrogen. Afterwards
the molecule like H  SE— H F combines with each other H — F
molecule through hydrogen bond H [ smmmmommnoze H F where H ........ (dotted
line) indicates hydrogen bond formation. HF, NH,, H,O possess hydrogen bonds and so
their properties are different from those of other elements in the group. Hydrogen bond
is of two types (1) Intermolecular and (2) Intramolecular hydrogen bonds. When hydrogen
bond is formed between two molecules it is called intermoleculer hydrogen bond e.g.
p-chlororphenol and between two groups in the same molecule, it is called intramoleculer
hydrogen bond e.g. o-chlorophenol. Intermolecular hydrogen bond is stronger than in-
tramolecular hydrogen bond. The presence of hydrogen bond is the reason for specific
properties of the compounds. Viz the retaining of water in the soil, drying of terrylene
clothes is faster than that of cotton clothes.

After knowing about ionic bond, covalent bond, co-ordinate covalent bond, we shall
study the special type of bond present in metals which is called metallic bond. As there
are 1, 2 or 3 electrons in the outermost orbit of the metals, they are not able to form
covalent bonds. Their ionisation energy is less and attraction of electron towards the
nucleus is less. One, two or three electrons are arranged around the nucleus of the atom.
Hence, the positively charged nucleus or kernel is there. The electrons around it have
attraction towards other nuclei of the atoms in the lattice. Thus, the electron instead of
being localised for any one atom, remains delocalised in the whole metal crystal. For this
theory Electron Sea model was proposed. In this, the atomic kernel is imagined as floating
in the sea, delocalised electrons are arranged around kernel possessing positive charge.
Because of this type of metallic bonds, the specific properties of metals, like density,

ductility, malleability etc. are different.
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Co-ordinate covalent bond is a type of covalent bond as seen earlier. The characteristic

in it is that from the two atoms undergoing sharing of electrons, only one of the atoms

provides a pair of electrons, and is shared by both the atoms. Hence, it is called

co-ordinate covalent bond. e.g. In BF;, three F atoms were bonded with B-atom through

three covalent bonds but the octet of B is not complete. Similary in NH, molecule, three

H atoms are bonded with N through three covalent bonds. But N has one non-bonding

pair of electrons, which it gives to BF; molecule and is shared by both the molecules.

Hence F;B < NH; Co-ordinate covalent bond is formed. In this, the molecule which

gives pair of electrons is shown by arrow (—) from the molecule which donates it

towards the molecule or atom which accepts and shares gained electron pair. You will

study more about co-ordinate covalent bond in the unit of complex salts in Standard-12.

EXERCISE

1. Select the proper choice from the given multiple choices

(1)

Mention the relationship between bond order and stability of a compound ?
(A) Directly proportional (B) Inversely proportional
(C) Equal (D) Opposite.

Which type of the bond from the following is obtained by combination of the
ions of strongly electropositive and strongly electronegative elements ?

(A) Ionic (B) Covalent

(C) Co-ordinate covalent (D) Metallic

In which of the following compounds the rule of octet is not obeyed ?
(A) CH, (B) PCl, (C) NH, (D) H,0

Which from the following is the magnetic property of oxygen molecule on the

basis of valence bond theory ?
(A) Diamagnetic (B) Paramagnetic
(C) Ferromagnetic (D) Antiferromagnetic

Which from the following is the magnetic property of oxygen molecule on the
basis of molecular orbital theory ?

(A) Diamagnetic (B) Paramagnetic
(C) Ferromagnetic (D) Antiferromagnetic

Who presented the valence bond theory ?

(A) Linus Pauling (B) van der Waals

(C) Mulliken (D) Heitler and London
Who presented the molecular orbital theory ?

(A) Linus Pauling (B) van der Waals

(C) Lewis (D) Mulliken

The water on the surface of the earth is mostly retained, the reason for
which is
(A) Density of water is 1.0 gml™' (B) Hydrogen bond is present in water

(C) Water is neutral (D) Water is used in large proportion
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9)

Which type of bond is observed in p-chlorophenol ?
(A) Intermoleculer hydrogen (B) Intramoleculer hydrogen

(C) van der Waals (D) Metallic

(10) Which of the following molecular orbitals possess minimum energy ?

(A) o2p, (B) ols (C) o2s* (D) m2p,

Answer the following questions in brief :

(1)

[\S]

o~

~~ /N /N A/~ /N —~~
AN W
— — — ~— ~— ~— ~—

Write Lewis structures of following molecules/ions :

BeF,, PH,

Write the rule of Octet.

Write resonance structures of NO,; ion

Mention types of hydrogen bond.

Give the values of bond angles of molecules of CH, and NHj.
What is the value of bond order in H, molecule ?

On what depends the strength of hydrogen bond ?

Metals are good conductors of heat and electricity. On which type of bond
does this property of metals depend ?

Answer the following questions :

(1)
(2)
(3)
(4)
(5)

(9)
(10)

Explain with suitable example, the formation of polar and non-polar covalent bonds.
Explain co-ordinate covalent bond.

Give definitions : Lattice enthalpy, Enthalpy of formation.

Give Lewis structures of PCls, NH} , SF,, H,SO,.

Give explanation of ¢ and © bonds. Mention by overlapping of which
orbitals are 6 and © bonds formed ?

Mention the condition for linear combination of atomic orbitals

Write the relative order of moleculer orbitals for homonuclear diatomic
molecules H, to N, and O, to Ne,

Explain the calculation of bond order in Be, molecule on the basis of
molecular orbital theory.

Explain the factors affecting the intermolecular attraction forces.

Mention importance of hydrogen bond.

Answer the following questions :

(1)
(2)

Write a note on Kossel-Lewis approach for chemical bonding.

Explain bond angles of CH,, NH;, and H,O molecules on the basis of
VSEPR principle.

Explain polarity of bonds in NH; and NF; molecules.
Give explanation of LCAO with example.

Give explanation of bond order and magnetic property of O, molecule by
drawing its energy level diagram according to M. O. theory.
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(6) Give explanation of bond order and magnetic property of NO molecule by
drawing its molecular orbital energy level diagram.

Write short note on intermoleculer attraction forces.

Give brief account of metallic bond.

—~ ~~
O o0 I
~— ~— ~—

Justify the following statements :
i) The clothes of nylon dry faster than those of cotton.

ii) The boiling point of o-chlorophenol is lower than that of p-chlorophenol.

(
(
(iii) Amongst H,0, H,S, H,Se, only H,O is obtained in liquid form.
(iv) O, molecule is paramagnetic.

(

v) o-bond is stronger than m—bond.

(Dr. Prafulla Chandra Ray)

Dr. Prafulla Chandra Ray was born on August 2, 1861

in the village Radauli of East Bengal. He obtained his primary
education in the primary school of his village. He had read the
life sketches of some scientists, Newton, Galelio, Benjamin
Franklin, during his young age. He got inspiration from it. He

went to England in 1882 and got admission in science faculty
of Edinburgh University. After completing his study for B.Sc.

in 1887, he obtained the D.Sc. degree on the subject of Inorganic
Chemistry. He worked on analysis of ores. He returned to

India in 1888 and joined the Calcutta Presidency College, as a lecturer. Here he studied
nitrite compounds. He was awarded the prestigious honour of 'Master of nitrite' by Prof.
Armstrong because of his research work on nitrite compounds. In 1911, he became
Senior Professor, After some years be retired from the post of professor but he continued
the research work. As a result of this he prepared an unstable substance - mercurous
nitrate in the laboratory. The other scientists of the world were astonished by this research.
He wrote a book "The History of Indian Chemistry' with a purpose that the whole world
may be aware of ancient Indian chemistry. This book was admired by the whole world.
After fifteen years, he published the second part of this book. These two books have
given important contribution in the devlopment of chemistry. The important research of
Dr. Ray was the discovery of mercury nitrate and preparation of its derivatives. Over and
above he had prepared a series of compounds of mercury alkyl, and mercury aryl ammonium
chlorides. He established Indian Chemical Society in 1924 for the canvass and development
of chemistry. He remained as Director of this institute for two years. He also co-operated
the university for the scholarship and award to encourage students studying there. He had
the first visit with Mahatma Gandhi in 1902 and became strong supporter of Non-violence
Movement. In 1932, he wrote his autobiography- 'The Life and Experiences of a Bengali
Chemist. He expired on 14th June 1944.




Unit 2

States of Matter - Gas and Liquid

2.1 Introduction

e States of matter and intermolecular

attractive forces
2.2  The gas laws
e Boyle’s Law
e Absolute zero temperature
e Charles’ Law
e Gay - Lussac’s Law
2.3  Standard temperature and pressure
e Avogadro’s Law
e Combined gas equation

2.4  Ideal gas equation and values of gas

constant R
e Concept of ideal gas
e Deviation from ideal gas behaviour

e Liquefaction of gases, critical

temperature

e Kinetic energy and velocity of

molecules
2.5 Dalton’s Law of partial pressures
2.6  Graham’s Law of gaseous diffusion
2.7  Avogadro’s Hypothesis
2.8 Liquid state and its physical properties

e Fixed volume, fluidity,

non-compressibility, diffusion,
evaporation, vapour pressure, surface
tension, viscosity.

2.1 Introduction

It is not possible for any chemist to study
a single molecule, but she/he can study a group
of molecules existing in nature. A group of
molecules is called the matter. The matter is
made up of small particles. Matter is in three
states, solid, liquid and gas, the other two states
are known as plasma an Bose Einstein condensate.

Solid substances have fixed volume,
definite shape and surface. Liquid subtances
have fixed volume and surface. They do not
possess shape of their own, but take up the
shape of the container in which they are poured.
Gases do not have fixed volume, definite shape
or surface. They acquire the shape and volume
of the container. The physical state of matter
can be changed by changing temperature. e.g.
at 273 K temperature the H,O is in solid state
(ice), at higher than that temperature H,O is in
liquid state (water) and at 373 K temperature in
gaseous state (vapour). The physical properties
of a subtance can be changed by changing its
physical state, but the chemical properties can-
not be changed. Sometimes the rate of chemical
reaction changes by changing the physical state.
During the chemical calculation, it is most
(important) essential to have the infromation about
the physical state of subtances (reactant or
product), and hence, it is essential to study the
physical state of matter, factors affecting it and
some important laws related to that.

The deciding factors of the physical state
of matter are intermolecular forces, molecular
interaction and effect of thermal energy on the
motion of particles. We shall study the gaseous
and liquid state of matter in this unit, so let us
study these factors.

States of matter and intermolecular
attractive forces :Very weak attractive forces
existing between molecules are called inter-
molecular attractive forces (van der Waals’



States of Matter - Gas and Liquid

33

attractive force). It is universal and exists in all
the physical states of matter. However this type
of weak attractive force are hidden under strong
attractive forces (chemical bonds) present in a
substance. van der Waals’ forces depend upon
the following factors.

(1) shape of molecule (2) number of
electrons present in (3) contact surface area of
a molecule (4) average intermolecular distance.

These factors affect the physical
properties of a substance viz. melting point and
boiling point. e.g. (1) Melting point of yellow
phosphorus (P,) is less than that of Rhombic
sulphur (Sy).

The reason for this can be understood
by the following structures. Yellow phosphorus
(P,) a molecule having four P atoms and it
has 4 x 15 = 60 electrons. Rhombic sulphur
(Sg) is a molecule having 8 S atoms and it has
8 x 16 = 128 electrons. Thus the size (volume)
and contact surface area of yellow phosphorus is
less than that of rhombic sulphur (Sq); hence the
existing van der Waals’ force in P, is weaker
than Sg hence the melting point of yellow
phosphorus is less than that of rhombic sulphur.

i W P4
P\—|—/P

P

Yellow phosphorus (E,)

Rhombic sulphur (Sg)

The van der Waals’ forces of attraction
are different like (1) Dispersion forces or London
forces (2) Dipole-dipole forces and (3) Dipole-
induced dipole forces.

(1) Dispersion forces or the London
forces :
proposed by the German scientist Fritz London,
so it is known as the London forces. Generally,
in atoms of non-polar molecules, their electronic

This force of attraction was first

charge cloud is distributed symmetrically. Now,
in such atoms or molecules the temporary

Atom - IT

Atom - I

Fig 2.1 (i) The charge cloud is distributed
equally in both the atoms

Atom - I Atom - I1

Fig 2.1 (ii )The electron density is
more on right hand side in atom I.
Its effect is experienced in atom I1

Atom - 1

Atom - 1T

Fig 2.1 (iii) The electron density is
more on left hand side. Its effect
is experienced in Atom II

dipolarity is developed which can be explained
as below. As shown in Figure 2.1 two atoms
(atom-I and atom-II), the electron cloud
is distributed symmetrically. When two such atoms
come close to each other, it so happens that in
one atom (atom-I) momentarily, the electronic
charge density of atom-I undergoes the dispersion
as shown in Figure 2.1 (ii). Hence, electron
density will move torwards the right hand side
pole. So, the left hand side pole will be in shortage
of that, therefore atom-I becomes temporarily
dipolar. Now, the other atom (atom-II) which
comes in its contact, it realises its effect and
hence, the dispersion in the symmetrical electron
density and the dipole character is induced in
atom-II. The pole of right hand side of atom-I
where the electron density is more and the atom
IT which comes in contact of that pole realises
the shortage of electron density, so that, at another
pole the electron density increases. Thus, the
temporary dipolarity is created in atom. The
opposite pole of atom-I and II comes in contact,
that develops temporary force of attraction.
Similarly, as shown in Figure 2.1 (iii) the temporary
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can be explained. Such a force of attraction can
also be explained in two molecules. This type of
force of attraction in atoms or molecules, there
is a temporary dispresion in electron density that
affects the electron density of nearby atom or
molecules. So the force of attraction develops
due to such effect is called dispersion force.

(2) Dipole-Dipole forces : The molecules
which are made up of the atoms having more
difference in their electronegativities are always
dipolar. In such molecules, which are permanently
dipolar, the atom having higher electronegativity
becomes partially negatively charged (—8) and
atom having less electronegativity becomes
partially positively charged (+8). The value of
partial charges is always less than unit
electronic charge 1.6 x 107!° C. In such dipolar
molecules there is a force of attraction between
the poles of atoms having partially opposite
charges, which is shown in Figure 2.2. In HCl
molecule the chlorine atom is more electro-
negative than hydrogen atom, so the chlorine atom
aquires partial negative charge and hydrogen atom
acquires partial positive charge, hence there is a
dipolar interactive attraction between two HCI
molecules and such attractive forces are called
dipole-dipole forces of attraction. There is also
interactive London forces between such molecules
so the cummulative effect of both the forces is
observed. In these molecules these forces are
stronger than London forces.

2.2 Dipole-Dipole mutual attractive
forces in HCI molecules

(3) Dipole-Induced dipole forces : When
dipolar molecules come closer to non-polar
molecules, then, this type of force of attraction
is observed. In dipolar molecule the density of
electron cloud always distributed unevenly, also
when non-polar molecule comes closer to such
polar molecule, the electron density is induced
unevenly in non-polar molecule, which can be
explained as given below. As shown in Figure

2.3 the non-polar molecule comes in contact with
B~ pole of polar molecule AB. There is an
induced positive charge towards the pole of non-
polar molecules which is in contact with them
and the opposite pole becomes partially negative,
so the dipolarity is induced in them. As a result,
dipolarity can be induced between the polar
molecule and non-polar molecule. They get
attracted. This type of force of attraction is
called dipole-induced dipole force of attraction.
This type of molecules also have interactive
London forces and hence, in such molecules the
cumulative effect of both forces can be observed.

Induced polarity in non-
polar molecule

Polar molecule
Fig. 2.3 Dipolar - Induced dipolar forces

Hydrogen bond : In intermolecular forces
hydrogen bond is an important force of attraction.
The first elements of group 15, 16 and 17 due
to their high electronegativity, combine
with hydrogen to form hydride compound in which
hydrogen bond is observed. Hence, such
molecules have interactive dipolar attractive forces
and due to that elements of these groups show
deviation in some properties. The hydrogen bond
enthalpy is 10 to 100 kJ mol™'. Thus, it is a
weak attractive force.

Now, let us study the inermolecular
repulsive forces. When two atoms or molecules
come near, they repel due to same type of
charges in their electron cloud. There is also
repulsion between their nuclei. As the distance
decreases between the two atoms or molecules,
the repulsive forces rise very rapidly. Therefore,
the effect of pressure is more on gas, while less
in liquid and very less or negligible in solid,
compared to that of gas. So if presure is applied
on solid state, the molecules do not come closer
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because the molecules are close enough, so there
is a repulsion in them, and if they are brought
closer, then the repulsion increases more which
resists the molecules to come nearer. Therefore,
in solid state the effect of pressure is very less.
Now, in liquid state compared to solid, the
molecules are arranged little far from each other,
so applying pressure on the molecules, they come
closer to each other, hence effect of pressure is
observed in liquid. At 293 K temperature and
1000 bar pressure applied on water, then the
volume reduced only by 4%. Now, in gaseous
state molecules are arranged far away and hence
applying pressure, the molecules come nearer, and
hence the effect of pressure is maximum on
gaueous state.

The most important factor which
decides the physical state of matter is the
effect of thermal energy on motion of
molecules. Due to this motion of molecules
or atoms the energy produced is called
thermal energy. It depends on the temperature
of substances. On increasing the temperature
the motion of molecules or atoms is increased
and this motion is also called thermal motion.

Now, the inermolecular forces have
tendency to keep the molecules near to each
other, while the thermal energy has tendency to
keep the molecules away from each other. So
by balancing combinaton of the two opposite
factors, the physical state of matter as solid,
liquid or gas is decided. The gaseous molecules
are arranged near to each other only by force
of attracton, so they are not converted into solid
or liquid spontaneously, because it is also
necessary to have a change in thermal energy
related to liquid and solid state. Thus, only the
compression of gas will not convert gas into
solid or liquid but by decreasing the temperature
of gas its thermal energy can be decreased. So
it can be liquefied easily. The characteristics of
weak forces of attraction between the molecules
of gaseous state are given below :

(i) The volume, surface and shape of gases
are not fixed but they assume the volume
and shape of the container in which they
are poured.

(i) Due to this characteristic of compression,
gases show the effect of pressure and
also the effect of temperature on them.

(iii) The gaseous molecules exert equal
pressure in all directions and expansion in
all directions equally.

(iv) The gaseous molecules spontaneously mix
into each other easily and evenly.

(v) The density of gas is very less compared
to the density of solid or liquid.

Out of three physical states, the gaseous
state is very simple because in this state the
force of attraction is negligible and also indicate
similarity in behaviour. Different gases have
different chemical properties, still they have
similarity in their behaviour. Their behaviour is
described by the quantitative relation between
mass, volume, temperature and pressure, and
these relations can be discovered by experimental
observations and such relations are called laws
of gases. A number of laws of gases can be
derived, while for liquid such laws derived are
limited and very few for solid.

2.2 The Gas Laws

The volume of a fixed amount of gas
depends upon its temperature and pressure. Both
factors are different at different places and also
they change with the change in atomsphere. So
it is necessary to understand the relation
between the volume of gas and the affecting
factors and the laws of gas are derived from
the study of such relations.

Boyle’s law : In 1662, scientist Robert
Boyle carried out experiments to study the relation
between pressure and volume for fixed amount
of gas and finally on the basis of experimental
observations, the relation between pressure and
volume of a gas was stated and it is known as
Boyle’s law which is given below :

“At constant temperature the pressure
of a fixed amount of gas varies inversely
with its volume.” Mathematically Boyle’s law
can be written as given below :

P % (constant temperature, fixed amount)

P=K -+
v

(where K is proportionality constant and it
depends on the temperature and amount of
the gas)

PV = K
So from Boyle’s law it is said that “At

constant temperature for fixed amount of gas the
product of its pressure and volume is constant.”
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Now, suppose at the initial stage, at
constant tempartatue the fixed amount of gas
has its pressure and volume as Py and V;
respectively and at final stage they become P,
and V, then according to Boyle’s law

PV, =K @D
PV, =K (In
From equations I and II

PV, =PV,

(constant temperature and fixed amount)

Boyle’s law can be shown by following
graphs : Figure 2.4 indicates the relation
between pressure and volume of gas at
different constant temperature and fixed amount
of gas.

M

B

&
2
2
d 600 K
=
A
400 K

| 200K
0 .
; Volume (V) —>

Fig. 2.4 Graph I

M
T3
I E
T

T3>T2>T1

R 4

0 1
Voleume ™ (l ) —
A%

Fig. 2.5 Graph I

PV

Temperature T, >T,

P (Pressure) ——»

Fig. 2.6 Graph I

This graph is also called isotherm. It is
clear from the isotherm graphs that at any
constant temperature if the pressure increases
its volume gets decreased and if the volume
increases, its pressure gets decreased. This
means that the product of pressure and volume
becomes constant. But if the temperature changes,
then, PV = K in which the value of K changes
which is clear from the graph in Figure 2.4.

The formula to indicate the relation between
density and pressure of a gas derived from
Boyle’s law given below :

According to Boyle’s law PV = K.... (2.1)

Now, density

- y= I (Putting this value in Boyle’s
d law equation)

P-%=K

cod= (2 .P
%
Now, for fixed amount of a gas m is

constant and so the value of % is also constant,
which is indicated by K'

d=K'P
sod o< P
d d
" d =K' so — = —Z can be written.
P P, P,

Hence, the relation between density and
pressure of a gas which is derived from Boyle’s
law can be expressed as follows :

“At constant temperature for a fixed
amount of gas the density of a gas varies directly
as its pressure.”
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The application of this relation is useful to
understand the practical illustration. The pressure
of air decreases on Mount Abu (nearly 0.5 bar).
So, as the pressure of air decreases the density
also decreases. This means that the density of
O, in air also decreases and it becomes difficult
to breath. In the same way, same type of
difficulty is observed in the plane flying at height.
So, in a plane attempt is made to maintain the
pressure of air artficially. Eventhough by chance
if any difficulty arises in breathing, then the
facilities of O, is also available.

Example 1 : At constant temperature
fixed amount of CI, gas sample is filled in 2.5
litre container having pressure 4 bar. If the pres-
sure is made 10 bar find its volume.

Solution :

According to Boyle’s law

PIV1 = P2V2
P, =4 bar, V, =25 litre
P, = 10 bar, v, = ?
. V2 — PIVI
P,
4bar x 2.5litre
=——— =1 litre
10 bar

The volume of Cl, gas will be 1 litre.

Example 2 : At constant temperature fixed
amount of O, gas having pressure 200 millibar
is filled in 200 ml bottle. If the same amount of
O, gas is filled in 2 litre bottle, find its pressure.

Solution : According to Boyle’s law
P, =200 millibar, V| = 200 ml
Py =7V, =2 litre = 2000 ml

. P2 — PIVI
V2
_ 200x200
2000
= 20 millibar

The pressure of O, gas will be 20 millibar.

Example 3 : If the density of a gas at
sea-level is 1.5 mg lit™!, find the density of that
gas on Mount Abu, having pressure 0.5 bar.

Solution : On sea level the pressure of
gas is 1 bar. According to Boyle’s law :

d d

s R}
Pl P2
dy = 1.5 mg lit™!, dy = 2,
Py =1 bar, Py = 0.5 bar
. d2 = dl P2
P
1.5%0.5

1
= 0.75 mglitre™!
The density of gas will be 0.75 mglitre™

Absolute Zero Temperature : For fixed
amount of gas at constant pressure, to under-
stand the change in volume by changing the
temparature, experiments were carrited out and
observations were noted. On the basis of the
observations, relation between volume and tem-
perature for gas is obtained which is known as
Charles’ law. From the analysis of the results
the idea of absolute scale for temperature was
obtained. Plotting the values of temperatures and
volumes obtained from the observatons as shown
in Figure 2.7 graph is obtained. For the fixed

Ll

P1<P2<P3<P4

Volume —>
\ ]
o
>

Temperature (°C)

Fig. 2.7 Volume — Temperature (OC)

amount of gas, atconstant pressure, if the
temperature is decreased then the volume will
decrease and if temperature is increased the
volume will increase. Hence the volume varies
directly with its temperature. The graph indicating
experimentally observed values of volume and
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temperature is extended towards the lower
temperatures, then it touches the X-axis
at — 273.15°C, which indicates that theoretically
at — 273.15°C temperature the volume of gas
should be zero and at further low temperatures
the volume of gas becomes negative which is
meaningless and thus at — 273.15°C temperature
at which the volume of gas is believed to be zero;
the temperature is called absolute zero tempera-
ture. The idea of absolute zero temperature was
first given by British scientist Kelvin and so this
absolute zero temperature is also called Kelvin
temperature. It is indicated by symbol K. When
writing the Kelvin temperature, the sign for de-
gree is not mentioned. Now, for the comparison
between °C and K scale, the relation obtained
is given below.

