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PREFACE

Textbook of Chemistry for Grade - 11 has been developed according to the National
Curriculum 2006, which demands Students-Centered Inquiry Based (SCIB) science education in
Pakistan. It was 1st published in 2014 and in 2015 it was presented under the supervision of
Textbook development principals and guidance with new design and layout. The aims of this
curriculum is to produce students who should be capable of doing independent thinking, asking
questions and looking for answers on their own way. It is expected from the teachers that they will
encourage and engage students in scientific activities to develop such skills in a required manner.

Students should understand the scientific concepts inherent in the theme for each chapter
and should be able to:

w  State, exemplify and interpret the concepts.
w  Use appropriate, fundamental terms and classification related concepts.
w  Cite, explain orinterpret scientific approach in support of the concepts.

»  Recognize that the technology resulting from scientific activity influences the quality of life
and enhances economic development.

This textbook aims to develop an ability to apply the understanding of Chemistry to relevant
problems and to approach these problems in rational ways.

Chemistry leaves impacts on our lives in many ways. In the field of medicines, fertilizers,
pesticides, detergents, fuels, building materials, plastics, rubber, glues, adhesives dyes industry
and technology, all have some connection with Chemistry. Therefore teaching and learning
Chemistry must be taken seriously. Students should understand the deep rooted impacts and
effects of this subject on our society. The test items given in the exercises are for learning
reinforcement. The examination questions should be prepared according to the SLO's and the
Bloom's Taxanomy.

Quality of standards and actualization of style is our motto. With these elaborations, this
series of new developments was presented for use. As there is always room forimprovement, the
criticism and suggestion will be highly appreciated to make the textbook more interesting,
informative and useful for the students. After educational feedback, research report and reviewed
by NCC review committees, now this is the revised addition of the book of Chemistry for Grade Xl
for the academic session 2020-21.

National Book Foundation
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STOICHIOMETRY

After completing this lesson, you will be This is 10 days lesson
able to: (period including homework)

e Understand the Given information from which any two of the following may be determined, calculate the
theoretical yield, actual yield and percentage yield.

+« |Interpret a balanced chemical equation in terms of interacting moles, representative particles, masses and
volumes of gases at STP.

» Perform stoichiometric calculations with balanced equation using moles, representative particles, masses
and volumes of gases (at STP).

e Know the limiting reagent in a reaction, calculate the maximum amount of product (s) produced and the
amount of any unreacted excess reagent.

« Construct mole ratios from balanced equations for use as conversion factors in stoichiometric problems.

* Calculate the theoretical yield and the percent yield from the given balanced equation, the amounts of the
reactants and the actual yield.

INTRODUCTION

It is observed that a common factor for fireworks manufacturer, an engineer to design
car engines and a chemist to manufacture a chemical plant is the amount of materials they
need in their specific area of work.

For examples,

1. Fireworks manufacturer is required to mix calculated amounts of chemicals. A wrong
calculated amount could result in violent explosions.

2. The engineer must know the relative amounts of fuel and oxygen needed for efficient
combustion.

3. Achemistis required to use calculated amounts of reactants to produce exact amount of products.

Such phenomenon is studied through the knowledge of Stoichiometry (Greek words
Stoicheion means element and metry means measurement). The study of relative amounts
of substances involved in a chemical reaction is called Stoichiometry. The amounts of
reactants and products in a balanced chemical equation are called Stoichiometric
Amounts. Such study is essential when quantitative information about a chemical reaction is
required. Moreover it is important to predict yields of chemical products.



_ 1. Stoichiometry
1.1 MOLE

The atomic mass, formula mass and molecular mass of a substance expressed in
grams is called Mole.

Examples
One mole of O (atom) =16g One mole of O, (molecule) =32 g
One mole of H,O (molecule) =18¢g One mole of Na* (ion) =23¢

One mole of NaCl (Formula unit) =58.5 g

1.2 AVOGADRO’S NUMBER

“The number of atoms, ions or molecules present in one mole of a substance is
called Avogadro’s Number”. Its numerical value is 6.023x10%*. One mole of any gas at
S.T.P occupies 22.414 dm® and contains 6.02 x 10* particles.

8.9. 2H,, + Oy —> 2H,0,
This reaction can also be expressed in terms of Avogadro’s number. The equation

states that 2 x 6.02 x 10 molecules of hydrogen react with 6.02 x 10% molecules of oxygen to
produce 2 x 6.02 x 10® molecules of water.