-273.15°C = 0 K

now, add 273.15 on both sides
0°%C =273.15 K

similarly

1 °%C = (1+273.15) K

t %C = (t + 273.15) K is obtained which
is the relation between K and °C temperature.
From this relation a new scale can be derived
for indicating temperature, which is also known
as Kelvin scale. On the basis of experimental
observations a relation between absolute
temperature and volume is obtained which is
known as Charles’ law. For convenience 273.15
value is taken nearly equal to 273 so that
t °0C = (t + 273) K.

The Kelvin temperature is accepted as the
SI unit.

Charles’ law : In 1787, scientist Charles
had carried out some experiments and relation
was obtained. For the fixed amount of gas at
constant pressure, the relation of absolute
temperature and volume of gas is known as
Charles’ law.

Charles’ and Gay-Lussac performed
several experiments and found that “At comstant
pressure and for fixed amount of a gas the
change in volume by increasing or decreasing

1°C temperature is 7 of the original volume

of a gas.”

Now, suppose at 0 °C temperature the
volume of gas is V. So by increasing temperature
by 1 °C the change in volume of a gas is

(Vo X 2L73 ). Now if the temperature increased

by t OC, then the change in volume is

(Vo X ﬁ ). So at t °C temperature the volume

Vpx t
of a gasis | Vo +

273

V< t
V.= |V, + 2
t [0 273)

t 273 +t
= Vo (“273) = VO( 273 )

but t + 273 = T, K and for 273 is T
putting this value in above equation then,

v[L
Vt: OTO

0

\
‘. _=K =
T , V KT or

amount of gas, constant pressure)

VeT (fixed

So the Charles’ law can be written in this
way.

“At constant pressure the volume of
a fixed amount of gas varies directly to its
absolute temperature.”

T /U,/
—_ "
4 P
= :
=
=
B r
S
>
|
! | 1 1 |
|" 100 200 300 400

Temperature (K) —>

Fig. 2.8 Charles’ law : volume — Temperature (K)
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Now, suppose at initial stage at constant
pressure, for fixed amount of gas its volume
and absolute temperature are V, and T,
respectively and at final stage they are V, and
T, then according to Charles’ law,

i_ Vi,

L T

Charles’ law can be explained by garph
given in Figure 2.8. It can be said that at
constant pressure the volume of a fixed amount
of gas varies directly with its absolute temperature
which is indicated by a straight line. At different

pressures ¥= K'. The values of constant K are

different which is also indicated in Figure 2.9 in
P <P, <P, <P,

M

- P1<P2<P3<P4

Volume —>
|

W

t.T”E I I I 1

&
=300 =200 =100 0 100
Temperature (°C) —>

Fig. 2.9 Volume — Temperature (OC)

Example 4: At 127 °C temperature the
volume of O, gas is 3 litre. At which temperature
the volume of O, gas will be halved ?

Solution : According to Charles’ law

\ %

M.V
T

Vi = 3 litre, Vs = < litre

1= " VAT 9

T, = 127 + 273 = 400 K, T, =?

V2T1
.'.TZ—T

1

_ 1.5 x 400
3

t,’C = T, — 273 = 200-273 = -73°C.

= 200 K

The temperature of O, gas will be —73 oc.

Example 5 : At constant pressure and
125 °C temperature Helium is filled in a container
having volume 2 litre. If the temperature in °C
is doubled then find the volume of helium gas at
that temperature.

Solution : According to Charles’ law

V) _ V,

T - T,
Vl =) litre, V2 = 7
Tl = 125 + 273 = 398 K,
T2 = 250 + 273 = 523 K

2, =l

2 Tl
_ 2 x 523 _ .
= T 308 = 2.628 litre

.. The volume of helium gas will be 2.628 litre.

Gay-Lussac’s law : For a fixed amount of
gas and at constant volume, to find the relation
between pressure and absolute temperature,
Gay-Lussac carried out experiments and from the
observatons the relation is obtained which is given
below. It is known as Gay-Lussac’s law. This
can be stated as follows :

“For constant volume, the pressure of
a fixed amount of gas varies directly with its
absoulte temperature.”

Gay-Lussac’s law is written mathematically
as P o< T (constant volume of gas, fixed amount)

~ P = KT
- Pk
T

At constant volume for a fixed amount of
gas if at the initial stage the pressure and absolute
temperature are P, and T, respectively and at
final stage it is P2 and T2, then according to

Pl _ PZ
Gay-Lussac’s law T, = T,

Gay-Lussac’s law can also be explained
by garph. The relation between pressure and
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absolute temperature is obtained as shown in
Figure 2.10. Now, at cosatant volume and fixed
amount of gas, the values of % obtained are
constant at different tempeatures i.e. %=K.
The constant K is different at different constant
values V, <V, < V., < V,. This is clear from
the Figure 2.10.

E

V1<V2<V3<V4

il
T

Pressure (bar) —>
1 I
\\ 5
s
=

0 100 200 300 400
Temperature (K) ——»

K)

F.ig. 2.10 Pressure (bar) — Temperature (K)

Example 6 : In closed vassel at 27 °C
temperature N, is filled; having pressure 2 bar.
Find the pressure of gas, if the temperature is
77 °C.

Solution :

According to Gay-Lussac’s law,

E_B
Tl - T2
P =2 bar, P, =7
T, = 27 + 273 = 300 K,
T, =77 + 273 = 350 K
~ Py = U
T,
_ 2% 350
300
= 2.33 bar

. The pressure of N, gas 2.33 bar.

Example 7 : In a colsed vassel of 400
K temperature the pressure of Cl, gas is 4 bar.
At which °C temperature the gas is having
pressure 5 bar.

Solution :

According to Gay-Lussac’s law

Ly
T1 TZ
P, = 4 bar, P, = 5 bar,
, =400 k, T,="7
~T,= b4
P1
=3 x400 _ 500 g
i

Now, t” C = T, -273 = 500-273 = 227°C.
. The temperature of Cl, gas will be 227° C.

Avogadro’s law : In 1811, Avogadro tried
to combine the conclusions of Dalton’s law and
Gay-Lussac’s law of combning volumes. The
relation between volume of a gas and the
number of molecules were given by Avogadro
which is known as Avogadro’s law. According
to Avogadro’s law, “Equal volumes of all gases
at same temperature and pressure contain
equal number of molecules.” So, at constant
temperature and pressure the volume of gas (V)
varies directly to the number of molecules (n).

. Voen...

.V = Kn.... (Mathematical form of
Avogadro’s law)

2.3 Standard Temperature and Pressure

The volume of a fixed amount of gas
depends upon its temperature and pressure. So
0 °C or 273 K temperature and 1 bar pressure.
(10° Pa) are accepted as standard values by
SI system, and hence, these values of temperature
and pressure are known as standard temperature
and pressure. So 1 mole of any gas has same
volume (for ideal gas 22.71098 litre mole™!)
at standard temperature and pressure (STP).
The volume at STP is known as molar
volume. The molar volumes of some gases at
STP are given in table 2.1.
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So, normally at STP 22.413996 litre means
nearly 22.4 litre is accepted as molar volume of
gas and in one mole of gas the number of
molecules are 6.022 x 10%. This constant value
is known as Avogadro’s number. So, at STP
22.4 litre of gas contains 6.022 x 10?* molecules.

Table 2.1
Molar volume of some gases
Gas Volume (litremole™)
Argon 22.37
Carbon dioxide 22.54
Dinitrogen 22.69
Dioxygen 22.69
Dihydrogen 22.72
Ideal Gas 22.71

Combined Gas Equation : Boyle’s law
and Charles’ law state the relation of volume
with pressure and with temperature respectively.
So, by combining these two laws an equation is
obtained which indicates the combined effect of
temperature and pressure on volume for fixed
amount of gas. This is known as combined gas
equation or it is also called gas equation.

According to Boyle’s law V x% (Fixed

amount of gas, constant temperature)

According to Charles’ law V o T (Fixed
amount of gas, constant temperature)

On obtaining combined relations from both
the laws, then

V T
P
“ PVoeT
. PV= KT
" % =K .... (Combined gas equation)

Now, for fixed amount of gas at its initial
stage the pressure, volume and absolute
temperature are P, V, and T, respectively and
at final stage the values are Pz, V2 and T2
respectively, then according to combined gas
. l:‘1\/1 _ P2V2
equation T T,

Example 8 : At 27 °C temperature and
4 bar pressure CO is filled in 2 litre vessel. Find
the pressure if it is filled in 4 litre vessel at
77 °C temperature.

Solution :

According to combined gas equation,

PV _ PV,
Tl T2
P = 4.0 bar, P, = ?
V, =2 litre, V, = 4.0 litre
T, = 27 + 273 = 300 K,
T2=77 + 273 = 350 K
v T
2 Tl VZ
_ 4 x2x350 _
Y300 x4 - 2.33 bar

-. The pressure of CO gas will be 2.33 bar.

Example 9 : At 400 K temperature, 200 ml
N, has pressure 1.5 bar. Find the volume of N,
gas at STP.

Solution : According to combined gas

equation,
Pl\/l _ P2V2
T1 T2
P, = 1.5 bar, P, =1 bar
V, =200 ml, V,="7
T, =400 K, T,=273 K
Vv, = L] X L
T1 P2

_ 1.5 x200 x 273
= 400 x 1 = 204.75 ml
. The volume of N, gas at STP will be

204.75 ml.

Example 10 : Find the pressure of a gas
when 6.022 x 10%* molecules are placed in

2 litre vessel at 27 °C temperature.
Solution :
At STP 6.022 x 10%? molecules = 22.4 litre.

CO, gas 6.022 x 10?> molecules having
volume at STP
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6.022 x 102

= 224 x 6.022 % 1023 =224 litre

According to combined gas equation,
PIVI _ P2V2
T T,
P = 1bar, P, =7
V, = 224 litre, V, = 2 litre
T, = 273 K,
T,=27 + 273 = 300 K

_ 1 x224 x 300
273 x 2

. The pressure of CO, gas will be 1.231 bar.

= 1.231 bar

2.4 Ideal Gas Equation

By combining Boyle’s law, Charles’ law
and Avogadro’s law, the relation obtained is called
Ideal gas equation. In this equation four
variables like temperature, pressure, volume and
amount of gas describe gaseous state and the
equation which indicates the quantitative relation
between them is also called equation of state,

\'% oc% (Boyles’ law)

Ve T (Charles’ law)

Ven (Avogadro’s law)

. Vo IT
’ P

* PVoenT
.~ PV = nRT
(where R is proportionality constant)

R is also called universal constant because
the values of R is the same for all the gases.
It is also the same for any temperature, pressure
or volume which means it has the same constant
value. The value is not changed eventhough R
has different values related to difierernt unit

systems.

The ideal gas equation can also be written
as below, in which it indicates the relation with
density and molecular mass.

Ideal gas equation PV = nRT

where n is the number of moles

m .
but n= M where m is mass of gas.

M = molecular mass. Putting this value in above

equation.
PV = mRT
M
RT m
L p= (Z)RL () -
(V M but v d
P= dRVT (where d = density)

m = molecular mass.

The values of gas constant R : In
different unit systems the values of R gas
constant (Universal constant) are different
because R has unit of work energy mole™! K!.
The unit of work is differernt in different systmes.

Now, let us understand the unit of R. Ideal
gas equation,

PV = nRT

R < PV pressure X volume
nT  mole X temperature

But pressure = force + area

R= [force + area]x volume

mole X temperature

_ [force + (length)Z] X (length)3

mole X temperature

force x length

mole X temperature

work energy

mole X temperature

( force x length = work energy )

So the unit of R is work energy mole™! K.
The calculation of values of R in different units
are as given below :
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(1)

2

3)

If the unit of pressure and volume are in
atmosphere and litre respectively, then the
unit of R will be in litre atmosphere
mole™! K.

volume of 1 mole gas at STPis 22.4 L.
PV latmosphere x 22.4 litre
E - 1 mole x 273 K

so, R=

= 0.0821 litre atmosphere mole™'K™!

If the unit of pressure and volume are
atmosphere and cm?® respectively, then the
unit of R will be atm cm® mole™! K.

_ PV Tatmosphere x 22400 cm’
nT 1 mole x 273 K

R

= 82.1 atm c¢cm’® mole™! K™!

If the unit of pressure and volume are
dyne cm™ and cm™ respectively, then the
unit R will be erg mole™ K'.

= PV _ 76 cmof Hg height x 22400 cm’

nT 1 mole x 273 K

76 x13.6 x 981 x 22400

where 13.6 is the density of Hg and g = 981 dyne.

4

6))

= 8.314 x 107 erg mole™! K~!

8.314 joule K™! mole™
( 1 joule=10" erg)
Now, 4.184 J = 1 calorie

8.314
R —_

= 1184 = 1.987 calorie K 'mole™

2 calorie mole™! K!

U

2 x 1073 kilocalorie mole™! K™

If the unit of pressure and volume are bar
and litre respectively, for ideal gas then
unit of R will be bar litre mole™ K.

R < PV 3 1 bar x 22.71 litre
nT 1molex27315K

8.314 x 1072 barlitmole 'K

8.314 joulemole 'K

Thus, the units of R are different according

to the different units of pressure and volume

which are given in Table 2.2

1 x273
Table 2.2 Different values of R

Sr. Value of R Unit Unit of P and V
1 0.0821 litre atm K 'mol™ (P in atm, V in litre)
2 82.1 ml atm K 'mol™! P in atm, V in cm’
3 8.314 x 10’ erg K 'mol™! P in dynes cm™, V in cm?
4 1.987 cal K'mol™! P in dynes cm™, V in cm®
5 8.3144 J K 'mol™ Pin Paor N m? Vin m’
6 8.314 x 1072 bar lit K-'mol™ P in bar, V in litre
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Example 11 : Find the pressure of 5 mole
Cl, gas filled in a 2 litre vessel at 27°C
temperature.

Solution :
PV = nRT

. p = IRT
P =15

P="7 n=5 mole
R = 8.314 x 1072 barlitmole 'K™!
T =27 + 273 =300 K, V=2 litre

_ 5 x 8314 x 10 x 300
2

= 62.355 bar
. The pressure of Cl, gas will be 62.355 bar.

Example 12 : Find the moles of O, gas
having pressure 250 bar in 500 ml vessel at 350
K temperature.

Solution :
According to ideal gas equation

PV = nRT

_ PV
RT

sS.n
P =250 bar, n= ?
R = 8.314 x 1072 barlitmole 'K!

T =350 K, V=500 ml = 0.5 litre

= ER R = 4.296 mol
8.314 x 1072 x 350

. The mole of O, gas will be 4.296.

Example 13 : Find the temperature in
OC for 6.4 gm O, gas filled in a 200 ml vessel
having pressure 50 bar.

Solution :
According to ideal gas equation,

PV = nRT

AT = P;’—RM
P = 50 bar, M = 32 grammole™!
R = 8.314 x 1072 barlitmole™'K™!
g = 6.4 gram

V =200 ml =02 litre, T = ?

T = 50 x 0.2 x 32
8.314 x 102 x 6.4

= 601.4 K
=12 c =T 273
= 601.4 — 273 = 328.4° C
. The temperature of O, gas will be 328.4° C.

Example 14 : Find the pressure of neon
gas having density 0.9 gm lit! at 350 K
temperature.

Solution : According to ideal gas equation

_dRT .. _ d
_M (‘n_M)

P
=7 d=09 gm lit"!
R = 8.314 x 1072 bar litmole™! K!
T =350 K, M = 20 gm mol™!

p - 09 x8314 x 102 x 350
- 20

= 1.309 bar
. The pressure of Neon gas will be 1.309 bar.

Concept of Ideal Gas :
Ideal Gas Behaviour : In ideal gas equation,
the word ideal is used, but in fact there is not
a single gas which follows this equation
completely. However, it is believed that real gas
behaves as ideal gas at high temperature and
low pressure.

Deviation from

The gases which obey the ideal gas
equation and gas laws at all temperatures
and pressure are called ideal gases. Actually
not a single gas is found as an ideal gas. If the
temperature is lowered and at high pressure the
deviation is observed in gas laws and ideal gas
equation. Hence, the gases at all temperatures
and pressures do not follow the ideal gas equation
and these gases are called non-ideal gases or
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real gases. Generally all the gases are real gases.
They show ideal behavior in different proportions
and out of them most of gases at low pressure
and high temperature show ideal behavior. Some
scientists studied gases extensively and at last
concluded that all real gases at all conditions of
temperature and pressure do not follow laws of
ideal gas and the behaviour of real gas is devi-
ated from an ideal gas and its study is carried
out by effect of pressure and temperature.

Effect of pressure : To study the deviation
in the behaviour of real gas from that of ideal
gas, its idea can be obtained by plotting graph

PV

% b
nRT nRT
factor, which is indicated by Z. For ideal gas

is called compressibility

the value of Z is one, because PV = nRT for

PV
ideal gas equation. Hence —— =1, while for a
nRT

real gas Z > 1, Z < 1, are possible, means that
PV # nRT. As shown in figure 2.11 for H, and

He gases alaways Z > 1 so it is called positive

20 N,  H
Z>1
T _.He
ol (e0)
i 2
m -~
£ s
> e
A 1.0
1l Ideal Gas
N (Z=1)
C
0.5 Hy
1 ] 1 i 1
0 100 200 300 400 500

P (Atm) —>
Fig. 211 Z —» P

deviation and it indicates that for all values of
pressure they are less compressive than ideal
gas, while for N, and CO, gases at low pressure
Z < 1 is called negative deviation. It indicates
that, they are more compressive than ideal gas
and at high pressure Z > 1 is called positive
deviation which indicates that at high pressure,
they are less compressive than ideal gases shown

in figure 2.11. For all gases the pressure is
reduced and when it becomes zero, at that time
Z = 1 means at zero pressure all gases behave
as an ideal gas.

To study the deviation, the experimental
data obtained for volumes of real gas at
different pressures and theoretical data obtained
for volumes of an ideal gas by calculation on
the basis of Boyle’s law at different pressures
can be plotted against volume as shown in
Figure 2.12. It is clear from the graph that at
very high pressure, value obtained for volume of
a real gas is higher than the value obtained for

N

<—— Real gas

Ideal gas

Pressure ————

v

VYolume ——>

Fig. 2.12 Pressure — Volume

volume of ideal gas and as the pressure
decreases means at low pressure the volume
difference for both types of gases go on
decreasing and at the end, it becomes zero and
so both the graphs cross each other and after
that as the pressure decreases once again the
difference in volume of both types of gases are
observed.

Effect of temperature : The effect of
temperature can be explained by comparing the
real behaviour of N, gas and its ideal behaviour
at different temperatures. As shown in Figure 2.13
at different temperatures for N, the values of
PV and P are plotted. In the figure, the dotted
line indicates the ideal behaviour of the gas at
the same temperature. It is clear from the figure
that as the temperature incerases (T, < T, < T,
< T,), the depth of curved portion goes on
decreasing, hence, as the temperature increases
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Pi—F
Fig. 213 PV — P

the deviaton of real gas compared to ideal gas
behiviour goes on decreasing and at definite
temperature the curved portion of graph becomes
minimum and finally becomes straight line for
appreciable range of pressures and at such definite
temperature N, gas shows ideal behaviour and
at this definite temperature, it follows Boyle’s
law. So this temperature of the gas is known as
Boyle’s temperature. Its values are different for
different gases. For example, for N, gas it is
332 K and for H, gas it is 108 K.

Therefore, it is said that at low pressure
and high temperature real gas shows ideal
behaviour and at low temperature and high pres-
sure there is a remarkable difference in its
behaviour. The real gas shows devitaion from
ideal gas behaviour. Why ? Because, out of the
assumptions made in kinetic theory of gases two
are not proper. These two assumptions are

(1) The force of attraction beween the
gaseous molecules is negligible.

(2) The volume of a molecule is negligible
(which can be avoided) compared to total volume
of gas.

Now, if the assumption (1) is correct then
there is a negligible force of attraction so, by
cooling or compressing by the effect of pressure,
the molecules will never be arranged close to
each other and hence, the liquefaction of gas is
not possible. Similarly, liquid cannot be converted
into solid by effect of temperature or pressure.

Now, if asumption (2) is correct then the
theoretical and experimental graphs of volume
and pressure will be same, but in fact, it is not
true. The deviation is observed. So it is
neceassary to have correction in both the
assumptions.

Now, if the force of attraction existing
between gaseous molecules is as shown in
Figure 2.14, then any molecules in the middle of
the container have force of attraction evenly by
the neighbouring molecules which are arranged
in all directions. Hence, the resultant force of
attraction becomes zero. Now, molecules when
move towards the wall of container and ready
to hit the wall means they are ready to touch
the wall of container, at that time, as shown in
Figure 2.14, the molecules have resultant force
of attraction towards one side, i.e. it does not
become zero and it tries to pull them in opposite
direction from the wall. Thus with the inward

Net inward Molecule in the
force middle

. Molecule near
the wall

net force

Fig. 2.14 Attraction force in molecules of gases

force of attraction, resistance is created in
striking the molecules with the wall; so the
measured real pressure is less than ideal pressure.
So to obtain ideal pressure some correction is
required in measured pressure P. (something to
be added) Such suggestion is given by van der
Waals and the total pressure (attraction) varies
directly to square of density or inversely varies
with square of its volume(V?) so for any gas
the ideal pressure value is equal to sums of real

an
pressure and v

2
n
- Ideal pressure of gas =P real + —-
A%
where a is constant and n is number of
moles of gas.

Now, if the volume of gas molecule is
taken into consideration, then the total volume
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occupied by the gas molecules is not available
for the motion of these molecules, so to obtain
the effective or ideal volume (available volume),
the volume occupied by the molecules is to be
subtracted from the measured volume of the gas,
and thus, the volume occupied by n mole of gas
is nearly nb (where b is constant) which is
subtracted from total volume (V). This correction
is made in ideal gas equation and so the ideal
gas equation is written as given below :

2
[P+ %} (V — nb) = nRT
v

This equation is known as van der Waals
equation where a and b are constants and they
depend on the characteristics of gas. The
constant a indicates the measurement of
intermolecular attractive forces which is free from
effect of temperature and pressure.

At very low temperature the intermolecular
attractive forces become significant when
molecules are moving with low avarage velocity.
Due to this force of attraction the molecules are
pulled towards each other and hence, it creates
resistance in striking with wall of container. Due
to this, measured value of pressure is less than
ideal pressure. So it is said that the behaviour of
real gas is ideal when intermolecular forces are
such that it becomes practically negligible.

Liquefaction of gas : Gas can be lique-
fied by lowering the temperature and increasing
the preassure but for liquefaction of gas, effect
of temperature is more important than effect of
pressure because all gases after cooling to
certain fixed temperature are liquefied under effect
of pressure but in addition to that temperature,
however, the pressure may be applied, even-
though, they are not liquefied. These temperatures
are different for different gases. Hence, the
maximum temperature at which the gas gets
liquefied is known as critical temperature,
(To). Above the critical temperature, however,
the pressure is applied eventhough the liquefaction
of gas is not possible. So, at higher than critical
temperature, the liquid state is not possible but
below the critical temperature under the effect
of pressure gas liquefaction is possible. At critical
temperature, the pressure is applied on gas
for liquefaction, that pressure is called critical
pressure (P.) of that gas. At critical
temperature and critical pressure, the

volume occupied by 1 mole of gas is called
critical volume (V) and this state is called
critical state. Every gas has its P, T and V.
values fixed. So they are known as critical
constants which are different than other gas
constants. In 1869 Thomas Andrews studied the
relation between pressure, volume and
temperature for CO, gas and obtained experi-
mental data for gaseous and liquid state of CO,
gas. For this, he had taken a hard glass tube at
constant temperature and filled with CO, gas.
At different pressures the volume of gas was
measured. After that he plotted a graph (isotherm)
indicating effect of pressure on volume of gas
at different constant temperature as shown in
Figure 2.15. At lower temperature i.e. 13.1°C
temperature and lower pressure, at point X the

Pressure ———>

Fig. 2.15 Liquefaction of gas

CO, is in gaseous state. Now with increasing
pressure volume of CO, gas decreases which is
shown by XY curve. Now, at point Y, at given
pressure, the liquefaction of gas starts and at
point Z total gas is converted into liquid state.
During this the pressure remains costant, which
is clear from the figure. After that the curve
ZW rises straight which indicates that after
increasing the pressure on volume of liquid is
very less. Thus, the isotherm obtained at 13.1°C
the XY indicates gaseous state, YZ indicates
equilibrium between liquid and ZW only liquid
state. YZ is horizontal which indicates that during
the liquefaction of gas the pressure remains
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constant. This pressure is the vapour pressure
of liquid gas. Now, the isotherm obtained at
21.5°C temperature, on basis of experimental
data, is the same as the isotherm obtained at
13.1°C but the horizontal portion BC which
indicates the liquefaction is smaller than YZ. As
the temperature increases the portion which
indicates the liquefaction becomes smaller and
finally at 30.98°C temperature, this portion
becomes only a point E and above this
temperature, i.e. 31.1°C this portion is lacking
in the isotherm. So at this point of temperature
the liquefaction of CO, is not possible. Thus at
30.98°C temperature the portion is just a point
only indicating that at this point there is a
liquefaction. So this temperature is known as
critical temperautre of CO, gas. Above this
temperature, however, the pressure is applied,
still the liquefaction of CO, is not possible but
at 30.98°C or less than that temperature lique-
faction is possible under pressure.

According to molecular kinetic theory of
gases on lowering the temperature the kinetic
energy of the molecules decreases and as a result
slow moving molecules come closer to each
other. At sufficiently low temperature some of
the slow moving molecules cannot resist the force
of attraction and they come closer and closer
and ultimately the gas changes into the liquid
state. In the same way increasing pressure, the
volume decreases and so by the increase
in pressure gas can also be liquefied. Thus, the
combination of temperature and pressure means
at critical temperature or lower than that
temperature by increasing pressure the gas gets
liquefied. In Table 2.3 critical temperature of
some gases are given.

Table 2.3 Critical Constants

Gas-Substance| T (K)| P (Bar) | Vo dmomor™!
H, 33.2 | 12.97 0.0650
He 5.3 2.758) 0.0577
N, 126 | 33.9 0.0900
0, 154.3 50.4 0.0744
Co, 304.101 73.9 0.0956
H,0 647.1 1220.6 0.0450
NH, 405.5 |113.0 0.0723

In the mixture of two gases having different
critical temperatures one gets liquefied faster

because on cooling the mixture, the gas starts
liquefying whose critical temperature comes first
so the H, gas starts liquefying first and at that
time He gas is not liquefied.

Kinetic Energy and Molecular Speed :
Molecules are made up of particles of the
substance having gaseous state. These particles
are far away from each other in a large area.
These particles are continuously moving in all
directions. The continuous moving particles
collide with each other and also with the wall of
container. At that time the speeds and directions
are changed, so that all particles in a container
do not have same speed, but have different speeds
which are continuously changing. However, at
one temperature the distribution of speed of
molecules is same. Maxwell and Boltzmann had
studied the distribution of molecules between
different possible speeds. They studied the speed
of molecules and the fraction of molecules with
a given speed and a graph was plotted. The
graph is known as Maxwell’s distribution curve
as shown in Figure 2.16. The feature of
molecular speed is shown below.

0.5F

~

-

Most probable
speed (o)

=

—
T

| 1 1 L | 1
2 4 6 8 10 12 (¢ 1)

Molecular speed (cms™1) —>

Fraction of molecules
with a given speed

Fig 2.16

Fraction of molecules with given speed — Molecular speed

(1) The fraction of molecules with very
high or low speed is very small.

(2) Increasing the speed of molecules,
fraction of molecules also increases which
becomes maximum and then decreases.

(3) The top portion of curve indicates
maximum fraction of molecules and the speed
of molecules is called most probable speed which
is indicated by o. On increasing temperature the
collision of molecules increases and the speed
of molecules changes. On increasing temperature
the most probable speed also increases which is
clear from the graph in Fig 2.17. The graph is
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shifted towards right side as the temperature
increases and becomes more flat. If the
temperature remains constant, curve of speed
distribution does not change. There are three
main types of speed of molecules.

(1) most probable speed
(2) average speed
(3) root mean square speed.

The molecules have different kinetic
energies with different types of speed.

o Most probable speed (o<)

=

Temperature T, > T,

0.1

Fraction of molecules
with a given speed

g 2 4 6 8 10 12
Molecular speed (cms™l) ——>

Fig. 2.17 Fraction of Molecules with

a given speed — Molecular speed

“The total pressure exerted by the
mixture of non-reactive gases is equal to the
sum of the partial pressures of invidual gas.”

Partial pressures means pressure of gases
that will exert if they are filled separately in the
same vessel, under the same conditions.

Suppose, in a vessel mixture of gases
A, B, C, D are filled and the partial pressure
are p,, Pg» Pe» Pp Trespectively, then Dalton’s
law of partial pressure can be written in
mathematical form as follows. Total pressure
(Pa) = Pa+ Pg+ Pc + Pp

Dalton’s law can be explained by the
illustration given below :

As shown in Figure 2.18 take three
vessels having same volume at constant
temperature. Now, fill gas A in the first vessel,
fill gas B in the second vessel and note down the
pressure of the gases in both the vessels.
Suppose the pressure of gas in the first vessel
is p, and that in the second vessel is p,. There
is no chemical reaction between gases A and B
on mixing. Now, mix both gases in the third

Gas (A) — Gas (B)
O
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P=300 P=400
mm Hg mm Hg

Fig 2.18 Illustration of Dalton’s law of partial pressures

™ Gas (A and B)

P =300+ 400 =700
mm Hg

2.5 Dalton’s Law of Partial Pressure

The component gases in a gaseous
mixture behave independently in case of their
properties. Moreover, if these gases are in mixture,
even then all gases obey this law. Two or more
gases which do not undergo chemical reactions
are mixed in a closed vessel, the total pressure
in a vessel can be obtained by Dalton’s law of
partial pressure. In 1801, Dalton stated the law of
partial pressure which can be written as :

vessel and note down the pressure of a mixture
of gases in third vessel which will be the total
pressure. From the observation it is proved that
total pressure :

Pl = Pa + Pp-

Sometimes the gases are collected over
the water during the prepartion of the gas in
laboratory. The gas collected over water is
saturated with water vapour at that temperature
So the measured pressure is the sum of partial
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pressure of a gas collected over water and partial
pressure of water vapour at that temperature.
So if the measured pressure of gas is to be
obtained, then subtract the water vapour pres-
sure at that temperature which gives the partial
pressure of dry gas only, e.g. 298 K tempera-
ture O, gas collected over water having total
pressure is P ., subtract the vapour pressure
of water (pHZO) at same temperature, then only
the pressure of dry O, gas (Poz) is obtained.

Po, = Piw ~ Puo

Thus, by using Dalton’s law of partial
pressure the pressure of gas collected over
water can be obtained.

The total pressure (P, ) for a mixture
of gas collected in a container is obtained by
using fomula given below :

Suppose, in V litre container at temperature
T, three different gases having number of moles
n;, n, and n, respectively are filled. The total
pressure is P, and the partial pressures of three
gases are p,, p, and p; respectively in the
container, then according to Dalton’s law.

Total pressure (P .) = p; + P, + Ps3

n,RT n,RT n.RT
Butp, = lV s Py = 2 and p3 = 3V

Putting values in above equation
n,RT n,RT n,RT
total) = \V4 \Y4 \Y4

=(n;+n,+ny) RT
\"

Total pressure (P

but ( n; + n, + n; ) = total number of
moles for gaseous mixture.

- P

RT
otal = (total number of moles ) x 7

Same way from total pressure the values
of partial pressure of each gas is obtained by
formula given below.

Taking ratio of p, and P

total

P _ nRT y v
| \" total mole x RT
_ |
~ total mole
but 0 = mole fraction = X,

total mole

P

=X
P 1

total
“p =X, P
In the same way
“p,= X, P
" py= X5 P
So the partial pressure of each gas is
obtained from the total pressure and from the
mole fraction of each gas. Same way, in a mix-
ture of gases if the % by volume is given for

each gas, then the partial pressure of gas is
obtained by formula given below.

total

total

total

The partial pressure of gas (p,) =

% by volume of gas A x total pressure
100

Example 15 : At 27°C temperature in a
2 litre closed vessel, 10 gm H, and 22 gm CO,
gases are filled. Find the partial pressure and
total pressure of a mixture.

Solution :

m
For 10 gm H, gas, the mole= M
=%=5 mole = nH,
-
For 22 gm CO, gas, the mole—M
= % = 0.5 mole = nCO,

Now, the partial pressure of H, gas (pH,)
(27 + 273) = 300 K is

nHZRT
PH2: AV/
=)
_5x8314 leo 300 _ ¢ 355 bar
nCOZRT
Pco,=™ T,
-2
_05x8314x10 ~ x300 _ (530 1.0

2
According to Dalton’s law of partial pressure
P Py, + Pco, = (62.355 + 6.236) bar
= 68.591 bar
The total pressure will be 68.591 bar.

total —
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Example 16 : At 27°C temperature 4
mole Cl,, 4 mole N, and 2 mole O, are filled
in a 5 litre closed vessel. Find the total pressure

of gaseous mixture.
Solution :

According to Dalton’s law of partial pressure

RT
=(nCl2+ nyFio, ) x ~

—4+4+2xRL
v

(T=27 + 273 = 300 K)

_ 10 x8.314 x 10 x 300
5
The total pressure of gaseous mixture will be
49.88 bar.

Example 17 : In a closed vessel, at 259¢C
temperature 4 mole O,, 3 mole Cl, and 3 mole
N, are mixed and the total pressure found is 50
bar. Find the partial pressure of each gas.

= 49.88 bar

Solution :
partial pressure

According to Dalton’s law of

Total number of mole = n, +ng +ny
=4+ 3+ 3 =10 mole

02
Po, = | ——— | . P,
02 ( total mole} total

4
= — x50 =20 bar
10

n

€lly
Pop = | ——2—| .P
h [total mole) total

:ix50:15bar
10

ny,
Py, = | —2—| P
N2 ( total mole} total

:i x 50 = 15 bar
10

. The partial pressure of O,, Cl, and
N,, are 20 bar, 15 bar and 15 bar respectively.
Example 18 : At 400 K temperature in
a closed vessel the % by volume of He, Ne and
Ar are 40 %, 40 % and 20 % respectively. If
the total pressure is 25 bar, then find the partial

pressure of each gas.

Solution :

_ % by volume of gas He X total pressure

PHe = 100
4
= 40 x 25 =10 bar
100
_ % by volume of gas Ne x total pressure
PNe 100
= 40 x 25 =10 bar
100
Py = % by volume of gas Ar X total pressure
A 100
2
= 20 x 25 =5 bar
100

. The partial pressures of He, Ne and
Ar are 10 bar, 10 bar and 5 bar respectively.

Example 19 : At 500 K temperature in
2 litre vessel 0.32 gm O, gas is collected over
water. If the vapour pressure of water is 32 bar
at 500 K, find the partial pressure of dry O, gas.

Solution : The pressure of O, gas which
is collected over water is

mRT
%" Mv

—2
_ 0.32x8314x10 ~ x500  _ 0.2079 bar

32 x2

But, the O, gas is collected over water,
so this is combined pressure of dry O, and water
vapour.

The water vapour pressure = 32 milli bar
0.032 bar

Po
Po,,, = Po, = Puo
= (0.2079 — 0.032) = 0.1759 bar

The partial pressure of dry O, gas is 0.1759 bar.

= +
. Poz( ) PH,0

2.6 Graham’s Law of Gaseous Diffusion

In laboratory, at one corner, if a bottle of
H,S water is kept open, then within short time
the smell of it will spread in the entire labora-
tory. If a flask filled with brown colour NO,
gas is attached with flask containing H, gas,
although the pressure of both flasks are equal,
after sometime both the flasks will have same
colour intensity (light brown). This happens
because the mixture of gaseous molecules have
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characteristic to mix uniformly and that results
into homogenous system. Such a characteristc
of diffusion of gas is called gaseous diffusion.
So the diffusion of gas means, it is a process
in which two or more gases mix spontan-
eously to form homogeneous system. They
mix spontaneously without taking into consideration
the density of mixing gases. This happens
because in a gaseous state of substances there
is a lot of empty space between the molecules.
So the molecules of different gases come in
contact with each other and the molecules move
and diffuse in the empty space. This process
continues till the homogeneous system is formed.
Thus, the motion of gaseous molecules is called
difusion and its rate is called rate of the diffusion.

It is proved by the experiment that all
gases possess relation between their diffusion
rate and their density; higher the density of gas,
lower is the rate of the diffusion. By studying
this diffusion of gas, Graham in 1928, presented
a relation between diffusion rate of gas and its
density which is known Graham’s law of diffusion
of gases. This can be stated as :

“The rate of diffusion of various gases
varies inversely proportional to the square
root of their densities.”

If the density of gas is (d) and rate of
diffusion is (r), then the mathematical form of
Graham’s law is

1

I oc ——
Jd

On the basis of measurement of diffusion

rate of gas, the molecular mass of the gas can

be determined. For this, the diffusion rates of

two gases are compared after carrying out the

experiment at same temperature and pressure.

Suppose, r; and r, are the diffusion rates
of gas-1 and gas-2 respectively and the densities
of these two gases at the same temperature
and pressure are d; and d, respectively, then
the following equation can be written from the
definition of Graham’s law of diffusion of gases.

Now, at the same temperature and pressure
the density of a gas varies directly to its
molecular mass.

“de M

1
Now, rocﬁ and d o M, so by
combining these two,

1

o ——

M

Now, for two different gases, comparing

the rates of diffusion,

L |d, M,
o4 My

' d, M,

Hence, it can be proved that at same
temperature and pressure, the ratio of the den-

sities of any two gases is equal to the ratio of
their molecular masses.

It can be proved from this equation that if
the diffusion rates of two gases are measured
and if the molecular mass of one gas is known,
then the molecular mass of the other gas can
be obtained.

The volume of the diffused gas in a unit
time is called rate of diffusion.

o volume of gas diffused (V)
. Rate of diffusion (r) =

time required for diffusion (t)

r=—
t

For two gases at the same temperature

o \Y
and pressure the rates of diffusion are r :t_l

1

For convenience during the experiment the
time taken by two gases for diffusion of equal
volumes are measured or the volume of two
diffusion gases are measured in equal time. So,
during calculation of such experimental observation,
the above equation can also be written as below :
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Vi.t, M, [

- el
v, .t M, |d

Vl M2 d2
If t; = t, then v, M, T {q,
_2
If vV, =V, then n

To determine the ratio of rate of d1ffus1on
for two gases, experiment can be carried out in
laboratory. For that, at the same temperature
and pressure the volume of two gases diffusing
at the same time are measured; the experiment
performed is as follows :

Experiment : In laboratory to determine
the rates of diffusion of NH, and HCI gases, the
experiment performed is shown in Figure 2.19.
A glass tube 100 cm in length and uniform
diameter is taken. At the P end of the tube a
cotton plug dipped in aqueous ammonia and at
the Q end cotton plug dipped in hydrochloric
acid are fixed at the same time. As the two
gases will diffuse a thin layer of white fumes of
ammonium chloride will be formed at the place
R as shown in Figure 2.19. Note down this point
R and measure the distance PR and QR.

about 1.46 + 0.01. According to Graham’s law
of diffusion of gases, it indicates the ratio of
diffusion rates for NH3(g) and HCl(g)

Importance of Graham’s law of
gaseous diffusion : The importance of Graham’s
law of gaseous diffusion is given below :

(i) To separate the mixture of two
isotopes, e.g. Uranium metal has two isotopes
25U and 2¥U. ?%°U is more important in
production of nuclear energy. The proportion of
235U in uranium metal is only 0.7 %.

The uranium hexafluoride (UFy) is a
volatile compound. Uranium hexafluoride is
prepared from uranium metal. The difference
between the molecular masses of 235UF6 and
238UF6 is very less. Hence, the ratio of rate of
diffusion of these gases is 1.0047.

Now, if the mixture of 235UF6 and 238UF6
gas filled in a porous vessel and allowed to have
the diffusion the amount of 235UF6 of less
molecular mass will be somewhat faster in
diffusion rate than 235UF6. A series of
experiments were carried out. This type of work
is carried out in a laboratory extented to
a kilometer distance at OaK Ridge in Tenessey

R Q

:

Cotton plug dipped
in ammonia

(white fumes)

Fig. 2.19 The rate of diffusion ratio of NH, and HCl

NH4Cl
Cotton plug dipped
in hydrochloric acid

Reaction :
NH;,,+ HCl,) —» NH,Cl,, White fumes

The white fumes of ammonium chloride is
seen, there is a diffusion of ammonia gas which
occupies distance PR and the diffusion of
hydrochloric acid gas occupies distance QR. As
the diameter of the tube is uniform,

VNH3 : Distance PR

Vue  Distance QR

After doing the experiment three times the

. ) PR
average ratio of distances —— comes out to be

QR

State of U.S.A. The experiment of diffusion of
this gas through porous membrane is distributed
(extended) to about a kilometer. After a long
time pure 235UF6 is obtained which is decomposed
to get pure 2U. Thus, the isotopes of uranium
are separated by gaseous diffusion.

(i) Graham’s law of gaseous diffusion is
used in finding out the molecular masses of gases
and the density of gases.

(iii) Graham’s law of gaseous diffussion is
used in determining the rate of diffusion ratio
for any two gases.

Example 20 Under the uniform
experimental conditions, find the rate of

diffusion ratio for O; and SO, gases.
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Solution : The molecular masses of O,

and SO, are 48 and 64 gram mol™! respectively.
So according to Graham’s law of gaseous diffuion.

To, Mo,
5o Mg,
64
== = 1.154
48 47

.. The ratio of rate of diffusion of O3 and
802 is 1.1547.

Example 21 : The time taken by O, gas
to travel from sun to earth is 80 seconds. Find
the time taken by helium gas from the same
source.

Solution : Here, the distance for
diffusion of both the gases is equal. So, according
to Graham’ law of diffusion,

'[02 M02

The My

(7

80 _ 2 .R.
the 4

(As the molecular mass of O, and He
are 32 and 4 gmol™! respectively)
80

ot =
He \/g
= 28.288 second = 28.29 second
. The time taken by helium gas is 28.29 second.

Example 22 : The volumes occupied by
N, and unknown gas in same time are 50 ml
and 70 ml respectively. Find the molecular mass
of unknown gas.

Solution : According to Graham’s law of
gaseous diffuson :

T v
N, _ N, _ unknown gas
Tunknown gas Vunknown gas MN2
) 2 _ Munknown gas
70 28
2500 x 28
Munknown gas = 4900

14.29 gmol™

. The molecular mass of unknown gas is
14.29 gmol ™.

2.7 Avogadro’s Hypothesis

Avogadro proposed a hypothesis, in 1811.
It can be expressed as “The number of
molecules of any gas in same volume at
standard temperature and pressure is same.”

Simple gas equation is one of the methods
to present the Avogadro’s hypothesis. All the
relations derived from Avogadro’s hypothesis are
included in this equation. This gas equation is
applicable to all the gases in favourable conditions.
The presentation of this equation in the form of
symbol can be made as follows.

In a V litre volume of any gas at P bar
pressure and T Kelvin temperature, n moles of
molecules = n x N (where N = 6.02 x 10 is
known as Avogadro’s number or Avogadro’s
constant).

One important dimension resulting from
Avogadro’s hypothesis is molar volume. Molar
volume can be explained by using simple gas
equation. Molar volume means the volume
occupied by the molar mass expressed in
gram of a gas. The volume of 1 mole at 273
K temperature and 1 bar pressure can be found
by general gas equation and is called molar
volume. The 22.4 litre value is accepted as a
standard value. The molar volume is also
known as gram molar volume. The presentaion
of Avogadro’s hypothesis on the basis of molar
volume can be made as follows.

“In 22.4 litre of any gas at 273 K
temperature and 1 bar pressure (STP) contain 1
mole molecules.” This statment can be given
alternatively as the mass of 22.4 litre of any gas
at 273 K temperature and one bar pressure is
its molecular mass. According to Avogadro’s
hypothesis, “The number of molecules in one
molar volume of any gas is 6.022 x 10%.”

“The mass in gram of one mole of
any subtance is its molar mass.”

The relations among mole number(n),
number of particle (N), Volume (V) of STP and

molecular mass (M) are given in Figure 2.20.
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Fig. 2.20 Inter relation between mole (n), no. of
particles (N), volume of gas (STP) and Gram molar mass

Example 23 : Find the number of
molecules, atoms and total number of atoms in
20 gram CaCO,.

Example 24 : Find the number of

molecules, number of atoms and total number of
atoms in 5.6 litre of CH4 at STP.
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Example 25 : Find the volume at STP
and mass of 6.022 x 102 molecules of 02.

Solution :

No. of molecules of O,

mole of O, =
: Avogadro's number

_6.022x 107
 6.022x 107
Volume of O, at STP = mole x 22.4 ltr.
= 0.1 x 224
= 2.24 litre
Mass of O, = mole x molecular mass
= 0.1 x 32 = 3.2 grams.
2.8 Liquid State and its Physical Properties

= 0.1 mole

The liquid has a fixed volume but not a
definite shape. It takes the shape of container in
which it is poured. As compared to the gaseous
state the molecules are arranged near each other
in the liquid state. In the liquid state the
intermolecular distance between two molecules
is less compared to the gaseous state. So the
force of attraction is more compared to the
gaseous state, but less compared to the solid
state and as a result the liquid has fixed volume
but not a definite shape. In the liquid state the
arrangment of molecules is more in order
compared to the gaseous state, but less in order
compared to the solid state. Thus, the liquid state
is the linking middle state between the solid and
the gaseous states. Each liquid state has
measurable characteristics of physical properties
as mentioned below :

(i) Fixed volume : Liquid has fixed
volume. It never expands like gas when it is
filled in a vessel. In liquid one surface is free
while the remaining surfaces depend on the
vessel. As the liquid has fixed volume, the volume
will not change by changing the vessels. e.g.
500 ml water poured in beaker, conical flask,
bowl bucket, its volume remains only 500 ml.
There is no change in volume but it assumes
the shape of vessels in which it is poured.

(ii) Fluidity : Liquid can flow and can be
poured from one container to another. It
assumes the shape of the container because liquid
possesses the properties of fluidity.

(ili) Non-compressibility : Compared to
gas, the compressive character is very less in
liquid. For example at 298 K temperature, if
double pressure is exerted on gaseous state the
volume becomes half, while in liquid if the
pressure is doubled, the volume decreases by
0.0045 % only. If 1000 bar pressure is applied
on water at 293 K temperature, then its volume
decreases by only 4 %. Thus, compared to gas
the liquid has property of non-compressibility.