1.2.1 Mole Calculations

The relationship between moles and Avogadro’s number in different substances is as
follows:

1 mole of O-atoms = 6.02 x 10%* atoms

1 mole of O, (g = 6.02 x 10** molecules

1 mole of H,O,,, = 6.02x 10 molecules

1 mole of NaClsy = 6.02 x 10?® formula units

In the case of ionic compounds, the explanation is somewhat different.
For example, Nacl — 29, Na*' +Cf

(aq) (aq)
It shows that 1 mole of NaCl when dissolves in water gives 1 mole of
Na'* ions and 1 mole of CI! ions.So According to Avogadro’s number we can say that when

6.02 x 10% formula units of NaCl are dissolved in water, they produce 6.02x102% Na'* and
6.023x10% CI" ions.

1.2.2 Mole ratios in Stoichiometric Calculations:

Mole Ratios
Mole ratio means the ratio of no. of moles of reactants taking part and the no. of
moles of products formed. For example, combustion of propane
CaHggy + 50,5 ——> 3CO,, + 41,0,
The mole ratios between the reactants and products can be shown as, one mole of
C;H, reacts with five moles of oxygen to give three moles of CO, and four moles of water.

The amount of propane used will not affect these ratios.
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Example 1.1
Methanol burns according to the following equation.

2CH,0H + 30, — 2CO,, + 4H,0,

9

If 3.50 moles of methanol are burnt in oxygen, calculate
(@) How many moles of oxygen are used?

(b)  How many moles of water are produced?

Solution
(a) Moles of methanol = 3.50 moles
Moles of oxygen =?
According to balanced chemical equation
2 moles of CHsOH = 3 moles of O2
1 moles of CHaOH = 3/2 moles of O2

3.5 moles of CH:0H=

=5.25 moles of O,
So the number of moles of O, consumed = 5.25 moles
(b) No. of Moles of CH,OH=3.5 moles

No. of Moles of H,O =?
According to balanced chemical equation
2 moles of CHsOH =4 moles of H20
1 moles of CH3OH = 4/2 moles of H20

3.50x4
3.5 moles of CHzOH = 7 moles of H,0

=7.00 moles of H,O
So the number of moles of H,O produced = 7.00 moles

moles of O,

ﬁ Self Check Exercise 1.1

NHs is an important raw material in the manufacture of fertilizers. It is obtained by the
combination of N, and H, as shown by the following balanced equation.

Nyg + 3Hyq
How many moles of the following are required to manufacture 5.0 moles of NH, ?

(a) Nitrogen (b) Hydrogen
(Ans: (a) N, =2.5 moles (b) Hz = 7.5 moles)

— 2NH,,

1.2.3 Stoichiometric Calculations

Example 1.2
Iron can be produced from iron ore Fe,O, by reacting the ore with carbon monoxide

(CO).Carbon dioxide (COZ) is produced in this reaction as a by product.What mass of iron
can be formed from 425 g of iron ore?
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Solution
The balanced equation can be written as
Fe,O, + 3CO —— 2Fe + 3CO,
Mass of iron ore = 425 g (given mass)
mass _ 4254
molecularmass  159.6 g moles™

= 2.66 moles of Fe203
According to balanced chemical equation

No of moles of iron ore =

1 mole of Fez03 =2 moles of Fe
2.66 moles of Fe203 = 2.66 x 2Moles of Fe = 5.32Moles of Fe
Mass of Fe produced = no. of moles of Fe x Molar mass of iron
=532 .559¢

Mass of iron produced

ﬁ Self Check Exercise 1.2

The main engines of the U.S. space shuttle are powered by liquid hydrogen and liquid
oxygen. If 1.02 x 10° kg of liquid hydrogen is carried on a particular launch, what mass of
liquid oxygen is necessary for all the hydrogen to burn. The equation for the reaction is,

2H, + O, ——> 2H,0
(g) (@) (g)

(Ans: 8.16 x 10° kg oxygen)

Example 1.3
Calculate the no of molecule of O, produced by thermal decompasition of 490 grams of
KCIO,

Solution:
The given mass of KCIO,
Formula mass of KCIO,
No. of moles of KCIO,

490 g
122.5 g mole-!
490/122.5

4 moles
According to reaction, 2KCIO, — 2KCI + 30,

2 moles of KCIO, = 3 moles of O,

4 moles of KCIO, 32 x 4

6 moles of O,

1 mole of O2 = 6.02 x 10?° molecules of O,

6 moles of O2= 6 x 6.02 . 10% molecules of O,
=3.612 . 10?* molecules of O,

1

Example 1.4
20g of H,S0, on dissolving in water ionizes completely. Calculate
a) No of H,SO, molecules
b) No of H* and SO
c) Mass of individual ion
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Solution
a. Mass of H,SO, = 20g
Molar Mass of H,SO, = 98.016g mole!

Mass of H,SO,
Molar Mass of H,SO,

No of molecules of H,SO, X 6.02x10%

= _20_  6.02x10%
98.016
= 1.228x 1023
b. H2S04dissolves in water as follows:
H,SO, ——2H" +SO7
According to equation
1molecule of H,S0, =2H"ions
1.228x10% molecules of H,SO, =2 x 1.228 x 10*H" ions
= 2.456 x10*H'ions

As  1molecule of H,SO, =1 SO4+* ions

So, 1.228x10% molecule of H2S04= 1.228x10%% S04 ions
c. Mass of individual ions = No. of ions
6.02 x<10%
Mass of H+ = 2.456x10%
6.02<10%

= 0.411g
Mass of SOi =1.228 x10% < 96

6.02x10%

= 19.58¢g

x Molar mass of an ion

=% 1.008

Molar Volume

One mole of any gas at STP (standard temperature and pressure) occupies a
volume of 22.414 dm?. This volume is called Molar volume. With the help of this
relationship, we can convert the mass of a gas at STP into its volume and vice versa. Hence
we can say molar volume of gases is also related with their density at STP (see section 4.4.3).

22 414 dm°® of any gas at STP =1 mole =6.02 . 10% molecules.

22414 dm3of H, gasat STP =2g =6.02 . 10?3 molecules.

22.414 dm3 of NH, gasat STP=17g  =6.02 . 102> molecules.

Example 1.5

Determine the volume that 2.5 moles of chlorine molecules occupy at STP.
Solution:

We know that

22.414 dm? of Cl2 (Chlorine) at STP = 1 mole

or 1 mole of Cl2 occupies a volume of 22.414 dm3 at STP.
2.5 mole of Clz occupy a volume of 22.414dm?. 2.5 = 56.035 dm?
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ﬁ Self Check Exercise 1.3

(a) How many moles of oxygen molecule are there in 50.0 dm?® of oxygen
gas at S.T.P?
(b) What volume does 0.80 mole of N, gas occupy at S.T.P?

(Ans: (a) 2.23 moles, (b) 17.93 dm?)
1.3 PERCENTAGE COMPOSITION

The relative amounts of each element in a compound are expressed as the percentage
composition. For example the percentage composition by mass in MgO is as follows,

To determine the percentage composition of a known compound,
I) Calculate the molar mass of compound
Il) Calculate the percentage of each element in one mole of the compound.This is done by
dividing the mass of each element in one mole of the compound by the molar mass multiplied
by 100.
massof elementin1mole of compound 5

molar mass of compound

1.4 LIMITING AND NON LIMITING REACTANTS

The reactant that is consumed completely in a chemical reaction is called limiting
reactant. Also it can be defined as the reactant which produces the least number of
moles of products in a chemical reaction. The reactant left un-used or un-reacted after
completion of reaction is called Reactant in excess or Non Limiting reactant.

% of an element = 100

1.4.1 Identification of a Limiting Reactant in a Reaction:

A limiting reactant can be recognized by calculating the number of moles of products
formed from data of the given amounts of the reactants, using a balanced chemical equation.
The reactant, which produces the least number of moles of products, is the limiting reactant.

For example, 10 moles of H, and 7 moles of O, were reacted to produce H,0. Which

one of the reactant is the limiting reactant? We can calculate as follows:
The reaction is 2Hzg + Oz — 2H20¢)
Stoichiometrically,
According to balanced chemical equation
(i) — 2H, = 2H,0
i.e. 2 moles of H, 2 moles of H,0

10 molesof H, = %x10=10moleSOfH20
(ii) 0, = 2H.0

i.e. 1T mole of O, 2 moles of H,0
so, 7 moles of O, 2 x 7 =14 moles of H,0

Since H, gives the least number of moles of H,0, i.e. 10 moles, so H,, is the limiting reactant.
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Example 1.6

200 g of K,Cr,0, were reacted with 200g conc. H,SO, .Calculate

(A) Mass of atomic oxygen produced

(B) Mass of reactant left unreacted

K,Cr,0, + 4H,50, —>K,SO, + Cr,(S0, ), + 4H,0 + 3(O)