(iv) Diffusion : If a cylindrical vessel is
half filled with water and ethyl alcohal is added
carefully from the inner side of the cylinder, the
ethyl alcohol keeps floating on the surface of
water and a separate surface between the two
can be clearly observed. If this system is kept
for sometime, gradually the separate surface will
become invisible and ultimately it will disappear.
Hence, it can be said that ethyl alcohol diffuses
in water. If this system is kept for longer time,
then both the liquids form homogeneous
mixture. The diffusion is shown in liquid
compared to gas, because in liquid the molecules
are arranged close to each other, so when they
diffuse, they undergo collision with the
neighbouring molecules which are obstructive in
diffusion. Moreover, the intermolecular attractive
forces are more in liquid compared to gas which
also restricts the molecules in fast diffusion, so
the diffusion becomes slow. Moreover, in liquid
the rate of diffusion increases with increasing
temperature because the kinetic energy of
molecules increases due to increase in
temperature, so the molecules move faster. The
diffusion character is observed in molecules of
liquid having same polarity like polar liquid cohesion
contact with another polar liquid. Then diffusion
takes place, but when comes in contact with
non-polar liquid then diffusion will not take place
and vice versa is also true.

(v) Evaporation : If the liquid is poured
on an open surface it will evaporate as the time
passes. The reason is that certain liquid gets
converted on its own into gaseous state at normal
temperature. This phenomenon is called
evaporation. More or less evaporation is there
at all temperatures. Like gaseous molecules, the
speed of all liquid molecules are not the same
as some molecules have maximum speed; some
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have medium speed and some have minimum.
Now, those molecules with maximum speed have
also the maximum kinetic energy and such
molecules undergo evaporation and they escape
from the liquid surface (into vapour) and as a
result the speed of remaining molecules become
less so the kinetic energy also becomes less and
hence, the temperature decreases. Due to
evaporation of liquid the temperature decreases
and hence it creates cooling. The evaporation
depends upon temperature, strength of
intermolecular attractive forces and exposed
surface area of liquid.

(vi) Vapour presssure : As the gas in
closed container shows pressure, similarly the
liquid also shows pressure in a closed container.
Due to evaporation the molecules escape from
liquid surface but do not leave the container and
they are collected in the vapour state above the
surface of the liquid. The vapour state molecules
move randomly in all directions and collide with
one another, with wall of the container and also
with the liquid surface. During this, some slow
moving molecules when collide with surface of
liquid may be recaptured by the intermolecular
attraction get and converted into liquid known as
condensation. Initially the rate of evaporation
and condensation are not equal, but after
sometime the rates become equal and this stage
is known as dynamic equilbrium and now, the

concentration of the molecules in vapour state
becomes constant and the pressure exerted by
the vapour molecules is in equllibrium with its
liquid called vapour pressure. The vapour pressure
depends on the nature of liquid. This means that
it depends upon the intermolecular attraction forces
of the liquid molecules. Weaker the intermolecular
attractive forces, higher is the vapour pressure.
Higher the temperature of liquid more is the
vapour pressure.

(vii) Surface tension : The molecules
of a liquid on one side of hypothetical unit
length line on free surface of liquid exerts
the force parallel to the surface and
perpendicular to the molecules, on the other
side of the line is called surface tension of
liquid. Due to surface tension the drop is
always spherical and the water (liquid) rises in
a capillary tube upto certain level (height).

(viii) Viscosity : There is a viscosity
between any two successive layers in a
movement (conduction) as a result there exists
a touching friction resistance force on the contact
surface. Such internal resistance force is called
viscosity force. The property of having such
a force existing in the liquid is called
viscosity. The viscosity depends on intermoleculer
forces. As the intermolecular forces increase the
viscosity also increases. Viscosity decreases with
increase in the temperature.

SUMMARY

The group of molecules is called matter. Matter is made up of small particles.
Matter is in three states, Solid, liquid and gas. The other two states are known as Plasma
and Bose-Einstein condensate. The physical state of the matter changes by changing
temperature. The physical properties of a subtance are changed by changing its physical
state but the chemical properties do not change, sometimes the rate of chemical reaction
changes by changing the physical state. During the chemical calculation, it is most essen-
tial to have the information about the physical state of substances (reactant or product)
and hence it is essential to study the physical state of matter, factors affecting and related
some important laws. The deciding factors of the physical state of matter are intermo-
lecular forces, molecular interaction and the effect of thermal energy on the motion of
particles.

The Dutch scientist van der Waals suggested that the weak forces of attraction
exist between the molecules, which cannot be explained by any other chemical attraction forces
is known as van derOWaals attractive forces. This force is universal. This force of attraction
is exerted upto 4.5 A distance in substance. van der Waals forces depend upon the shape
of molecules, number of electrons present in molecules, contact surface of molecules and
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average intermoleculer distance. The van der Waals forces of attraction are different like
(i) Dispersion forces or London forces. (2) Dipole-dipole forces and (3) Dipole-induced
dipole forces.

Dispersion forces of attraction was first of all proposed by the German scientist
Fritz London so it is known as London forces. This type of force of attraction is observed
in atoms or molecules, there is a temporary dispersion in electron density that affect the
electron density of nearby atom or molecule so the force of attraction is developed and
so such effect is called dispersion force. The dipole-dipole forces are observed in permantently
dipolar molecules. Such dipolar molecules also have interactive London forces so the
cummulative effect of both forces are observed. The dipole-dipole force is stronger than
London forces. The dipole-induced dipole forces are observed when dipolar molecules
come near to non-polar molecules. This type of molecules also have London forces and
hence the cumulative effect of both forces are observed. The hydrogen bonding is an
important intermolecular force. The first elements of groups 5, 6 and 7 due to their high
electronegativity combine with hydrogen to form hydride compounds, in which hydrogen
bond is observed. There also exists an intermolecular repulsive forces; and based on that
the effect of pressure on solid, liquid and gaseous state are explained very easily. The
most important factor which decides the physical, state of matter is the effect of thermal
energy, on motion of molecules due to this motion of molecules or atoms the energy
produced is called thermal energy to keep the molecules near to each other while the
thermal energy has tendency to keep the molecules away from each other. By balancing
combination of the two opposite factors, the physical state of matter as solid, liquid or gas
is decided. Due to weak forces of attraction between molecules of gaseous state have
some characteristics. The behaviour of gas is described by the quantitative relation
between mass, volume, temperature and pressure and these relations are discovered by
experimental observations and such relations are called laws of gases. The relation
between pressure and volume of a gas was studied and it is known as Boyle’s law. At
constant temperature for a fixed amount gas, pressure (P) varies inversely with its volume
(V). Mathematically the Boyle’s law is written as PV = K or P,V, = P,V,. The equation
d/P = K derived from Boyle’s law where d is the density. The Kelvin temparature is
accepted as an SI unit. The relation T = (t + 273.15) K is obtained. On the basis of
experimental observations a relation between absolute temperature and volume is obtained,

. . , . .. . \ Vi _ v,
which is known as Charles’ law. Mathematically it is written as ? =K or ==
The relation between pressure and absoulte temperature (T) is obtained on thelbasis 2of
experimental orbservations by scientist Gay Lussac and is known as Gay Lussac’s law.
Mathematically it is written as % =K or ;—1 = E . The relation between volume of a
gas and number of molecules was given by Alvogadro, which is known as Avogadro’s law.
The mathematical form of it is V = K-n. The 0°C or 273 K temperature and 1 bar
pressure is accepted as a standared value by SI system and hence these values are
known as standard temperature and pressure (STP). 1 mole of gas at STP is having
volume 22.4 litre and number of molecules equal to 6.022 x 10>3 known as molar volume
and Avogadro’s number respectively. Combining Boyle’s law and Charles’ law, the relation
PV, PV,
T ) T,

equation, PV = nRT is also known as equation of state and R is called universal gas

obtained % =K or is known as combined gas equation. The ideal gas

constant which has different values in different units. The real gas behaves as ideal gas
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at high temperature and low pressure and are called ideal gases. The behaviour of real
gas is deviated from that of ideal gas and its study came from the study of effect

2
of pressure and temperature and so the ideal gas equation is written as [P + %)
(V — nb) =nRT and this equation is also known as van der Waal’s equation. The gas
can be liquefied by lowering the temperature and increasing pressure at which gas get
liquified is known as critical temperature (T) and critical pressure (P.) respectively and
at critical temperature and critical pressure the volume occupied by 1 mole of gas is called
critical volume (V) and this state is called critical state. The P, T and V. values are
constant so they are known as critical constants. The liquefication of gas is explained by
isotherm. Maxwell and Boltzmann had studied the distriubution of molecules between different
possible velocities and plotted graph which is known as Maxwell’s distribution curve.

The total pressure of the mixture of two or more than two gases is obtained by
the Dalton’s partial pressure law. Total pressure (P) = p, + pg + pc + pp .... and the

partial pressure (p) is calculated from total pressure by equation p, = X, x P_ .. If the

% by volume is given then the partial pressure of gas is caculated using equation.

% by volume of gas A x total pressure

Partial pressure P = 100 . The Graham’s law of

aseous diffusion is T * == and using formula the ratio of rate of diffuson of NH, and
g Jd g 3

HCI gas was obtained practically as 1.46 + 0.01. The application of Graham’s law of
gaseous diffusion are as given in the text. The Avogadro’s hypothesis is useful to calculate
the number of molecules, atoms and total number of atoms in given amount of gas.

The liquid state has its physical properties like fixed volume, fluidity, non-

compressibility, diffusion, evaporation, vapour pressure, surface tension and viseosity.

EXERCISE
1. Select the proper choice from the given multiple choices :

(1)  Which type of forces are known as the London forces of attraction ?

(A) Ionic (B) Covalant (C) van der Waals (D) H-bonding
(2)  State the type of force of van der Waals attraction between HCI and O,

molecules.

(A) London (B) Dipole-dipole

(C) Dipole-induced dipole (D) Polar-polar

(3) The value of energy for 1 mole hydrogen bond is .....
(A) 10 kcal (B) 10 kJ (C) 100 kcal (D) 10-100 kJ

(4)  Which of the following substances has the lowest density under normal
condition ?

(A) Ice (B) Water (C) Copper (D) Bronze
(5) The relation between density and pressure is given by ....

(A) Boyle’s law (B) Charles’ law

(C) Gay-Lussac’s law (D) Avogadro’s law
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(6)

(7

®)

€))

10)

(11)

12)

13)

(14)

The temperature of O, gas is changed from 25 C to 50 °C, then the change

in volume is...

(A) twice (B) less than twice (C) half (D) more than twice
What is the value of compression factor Z for helium gas ?

(A1 (B) >1 ©) «1 (D) Zero

At what temperature does the gas start liquefying ?

(A) Tg B) > T, ©) < T¢ (D) T or < T
Which change is observed during evaporation of liquid in atmosphere ?
(A) heat increases (B) cooling starts

(C) heat becomes zero (D) all of above

How many number of hydrogen atoms are in 1 gram H, ?

(A) 6.022 x 10%* (B) 3.011 x 10% (C) 6.022 x 1023 (D) 6.022 x 10*
Higher the critical temperature ...... is liquefaction.

(A) slow (B) fast (C) slow or fast (D) all the above
Which relation is true for 4 gms of He gas ?

(A) the number of atoms are double than molecules

(B) the number of atoms are four times that of molecules

(C) the number of atoms are sixteen times that of molecules

(D) the number of atoms and molecules are same

If the temperature is increased the viscosity is ......

(A) increased (B) decreased (C) not changed (D) becomes zero
Which two liquids on mixing starts diffusion ?

(A) water-kerosene (B) water-benzene

(C) water-petrol (D) water-alcohol

Write answers to the following questions :

€]
)
3)

Write types of van der Waals forces.
In which type of atoms or molecules London forces are observed ?

Which type of molecules possess hydrogen bonding ?
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“4)

&)

(6)

)

®)

©))

(10)
(11)
(12)
(13)
(14)
(15)
(16)
(a7
(18)
(19)
(20)
21
(22)
(23)

(24)

Which combined forces decide the physical state of subtances ?
Write Boyle’s law.

What is the absolute temperature ?

Give value of standard temperature and pressure.

Write Charles’ law.

Write Avogadro’s law.

State Gay-Lussac’s law.

Write combined gas equation.

State the variables in ideal gas equation.

What is a real gas ?

In which condition the real gas behaves as an ideal gas ?
What is an ideal gas ?

State the equation of compression constant Z.

Write van der Waals’ equation.

What is critical temperature ?

What is critical mass ?

Write Graham’s law.

Write Avogadro’s hypothesis.

Define viscosity, diffusion, vapour pressure.

State different critical constants.

State the factors affecting vapour pressure.

3. Write answers to the following questions :

(D
2
3)
4
&)
(6)

Give the different types of van der Waals’ forces.
Explain dipole-dipole forces.

Explain London forces.

Explain dipole-induced dipole forces.

What is Kelvin scale ?

Write Avogadro’s law and explain.
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(7)  Derive combined gas equation.

(8)  Derive unit of R from ideal gas equation.

(9) Explain liquid state and write its properties.

(10) Explain kinetic energy of molecules.

(11) Explain positive and negative deviation for real gas.
Write answers to the following questions :

(1)  Write a short note on hydrogen bonding.

(2) Explain characteristics of gaseous state.

(3) State gas laws and derive ideal gas equation.

(4)  Obtain values of R from different unit systems

(5) Explain deviation from ideal gas.

(6)  Explain liquefaction of gas.

(7)  Explain isotherm curve for liquefaction of gas.

(8)  Explain Graham’s law of gaseous difussion.

(9) Explain Dalton’s law of partial pressures.

(10) Describe the experiment of diffusion of NH, and HCI.
Solve the following examples :

(1) Find the volume of 6.022 x 10?! molecules of CO, gas at 27°C temperature

and 2 bar pressure.

(2)  Find the number of molecules, atoms and total number of molecules, of 4 litre

SO, gas atoms at 350 K temperature and 10° Pa pressure.

(3) 2 x 10% molecules of N, gas enter into the vessel having volume 400 ml at

127°C temperature. Find the pressure of N, gas.

(4)  The % composition by volume of Cl,, H, and N, are in 1:2:7 by proportion.

If the total pressure is 40 bar, find the partial pressures of each gas.

(5) At 25°C temperature 4 gram H, is filled in 500 ml vessel. Due to small hole
in vessel, after sometime, the pressure in vessel became 50 bar. Find the

number of molecules which have escaped from the vessel.

(6) Two moles of O, gas is collected over water at 400K temperature in 2 litre
vessel. If the pressure of dry O, gas is 32.20 bar then find the vapour

pressure of water under the same conditions.
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(7) A square has length 50 feet. At the ends of diagonal NH, and HCI are kept.

Find the point where the white fumes will appear.

(8) At 27°C temperature 20 gm. H,, 220 gm CO, and 140 gm N, are filled in
a vessel having volume 2 litre. Find the total pressure in bar unit and which

gas is removed from the vessel so that pressure can be reduced by 50 %.

(9)  Time taken by CO, gas to diffuse 5000 km distance is 2 seconds. Find the

time taken by Cl, gas to diffuse the same distance.

(10) Air contains 79 % N,, 20 % O, and 1 % CO, by volume. If the total
pressure of air is 1 bar, find the partial pressures of N,, O,, CO,.

{Prof. Tribhuvandas Gajjar}

Prof Tribhuvandas Gajjar was born on August 1863 in
Surat city of Gujarat State. His father Kalyandas was a great
architect. He had gone to Bombay to obtain the college
education and he got admission in Elphiston College. After
obtaining B.Sc. with first calss, he did M.Sc. After his study,
he had joined as Lecturer in Chemistry at Kala Bhavan,
Baroda, He had started the laboratory of printing and dyeing
work. He then went to Bombay and settled there.

In 1898, somebody had coloured the statue of Queen
Victoria on Esplanade Road, Fort Area of Bombay, by throw-

ing black colour on its face. The colour was so fast that it

could not be removed even after many efforts. To remove this colour, many chemists
were called by the Government. Many attempts have been tried on the statue but the
colour could not be removed. Finally, the European scientists were also called but they
also could not be successful. This matter was discussed in the country and outside the
country. At that time, Professor Tribhuvandas Gajjar, Lecturer in Chemistry, Wilson College
wrote a letter to the Municipal Corporation of Bombay for handling this work to him. But
the government did not like it proper to give this work to Tribhuvandas because of the
experience from the earlier scientists. Hence, Tribhuvandas again sent an application.
Afterwards, he was given permission to remove the colour from some part of the statue.
Tribhuvandas started his work according to his understanding. In short time all the colour
from the face of the statue of Queen Victoria was completely removed. As a result, the
people of the country started to look at him with honour.

Tribhuvandas found out by rasearch the medicine ‘iodine terchoride’ for iradication
of Plague that had spread in Bombay. It was proved to be very effective. The society
appraised his work. Some of his friends advised him to get patent for this medicine and
earn fame and money but patriot Tribhuvandas did not agree to this. He placed this
medicine for plague before the whole world. He expired on July, 16, 1920.




Thermodynamics

Unit 3

"It is the only physical theory of universal content concerning which I am convinced that, within
the framework of the applicability of its basic concepts, it will never be overthrown."
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|
3.1 Introduction

If we observe all the chemical reactions
from microscopic point of view, same reactions
occur. (i) The reaction of breaking of some of
the bonds present in molecules of reactants
experiencing chemical reaction. (ii) Reaction of
formation of bonds of some new products.
Energy is to be supplied to the reactant for
breaking of any chemical bond, i.e. breaking of
chemical bond is endothermic reaction. e.g.

H, + Energy — 2H

Clz(g)ﬂL Energy — 2C1

Opposite to this, the energy is evolved when
bond formation takes place, i.e. the bond forma-
tion reaction is exothermic reation.

H, + Cl

2e) 2e) - 2HC1(g) + Energy
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As the values of energy required to break
the chemical bonds and the energy evolved in
the chemical bond formation during the above
reactions are not the same, either the energy is
absorbed or the energy is evolved.

When fuel like methane is combusted, then,
at the end of certain chemical reactions the
energy stored by its molecule is liberated as
chemical energy. Like combustion of cooking gas
and coal energy liberated in the air, when fuel
is combusted in engine, the use of chemical energy
is made in mechanical work; in a galvanic cell
like dry cell energy is obtained in the same way.
In the similar way, energy can be obtained with
the help of intereactions under certain conditions,
from the different forms of energy. They can
be transformed from one form to the other. The
study of all these forms of energy is called
thermodynamics. The laws of thermodynamics
are concerned with the transformations of energy.
They are associated with molecules in large
proportion associated with macroscopic systems
and a few molecules present in microscopic
systems are not related to how the reaction
occurs and with what rate. Thus, thermo-
dynamics is independent of study of chemical
kinetics. It depends on the energy trans-
formation between initial state and final state.
Laws of thermodynamics apply only when a
system is in equilibrium or move from one
equilibrium state to another equilibrium state. The
macro factors like temperature, pressure etc.
are unable to change the system in equilibrium
with time. We shall try to obtain answers for
some of the important questions with the help of
thermodynamics.

It is important in chemistry to get answers
to the following questions :

(i) Will the reaction occur between
certain substances in definite conditions ?

(i1) If the reaction between these substances
is possible, to what extent (proportion) will it
occur ?

If the answers to these two questions can
be obtained theoretically, the work of the chemist
will be easier. We know that both graphite and
diamond are the allotropes of carbon. Can graphite
be transformed into diamond ? The answer to

this question, when examined from theoretical point
of view is found to be positive. So the scientists
got inspiration to transform graphite into diamond
and now-a-days artificial diamonds are prepared
and produced in a similar way. The science which
can answer the chemical problems is called chemi-
cal thermodynamics.

In chemical thermodynamics, the changes
in energy associated with physical and chemical
reactions have been studied. This whole study is
based on four basic laws. These four laws are
known as the zeroth, the first, the second and
the third law of thermodynamics. These laws
are the conclusions obtained from the available
experimental results. Not a single chemical
reaction till present time is found to be the
exception to these laws. Here, before we study
the laws of thermodynamics, it is necessary to
understand its background.

3.2 Basic Concepts of Thermodynamics

We are interested in the chemical reactions
and energy exchange. For this, we shall discuss
the basic concepts of thermodynamics.

3.2.1 System and Surrounding : An
exteremely small part of the universe which is
separated from the remaining part of universe
by a definite boundary and on which we note
the observations of the experiments carried out
by external changes is called system. The
remaining part of the universe excluding the
system is called surrounding. Surrounding means
the part of the universe except the system. The
system and the surrounding together makes the
formation of universe viz. whether there is any
reaction of hydrochloric acid (HCl) with
washing soda (Na,CO,) ? We add few drops
of hydrochloric acid on washing soda by taking
it into a testtube and observe whether the
reaction occurs or not. Here, the mixture of
washing soda and hydrochloric acid is a system.
Testtube is not included in the system. Testtube
is the borderline of the system while the remaining
universe which is in contact with system is
surrounding of the system.

Types of the system : There are three
types of systems depending on the exchange of
energy and matter between system and
surrounding. (i) Open system (ii) Closed system
(iii) Isolated system.
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(i) Open system : The system in which
the energy and the matter can go on its own
from system to the surrounding or enter from
surrounding to the system is called open
system viz. If we place an ice cube in a saucer,
it melts on its own absorbing heat from atmo-
sphere and the water from saucer enters
the atmosphere through evaporation. Hence, the
ice cube placed in the open vessel saucer and the
water in the saucer is an open system. Similarly
a flame of the burner is also an open system.

(ii) Closed system : The system which
can exchange energy on its own with
surrounding but the exchange of matter on its
own is not possible, is called a closed system.

of good quality provides its example at a particular
moment, but after sometime, it provides the
example of the colsed system. Hence, it is
difficult to find an example of an absolute isolated
system.

3.2.2 Process : The conversion of
state of system from one to another is called
a process. During this conversion, if the
temperature of the system does not change
that is temperature remains constant, then,
the process is called Isothermal process that
is the system gain energy from the surrounding
or releare the energy to the surrounding.

During the change in the system, if the
system does not lose heat or does not

System and surrounding

- Surrounding

(b) Closed system

Fig. 3.1

(a) Open system

Surrounding

(C) Isolted system

viz. The cold or hot water poured in the bottle
and closed with a cork. The vessel in which this
system is present must be energy conductor. The
cooker used in household purposes is the closed
system.

(iii) Isolated system : The system
which is not able to exchange energy and
matter on its own with surrounding is called
an isolated system. In fact, formation of iso-
lated system is not possible but the thermos flask
of very good quality is the example of isolated
system. The hot tea poured in a thermos flask

receive heat, then the process is called
Adiabatic process.

If the system contains gaseous
materials and the pressure of the system
remains constant during the change, then
that process is called Isobaric process.

3.2.3 Extensive and Intensive
properties : Some properties of the substance
depend on the quantity of the matter. These
properties are known as Extensive properties.
The mass of a substance, volume, enthalpy of
formation, entropy, free energy, elevation in boiling
point, depression in freezing point etc. are such
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type of properties. Generally, these properties are
expressed in the unit of per mole or mole™.

The properties of the substances which
do not depend upon the mass of the substance
but depend upon the structure of the compounds
are known as intensive properties. The melting
point of solid substance, density, boiling point of
liquid, conductivity, refraction etc. are such type
of properties. Thus, the boiling point of liquid is
an intensive property while elevation in boiling
point is an extensive property. Similary, the freez-
ing point of a substance is an intensive property
but depression in freezing point is an extensive
property.

3.2.4 State Function : The values of
the properties of the system which depend
on the state of the system but do not depend
on the method how the state can be
obtained is called the state function. viz.
There can be different methods to take a
substance having mass (m) to a height (h) but
the value of its potential energy mgh at that
height is constant. Thus, potential energy of a
substance is its state function.

In the same way, 1 mole of any ideal gas
possesses 22.4 litre volume at 273 K temperature
and 1 atmosphere (bar) pressure but the volume
does not depend on; in which state the substance
was before bringing to 1 atmosphere and 273
K. Thus, the definite volume of a definite quantity
of a gas at constant temperature and pressure is
the state function of the gas. The other state
functions of this type are (i) Internal energy (U)
of a substance (ii) Enthalpy (H) a substance
(ii1) Entropy (S) of a substance (iv) Free energy
(G) of a substance etc.