Solution:
(@) Mass of K,Cr,0, = 200g
Formula Mass of K,Cr,0O, = 294g mole™
200
No of moles of K,Cr,O, = o8
= 0.68 moles
Mass of H,SO, = 200g mole™
Formula Mass of H,SO, = 98g mole™
No of moles of H,SO, = 200
98
= 2.04 moles
K,Cr,0, +4H,S80, —K,SO, +Cr,(SO,), +4H,0 + 3[0]

0.68 2.04
moles moles
According to balanced chemical equation
1 mole of K,Cr,0O, = 3 moles of [O]

0.68 mole of K,Cr,O, 3%0.68 moles of [O]
2.04 moles of [O]
4 moles of H,SO, 3 moles of [O]

2.04 moles of H,SO, = %xg_m

= 1.53 moles
As H,S0, is producing lesser moles of product so, H,SO, is the limiting reactant.

Mass of atomic oxygen is = No. of moles of oxygen atom x atomic mass
=153x16=244¢
b)  Inthis problem H,SO, is the limiting reactant and K,Cr,O, is the reactant in the excess
We have 0.68 moles of K,Cr,0, and 2.04 moles of H,SO,

According to the reaction,

4 moles of H,8O, = 1 mole of K,Cr,O,
2.04 moles of H,S0O, = 1204
4
= 0.51 moles of K,Cr,0O,
No of moles of K,Cr,O, left unreacted = 0.68-0.51
0.17 moles

Mass of K,Cr,O, No of moles x Formula Mass of K,Cr,0O,

0.17 x 294 = 49.98
49.98g

So Mass of K,Cr,O, left unreacted
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Example 1.7

Magnesium metal reacts with Sulphur to produce MgS. How many grams of magnesium

sulphide (MgS) can be made from 1.50g of Mg and 1.50g of sulphur by the reaction?

Mg+S——MgS
Solution:
Mass of Mg =1.50g
1.50
No. of moles of Mg = ETR = 0.0625 males
Mass of S =1.50g
1.50
No. of moles of S = 3— = 0.0468 moles
Mg+S—>MgS
i.e. 1 mole of Mg =1 mole of MgS
so, 0.0625 moles of Mg = 0.0625 moles of MgS
also, 1 mole of S =1 mole of MgS
so, 0.0468 moles of S = 0.0468 Moles of MgS
Since S gives the least No of moles of products as compared to Mg, so it is the limiting
reactant.
Now we calculate the mass of MgS in grams.
Mass of 1 Mole of MgS =24+32 = 56g
Mass of 0.0468 Mole of MgS =56 x 0.0468g = 2.620g

(1)

Self Check Exercise 1.4
Zinc and Sulphur react to form Zinc Sulphide according to the following

balanced chemical equation = Zn +S —— ZnS

If 6.00g of Zinc and 4.00g of Sulphur are available for reaction, then determine
(@)  The limiting reactant.
(b)  The mass of Zinc Sulphide produced.
(Ans. (a) Zincis the limiting reactant since the whole is consumed.
(b) Mass of Zinc Sulphide produced = 8.95g)
Aluminium reacts with bromine to form Aluminium bromide, as shown by the
balanced chemical equation, 2Al + 3Br, —— 2AIBr,

If 15.8g of Al and 55.6g of Br, are available for reaction, then determine
(@) The limiting reactant (b) The mass of AlBr, produced
(Ans: (a) Bromine is the limiting reactant. (b) Mass of AIBr, formed = 61.99

1.4.2 Amount of Reactant Present in Excess in a Reaction

During a reaction in which two reactants are reacted sometimes one component is
consumed completely and some amount of other reactant is left unreacted. The reactant which
is consumed completely during the reaction is called Limiting Reactant and the reactant whose

some amount is left unconsumed is called “Reactant in Excess”.
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The concept of reactant in excess may be more clear by studying the following sample
problem.
Example 1.8

Suppose 1.87 moles of ammonium chloride were reacted with 1.35 mole of calcium
hydroxide. How many grams of calcium hydroxide are left unreacted in this reaction?
Solution:  According to the reaction,

Ca(OH), + 2NH,Cl——CaCl, +2NH,OH

Let us calculate the no. of moles of Ca(OH),in above example that reacts completely
with 1.87 moles of NH,CI.
2 moles of NH,CI

1 mole of Ca(OH),

1.87 moles of NH,Cl = % x 1.87
= 0.935 moles of Ca (OH)2
So, no. of moles of Ca(OH), consumed - 0.935 moles
And no. of moles of Ca(OH), initially present = 1.35 moles
So, no. of moles of Ca(OH), unreacted = 1.35-0.935
= 0.415 moles
Molar mass of Ca(OH), = 74

Mass of Ca(OH), = No. of moles x Molar mass
Mass of Ca(OH), = 0.415 x 74
= 30.71g
Result: The excess amount of Ca(OH),, which is left unreacted is 30.71g.

1.5 THEORETICAL YIELD, ACTUAL YIELD AND PERCENT YIELD

“The quantity of a product calculated from a balanced chemical equation is called
theoretical yield of the reaction”. The quantity of a product that is actually produced in a
chemical reaction is called the actual yield.
The percent yield can be calculated as,
ActualYield
Theoretical Yield

There are many reactions for which the actual yield is almost equal to the theoretical
yield. Such reactions are quantitative, i.e., they can be used in chemical analysis. On the other
hand, for some reactions, particularly those involving organic compounds, the actual yield of a
reaction is less than the theoretical yield and percent yield, less than 100 %.

The actual yield may be less than the theoretical yield due to following reasons,

i) Side reactions may produce by-products
i) Some reactions are reversible
iii) Mechanical loss takes place due to filtration, distillation, and separation by
separating funnel, washing and crystallization etc.
Example 1.9
In an industry Copper metal was prepared by the following reaction,

Zng + CuSQO,,y — ZnSO4( + Cu(s)

Percentage Yield=

aq)
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1.274g CuSO, when reacted with excess of Zn metal a yield of 0.392g of Cu metal is
obtained. Calculate the percentage yield.
Solution:
Mass of CuSO, given =1.274g
Now we convert the no of grams of CuSQO, into no. of moles.
Molecular mass of CuSQO, =63.5 + 32 + 64 = 159.5 g/mole
159.5g of CuSO, =1 mole

1.274 g of CuSO, =—x1.274

159.5

= 7.98210°moles.

Stoichiometrically

1 mole of CuSO, =1 mole of Cu
7.98 x 10 moles of CuSO,  =7.982 X 10°moles of Cu.
as, 1 mole of Cu =635¢g
s0, 7.982 x 102 moles of Cu =63.5x7.982 x 107
=0.5072 g of Cu.
Hence, Theoretical yield =0.5072 g
Actual yield =0.392¢g
A iel
So, % yield ctulgeld . 100

Theoretical yield
= L'ng x100 =77.3%
0.5072
Example 1.10
In a reaction, 2.00 moles of CH, were reacted with an excess of Cl,. As a result, 177.0 g
of CCl, is obtained. What is the
(a) theoretical yield (b) actual yield (c) % yield of this reaction?
Solution:

Reactionis, CH,,

+4Cl,,,— CCl,, + 4HCl

Stiochiometrically,
From 2.0 moles of CH,, we would expected to obtained 2.0 moles of CCl,

(a) Theoretical yield = 2.0 moles of CCl,
Mass of CCl, = No. of moles x molar mass
=2x 154 = 308g
(b)  Actual yield =177.0g of CCl4
(c) Percent Yield:
. Actual yield
% yield = x 100
o Theoretical yield
1FT
% Vi =—— x 100
Yo yield 308

=57.46 %
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ﬁl Self Check Exercise 1.5

1. The overall balanced equation for the production of ethanol (CEHEOH)from glucose is

as follows:
CBH,ZOB(BQ) — 2CZH50H‘aq) + ZCOQ@

(a) Whatis the theoretical yield of ethanol available from 10.0 g of glucose?
(b) If in a particular experiment, 10.0 g of glucose produces 0.664 g of ethanol,
what is the percentage yield?
(Ans: (a) Theoretical yield of ethanol = 5.152g (b) Percentage yield = 12.89 %)
2. Solid carbon dioxide (dry ice) may be used for refrigeration. Some of this carbon
dioxide is obtained as a by-product when hydrogen is produced from methane in the
following reaction.

CH4(9)+ 2H20(9) E COZ(G) +4H2(9)

(a) What mass of COz should be obtained from 1250 g of methane?
(b) If the actual yield obtained is 3000 g then what is the percentage yield?
(Ans: a=34375g b=87.3%)

References for additional information
» James Brady and John R. Holum, Chemistry, The studies of matter and its changes.
» Theodore L. Brown, H. Eugene LeMay Jr and Bruce E. Bursten,
Chemistry, The central Science.
* Rose Marie Gallagher and Paul Ingram, Complete chemistry.
» Graham Hill and John Holman, Chemistry in Context
= E. N. Ramesden, Calculations for A-Level chemistry.