3.2.5 Thermodynamically Reversible
Process : If the state of a system changing
with infinitesimal rate, then the difference in state
function values of system are very small. This
type of process is known as thermodynamically
reversible process. In this type of process, the
equilibrilum is established between system and
surrounding at each microscopic level.

3.2.6 Internal Energy (U) : In every
substance definite energy is stored in it on
the basis of its mass and characteristic
structure, which is called internal energy
(U). This energy is stored in the form of kinetic

energy and potential energy. The component
particles of a substance have their linear rotation
and vibration energy. In addition, their electron
and nucleus also possess different types of motion.
Hence, substance possesses kinetic energy. Also
the attractive and repulsive forces between
component particles of the substance are
operative. In the same way, substance possesses
potential energy due to repulsion between electron-
electron and repulsive forces between nucleus-
nucleus as well as attractive forces between
electron and nucleus. In addition, the proton and
neutron in the nucleus experience attractive
forces. Also, according to the equation E = mc?
(where m = decrease in the quantity of matter
and c = velocity of light) the matter itself is one
form of its energy. Hence, if the energy of the
matter is changed into heat, large amount of
heat will be obtained. Thus, the total energy
available from a substance is called internal
energy (U) of the substance.

The value of iternal energy of any matter
depends on temperature. If the physical state of
substance changes, the internal energy present
in it also changes. As the absolute value of
internal energy cannot be measured the change
in internal energy can be measured accurately
by experiment.

During any chemical reaction the quantity
of matter remains constant, though there is change
in their characteristcs due to change in the states
of the substance. As a result, the internal energy
of products (U ) is different from internal
energy of reactants (U). The energy difference
is equal to internal energy of products and internal
energy of reactant. This energy is liberated or
absorbed in form of heat. This is expressed as
change in internal energy (AU).

During any reaction, if there is change in
the volume of the matter, there will be change
in its work. Hence, heat produced by the change
in internal energy in chemical reaction is to be
kept constant and the reaction is to be carried
out. When any chemical reaction is carried out
at constant volume, the change in heat (q ) is
equal to the difference between internal energy
of the reactant and the internal energy of the
product.

q, = Up - U =AU

Thus, internal energy difference at
constant volume is the change of heat energy.
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3.2.7 Enthalpy (H) : The total amount
of energy obtained from internal energy (U)
of substance and energy obtained by
product of pressure (P) and volume (V) is
called enthalpy (H).

H=U+ PV

If any reaction is carried out in an open
vessel, then the reaction system is in direct
contact with the atmosphere and so the pressure
of constant atmosphere applies. Thus, any
chemical reaction, when carried out at constant
pressure, then the change in its energy is called
enthalpy change (AH)

q, = H - H = AH

when H_ is enthalpy of products and H
P T
is enthalpy of reactants.

Thus, enthalpy is the change in heat at
constant pressure.

3.3 Zeroth Law of Thermodynamics

When two diathermic (thermal conductor)
substances at different temperatures come in
contact with each other, then heat conducts on
its own from the substance having higher
temperature to substance having lower
temperature. This conduction of heat continues till
the temperatures of both the substances do not
remain the same. When the temperatures of the
two substances become the same, the conduction
of heat does not take place in them. This condition
(state) is called thermal equilibrium. Thus the
procedure to obtain thermal equilibrium of any
two diathermic substances is called zeroth law
of themodynamics.

When any person suffers from fever, the
temperature of his body is measured by a
thermometer. The thermometer comes in contact
with the body of that person, the heat from human
body enters into the mercury of the thermometer
and the volume of the mercury increases. When
the temperature of the body and the temperature
of mercury become equal, the increase in
the volume of mercury stops. Hence, it can be
said that the temperature of the body and that
of the mercury in the thermometer is the same.
This condition (state) is known as thermal
equilibrium. From the reading on the thermometer,
fever can be measured.

3.4 First Law of Thermodynamics

The first law of thermodynamics, in fact, is
the law of conservation of energy. This law can
be experessed in different forms. (i) The total
quantity of energy in the universe is constant.
(ii) Energy can neither be created nor can
be destroyed but transformation of one form
into another form can be possible.

The change in internal energy of the
system can be brought by two methods. (i) By
adding heat to the system or removing the heat
from the system. (ii) By working on the system
or working by the system.

Here, heat and work are on one side while
energy on the other. It is necessary to
understand the important difference between these
two.

The heat and work indicate the process,
which is not a state function, while energy is
the property associated with any equilibrium and
it is state function.

3.4.1 Symbolic equation of the First
law of thermodynamics : Suppose, the internal
energy of any system, at a definite equilibrium
state is U. If this system after undergoing a
reaction attains a new equilibrum state having
internal energy U,, then, the heat absorbed by
the system or heat lost by the system during
this reaction is q. Now, if the work done (W) is
on the system or the work done by the system
is W, then according to First law of
themodynamics :

U=U +q+W OR

U-U=q+W

Now, writing change in energy

U, - U, = AU

AU =q+ W

This equation is the symbolic form of the
First law of thermodynamics.

3.4.2 Mathematical form of the First
law of thermodynamics : In the symbolic
equation of the First law of thermodynamics,
when it is used for the calculation, then, gener-
ally, (+) positive and (—) negative signs are
connected with q and W.
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(1) If heat is lost during process in the system,
the value of q is negative (—) or the value
of exothermic reaction 1is always
negative (—).

(i) If heat is added during the process in the
system, the value of q is positive (+) or
the value of q for endothermic reaction is
always positive (+).

(i) If the work is done on the system, then
the value of W is always posititve (+).

(iv) If the work is done by the system, then the
value of W is always taken negative (-).

If the internal energy of the system during
any process remains constant then AU = 0. i.e.,
q + W =0 or q = —W. This indicates that the
total heat absorbed by system during the process
is completely used up in the work.

Internal energy is the state function. If the
system follows any path during change from one
state to another, even then the value of AU does
not change, but q and W are not being state
functions, their values do not depend upon how
one form of the system changes into the other.

Example 1 : A system receives 224 joule
heat and does work of 156 joule. Calculate the
change in the internal energy.

Solution : System receives the heat

s q = 224 joule

Work done by the system

s W = -156

According to First law of thermodynamics

AU =q+ W

AU = 224 — 156 = 68 joule

3.4.3 Work and the First law of
thermodynamics : It is necessary to have
information about work before we understand
the applications of the First law thermodynamics.
When can we say that work is done ? When on
any substance, force is applied at a point where
it is applicable and the point moves in the

direction of the force applied, then it is said that
work is done.

In chemistry mainly two types of works
are observed :

(i) Electrical work and (ii) Mechanical
work.

Electrical work is important in the
reaction between ions in the system. The
mechanical work is important in which, during
the reactions there is change in volume in
presence of external pressure. The systems which
possess gaseous state, for them, mainly,
mechanical work is more important. If gaseous
substances are associated with the chemical
reaction, then there is change in volumes in most
of the reactions under constant external
pressure. If the volume of this type of system
increases during reaction, then work is done by
the system and if the volume decreases, then
work is done on the system.

If the initial volume of the system is V,
and the final volume is V, and the external
pressure P applied on the system is constant,
then, the work done by the system due to change
in volume can be shown by the following
equation :

W =PV,=-V)

= PAV

Hence, if the work done during the reaction
is only of PV type q = q, and if the work is
done by the system, then W = —PAV.

According to symbolic equation of First
law of thermodynamics,

AU =q+ W

AU = q — PAV

But, if there is no change in the volume
of the system during chemical reaction, AV = 0.
Hence, AU = q,- Thus, in the reactions occur-
ring at constant volume, the value of change in
internal energy of the system is equal to the
heat received by the system or heat lost by the
system at constant volume.

Example 2 : At one bar pressure, the
volume of a gas is 0.6 litre. If the gas receives
122 Joules of heat at one atmosphere pressure,
the volume becomes 2 litres, then calculate its
internal energy. (1 litre bar = 101.32 Joule)

Solution : Pressure P = 1 bar
Initial volume of gas V, = 0.6 litre
Final volume of gas V, = 2 litre
AV =V, -V,

=20 - 0.6 = 1.4 litre
Now, W = P AV

W=1x 14 = 14 litre bar
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But 1 litre bar = 101.32 joule Hence, it is apparent that at constant tem-
© W = 14 x 101.32 = 141.85 joule perature and constant pressure, the enthalpy of
the substance is constant.
Here, the work is done by the system
; Reaction Change Change
- W =—141.85 Joule in internal in enthalpy
The heat obtained by the system energy
q = 122 joule Exothermic | AU = —Ve AH = —Ve
According to First law of thermodynamics Endothermic] AU = +Ve AH = +Ve
AU =q+ W
= 122 — 141.85 = — 19.85 joule 3.4.5 Mole and First Law of Thermo-
dynamics : If the number of gaseous molecules
3.4.4 Enthalpy and First Law of of the reactants is changing because of
Thermodynamics : Generally, the chemical chemical reaction and the reaction is occurring

reactions occur in open vessels at constant pres-
sure. A new state function has to be defined for
change in energy occurring in this type of pro-
cess. This new state function is called enthalpy
(H). The relation between enthalpy (H) and
internal energy (U) is shown by the following
equation :

H=U+ PV

Hence, if there is a change in state of a
system, the change in its enthalpy can be shown
by the following equation.

AH = AU + A(PV)
= AU + PAV + VAP

If the reaction occurs at constant
pressure, then AP = 0. Hence

AH = AU + PAV

But, according to symbolic equation of the
First law of thermodynamics, if the reaction
occurs at constant pressure, then work done by
the system is only of PV type and so q = dp
and W = — PAV.

s AU = qp ~ PAV

Hence, the equation,

AH = AU + PAV will be as follows.
AH = (qp — PAV) + PAV

. AH = q,

Thus, the change in enthalpy of the system
in which chemical reactions occur, atconstant
pressure is equal to the value of the heat gained
or lost by the system.

at constant pressure, then the volume of the
system changes.

Suppose, the volume of the system has n,
moles of gaseous reactants at constant pressure
P and constant temperature T. Now, if under
constant pressure and constant temperature the
volume of n, moles of gaseous products,
becomes V,, then according to ideal gas equation,

PV = nRT

PV1 = anT and PV2 = anT

PV, — PV, = n,RT — nRT
P(V,- V) = (n, — n)) RT
PAV = An RT

Here, Ang shows the difference between
total number of moles of gaseous products and
the total number of moles of gaseous reactants.
Now, according to the equation showing relation
between change in internal energy and change
in enthalpy,

AH = AU + PAV
AH = AU + AngRT OR
AU = AH - AngRT

If the total number of moles of gaseous
reactants and gaseous products is same, then
the difference will be zero;

Ang = 0 and so AH = AU

If the total number of moles of gaseous
reactants is more than the total number of moles
of gaseous products;

Ang < 0, and hence, AH < AU
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If the total number of moles of gaseous
products is less than the total number of moles
of gaseous reagents Ang > 0, and hence,
AH > AU

If, Ang # 0, then AH # AU

Example 3 : The specific volumes of ice
and water are 1.089 and 1.0 ml gm! at 273 K
temperature. The molar heat of fusion (melting)
of ice is 6.025 kJ mole™! at 273 K temperature
and 1 bar pressure. If 90 gram ice melts at 273
K temperature and 1 bar pressure, water is
produced at that temperature, then, calculate the
values of AH and AU for the process. (1 litre
bar = 101.32 joule)

Solution :
Weight of ice

.. Moles of ice = -
Molecular mass of ice

90 gram

18 gram mole ™'

= 5 moles

When 1 mole of ice melts at standard
pressure 6.025 kilojoule heat is absorbed.

~.When 5 moles of ice melts

= 5 mole x 6.025 kilojoule mole™
30.125 kilojoule
30125 joule heat will be absorbed.

At, constant pressure,
~AH = q, = 30125 joule
Now, AH = AU + PAV
= AU + P(V, - V)
s AU = AH - P(V,-V)) = q,
Here, V1 = Volume of ice;
V, = Volume of water
Volume of 1 gram ice = 1.089 mililitre
~. Volume of 90 gram ice (V1)
=90 x 1.089 = 98 mililitre
Volume of 1 gram water = 1 mililitre
. Volume of 90 gram water (V,)
=90 x 1 = 90 mililitre
Here the change in volume of the system
AV =V, -V,

= 90 — 98 = — 8 mililitre

= — 0.008 litre
P(V,-V) =1 x - 0.008

= — 0.008 litre bar

Now, 1 litre bar = 101.32 joule
- — 0.008 litre bar
= 101.32 joule x (— 0.008) = (— 0.81) joule
According to the above equation
AU =q, = AH = P(V,=V))

= 30125 — (- 0.81)

= 30125 + 0.81 joule (0.81 joule is

negligible in comparison to 30125)

- AU = 30125 joule

The heat associated with
combustion of liquid benzene, at constant

Example 4 :

volume is —3268 kilojoule mole™!. Calculate the
change in enthalpy, when this reaction occurs
at 300 K temperature (R = 8.314 joule mole™
kelvin™')

Equation :

C6H6(1) + 7.502(g) —> 6C02(g) + 3H20(1)

Solution :
constant volume,

q. = AU = — 3268 kilojoule mole™!
vV

Ang = (Total number of moles of gaseous

Here, the change in heat at

products) — (Total number of moles
of gaseous reactants)

=6—-175 =-1.5 mole
T = 300 K, R = 8.314 joule
= 8.314 x 107 kilo joule mole™! kelvin™
Now, according to the equation
AH = AU + AnRT
-3268 + (1.5 x 8.314 x 107> x 300)
— 3268 — 3.74 = =3271.74 kJmole™!

Example 5 : 1 mole of an ideal gas is
filled in a cylinder at 300 K temperature and
10 bar pressure. This gas leaks in atmosphere

. AH

due to leakage in the valve of the cylinder, then
(What work should be done in the diffusion of
gas under this condition ?) calculate the values
of AH and AU for this process. (1 litre bar =
101.32 joule) (Take R = 0.082)
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Solution : If expansion or contraction of
any ideal gas at constant temperature takes place,
then the internal energy and the enthalpy of the
gas do not change.

Gas is ideal and so AU = 0 and AH = 0. Now,

the work is done by the gas W = P AV where
P = 1 bar and AV = change in volume of gas.
Here, the volume of 1 mole of gas before
expansion and after expansion will have to be
found out.

Now, PV1 = nRT

. 10 x V, =1 x 0.082 x 300
. Volume before expansion V, = 2.46 litre

For, volume after expansion V2 = 7

PV, = nRT

~ 1L.Ox V, =1 x 0.082 x 300
. Volume after expansion V, = 24.60 litre

AV = (V,=-V))

= 24.60 — 2.46 = 22.14 litre

Work done by the gas W = PAV

=1 x 22.14 = 22.14 litre bar

Now 1 litre bar = 101.32 joule

= 101.32 x 22.14 = 2243.23 joule

Here, the work is done by the gas
W = —2243.23 joule.

Example 6 : Calculate the change in
internal energy of the following reaction at 300 K
temperature (R = 8.314 Joule)

Equation :

2C(S) + Oz(g) - 2C0(g) AH = -110.53 kilojoule

Solution :
Angznp—nr=2—1=1
T = 300 K,
R = 8.314 joule
= 8.314 x 107 kilojoule
Now, AH = AU + AngRT
AU = AH - AngRT
s AU =-110.53 - (1 x 8.314 x 107 x 300)
= — 110.53 — 2.494
AU = — 113.024 kilojoule
3.4.6 Applications of First Law of
Thermodynamics : The basis of thermochemistry
is on the First law of thermodynamics. Hence, by
using the First law, bond enthalpy, enthalpy of
formation of compound, enthalpy of combustion,

change in internal energies (AU) in reaction,
change in enthalpy (AH) etc. can be obtained.
The first law is associated with thermochemistry
of chemical reaction. Hence, the study of thermo-
chemistry is carried out on the basis of the First
law. The values of standard enthalpy of formation
and standard enthalpy of combustion of some
compounds are given in Table 3.1 and Table 3.2

Table 3.1 Standard Enthalpy of formation of
some compounds at 298 K temperature

Compound AFI-I0 Compound Aﬂo
kilojoule kilojoule

mole~! mole™!

HZO(g) -241.82 CH4(g) -74.81
H2O(l) —285.83 C2H6(g) —84.68
HCl(g) -92.31 C2H4(g) 52.26
SOZ(g) -296.83 CH3OH(1) -238.86
SO3(g) =395.72 C2H50H(1) =277.69
NO( +90.25 | CH,COOH , | — 484.5

2) 3 0]

NOZ(g) +33.18 C6H6(1) 49.0
CO(g) -110.53 FezOs(s) -1118.4
COz(g) -393.51 A1203(S) -1675.7

Table 3.2 Standard Enthalpy of combustion

of some compounds at 298 K temperature

Compound ACH0 Compound ACH0
kilojoule kilojoule
mole™! mole™!
CH4(g) -890 C4H10(g) —2878
C2H6(g) =1560 CH3OH(1) =726
C2H4(g) =1411 C2H50H(l) —1368
Csz(g) =1300 CH3COOH(1) =875
C2H6(g) =1560 C6H6(l) —3268
C,H, @® =2220

3.4.7 Limitations of First Law of
Thermodynamics : On the basis of the First law
of thermodynamics, it is not possible to know
whether any chemical reaction will occur on its
own (Spontaneous). In addition, the reactants will
be transformed to what proportion of products
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also cannot be obtained from the First law
of thermodynamics. This point can become clear
from the following examples of physical change.

(1) If an ice-cube is kept in a saucer, at
room temperature, it melts by absorbing heat from
atmosphere and the heat absorbed by the ice
becomes equal to the heat lost by the atmosphere.
This process occurs on its own and obeys the first
law. In the reaction opposite to this, if the water
in the saucer loses heat and changes into ice, then
again the First law of thermodynamics will be
obeyed, but this does not occur on its own.

sodium hydroxide (NaOH), neutralisation reaction
will occur on its own and sodium chloride and
water will be produced. 56 kilojoule mole™!
energy is released in this exothermic reaction. This
reaction occurs on its own, but by dissolving
sodium chloride in water and supplying 56 k Joule
mole~! heat to it, sodium hydroxide (NaOH) and
hydrochloric acid (HCl) cannot be obtained by
reverse reaction on its own. Thus, in this chemical
reaction, the First law is obeyed but reverse
reaction does not occur on its own.

Thus, the prediction for any reaction to occur
on its own cannot be done on the basis of the

Closed valve

(a)

Fig. 3.2

Open valve

(b)

Similarly, the hot tea kept in saucer gets
cold on its own, but if the cold tea becomes hot
on its own, then the First law is obeyed. But, here
also, this reaction is not possible on its own.

(i1) As shown in the Figure 3.2, if one bulb
filled with gas is connected with an evacuated
bulb and on opening the valve in the
tube connecting the two bulbs, the gas from one
bulb will diffuse into the second bulb till the pressure
of both the bulbs is not same. This reaction occurs
on its own. This system also follows the First law
of thermodynamics. Now, if the gas in one of the
bulbs diffuses into the second bulb and attains its
original state, then prodction of vacuum in the
other bulb can be imagined. In this also, the First
law is obeyed but this does not occur on its own.

(iii) If a drop of ink is dropped in a beaker
containing water, the drop of the ink diffuses on
its own throughout the water in the beaker and
the solution becomes coloured. Is it possible to
have reaction opposite to this ? Is the first law
obeyed ?

Now, for the experience of chemical change
we take the following example :

On mixing equal volumes and equal
concentrations of hydrochloric acid (HCI) and

First law of thermodynamics. To get this
information, the Second law of thermodynamics is
useful.

3.5 Heat Capacity

Enthalpy is the state function only for
measuring the changes in heat of the system at
constant pressure. This state is not useful for
determining changes in energy at constant volume.
Hence, a new function becomes necessary to
explain the relation between temperature and
changes in heat at constant pressure or at constant
volume. This new function is called heat capacity.
It is not a state function.

The quantity of heat required for
increase in temperature by 1 °C of any
substance is called heat capacity (C) of that
substance.

If the temperature of the substance is
increased by 1 °C at constant volume, the heat
capacity is expressed as C,, and if the temperature
of the substance is increased by 1 °C at constant
pressure, the heat capacity can be expressed as
Cp. There is not much difference in heat capacities
Cp and C, of liquid and solid substances, but in
gaseous substances, this difference is observed to
a greater extent.
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When the initial temperature T, of a sample
of gaseous substance is changed to temperature
T2, then the relation between heat (q), heat
capacity (C) and difference in temperature
(T, = T,) is shown by the following equation.

q=Cx(T,-T)
(T,- T,) = AT

_ 9
AT
Absorbed heat

Difference in temperature

.. Heat Capacity =

The unit of heat capacity is joule kelvin™'.

The heat capacity is proportional to the
quantity of the substance and so it is an extensive
property. Hence, sometimes specific heat capacity
and molar heat capacity are used in chemistry.

Specific Heat Capacity : The quantity
of heat required for increase of temperature
of 1 gram substance by 1°C is called specific
heat capacity.

. Specific heat capacity =
Absorbed heat

Difference in x Weight of
temperature substance in gram

The unit of specific heat capacity is
joule kelvin™' gram™.

Molar Heat Capacity : The quantity of
heat required for increase of temperature of
1 mole substance by 1°C is called molar heat
capacity.

. Molar heat capacity =
Absorbed heat

Difference in
x (mole)
temperature

The unit of molar heat capacity is
joule kelvin™! mole™".

3.5.1 Relation between Cp and C, : The
heat capacity (Cp) for the temperature change at

constant pressure.

c =X dq = AT = AH
P AT an qp—Cpx =

The heat capacity (C)) for temperature
change at constant volume

q
Cﬁﬁ and q, = C, x AT = AU

As studied earlier, for 1 mole ideal gas,
AH = AU + A(PV)

PV = nRT

Hence, for 1 mole PV = RT

AH = AU + A(RT)

AH = AU + RAT

Putting the value of AH nad AU

CPAT = C AT + RAT

(C, +R)AT

. Cp = —
AT
Cp = CV + R
Cp -C, =R

Similarly the ratio of Cp and C i.e. Cp/CV
will be constant which can be expressed as 7y
(gamma).

Cp / C, = v (gamma)

where 7y is a constant. The value of y for
ideal gas is 1.4.

3.5.2 Enthalpy of reaction : When
a chemical reaction occurs at constant
pressure and constant temperature, the change
in heat is called enthalpy change AH or heat
of reaction.

To understand the characteristics of
the reaction, scientist in practice express heat as
standard enthalpy change (AH?). For this, it is
necessary to know the standard enthalpy of the
elements and compounds. In scientific practice, 1
bar pressure and 298 K temperature are
considered as standard states. The element or
compound whose solid, liquid or gaseous form is
stable at 1 bar pressure and 298 K temperature,
it is called a standard state.

Solid elements sodium, copper, silver etc.
are accepted as standard states. The gaseous
elements like H, N, O and Cl are taken in the
form of their diatomic molecules H,, N,, O, and
Cl, respectively as standard state. The elements
which are available in allotropic forms, their most
stable allotrope is considered as standard state,
viz., graphite allotrope for carbon and rhombic
sulphur allotrope in standard state. The enthalpy
of the compound in standard state is mentioned as
standard enthalpy H.

The value of standard enthalpy (H®) of any
element is considered as zero. Starting from the

standard forms of the reactants and bringing the
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products obtained at the end of chemical reaction
in standard state, the value of total change in the
enthalpy during the reaction is called standard
enthalpy change of the reaction (AH®). This
standard enthalpy change is called "Heat

of reaction". Its value is expressed in kilojoule.
Example 7 : In the following reaction, the
standard enthalpies of A1203(s) and Fe,O as) @
—1669.4 kilojoule mole™! and — 1117 k110]0ule
mole™! respectively. What is the enthalpy change

of the reaction ?
Reaction :

8Al, + 3Fe,0,  — 4ALO,

Solutlon g

+ 9Fe(s)

0 = (Total enthalpy of products) —
(Total enthalpy of reactants)

"= (4 xAH, o +9 x AH,) -
(8 x AHOA1 +3 x AH'p )
= [4 (- 1669.4) + 9(0)] -

[8 (0) + 3(— 1117)]

The enthalpy of elements Al and Fe are
taken to be equal to zero as they are in elemantal
forms.