<,

1. Select the most suitable answer in the following MCQs.
i How many molecules are there in one mole of H,0?

(a) 6.023x10° (b) 6.023x10%
(c) 1.084x10' (d) none of these

ii. A flask contains 500 cm?® of SO2 at STP. The flask contains;
(a) 40g (b) 100g

(c) 50g (d) 1.427g
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vi.

Vii.

viii.

Xi.

Xii.

xiii.

il7r

A necklace has 6g of diamond in it. What are the numbers of atoms in it?

(a) 6.02x10% (b) 12.04x10%

(c) 1.003x10% (d) 3.01x10%

What is the mass of aluminium in 204 g of the aluminium oxide, Al,O, ?

(@) 269 (b) 279

(c) 54¢ (d) 108 g

The reactant which is consumed earlier and gives least quantity of product is called;
(a) Reactant in excess (b) Stoichiometry

(c) Limiting reactant (d) Stoichiometric amount

Which one of the following compounds contains the highest percentage by mass of
nitrogen?

(@) NH, (b) N,H,

(c) NO (d) NH4OH

Vitamin-A has a molecular formula C,,H,,O. The number of vitamin-A molecules in
500 mg of its capsule will be;

(a) 6.02x10% (b) 1.05%x10*

(c) 3.01x10% (d) 3.01x10%

When one mole of each of the following is completely burnt in oxygen, which will
give the largest mass of CO27?

(a) Carbon monoxide (b) Diamond

(c) Ethane (d) Methane

One mole of ethanol and one mole of ethane have an equal;
(a) Mass (b) Number of Atoms

(c) Number of electron (d) Number of molecules

Methane reacts with steam to form H,, and CO as shown below,
CH,y* HOy — CO, + 3H,
What volume of H, can be obtained from 100 cm® of methane at the standard
temperature and pressure?
(a) 300 cm?® (b) 200 cm?®
(c) 150 em?® (d) 100 cm?®
The Avogadro’s constant is the number of
(a) Atomsin 1g of Helium (b) Molecules in 35.5g of Chloride

(c) Electrons needed to deposit 24g of Mg
(d) Atoms in 24g of Mg

How many moles of oxygen ate needed for the complete combustion of two moles
of butane?

(a) 2 (b)8 (c) 10 (d) 13
If four moles of SO, are oxidised to SO,, how many moles of oxygen molecules are
required?

(a) 0.5 ®) 1.0 (c) 15 (d) 2.0
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The relative atomic mass of chlorine is 35.5. What is the mass of 2 moles of
Chlorine gas?

(a) 142g (b) 71g (c) 35.5¢ (d) 18.75g

Which of the following statements is incorrect?

(a) 12g of carbon gas contains one mole of atoms

(b) 289 of nitrogen gas contains one mole of molecules of N,

(c) 1 dm?® of a 1.0 mole dm™ solution of NaCl contains one mole of Chloride ions

(d) None of above

One mole of propane has the same;

(a) Number of H-atoms as one mole of methane (CH,)

(b) Number of C-atoms as in one mole of butane (C,H,,)
(c) Mass as half a mole of hexane (C_H,,)
(d) Number of molecules as in one mole of ethane (CH,)

What is the mass of one mole of lodine Molecules?
(a) 254 ¢ (b) 7449 (c) 106g (d)y 127 g
What volume of SO, at room temperature and pressure is produced on heating

9.7g of Zinc Sulphide (ZnS) if reaction takes place as follows:

2ZnS,+ 30,,—>2Zn0,,+2S0,,
(8 1.2dm? (b) 2.4 dm?
(c) 3.6dm? (d) 4.8dm?

Answer the following questions briefly:

i
ii.
iii.
iv.
V.
Vi.
Vii.

viii.

Xi.
Xii.
Xiii.

(a)
(b)

58.5 amu are termed as formula mass and not molecular mass of NaCl. Why?
Concept of limiting reactant is not applicable to the reversible reactions. Explain.
How many covalent bonds are present in 9g of H,O ?

Differentiate between limiting and non-limiting reactants.

How many molecules of water are there in 12 g of ice?

Which contains more atoms, 1 mole of Fe or 1 mole of H2? Justify your stand.

Give reason that 1 mole of different compounds have different masses but have the
same number of molecules.

23g of sodium and 238g of uranium have equal number of atoms in them.

Calculate the weight of oxygen gas evolved when 5.0 g of KCIO,are completely

decomposed thermally.

What is the relationship between mass and volume of a gas at S.T.P?

The actual yield is lesser than the theoretical yield. Give reasons?

What are the representative particles in one mole of a gas at S.T.P?

What is Stoichiometry and Stoichiometric amounts?

What is Avogadro’'s number? Give examples. How will you explain moles with the
help of Avogadro’s Number?

The liquid CHBr, has a density of 2.89 g cm. What volume of this liquid should be

measured to contain a total of 4.8 x 10** molecules of CHBr,.  (Ans: 696.8 cm?)
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(a) Differentiate between actual yield and theoretical yield.
(b) The following reaction never goes to completion. Therefore less amount of NH3 is

(a)

(b)

(@)
(b)

obtained than expected theoretically,
Ny +3H,q —2NH,

42.0 g of H, produces 120.2 g of NH3. Calculate the percentage yield of NH3.
(Ans: 50.5 %)

What do you know about percentage composition? How will you determine the

percentage of each element in the substance?

Glucose (CGH1205) is the most important nutrient in the cell for generating chemical

potential energy. Calculate the mass percentage of each element in glucose.

(Ans: C=40%, H=6.66%, O=53.33%)
How will you calculate the theoretical yield and percentage vyield in a balanced
chemical equation?
A small piece of pure Al Metal having a volume of 2.50 cm? is reacted with excess
of HCI. What is the weight of Hz liberated? The density of Al is 2.70 g cm™,

(Ans: 0.752qg)

How much Silver Chloride will be formed by mixing 120.0 g of Silver Nitrate with a
solution of 52.0 g of NaCl?

AgNO, + NaCl—— AgCl+NaNO,
(Ans: 101.24 g)



ATOMIC STRUCTURE

After completing this lesson, you will be This is 10 days lesson
able to: (period including homework)

» Define proton as a unit of radiation energy.

« Use the Bohr's model for calculating the radii of orbits.

« Explain production, properties, types and uses of X-rays.

» Describe the concept of orbitals.

e Distinguish among principal energy levels, energy sub levels, and atomic orbitals.
e Describe the general shapes of s, p and d orbitals.

* Describe the hydrogen atom using the Quantum Theory.

* Describe the orbitals of hydrogen atom in order of increasing energy. Summarize the Bohr’s atomic theory
« Use the Bohr's model for calculating energy of electron in a given orbit of hydrogen atom.

* Relate energy equation (for electron) to frequency, wave length and wave number of radiation emitted or
absorbed by electron.

« Explain the significance of quantized energies of electrons.
« Relate the discrete-line spectrum of hydrogen to energy levels of electrons in the hydrogen atom.

e Use the Aufbau Principle, the Pauli Exclusion Principle, and Hund’'s Rule to write the electronic
configuration of the elements. Explain the sequence of filling of electrons in many electron atoms.

+ Write electron configuration of atoms.

INTRODUCTION

A series of discoveries beginning during the later part of 19" century have modified the
Daltonian concept of the atom by demonstrating that an atom is a complex unit made up of
similar discrete parts. Atoms are not simple, compact bodies as supposed by Dalton but are
complex systems composed of several fundamental particles of matter. The modern theories
have proved that an atom is made up of about 100 particles out of which electrons, protons
and neutrons are whole time existing and important particles.

We need to understand atomic structure in order to understand chemical bonds that
hold atoms together and chemical reactions.

The atoms are made up of sub-atomic particles, electron, proton and neutron. These
three particles are called elementary or fundamental particles as they are building blocks of all
atoms. Many of the characteristics of an atom are dependent upon these three particles. The
only atom which do not contain neutron is protium (hydrogen). Many other particles such as
neutrino, antineutrino, positron, pions and muons have also been discovered. Many of them
are unstable and exist for a fraction of second only.
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2.1 DISCHARGE TUBE EXPERIMENTS

2.1.1 Cathode Rays (discovery of electron)

A gas discharge tube is fitted with two metallic electrodes, as cathode and anode. The
tube is filled with a gas, air or vapour of a substance at any desired pressure. The electrodes
are connected to a source of high voltage battery. The tube is attached to the vacuum pump as
shown in the diagram (2.1). In the beginning an electric current was passed through the gas in
the discharge tube at ordinary pressure.