. AH’ = - 6677.6 — (- 3351)

= — 6677.6 + 3351

= — 3326.6 kilojoule
". Enthalpy of reaction = — 3326.6 kilojoule

Enthalpy of Neutralisation: The
experimental results show that when 1 mole
dilute aqueous solutions of strong acids HCI,
H,SO, or HNO, are neutralised by 1 mole dilute
aqueous solutions of strong bases like NaOH or
KOH one mole of salt and one mole water are
formed, with 56 kilojoule heat is produced which
is known as enthalpy of neutralisation. In short,
when one equivalent weight of any strong base
in its dilute solution neutralises one equivalent
weight of any strong acid in its dilute solution,
the heat produced is called enthalpy of
neutralisation. The standard enthalpy of neutra-
lisation is constant equal to 56 kilojoule mole™.

In neutralisation experiment dilute solutions
are used so that acid and base are completely
dissociated. In neutralisation reaction between
acid and base the net reaction is the formation
of H O, by reaction of H+(a) of the acid and

27

q
OH(_ ) of the base. Hence, standard enthalpy

change in the reaction between these two ions
is called standard enthalpy of neutralisation. Thus,

in neutralisation of any strong acid with any strong
base, the net reaction being same, the value of
enthalpy of neutralisation remains constant.
H*,, + OH  —H,0, AH =-56 kimole™!

Enthalpy of Formation AfH0 : When
one mole of compound is formed under standard
conditions from elemental state of constituent
elements, thermal changes is called standard
enthalpy of formation AfHo

Generally, the value of enthalpy of

formation of stable compounds is negative (—ve)
but in certain stable compounds the value of
heat of formation is positive (+ve).

Co * Oy = Oy
AH" = = 393.5 kilojoulemole™

In the formation of carbon dioxide (COZ)
by combustion of carbon, the standard enthalpy
change will be

AH" = = 393.5 kilojoulemole™
0 _ 1o 0
AH" = Hp - H
AfHO = (Total standard enthalpy of products)

— (Total standard enthalpy of reactants.)
= (standard enthalpy of COZ(g)) -

(standard enthalpy of C(s)and (0)

Here, C(S)and OZ(g)’
state and so their enthalpies are cosidered as zero.

0_
AH" = (standard enthalpy of COZ(g))
=A HOCO = enthalpy of formation

Z(g))
elements are in standard

. enthalpy of formation Acho — 3395
kilojoulemole™

In this reaction the value AHO is negative
(—ve) and so the reaction is exothermic. Thus,
the total enthalpy of the products, is less than

the total enthalpy of the reactants.
Example 8 : C6H6 o 7.502(g) -

6CO,,, + 3H,0, ) AH® = =3267.7 kilojoule

In this reaction, the standard enthalpy of

© and HZO(I) e —393.5 and

—285.85 kilo ]oule mole™! respectively. Calculate

formation of CO

the standard enthalpy of formation of benzene.
Solution :

AH’ = (T enthalpy of formation of products)—
(X enthalpy of formation of reactants.)

H’ = (6 x AfHOCO2 +3 X AfHOHZO) -
0 0
(AH  y + 7.5AH, )
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=3267.7 = [6(=393.5) + 3(-=285.85)] —
[(AHc . + 7.50H )]
The standard enthalpy of formation of element

O2 is zero

— 3267.7 = [- 2361 + (— 857.55)] — [AFHOC6H6]
— 3267.7 = — 3218.55 - AfHOC6H6
AfHOC6H6 = 49.15 kilojoule mole™

The standard enthalpy of formation of
benzene = 49.15 kilojoule mole™

Enthalpy of Combustion : The heat
evolved during the complete combustion of
one mole of organic compound at constant
pressure in presence of oxygen is called
the enthalpy of combustion.

Mostly by the combustion of organic
compounds carbon dioxide and water are obtained
as products. So, if its enthalpy and the enthalpy
of combustion are known, the enthalpy of organic
compound can be calculated. In fact, enthalpy
of combustion is one type of enthalpy of reaction.

Thus, on the basis of the enthalpy of
combustion, change in enthalpy between different
allotropes of some elements can be calculated.
The value of enthalpy between two allotropes
of carbon graphite and diamond can be calculated
from the values of this enthalpy of combustion.

1) C (graphite)(s) + O — CO

2(g) 2(g)
AH = -393.5 kjoule
(ii) C (diamond) .+ O, = — CO

(s) 2(g) 2(g)
AfH = =395.4 kjoule

subtracting reaction (ii) from reaction (i)
(C (graphite) - (C (diamond)(s))
AH = 1.9 kjoule

Hence, it can be said that the conversion
of graphite to diamond is an endothermic
reaction. 1.9 kjoule mole™" heat is absorbed during
this conversion.

(S))

Activity : Do you think it is possible to
prepare a diamond by supplying 1.9 kjoulemole™
heat to graphite ? Why ?

Example 9 : CzHSOH(z) + 302(g) -

2CO,, . + 3H.,O,, In this reaction, the standard

2(g) 270
enthalpies of ethanol ,, CO and H O are

(g 2(g) 270
—183.35, =393.5 and —285.85 kjmole™! respectively.

Find the enthalpy of combustion of ethanol.

Solution :

AfHO = (enthalpy of formation of products)
— (enthalpy of formation of reactants)

5 0 _ 0 0
. AH® = 2AH, + 3AH' o) -
0 0
(AH'c o + 3AH,)

[2(=393.5) + 3(=285.85)] —
[(-=185.35) + 3(0)]

[-787 + (=857.55)] + 185.35
—1644.55 + 185.35

. AH =-1459.20 kilojoule mole™'

The enthalpy of combustion of ethanol is
—1459.20 kilojoule.

3.5.8 Hess's Law of Constant Heat
Summation : In 1840, Russian scientist Hess
studied the changes in heat (enthalpy) occurring
in chemical reactions and deduced the law as
follows;

"The total change in enthalpy in
a chemical reaction is equal to the algebraic
sum of the changes in enthalpy occurring
during different steps."

Thus, if a reaction takes place in one step
or more than one steps, the total heat of the
reaction remains constant. This law is called
Hess's law of constant heat summation. This
law can be explained on the basis of the first
law of thermodynamics.

The change in enthalpy at constant pressure
and constant temperature (qp) in a chemical
reaction is equal to the change in enthalpy AH
of that reaction. The enthalpy of reactants and
products are constant at constant pressure and
constant temperature. Hence, if the reaction
occurs in one step or more steps even then the
value of enthalpy change remains constant.

It is apparent from this, that if a chemical
reaction occurs in different steps, the total change
in enthalpy is equal to the algebraic summation
of the enthalpy changes of different steps.

The important outcome of Hess's law is
that of the addition or subtraction of thermo-
chemical equations can be carried out followed by
addition or subtraction of corresponding changes.
As a result, the enthalpy changes, which cannot
be measured experimentally, can be made possible
on the basis of calculating the enthalpy changes
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according to Hess's law. The enthalpy evolved or
absorbed during different chemical reactions like
enthalpy of formation, enthalpy of combustion,
enthalpy of neutralisation etc. can be determined
on the basis of Hess's law. The utility of Hess's law
can be understood from the following example :

Illustration (a) : Carbon dioxide is formed
by chemical reaction between carbon and oxygen.
This reaction can occur in the following two steps.

(@) Ciy + Oy = COy
AH = -393.5 kjoulemole™!
(b) () C + 120, ) > €O,
AH(i) = -110.54 kjoulemole™!
(i1) CO(g) + 1/202(g) - COz(g)
AH(ii) = -282.96 kjoulemole™!

AH(i) + AH(ii) = AH = -393.5 kjoulemole™

In reaction (a) direct combustion of
carbon takes place in one step. While reaction
(b) takes place in two steps, when first step (i)
and second step (ii) are added, the value of AH
will be equal to the value of AH in reaction (a)

Ilustration (b) : Aqueous solution of
ammonium chloride from gaseous ammonia can
be obtained by two different methods. The
different reactions and the different enthalpy
changes during these two methods are as follows.

First Method :
ater
@ NH,;,, =5 NH,

AH(i) = =35.15 kjoule mole™!

(b) HCl, —waer , HCl,

AH(ii) = =72.38 kjoule mole™!

(© NH,  + HCl  — 5 NH(CI

q) (aq)

AH(iii) = =51.46 kjoule mole™!

NH,, + HCl v, NHCI

3(2) )

AH = AH() + AHGi) + AH(iii)

= —158.99 kjoule mole™!

Second Method :

(a) NH, + HCl,, — 5 NH,Cl
AH(i) = —=175.30 kjoulemole™!

() NHcl o B0 o NH

(aq)

AH(ii) = +16.31 kjoule mole™!

H,O
NH )+ HCl(g) 27 NH4C1(aq)

3(g
AH = AH(i) + AH(ii)= -158.99 kjoulemole™!

3.6 Important Characteristics of

Spontaneous Process

The hot tea taken in a saucer or hot
water taken in a vessel; gets cold on its own
but for how long ? It is found from the general
experience that when its temperature becomes
equal to that of the surrounding, it stops
decreasing. This way hot water goes on losing
the heat until thermal equilibrium between water
and surrounding does not establish. In the same
way the gas filled in a bulb tries to diffuse to
the bulb being evacuated till the pressure in both
the bulbs become equal. This is also a type of
pressure equilibrium condition.

All the chemical reactions continue
spontaneously till the equilibrium condition is not
established and when equilibrium state is
established the concentrations of reactants and
products remain constant. If we understand this
statement in other way, then it can be said that
the spontaneous reactions occur in the direction
of establishing equilibrium between reactants and
products. When equilibrium is established the
reaction is also balanced. Thus, reaction attains
equilibrium while going from ractants to
products or from products to reactants.

3.7 Second Law of Thermodynamics

The Second law of thermodynamics explains
in which direction, either the forward or the re-
verse, the reaction will spontaneously occur. This
law can be as mentioned below :

(i) In all spontaneous processes,
the entropy of the universe increases.

(ii) The free energy of the system in
all the spontaneous processes decreases.
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The examples of spontaneous reactions are
as follows.

(i) If two substances having different
temperatures are kept in contact with each other,
the heat will always spontaneously flow from
higher temperature to lower temperature.

(i) Water always flows from higher level
to lower level.

Entropy and free energy are necessary to
understand spontaneity. Both of these are state
functions.

3.7.1 Entropy and Second Law of
Thermodynamics : First, we will understand
the term 'entropy' as a physical form and then as
a mathematical form. What is entropy ? In order
to get the answer, it is necessary to ask a
second question : What is temperature ? We know
that temperature of a substance does not express
the quantity of heat but the level of the thermal
energy in the substance and is associated with
the Zeroth law of thermodynamics.

Entropy is the measurement of
randomness of the substance. Also, a question
will arise, what is meant by randomness ? An
illustration is necessary to understand before we
get the answer.

Suppose, four squares of the size
1 centimetre X 1 centimetre are drawn on a paper
and one honeybee flies over it. Maximum four
numbers 1, 2, 3 and 4 will be required to show
the position of a honeybee. Now, this honeybee
flies over nine squares on the second paper.
Maximum nine numbers 1 to 9 will be required
to show the position of the honeybee. Thus, more
co-ordinates are required to show the position
of a honeybee.

1 2 1 2 3
3 4 4 5 6
7 8 9

If we express this phenomenon in scientific
language, then it can be said that if the honeybee
flies and sits on the second paper then, its entropy
will increase. The measurement of entropy of
any system is the measure of randomness of
the system.

Solid Liquid
Fig 3.3

As shown in Fig 3.3 the entropy of a
crystalline solid substance is the least because
the arrangement of molecules is systematic in
crystalline solid substance while it is maximum
of molecules in the gaseous state, because the
randomness of molecules in the gas is maximum.
The randomness in liquid falls between these
two. Thus, randomness is maximum in gaseous
state, entropy in liquid state is less than that in
gas but more than that in solid. In a solid,
crystal arrangement is comparatively systematic
and so entropy is minimum.

In this way, the volume of the gas increases
when gas filled in one bulb is connected with
other evacuated bulb, which means for the
molecules of gas more space is available. Hence,
it can be said that randomness increases by
diffusion of gas in two bulbs and the entropy of
the gas increases. This type of described form
of entropy is not useful in understanding the
spontaneity of the processes. For this,
mathematical form of entropy is needed.

Entropy is expressed by symbol
'S'. Entropy is the state function. In addition, it
is an extensive property. It depends on the mass
of the substance. In other words, it can be said
that the entropy of 1 mole substance has constant
value at constant temperature and pressure.

As seen above, the state of system changes
its entropy changes. The change in entropy is

CXpI'CSSCd as AS (Sﬁnal state _Sinitial state) and its
mathematical equation is expressed as  follows.
quV
Sﬁnal state Sinitial state — AS = T

where ¢ is the heat obtained or heat lost by
the system reversibly at temperature T. If q_
is expressed in joule unit and temperature T in
kelvin unit, then the unit of change in entropy
becomes joule per kelvin. It can also be

expressed as entropy unit (e.u.) If the value of
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entropy is taken for one mole of a substance,
then the unit of entropy will be joule per kelvin
per mole. The calculations for values of absolute
entropies of substances can be calculated. The
values of absolute entropies of some elements
and compounds are given in Table 3.4.

To determine whether a reaction will occur
spontaneously or not, the calculation of change
in entropy of the system and the surrounding,
assuming that the reaction will occur of AS system
and AS surrounding is carried out.

If the sum of these two values is positive
(+ve), then the forward reaction will occur
spontaneously and if the sum of these two values
is negative (-ve), then the reverse reaction will
occur spontaneously and if the sum of these
two values is zero, then reaction will be in
equilibrium.

Assy em T Assurrounding > 0, The reaction will

occur on its own (Spontaneous reaction)

ASsysnem * ASsurrounding

occur on its own (Non-Spontaneous reaction)
AS + AS

system surrounding = 0, The reaction will
remain in equilibrium (Equilibrium reaction)

< 0, The reaction will not

The changes in entropy of the system when
solid is changed to liquid state (fusion) at constant
temperature or when liquid is changed to
gaseous state (vapourisation) at constant
temperature are called molar fusion entropy of
the substance and molar vaporisation entropy of
the substance. These can be determined from
the values of molar enthalpy of fusion and molar
enthalpy of vaporisation. We know that

AH = q__ and AS = drev.
rev
AH
. AS = —
T
_ AHfusion
S(Fusion) - T and
A _ AI_Ivaporisation
S(Vaporisation) - T

Similarly, sublimating substances (Direct
change in gaseous form from solid form).

AS _ AI_Isublimation

(Sublimation) - T

Example 10 : 3 moles of water is boiled
at 373 K and is changed to vapour state having
the same temperature, what will be the change in
entropy of the system ? (The molecular enthalpy
of vaporistaion of water is 406.68 kjoule mole™!)

Solution The heat absorbed for
vaporistaion of 3 moles of water,

AH =3 x 406.68 = 1220.04 kilojoule

vap

AS vap = T

1220.04
- 373
Example 11 : The enthalpy of vaporisation
of benzene is 30.799 kilojoule mole™! and its boiling
point is 353 K. Find the change in entropy for
the conversion of liquid benzene to its vapour at
that temperature.

= 3.271 kilojoule kelvin™

Solution : Here, the system absorbs the heat
AH,,, = 30.799 kilojoule mole™

AS AH,,  30.799
vap o 353

= 0.0872 kilojoule kelvinmole™

Example 12 : "Will ice having temperature
273 K placed in a surrounding having
temperature 298 K will give water having
temperature 273 K ?" Prove this statement. The
molecular enthalpy of fusion of ice is 6.025 kjoule
mole™!.

Solution : 1 mole of ice will have to
absorb 6.025 kilojoule mole™! enthalpy from the
atmosphere to change into water at 273 K
temperature. Hence, the change in entropy of
the system and the entropy of the surrounding
can be calculated as below :

iy, e AL S
ystem T T 273

= 0.0221 kilojoule mole™".

Surrounding will lose 6.025 kjoule enthalpy
but decrease of 6.025 kjoule enthalpy from very
large surrounding will not make any real change
in the temperature of the surrounding and so it
can be neglected.

—AH —6.025

Surrounding = T 208

AS

= — 0.0202 kilojoule K™'mole™
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(As it obsorbs heat from the surrounding.
So it is — 6.025)
AS = ASSystem + ASSunroundjng
= 0.0221 + (- 0.0202)
= 0.0019 kilojoule K~'mole™!

Here, ASp ., > 0, so the phenomenon will
occur on its own.

Total

As the value of AS, . is positive (+ve), it
can be said that if an ice cube is placed in
a surrounding having temperature 298 K it will
melt on its own and will give water having
temperature 273 K. As opposite to this, water kept
at temperature 298 K, will not be changed to ice
on its own (automatically). Understand the reason
for this with the help of calculations.

3.7.2 Change in Entropy: For any
process (reaction), like change in enthalpy
(AH = Hp — H)), can be calculated and similarly
the change in entropy (AS) can also be
calculated.

AS

AS = Entropy change

reaction — System

(Reaction or system)

The difference of entropy in initial and final
states is change in entropy AS. For chemical
reaction, this type of change can be expressed as
follows :

AS = Total entropy of product (SP) -

Total entropy of reactant(S,)

Increase in Entropy with Increase in
Temperature : With the increase in temperature
the translational motion as well as rotational motion
and vibrational motion increase and so there is
increase in randomness at molecular level.
Entropy is also a state function like internal energy
(U) and enthalpy (H). Hence, entropy change
will depend on initial and final states of the system
and not on the path for obtaining it. Suppose,
the entropy of initial state is S, and entropy of
final state is S;. If entropy or randomness
increases then AS = (S;— S;) > 0.

3.7.3 Expansion of an Ideal Gas in
Vacuum and Change in Entropy : When a vessel
filled with one mole of an ideal gas is connected
to an evacuated vessel, there is no work done by
the system during expansion of the gas on its
own, because in W = PAV the value of P is zero
because of vaccum. In addition, the gas does not
lose or give the heat in this process. Hence,
q =0 and as a result AU = 0. This process is not

reversible. Hence, g, = 0. Thus in the expansion
of an ideal gas in vacuum, P = 0, AU =0 and
q, .= 0. As the volume of the gas increases during
the reversible process, the change in entropy will
be there. We know that, for 1 mole of gas,

VZ
qrev =RT In 71
e g
Vl
AS, Yrev =AS
T

V. V.
o AS=Rmn —2 =2303R log—=%
Vi Vi
where V, = initial volume of gas and

V, = final volume of gas

According to Boyle's law,

PV, =PV,
v, _ P
v P,

where P, = initial pressure of gas

P, = final pressure of gas

P1
S AS=Rin -
P2

P
=2303 Rlog —
P
3.7.4 Free Energy and Second law of
Thermodynamics To know whether a
chemical reaction will occur on its own or not
can be decided on the basis of the determination
of entropy of both the system and surrounding.
Free energy is such a state function that in
determining, whether reaction will occur on its
own or not, only the change in free energy of
the system is to be found out. The relation of
this state function free energy (G) with enthalpy
(H) of the system and the entropy (S) of the
system can be shown by following equation.

G =H -TS

But, if the state of the system changes at
constant temperature, there are changes in the
values of all the three state functions which can
be shown as below :

AG = AH - TAS

where AH and AS are the values of
change in enthalpy and change in entropy. With
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the help of this the value of AG can be
obtained. The values of these three state
functions change with change in temperature.

For a reaction occurring on its own
(Spontaneous) the value of AG obtained is
negative (—ve) because there is decrease in free
energy of all the reactions in the system. For
reactions not occurring on their own (non-
spotaneous), the value of AG will be positive
(+ ve) and AG becomes zero (0) in reaction in
equilibrium.

Here, the symbol G is for Gibbs free
energy and it is a state function which is an
extensive property. The absolute value of free
energy of any substance cannot be determined
because it depends on the absolute value of
enthalpy of the substance. Hence, importance is
given to all the three functions.

3.7.5 Standard Free Energy of Formation
of Compounds: The values of free energy of all
the elements in their standard states are
accepted as zero. On the basis of this, "The
value of change in free enmergy in direct
reaction when 1 mole compound is produced
from its elements in standard state will be
equal to the value of change in standard
free energy of formation of the compound."

For example, water is formed by direct
reaction of 1 mole of H, and half mole of O,
at 298 K temperature and 1 bar pressure, water
is obtained as liquid, then change in free energy
of the reaction for,

1
Hyg + EOZ(g) = H,0(, the value of

free energy is —237.13 kilojoule mole™!
The heat of formation for

1
Hyg + 7029 = Ha0¢)

0 _ : -1
[AG (HZO)(I)) = =237.13 kjoule mole

at 298 K is because the values of free

energies of H, . and Oz(g) are accepted as zero.

2(2)
The values of standard free energy of

formation of compounds at 298 K are given in
Table 3.3.

Table 3.3. Values of standard free energy
of formation of some compounds (298 K)

Compound AfGo Compound AfG0

k] kJ

mole™! mole™!
Hzo(l) =237.19 CH3OH(1) —-166.23
HO,  |-22861| C,HOH, [-17477
CH4(g) =50.79 HCl(g) -95.27
CH,, | w2092 NH, | 1665
CO —13728 | NO +86.69

(2) (2)

Co,, |-39438| No, | +5184
CHy, | +12452

The change in standard free energy of
the reaction can be calculated from the
information about free energy of formation of
compound.

AfGO(Reaction) =X AfGO(Product) -2 AfGO(Reactants)

= (Total standard free energy of formation
of products) — (Total standard free energy
of formation of reactants)

There is a change in volume of an ideal
gas when pressure is changed at constant
temperature. The change in free energy
associated with this can be calculated by the
use of following equation :

P
AG =nRT In —=
P
P
»o AG = 2.303 nRT log—=
P
where n is the number of moles, P, and
P, are pressures at initial and final states. For
an ideal gas P, V,= P,V,. So the above relation
can be written in the following form.

Vi
AG=nRT In —
\&
Vi
o AG = 2.303 nRT log —
v,
where n is the number of moles of the
gas and V, and V, are the volumes of the gas

at initial and final state.
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Example 13 : The standard free energy
of formation of C6H6(1)’ COZ(g)’ and HZO(I) are
124.52 kjoule mole™!, —394.38 kjoule mole™! and
—237.13 kjoule mole™! respectively. Find the change

in free energy of the reaction.

+ 7.502 = 6CO +

Equation : C.H, o 2e)

3H20(z) at 298 K temperature.

Solution :

AfGO = [EAfGoproducts_ z:AfGOreactants]

. AGY = [6(AG ) + 3(AG% )] -
[(AG e, + 75 (AG")]

. AG? =[6x(-394.38)+ 3 x (-237.13)]
— [124.52 + 7.5(0)]

= [~ 2366.28 + (- 711.39)] - (124.52)
= - 3077.67 — 124.52
AG" = - 3202.19 kjoule mole™!

3.7.6 Free Energy and Equilibrium
Constant : For, the chemical reactions occurring
at constant temperature and constant pressure,
free energy is related with equilibrium constant of
the reaction (K) by following relation.

AG’ = - RT In K = — 2.303 RT log K

If the system consists of gaseous state, then
K = Kp and if the homogeneous liquid of
reactants and products is formed then K = K_.

For, reactions having value of AG” negative
(—=ve) the value of equilibrium constant for such
reactions is greater than 1 and the reactions in
which the value of AG? is positive (+ ve), then
the value of equilibrium constant is less than 1.

Hence, If K > 1; AG® = negative (—ve)
and reaction will occur on its own
(Spontaneous).

If K < 1; AG® = positive (+ve) and
reaction will not occur on its own (non-
spontaneous)

If K = 1; AG® = zero (0) and reaction
will be in equilibrium.

Example 14 : The values of standard heat

of formation of NO(g) and NOz(g) are 90.37 kjoule
mole™! and 33.85 kjoule mole™! respectively at

298 K. The entropies of NO(g), Oz(g) and NOz(g)
298 K temperature and 1 bar pressure are 210.45,
205 and 240.6 Joule K~ mole™ respectively. Then,
calculate the values of AH?, AS and AG° and
equilibrium constant for the following reaction at

298 K temeperature.

Reaction : 2NO, + O = 2NO
(€:9) 2(g)

2(g)
Solution :

0 _ 0 0
AH? = [2 x AH'\o | = [(2 x AH o) +
(1 x AHOOZ)]

= [2 x 33.85] = [(2 x 90.37) + 1(0.0)
67.7 — 180.74

— 113.04 kjoule

— 113040 joule
AS°

[2 x ASONOZ] - [(2 x AS%) +
(1 x ASOOZ)]

[2 x 240.6] — [(2 x 210.45) + 1(205)
481.2 — 625.9 = — 144.7 joule K!

AG® = AH? — TAS"
= [ 113040] — [298 x (- 144.7)]
= — 113040 + 43120.6
= — 69919.4 joule

AG? = - 2303 RT log Kp

—69919.4 = - 2.303 x 8.314 x 298 log K,

—69919.4
—2.303 x 8.314 x 298

log K, =

+69919.4
+5705.85

Taking antilogarithm log Kp = 12.2540
K, = 1.795 x 10" bar™'

Example 15 : The value of equilibrium
constant of following esterfication reaction is 4.
Calculate the value of AG® for this reaction.

Reaction : CH3COOH(1) + CzHSOH(l) —

CH3COOC2H5(1) 1 HZO(I)
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Solution : AG’ = — 2303 RT log K,

=— 2303 x 8.314 x 298 log 4
= — 5705.84 x 0.6021 (log 4 = 0.6021)
= — 3435.49 joule

3.7.7 Gibbs' Free Energy and Useful
Work :

(1) It will be understood from the examples
described above that the value of AG? is the
dimension of tendency of the chemical reaction
to occur on its own. In addition, free energy
also possesses relation with useful work. The
change in free energy associated with any
process is the value of maximum possible work
obtainable from that process, i.e. free energy is
associated with maximum useful work viz.

AG = — Wmax (negative (—ve) value for
reactions occurring on its own.)

Thus, any process can be taken in use for
doing the work by that process. The process for
which value of AG is more negative (—ve), then
maximum work can be done by such process.

(i) When electrochemical cell is in operation

the electrical work done by the cell W has

elect
the following relation with free energy change of

the spontaneous chemical reaction.

AG = = W

(elect)

But the electrical work done by the cell is
having following relation with cell potential
(E,) and the quantity of electricity obtained
from the cell (nf)

= nFE

elect cell

where F = Faraday constant
= 96500 coulomb

n = Number of electrons passing from
the external path of the cell

AG = =W

elect
The following relation can be deduced from
the above two equations.

AG = = nFE

cell

If the cell is in standard state and the
change in free energy is associated with
reaction and standard electrochemical cell
potential, then the relation between them can be
shown by following equation.

AG? = — nFE?

cell

where EOCell is the difference of standard
reduction potentials of both the half cells of the

complete cell.

Example 16 : Find the value of AG® for
_ 2+

@) = 20y + Cly

taking place in a standard cell. The value of

standard cell potential (Eocell) is 1.1 volt at 298

K temperature, F = 96500 coulomb. (4.184

joule = 1 calorie)

the reaction Zn(s) + Cu?**

AG’ = - nFE’

Solution :
cell

Taking n=2 for the given reaction
= =2 x 96500 x 1.1volt coulomb

(volt coulomb = joule )
= — 212300 joule

4.184 joule = 1 calorie

—212300
4.184

= — 50740.9 calorie

0

3.7.8 Limitations of Second Law of
Thermodynamics : Whether the reaction has
the capacity to take place on its own or not and
if it can take place on its own, then,
the calculations of equilibrium constant can be
done on the basis of the second law of
thermodynamics. But this law is not able to give
information about the rate of chemical reactions.
Thus, the thermodynamics is independent of
chemical kinetics.

3.8 Third Law of Thermodynamics

Generally, the value of entropy of a
substance increases with increase in temperature,
because, the randomness increases with increase
in temperature. The value of entropy increases
because there is increase in their oscillation
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motion, linear motion and rotation motion as
against to this, with decrease in temperature,
the oscillation motion, linear motion and rotation
motion of the molecules of substance decrease
and so randomness decrease and decrease in

randomness decrease the value of entropy.

German scientist Nernst expressed, in 1906,
that the value of entropy of a completely pure
crystalline substance decreases with decrease in
temperature. On the basis of this, the third law

of thermodynamics can be expressed as below :

"The value of entropy of a completely
pure crystalline substance is zero at absolute
zero temperature' i.e. the arrangement of
component particles of an absolutely pure
crystalline substance is completely systematic at
absolute zero temperature. Hence, entropy is
least in solid, more in liquid and highest in gas.

The kinetic energy of the molecules of a
substance at absolute zero temperature is
almost negligible but its potential energy is not
zero. As a result, the value of internal energy is
not zero. In addition, the internal energy is the
characteristic of a substance. Therefore the value
of internal energy cannot be calculated at
absolute zero but the absolute value of entropy
of substance can be calculated.

The entropy of one mole of a substance is
called molar entropy and it is expressed as S, .
The entropy of one mole of a substance at constant
temperature and standard state is called standard
molar entropy Som. The molar standard entropy of
the substance is also called absolute entropy. The
unit of molar entropy is jolue kelvin™' mole™.
The values of absolute entropies of some
elements and compounds at 298 K are given in a
Table 3.4.

Table 3.4 Values of absolute entropies of some elements and compounds at 298 K

Solid S, ° Liquid S_° Gaseous S_°
Element/ jolue K! Element/ jolue K1 Element/ jolue K!
Compound mole™! Compound mole™! Compound mole~!
C (Graphite) 5.740 Hg 76.62 Hg(g) 130.68
C (Diamond) 2.377 HZO(g) 188.83 Nz(g) 191.61
S (Rhombic) 31.80 50 69.91 o 205.14
Al 28.33 CszoH(g) 282.7 COz(g) 213.74
NaCl 72.13 CszoH(z) 160.7 NO(g) 210.76
NaCl(aq) 115.5 CsHg 173.3 NOz(g) 240.06
CaCO,

(Calcite) 92.9 CH,COOH 159.8 NH3(g) 192.45
CaCO,
(Arogenite) 88.7 CH,OH 126.8 CH,, 186.26
CaO 39.75

(s)

It can be decided from the values of the
absolute entropies of the substances that the value
of entropies of solid substance are less, the values

of absolute entropies of the liquids are more
than those of solids but less than those of

gaseous substances.
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SUMMARY

In this unit, the breaking of bonds in reactants and formation of bonds in products
experienced in chemical reactions are discussed. Endothermic and exothermic reac-
tions are explained. Some basic concepts like system, the very small part of the universe
which is separated from the rest of the universe by a definite boundary and the obser-
vations of doing experiments are called system. The remaining part without the system
is called surrounding. On the basis of exchange of matter and energy, the system is divied
into three types. viz. open system in which energy and mass both are exchanged. In the
closed system matter is not exchanged but only energy is exchanged. In the isolated
system neither mass nor energy is exchanged. Processes like isobaric process, isothermic
process and adibatic process are discussed. Extensive properties which depend on the
magnitude of the mass and intensive properties which do not depend on the mass. The
concept of state function is given. Internal energy (U), enthapy (H), and internal energy
change (AU) and change in enthalpy (AH) are studied. The relation between them
AH = AU + PAV and AH = AU + AngRT are studied.

The process of obtaining thermal equilibrium when two diathermic substances are
connected is known as zeroth law of thermodynamics. The first law of thermodynamics
in reality is the law of conservation of energy which can be expressed in different forms
i.e. the total energy of the universe remains constant. The formation or destruction of
energy is not possible but it is possible to transfer energy from one form to the other. The
symbolic form of First law of thermodynamics is AU = q + W and with the help of
mathematical form of First law the work done on the system and work done by the
system are explained and the change in internal energy occur. Enthalpy and First law of
thermodynamics AH = q,» enthalpy change at constant pressure and at constant volume
related to ethalpy change and internal energy change can be obtained by illustrations and
solutions of examples.

Enthalpy is the function only to measure the heat change in the system at constant
pressure. This function is not useful to measure the heat changes at constant volume.
Hence, to express the relation between changes at constant pressure or constant volume,
and temperature, the function heat capacity is required. Heat capacity is not the state
function. Established the concepts of specific heat capacity, molar heat capacity and the

C
. : P _ ..
relation between Cp and C, as Cp — C, = R. For an ideal gas — =y ; the value of y

is 1.4. In the enthalpy of reaction the values of enthalpy of formation of solid, and
gaseous molecules in standard state is taken equal to zero, studied the definitions of
enthalpy of neutralisation, enthalpy of formation and enthalpy of combustion and obtained
solutions of examples based on them. The Hess's law of constant heat summation was
studied with the examples of combustion of carbon and formation of ammonium chloride
(NH,CI) and its importance have been studied.

The limitation of first law of thermodynamics is brought out by examples having
physical and chemical changes; the spontaneity and its characteristics are studied to
predict whether a reaction will occur on its own or not ? Second law of the thermodynamics
is expressed for this. According to second law of thermodynamics, the entropy of the universe
increases and for any reaction occurring on its own, its free energy decreases. Entropy
(S) and free energy (G) entropy change AS, which is determined for the surrounding to
predict whether reaction will occur on its own or not ? If the value of AS is positive (+)
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the reaction will occur on its own and if the value of AS is negative (—), the reaction will

occur on its own, and if AS = 0, the reaction will be in equilibrium.

AqreV AH o AHvaporisa’rion AHfusion
AS=——"=—".From this, AS, . . = =—"_——, AS . = and
T T aporisation T usion T
AH i . :
AS primation = ——bimation - Tn the same way AS = (S,~S,) > 0, the reaction will occur

T
on its own. On expansion of the ideal gas in vacuum AU = 0 and AH = 0 and the entropy

v,
change AS =2.303 Rlogv.
1
Whether a reaction will occur on its own or not can be determined on the basis

of calculation of total entropies of system and surrounding but the free energy (G) of
the system is determined from the free energy changes of the system. Its symbol is G
and known as Gibbs' free energy. If the value of free energy change AG is negative
(=) the reaction will occur on its own and if the value of AG is positive (+) the reaction
will not occur on its own. If AG = 0, the reaction will be in equilibrium. The reaction
between free energy (G), enthalpy (H) and entropy (S) is G = H — TS. If the state of
the system changes at constant temperature, there is change in the values of all the three
functions. Hence, AG = AH — TAS, where AH is enthalpy change and AS is entropy
change. At definite temperature if the pressure of an ideal gas is changed, there will be
P

change in volume and hence, the change in free energy occurring is AG = nRT/n P
1

. ) . Vi
o AG = 2303 nRT log? and -- AG = 2.303 nRT log V. can o il T
1 2
relation between free energy change and equilibrium constant is AfGO = — 2.303 RT log K.

If the value of K is more than 1 (K > 1), AfGO = negative (—) and if the value of K is
less than 1 (K < 1), AfGO = positive (+). The relation between free energy change and the
useful work can be shown as AG = =W __ and in electrochemical cell, AG = — nFEceH.
The value free energy change can be obtained. This can be understood by illustrations
and definitions. The importance and limitation of second law of thermodynamies as well
as the third law of thermodynamics given by Nernst can be studied. The third law of
thermodynamics is "The value of entropy of a completely pure crystalline substance is
zero at absolute zero." Hence, in perfectly pure crystalline substance the arrangement of
its component particles is completely in order. Randomness is minimum in solid and in
liquid it is more than that of solid and less than that of gas. Gases have maximum entropy.

The standard molar entropy is expressed as S?n and its unit is Joule Kelvin™' mole™!.

EXERCISE
1. Select the proper choice from the given multiple choices :
(1)  Which of the following is the symbolic form of the first law of thermodynamics ?
(A)AU = q - W (B)W = AU - q
(C)AU = q + PV (D) Aq + W = AU
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(2) The system in which the property of the system depends on the quantity of
substance, such a property is called ?

(A) Specific property (B) Physical property
(C) Thermal property (D) Extensive property
(3) For the thermal reaction occurring in nature.
(A) Temperature is always zero (B) Temperature is always high
(C) Temperature is always low (D) Temperature can be of any order

(4) In which condition the relation AH = AU + PAV can be said to be true for
a closed system ?

(A) Constant temperature

(

B)
(C) Both constant temperature and pressure together
D)

(

(5) For which reaction AS can be maximum?

Constant pressure

Constant temperature and volume

1
(A) Mg, + 50,, — MgO

S0y (B) CaCO, — CaO + CO

(s) 2()

(C) € + 0y, — CO (D) N O, = 2NO,

2e) 20 Ve
(6) In which of the following entropy decreases ?

S

(A) Preparing aqueous solution of common salt
(B
(C
(D) Melting of ice

) Change of water into ice

) Dry ice placed in an open vessel

(7)  What change is observed in the isothermal condition of an ideal gas ?
(A) Decrease in enthalpy (B) Increase in internal energy
(C) Decrease in internal energy (D) Enthalpy will be constant

(8) Which relation shows the value of AS for a reversible reaction ?

() T-q, (B = © 4o+ T (D) gu-T
(9) For a spontaneous reaction

(A) AH = +ve, AS = —ve (B) AH = —ve, AS = +ve

(C) AG = +ve, AS = —ve (D) AG = +ve, AH = +ve

(10) Which of the following relations is correct for free energy change and cell
potential ?
(A) AG = r]FEcell - FEcell
nF

a
>
Q
I

e
t
g
>
Q
I

cell
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(11)

(14)

(15)

(18)

The reaction A + B = C + D is spontaneous in forward direction, then
which signs represent AG and AS respectively ?

(A) Positive and negative (B) Positive and positive
(C) Negative and positive (D) Negative and negative
For an ideal gas, during an adiabatic raction always,

(A) Decrease in temperature (B) g=0

(C) W=0 (D) AH = 0

Which of the following statements is correct ?

(A) AG may be less or more or equal to AH

(B) AG always changes with AH

(C) AG is always more than AH

(D) AG is always less than AH

What will be the value of AG? if K, = 1 for a reaction ?

(A) Infinite (B) 0 (C) Negative (D) Positive

Which law of thermodynamics gives information about definite entropy of a
substance ?

(A) First law (B) Second law (C) Third law (D) Zeroth law
What is the ideal condition for a reaction occurring on its own ?
(A) TAS = AH, AH = +ve AS = +ve

(B) TAS = AH, AH = -ve AS = —ve

(C) TAS > AH, AH = +ve AS = +ve

(D) TAS > AH, AH

+ve AS = —-ve

The reaction of quick lime with water is reversible at the room temperature
and at low temperature, therefore,

(A) AH and AS both +ve (B) AH = +ve and AS = —ve
(C) AH = —-ve and AS = +ve (D) AH and AS both —ve
Which is the correct relation between AG? and Kp ?
AGO 0

e AG
A K = — B K = —
() K, (RTJ (B) K, RT
(©) K, =c —AGY/RT (D) K, = - RT logAG

What can be the value of absolute entropy of free element ?

(A) Always negative (B) Always positive

(C) Always zero (D) Zero at 273 K

Which system is indicated by the reaction of cooking rice in a pressure
cooker ?

(A) Open system (B) Closed system

(C) Isolated system (D) All the systems
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2.  Write the answers of the following questions in brief :

What is meant by a system ?

What an isolated system is called ? Give example.
What is meant by closed system ? Give example.

What are called exothermic and endothermic reactions ?
What is called extensive property ?

What is called an intensive property ?

What is called a state function ?

Give definitions of internal energy and enthalpy.

Which types of work are observed in chemistry ?

Give definition of heat capacity.

Give definition of enthalpy of reaction and heat of formation.
What is called a thermal equilibrium ?

When is the total heat absorbed by the system during the process used up

in work ?

Mention the equation of entropy change for the expansion of an ideal gas in

vacuum.
Write the formula for the entropy of substances experiencing sublimation.

The ice cube kept at room temperature melts on its own. Which law of

thermodynamics is obeyed by the reaction ?

What is meant by temperature of a substance ?

The entropy of water vapour is more than that of water. Why ?
What will be the values of AG at 270 K and 275 K ?

Give definition of standard free enegry of formation.

Write the equation showing relation between free energy change and cell

potential.

Why does the value of entropy of a substance increase with increase in
temperature ?

Write limitations of the second law of thermodynamics.
Write the third law of thermodynamics.

Mention the equation showing the relation between free energy and change
in pressure of an ideal gas.

What is meant by entropy ?
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By which system the maximum work can be done ?

What will be the value of equilibrium constant if AH < TAS at 298 K
temperature ?

What will be the value of AS for ice kept at 275 K and 265 K temperature ?

"The value of absolute free energy of any substance cannot be determined."
Why ?

Write answers of the following questions :

What is meant by system ? Explain giving its types.

What is meant by process ? Explain its types.

Explain extensive and intensive properties.

Explain in detail the state functions.

Explain internal energy.

Write the First law of thermodynamics and give its symbolic equation.

A system did the work of 785 joule after loss of 525 joule heat. Find the
change in its internal energy.

A system absorbed 650 joule heat and did the work. Its internal energy

change is 440 joules, then find out how much work has been done.
Explain the mathematical form of the first law of themodynamics.
Explain enthalpy and First law of thermodynamics.

Deduce the relation between Cp and C,.

Write a short note on heat capacity.

Write the Second law of thermodynamics and in which forms it can be
expressed ?

Explain the free energy and the Second law of thermodynamics.
Explain Gibbs free energy and useful work.

Explain the standard free energy of formation of a compound.
Explain the expansion of an ideal gas in vacuum and entropy change.
Explain the Third law of thermodynamics.

Give limitations of the First law of thermodynamics.

Discuss characteristics of the reactions occurring on their own.

What is meant by entropy ? Explain using the concept of entropy, how the
direction of a reaction to occur on its own is determined.

Answer the following questions in detail :

(1)
(2)

(3)

Explain internal energy and enthalpy and deduce the relation between them.

Write the First law of thermodynamics and explain it in detail in the symbolic
equation and in the mathematical form.

Explain enthalpy of reaction, enthalpy of neutralisation and enthalpy of formation.
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3)

4

&)

(6)

)

®)

Write the Hess's law of constant heat summation and explain giving example.
Mention its uses also.

Write the Second law of thermodynamics and explain entropy.

What is meant by free energy ? What is the relation between change in free
energy during a chemical reaction and the change in entropy ? On the basis
of this, explain under which conditions the reaction will occur on its own.

Solve the following examples :

The change in internal energy of a given reaction at 300 K is —908 kjoule
mole™!, then calculate its enthalpy change.

4NH  + 50, — 6H,0, + 4NO R = 8.314 joule)

The enthalpies of formation of CO(g), COz(g), NZO(g) and N204(g) are —110 ,

-393.81, 82 and 9.7 kjoule mole™!, respectively. Calculate A;H for the following

reaction : N204(g) + 3CO(g) - NZO(g) + 3C02(g)

On the basis of the following equations, calculate the standard enthalpy of

formation of CH3OH 0

3
CH30H)+- 0y — COy+ 2H,0y, AH® = — 726 kjoule mole™!

C (Graphite) + O - COz(g) AfH0 = — 393 kjoule mole™!

2(g)
1
H2(g)+502(g) — H,0, AfHO = — 286 kjoule mole™!

If AH = 400 kjoule mole™! and AS = 0.2 kjoule K™' mole™! for a reaction

2x + y — z, at what minimum temperature the rection will be spontaneous ?

For the following reaction, 2P(g) + Q(g) - 2R<g) AU? = -10.5 kjoule and
AS® = —44.2 jouleKelvin™' Find AG for the reaction. Will the reaction occur

on its own ? Why ?

From the given data mention which of the following reactions will occur on

their own at 298 K.
Reaction : X : AH = —52 kjoule; AS = 956 joulekelvin™!
Reaction : Y : AH = —60 kjoule; AS = —65 joulekelvin~!

The changes in enthalpy and entropy for a raction P + Q = R + S at 320
Kelvin temperature are 170 kilojoule and 26 joule Kelvin~!. Will this reaction

be spontaneous ? Why ? Find out.

Find out the equilibrium constant of the follwing given reaction at 298 K

1
temperature NO, + EOZ(g) — NO,,,. The values of A.G" for NO and

NO, are 104.2 and 51.3 Kkjoule mole™! respectively of 298 K temperature.
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(9) Find the change in standard free energy of formation and equilibrium constant

2+

: 2
of the reaction Fe(s) +Cu’ aq)

(aq
cell potential is 0. 78 volt and F = 96500 coulombs.

) — Fegy +Cu, . The standard electrochemical

(10) The value of change in free energy for the following cell reaction at 298 K
temperature is —76322 calories. Calculate the potential of the electrochemical

cell. F = 96500 coulomb, 1 Calorie = 4.184 joule.

Reaction : A +Blr — Al

(aq) g T B

(11) The equilibrium constant of the following given reaction is Kp = 2.4 x 107

at 298 K temperarure.

Reaction : PCl., .= PCl + CI Calculate the value of AfGO for the

5(g) 3() 2(g)

given reaction.

(Dr. Venkat Raman Ramakrishnan)
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4.1 Introduction

Equilibrium plays an important role in
physical changes, chemical reactions, biological
and environmental processes. e.g. evaproation of
water, equilibrium between oxygen molecule and
protein, production of ammonia etc. If certain
changes and reactions are carried at constant
temperature and pressure in closed vessels
(closed systems), they remain incomplete. In the
beginning of the reaction, the reactants which are
in closed vessels, slowly change into products and
the concentration of reactant decreases as the
time proceeds. Along with this phenomenon, there
is increase in concentration of product as the time
proceeds. A certain point of time comes when
there is no change in the concentration of
reactant and product even if the time proceeds.
This situation is called equilibrium state.

4.2 Dynamic Nature of Equilibrium

The most important matter in the case of
equilibrium is that there is a continuous
transformation of reactant to product and
product to reactant. This state apprears to be
steady but it is not so. This type of reaction
which takes place in both the directions is called
reversible reaction and it is expressed by the
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symbol of two half-arrows (=). This symbol
indicates that such reaction occurs simultaneously
in both (forward and reverse) directions.
Generally, the change of reactant to product
is called forward reaction and the change
of product to reactant is called the reverse
reaction. Thus, in reversible reactions, forward
and reverse reactions continuously occur and we
find it as equilibrium state. The mixture of
reactants and products obtained at equilibrium
time is called equilibrium mixture. The
decomposition reaction of solid calcium
carbonate in a closed vessel, at high temperature
can be shown as below :

AA
CaCOy, === CaO, +CO,,

The equilibrium is dynamic and not steady
or static as the forward and the reverse reactions
occur with the same velocity at the equilibrium
time in equilibrium reactions in closed vessels.
In the above reaction obtaining CaO and CO,
by decomposition of CaCO, and obtaining CaCO,
by combination of CaO and CO, continuously
take place. Suppose, if we deposit some amount
in our bank account and withdraw the same
amount, then balance in the account appears
steady or static. But this can be considered
operative or dynamic and not closed or static. It
is very difficult to determine the dynamic nature
of equilibrium, even then with the help of
radioactive isotope, it can be proved viz. 14CO2
gas containing radioactive isotope '*C and
CaCO, are taken in two different flasks and
CO, obtained by decomposition is connected with
vessel containing 14CO2 gas, after some time,
Ca”CO3 will be formed in the vessel of CaCO,
and CO, will be obtained in the vessel containing
14C02. Thus, if the equilibrium would have been
steady, there must not be exchange of '>C and
14C. With the help of suitable counter,
the radioactivity can be measured and the proof
for the dynamic nature of equilibrium can be
obtained though the proportions of concentrations
of reactants and products remain constant. The
reaction can be fast or slow depending upon the
nature of the reactant and the experimental
conditions.

Equilibrium reactions can be divided into
following three categories :

(i) Reactions which are almost at the
extent of completion and concentration of reactants
may be negligible. It is not possible to detect
this experimentally.

(i) Reactions in which the products are
formed in very less proportions and most part of
the reactant remains unchanged at the equilibrium.

(ii1) Reactions in which the concentrations
of reactants and products are in comparable
proportions at equilibrium.

4.3 Types of Equilibrium

Physical Equilibrium : The equilibrium
established in changes of pysical processes
is called physical equilibrium. e.g. conversion
of water into steam.

Chemical equilibrium : The equilibrium
established in chemical reactions is called
chemical equilibrium. e.g. Decomposition of
calcium carbonate.

Equilibrium in Physical Process : At
constant temperature, water in the liquid state
taken in a closed vessel, gets converted into
gaseous state of vapour (steam) as the time
proceeds. Slowly, the concentration of vapour of
water on the surface of water increases. After
some time, the molecules of vapour of water
get attracted to one another and converted into
liquid state water. After certain time, the rates
of formation of vapour from liquid water and
the formation of liquid water from water vapour
become equal and the equilibrium is called physical
equilibrium or physical process equilibrium. In
this type of process, there is no change in
chemical structure of the molecule of the
substance, only its physical state changes. The
forward reaction of formation of water vapour
from water is called evaporation of water and
the reverse reaction of formation of water from
vapours of water is called liquefaction.

Evaporation

H,0,, H,0

Liquefaction ©

If there are changes in the factors like
temperature, pressure or concentration in the
physical reaction in equilibrium, there is a change
in the equilibrium state.

As the substance changes from solid, liquid
and gas into one another, three states can be
established in physical process equilibrium.
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(i) Solid-Liquid Process Equilibrium :
Take some ice and water in a thermos flask at
0° C (273 K). Now close the thermos flask with
a cork. As you know that because of the wall
having vacaum in the flask, there will not be
exchange of heat between the system in the
flask and the external surrounding. Hence, the
quantity of ice in the thermos flask will remain
constant but an equilibrium can be established
between ice and water, which can be shown as
below :

H,0, = H,0
Ice (solid)

O]
Water (liquid)

Experimentally, it is proved that even after
establishment of the equilibrium in the flask, some
molecules of ice get converted into water, and
at the same time some amount of molecules of
water get converted into ice. Hence, the
quantity of ice and water in the thermos flask
or the total number of molecules remain
constant. This is one type of equilibrium, i.e.
physical equilibrium between solid and liquid. It
is important to note that there is no chemical
change in the substance and therefore, this
process is called physical equilibrium.

(ii) Liquid - Gas Process Equilibrium :
At constant temperature, take water in a closed
vessel (system). As the time proceeds, water
slowly changes into vapour (steam) depending
upon the value of temperature. As the water
gets converted into water vapour, vapour of water
increases and the vapour pressure also increases.
After sometime vapour pressure becomes
constant because the temperature is constant and
the change in vapour pressure stops and some
constant value of vapour pressure is obtained.
This equilibrium state can be expressed as

below :
HzO(l) = HZO(g)

Water (liquid) Vapour of water (gas)

As this process is carried out in a closed
vessel (system) some molecules of water change
into water vapour. At the same time same num-
ber of molecules of water vapour change into
water liquid. Hence, the amount of water and
water vapours remain constant. Thus, this is one
type of equilibrium between liquid (water) and
gas (water vapour) and it is physical equilibrium.

It is important to note here that as there is no
chemical change in the substance, it is the
example of physical equilibrium.

(iii) Equilibrium Involving Dissolution
of Solid in Solution : For the study of this
type of equilibrium the example of sugar and its
solution in water can be taken. At constant
temperature, take some water. Add some sugar
into it and stir. In the beginning sugar easily
dissolves, but as more and more amount of sugar
is added, it dissolves according to its solubility
and then some amount of sugar remains in solid
form without dissolution. We know this state as
saturated solution but in this system the
equilibrium is also established between sugar
(solid) and liquid (solution of sugar). This can be

expressed as below :

Sugar(s) = Sugar solutlon(aq)
Solid Liquid

As studied earlier, equilibrium is dynamic
because the forward and the reverse reactions
continuously occur in each system. In this system,
the amount of sugar that dissolves in water, same
amount of sugar separates from solution of sugar.
Hence, the number of molecules of sugar and
number of aqueous molecules of sugar in the
solution remain constant in this system.

(iv) Equilibrium Involving Gas and
Solution : At constant temperature and pressure,
carbon dioxide can be dissolved in water in a
closed vessel (system), so that a system
containing gas and solution of carbon dioxide
can be formed. As temperature and pressure
are constant, carbon dioxide dissolves according
to its pressure and temperature and forms solution
of carbon dioxide and the excess carbon dioxide
gas remains in equilibrium with it. Equilibrium is
dynamic and so molecules of carbon dioxide gas
that dissolve in water is the same as the number
of molecules of the gas that release from the
solution in the system. Thus, in this closed
system, the total number of molecules (amount)
of carbon dioxide in gaseous form and those
that have dissolved in water remain constant.

This equilibrium can be shown as below :

COyp) = COysom)
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All the reactions studied above are
processes in which only physical change takes
place and so they all are examples of physical
process equilibrium.

(v) Solid - Gas Process Equilibrium :
You know that when certain solid substances
are heated, they get converted into gaseous state
and on cooling are converted directly into solid
from gaseous state. This process is known as
sublimation. For the study of the equilibrium of
this let us take example of solid iodine (I,). In
a closed vessel (system) some amount of solid
iodine is taken and it is heated. At constant
temperature, vapour of iodine is formed from
solid iodine, which appears as a violet coloured
gas. If the temperature is constant equilibrium

can be expressed as below :

Ly = Lyvap)
Solid Gas

As equilibrium is dynamic at constant
temperature, the number of molecules (amount)
of iodine that are changed from solid iodine to
vapour of iodine remain the same as the number
of molecules (amount) of iodine vapour to solid
iodine. Thus, in the closed vessel, the amount of

iodine (solid and gaseous form) remains constant.

Table 4.1 Some Characteristics of

Physical Process Equilibrium

Process Conclusion

(characteristic)

(1) Liquid = Gas
HZO(I) — HZO(g) PH2O remains constant.

At constant temperature,

(2) Solid = Liquid |At constant temperature
melting point remains
HZO(S) = HQO(Z) constant

(3) Solid = Solution| At constant temperature,

the solubility of solute in

sugar = solution|the solution remains
of sugar, . |constant.

(4) Gas = Liquid

At constant temperature
the rates of concen-
tration of gas dissolved
in solution and concen-
tration of gas in gaseous
state remain equal.

CO CO

N
2(g) ¥ 2(Vap)

4.4 General Characteristics of Equilibrium
Involved in Physical Processes

The following are the general characteri-
stics of systems in equilibrium for the physical
systems discussed earlier.

(i) At constant temperature, equilibrium is
possible only in closed system.

(i) Both the processes (reactitons) opposite
to each other that is, the forward and the
reverse reactions occur at the same rates
and the equilibrium involved in it remains
dynamic but condition remains steady
(static).

@iii) All the properties of the system which
can be measured remain constant.

(iv) For physical process, when equilibrium is
obtained then at constant temperature, the
value of one of the factors remains
constant. The list of these properties is
shown in Table 4.1

(v) At any stage magnitude of such quantities
show to what extent the physical process
has advanced before reaching to
equilibrium.

4.5 Chemical
Equilibrium

Process (Reaction)

Like physical processes, equilibrium state
is also obtained in chemical processes (reactions).
Equilibrium state is obtained when the chemical
reactions occur in opposite directions to each
other i.e. forward and reverse reactions and the
rates of the reactions become equal. Hence
concentrations of reactants and products remain
constant. Chemical equilibrium is dynamic like
physical equilibrium. i.e. The conversion of
reactants to products and products to reactants
continuously occur, and as a result all the
reactants and products are present at equilibrium.

Let us think of a simple reversible reaction :
A+B+=C+D

With the passing of the time, the products
C and D increase and the reactants A and B
decrease which is shown in Fig 4.1.
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o,

Concentration —>

Time —— Equilibrium

Fig. 4.1 Attainment of chemical equilibrium

It shows that at some point there is
decrease in rate of forward reaction and
increase in rate of reverse reaction. By chance,
if both the reactions occur at the same rate,
the system reaches to equilibrium state.

Suppose if we start by taking products C
and D in the above reaction, even then
equilibrium can be obtained. This means that even
if the reaction occurs from any direction,
equilibrium can be obtained.

Dynamic Nature of Chemical
Equilibrium : The dynamic nature of chemical
equilibrium can be demonstrated by taking
example of the production of ammonia. By
keeping known quantities of dinitrogen gas and
dihydrogen gas at high temperature and pressure
in a closed vessel, the amount of ammonia gas
formed can be determined at constant intervals
by a series of experiments. The quantities of
unreacted dinitrogen and dihydrogen also can be
determined. From this it is concluded that even
if thereactants and products are in different
proportions, their concentrations are same at
equilibrium. This constancy in composition
indicates dynamic nature of equilibrium. For this, in
synthesis of ammonia, deuterium (Dz) instead of
dihydrogen, (Hz) is used and ammonia gas is
produced by Haber process and it is studied. The
results obtained are similar to those obtained
above. In the mixture proportions of N,, D, and
ND; instead of N,, H,, NH; can be determined
and equilibrium can be obtained. If D, is
added after the formation of ammonia by reaction
of N, and H,, the reaction may not occur but H
in NH; is displaced by D and ND, can be
determined by mass spectrometer. Thus, it is

2g T 3y =
2NH3(g) that the reactions from reactants to

proved that in the reaction N

products and products to reactants that is forward
and reverse reactions continuously occur with the
same rates and so ND; instead of NH; is
obtained. By the use of radioactive isotope, the
dynamic nature of equilibrium can be proved viz.
For the reaction, H, , + o L S = 2HI © radioactive
isotope '*'T of iodine can be used to study the
dynamic nature of chemical equilibrium. As
the equilibrium is dynamic, certain properties or
factors are found similar. e.g. Intensity of colour,
constant pressure, constant concentration etc.

4.6 Law of Chemical Equilibrium and

Equilibrium Constant

The mixture of reactants and products at
equilibrium is called equilibrium mixture. We shall
study the relation between concentrations of
reactants and products at equilibrium state.

Let us take a simple reversible reaction
as follows : A+ B=C + D

In this reaction A and B are reactants
and C and D are products. This means that in
this reaction moles of reactants and products
are one each but in all reactions this may not
happen. Hence, it is necessary that their moles
are expressed. Balanced reaction determines their
moles. viz. Nz(g) + 3H2(g) = 2NH3(g)

From the experimental studies of many
reversible reactions scientists of Norway, Guldberg
and Waage mentioned in 1864 that the concen-
trations of substances in equilibrium mixture can

be expressed by following equilibrium equation.

[C] [D] Multiplication of concentrations of products
¢ [A][B]

Multiplication of concentrations of reactants

where K is equilibrium constant and [ ] bracket
expresses concentration of reactant or product
in mollit™' or M. The equilibrium equation is also
known as law of active masses because in the
early years of chemistry, concentration was said
to be 'active mass'.

Now, we shall derive the equation for
equilibrium constant of a general reaction. Suppose,
if a reaction takes place, as given below in which
the reactants and products are shown in balanced
form with their proper moles (a, b, ¢ or d).

aA + bB = ¢C + dD |

On the basis of Guldberg and Waage's law
the rate of forward reaction

V, o [A] [B]° 42

or V,= K, [A]' [B]"...43
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where Kf is the proportionality constant

for forward reaction.
The rate of reverse reaction Vo< [C] [D]4...4.4
or V. = K, [C]° [D]"...45

where V_ is the proportionality constant
for reverse reaction.

At equilibrium the rates of forward and
reverse reaction will be equal and so V.=V,

that is, K, [A]* [B]* = K, [C]° [D]*

K, _[ermr
° a b C  eeeeed 46
K, [A] [B]
K
where K. "X

r
Thus, when equilibrium is attained if we
determine the concentration of the reactants and
the products in any reaction and their stoichio-
metric multiples, the equilibrium constant K can
be obtained.

Equilibrium constants of some reaction are
as shown below :

R « I’
(1) Hyg) + Ty = 2Hly) e ST 7]
B K o INH
2) Nz(g) + 3H2(g)f2NH3(g) c [N, ] [H2]3
(3) 4NHy,, + 50,, =4NO, + 6H,0

«  INOJ[H,0°
© INHy1 [O,T
Let us think about reaction between H,

and L, This reaction can be written as follows:

Hy) + Iy,= 2HI,, (From reactants to
products)
2
HI
T .
(H,]1,]

Now, we write the reaction as follows :

2HI,) = Hy,

o _H11L]
¢ I

+ Iy

Equations 4.7 and 4.8 are inverse of each

other. Hence K¢ = %( . Thus, the equilibrium
C

constant of forward reaction is the inverse of
the equilibrium constant of reverse reaction.

The above reaction can also be written as

follows :
1 1.
FHag + Sl = Hig

If we write the equilibrium constant for
this reaction then,

K __ [HD
C O, LY
1
_|_mr® P 4.9
iy ] [E— .
WK=K/

Multiplying reaction Hz(g) + Iz(g)\ﬁ 2HI(g) by n.
nHz(g) + nIz(g)\:‘ 2nHI(g)
Equilibrium constant will be K_

Hence, it can be written as follows :

Equation of Equilibrium
chemical reaction constant
aA + bB =cC + dD K,
' 1
cC + dD =aA + bB K& —
KC
(n)aA + (n)bB = (n)cC + (n)dD KL‘ = (KC)n

Example 1 : The following reaction can
be carried out in a closed vessel at 400 K. The
concentration of hydrogen is 0.6 mol lit™', the
concentration of iodine is 0.8 mol lit! and
concentration of hydrogen iodide is 0.14 mol
lit™! at equilibrium state. Calculate the equilibrium
constant of this reaction.

Solution :

Reaction HZ(g) + IZ(g) = 2HI(g)
Concentration
at equilibrium :

mol lit™! 0.6 0.8 0.14
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[HI]*

Equilibrium constant K_ = 1M
21t

_(0.14)°
~(0.6) (0.8)

=4.1 x 1072

What will be the unit of K ? Think

and verify.

In gaseous reaction, if concentrations are
expressed in partial pressures, then equilibrium
constant can be obtained from partial pressures
of reactants and products, and it is expressed as

Kp. Let us think about a gaseous reaction :

aA(g)+bB = CC(g)+dD(g)

(2)

If we express partial pressures of
reactants and products as p,, Pg, Pe» and pp
respectively then the equation for chemical

equilibrium Kp can be shown as below :

c d
_Pc*Pp

S Ky =D
Pa °PB

p

4.7 Relation between Kp and Kc

As seen earlier the equilibrium constant
of a gaseous reaction can be written as

¢ d
_Pc*Pp

- K : 5
Pa °PB

p

But we know that according to simple gas

equation pV = nRT. Hence, it can be written as
" p= —RT=CRT
- P=y =

n
(where —= C = concentration in mol lit™")
Substituting the values of p in the above equation
4.10, it can be written as

_ (CcRT)C (CpRT)
P (C,RT)* (CxZRT)®

_Ce Ch . RD™

< b, =7 _ . 4.11
Ci «Ch  ®RD™

c d
_ % x (RT) O 412

=K, » RT)™™......4.13
where Ang =(c+d —-(a+ Db

means number of total moles of gaseous
products minus number of total moles of
gaseous reactants.

Hence, it can be written as
An,
Kp =K, «(RT) *........ 4.14

It is necessary to remember that in gaseous
reaction, pressure depends on number of moles
and so their partial pressures can be taken as
concentrations. Atmosphere is the unit used for
pressure but according to SI unit it is expressed
as Pascal. A summary of Kp and K with respect
to values Ang, can be written as follows : (1) if
Ang = 0 then Kp = K, (2) if Ang > 0 then
Kp > K, Q) if Ang< 0 then Kp < K,

Example 2 : 1 mole H,O and 1 mole
CO are heated in a colsed vessel of 10 litres at
725 K temperature. At equilibrium H,O 40% by
mass reacts with CO gas as follows :

H,04) + €Oy == Hyy + COyy,

Calculate equilibrium constants Kp and K,
for this reaction :

Solution :

Reaction : HZO( )

Initial concentration

—\
+ €Oy = Hyy + COyy,

mol lit™!
1 1
10 10 0 0

Concentration at

equilibrium mol

1(100—40) 1(100—40) 40 40
100 100 100 100
= 0.6 = 0.6 =04 =04
concentration mol lit™!
0.6 0.6 0.4 0.4
10 10 0 10
= 0.06 = 0.06 =0.04 =0.04

H
Now K = HalICO,1 _ 0.04 x 0.04

= = = 0.44
¢ 7 [H,0][CO] ~ 0.06 x 0.06
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Now K, =K, « RT)™"

In this reaction (number of moles of
gaseous products) — (number of moles
of gaseous reactants)

d+1)—1+1)=An=0
Hence, Kp =K. *RT)" = K,
Hence, the values of Kp and K_ will be
same i.e. 0.44

Example 3 : The equilibrium constant of
the reaction H2(g) + Iz(g) = 2HI(g) at 700 K
temperature is 54.8. The concentration of HI at
equilibrium is 0.5 mollit™'. Suppose reaction is
carried by taking HI(g) find concentrations of
H2(g) and Iz(g) at equilibrium.

Solution :
Reaction : H2(g) + Iz(g) = 2HI(

)
_ [HI]? _ 0.5)%
¢ [H,][L,] [H, 1[I, ]
0.5)°
e 548= ——2
1.€. [H,] (L]
2
< [H] L] = (245; But at equilibrium
Hy) = Ly, and
2
[H,] [L] = (245; _ 456 x 1073

[H,] = [L,1=+4.56x10° = 0.0675 mollit™!

Activity : Derive relation amongst K,
Kp and K..

Hint : According to Dalton's law of par-
tial pressures, if the total pressure is
P atmosphere, the partial pressures of reactants
A and B and partial pressures of products C
and D will be X,+P,, X+Pp, X+P. and X <P,
respectively, where X is mole fraction. Using

this derive the following relations :

K, = K +P¥ and K, = K, + V™%
4.8 Types of Chemical Equilibrium

The equilibrium is of two types :

(i) Homogeneous equilibrium and

(i) Heterogeneous equilibrium.

(i) Homogeneous equilibrium : In
homogeneous system all the reactants and
the products are in one similar phase viz.

The product ammonia produced by reaction of
reactants dinitrogen and dihydrogen, all are in
gaseous phase. Nz(g) + 3H2(g) = 2NH3(g).
Similarly, the hydrolysis of methyl acetate is also
homogeneous equilibrium because, the reactants
and the products in it are also in the same phase
(liquid phase).
CH,COOCH;, + H,0,, = CHyCOOH,; + CH;OH,
In addition to this, the reaction between
aqueous solution containing Fe’* ions and
aqueous solution containing SCN™ ions is also
an example of homogeneous equilibrium. But the
only change in it is that this equilibrium is ionic
equilibrium.

Fe’* 4+ SCN.

N 2
(aq) (aq = [Fe(SCN )]<;1>

We shall study this, later on in this unit.

All the equilibrium reactions and their
equilibrium constants that we discussed earlier
are the examples of homogeneous equilibrium
and also derived from the relations between Kp,
K. and K, related to them. For calculation of
values of Kp pressures must be expressed in
unit of bar because, bar is the unit in standard
condition but in SI unit it is pascal. The relation
between them is as follows :

1 Pascal Pa = 1 Nm™2 (Newton meter 2)
and 1 bar = 10° Pa.

For calculation of equilibrium constants of
homogeneous equilibrium constant, we understand
the following examples :

Example 4 : PCls(g) can be obtained by
chemical reaction between PCl, ) and Clz(g) in
closed vessel. The concentrations of PCl;, Cl,,
and PCl; in this reaction at 500 K are 1.59 m,
1.59 M and 1.41 M respectively, calculate equi-
librium constant of this reaction.

Solution :

Reaction :

PCls(g) + Clz(g) = PClS(g)

__[PCL] 141
¢ [PCL]ICL,]  1.59 x 1.59
= 5.58 x 107> mollit™!

Suppose, we want to calculate Kp for this
reaction. According to relation,

K = K, (RD)*%

P
K_ = 5.58 x 10~ (0.0831 x 500)~"

P
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because Ang = number of moles of gaseous
product — number of moles of gaseous reactants
=1-2=-1

558 x 107

LKy =
P~ (0.0831 x 500)

=13 x 107 bar™!

Example 5 : Ethyl acetate is obtained by
reaction of ethanol with acetic acid in presence
of H* ions. Suppose 1 mole acetic acid and 0.18
mole ethanol are taken in this reaction. At
equilibrium 0.171 mole ethylacetate is obtained.
Calculate equilibrium constant of this
esterification reaction.

Solution :
Reaction :
CH,COOH,; + C,H;OH; = CH,COOC,Hy, + H,0,
Initial
concentration :
1 mol 0.18 mole 0 0
concentration
at equilibrium
(1-0.171)mole (0.18-0.171)mole 0.171mole 0.171mole
0.829mol  0.009mole 0.171mole 0.17 Imole

_ [CH,CO0C,H,] [H,0]
¢~ [CH,COOH] [C,H;OH]

0.171 x 0.171
=— =392
0.829 x 0.009 ?
Example 6 : The value of equilibrium
constant for the reaction 2NOCl(g) = 2N0(g) + Clz( o)

is obtained as 0.033 bar at 1060 K temperature,
then what will be the value of K_ for this
reaction ?

Solution :
Reaction : 2NOCl(g) = 2N0(g) + Clz(g)
As we know, that Kp = K, (RT)™"

An = Moles of NO(g) + Moles of Cl
(Moles of NOC1

2)
(g))
=2+ 1-2)=32=1

Putting the values, 0.033 = K_ (0.0831 x 1060)"

_ 0.033
¢ 7 0.0831 x 1060

= 3.7 x 107 mol.lit™!

(ii) Heterogeneous Equilibrium : If
reactants and products, possess more than
one phase, the equilibrium is called
heterogeneous equilibrium. The equilibrium
between water (liquid) and water vapour (steam)
in a closed vessel is the example of heterogeneous
equilibrium.

H0() = H,0p,

Similarly, Ca(OH),, = Cagy, +20H,
is also the example of heterogeneous equilibrium.
(Equilibrium between solid and liquid). It is

necessary to note here that this is an example
for ionic equilibrium.

Generally, in heterogeneous equilibrium, pure
solid or liquid are associated, the concentrations
of reactants and products can be separated, viz.
The concentration of pure solid or liquid is its
density and density is constant at constant tem-
perature. Hence, concentration can also be taken
as constant or the pure solid or liquid which are
present will be independent of concentration.
Suppose, some substance X is involved in this,
then concentrations X(S) and X(l) will be taken
as constant in whatever proportion they are
present while concentrations of X(g) and X<aq)
will change and will vary with volume.

Let us take example of thermal decompo-

sition of calcium carbonate.

_A
CaCOy ;) =—=Ca0, + CO,,
If we write the equation for heterogeneous
equilibrium on the basis of stoichiometry then,
~ [CaO )1 [COy ]

© [CaCO4]

......... 4.15

As discussed earlier, CaO(S) and CaCO3(S)
are in solid state, their concentrations can be
taken equal to their densities, i.e. they remain
constant. Hence, the above equation can be

written as below :

K, x K, =K, =[CO,, ] e 4.16

2(g)]
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B [CaCO,4 ]

where, K, =
' [CaOo)]
where PCO2 is the concentration or pressure of

r K, = Pco,

CO, gas at equilibrium. The equilibrium constant
of above reaction is found to