The gas in the tube was not affected _— Ef::e‘;fgre Graen Glow
even at high potential of 5000 volts. tube —a

However, the gas was discharged from “ge00000 ¢ ;

tube up to a low pressure of 0.01 torr, —l " |—'
and was connected to high voltage of ¥ cathode rays
5000-10,000 volts. It was observed that L r,ur'}:u Anode

at very low pressure of 0.1 torr and high ¢ ¢

potential, the gas becomes conductor, sl e

current starts to flow through the gas and ﬁ )

gas starts to emit light (modern example | [-_+ | High voltage generator
of such a discharge tube is “a neon o

sign”). When the pressure is reduced Fig. 2.1: A discharge tube

even further upto 0.01 torr, emission of light by the gas ceased, certain rays were given out
from cathode and travel towards anode. Such rays were called cathode rays because they
originate from cathode. J.J. Thomson first identified the electrons in cathode ray tube (electric
discharge tube) in 1887. Many other scientists like Faraday & Crookes studied the effects of
passing electric current through a gas. As a result a sub-atomic particle with a negative charge
was discovered.

Through different discharge tube experiments electrons were discovered by J. J.
Thomson in 1887 (but the name electrons was given by Stoney in 1886).

Properties of Cathode Rays

Some systematic studies were made by certain scientists in order to investigate the
properties of cathode rays. These properties are mentioned below.

Cathode rays are negatively charged particles. J-Perrin (1895) showed that cathode
rays are deflected in a magnetic field. J.J. Thomson (1897) proved that these rays can be
deflected towards anode showing that they are negatively charged. They produce a greenish
fluorescence on striking the walls of the glass tube.

Hittorf (1869) proved that cathode rays cast a sharp
shadow when an opague object is placed in their path. This
proves that they travel in straight line perpendicular to the
surface of cathode.

They can drive a small paddle wheel placed in their
path. This verifies that they are material particles and have
certain momentum also.

Theyl can prO(.juce X-rays \At'hen they strike on an Fig) 2.2: Cathods fays casting
anode, particularly with large atomic mass. They produce shadow of an opaque object
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heat when they fall on a platinum foil and foil begins to glow.
They can ionize gases. They can cause a chemical change
in a material on which they fall. They are capable of
penetration in metallic sheets like of Aluminium or Gold.

J.J. Thomson determined charge to mass ratio (e/m)
of an electron. He concluded that all atoms contain electrons.

The value of e/m is 1.7588 x 10" Coulombs kg'. Whatever
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the gases and the vapour in the discharge tube, the cathode
rays and the electrons are always the same. This proves that
electrons are present in all atoms.

Fig. 2.3: Cathode rays moving a
small paddie wheel

Measurement of charge to mass ratio (e/m) and charge of an electron:

(J. J. Thomson’s cathode rays experiment 1897)

J. J. Thomson subjected a beam of cathode rays
(electron particles) to see the effects of electric and magnetic
fields as shown in figure 2.4.

In the beginning, in absence of any electric or
magnetic field, the electrons from cathode rays struck the
fluorescent screen at B. Then under the effect of electric
field, they strike at point A. Similarly they strike at point C
under the influence of magnetic field only. Now electric and

The apparatus to
determine e/m ratio ’
of electron. ; ey

Fig. 2.4 Cathode rays in electric
and magnetic rays

magnetic fields were adjusted in such a way that the electron again strike at point B.
In this way by comparing the strength of the two fields, he determined the e/m value of
an electron which is 1.7588 x 10" Coulombs kg'. This means that 1 kg of electrons have

1.7588 x 10" Coulombs of charge.

Measurement of charge on Electron (Millikan’s oil drop experiment 1909)

R.A. Millikan Succeeded ——
. . onmizer
in measusring the charge of ~

Oil sprayed in fine droplets

S

electron with great precision in
1909. Millikan constructed a box
which consisted of two
chambers. The upper chamber
was filled with air whose
pressure was adjusted by a
vacuum pump. There were B
installed two electrodes Aand A",
The electrodes were attached

with electricity to generate an Telescopic
electric field in the space Eyeplece
between the electrodes. The

upper electrode had a hole in it

\Q_mder observation

Charged oil droplet

4+~ Pinhole

|| X rays to produce
1| charge on oil droplet

Electrically charged
‘/ brass plates

as shown in the diagram. A fine
spray of oil droplets was created

Fig. 2.5: Millikan’s oil drop experiment
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by an atomizer. Few droplets entered the hole. Then the hole was closed. An arc lamp was
used to illuminate the space between the electrodes. The droplet fell under the force of gravity.
The velocity (V1) of the droplet was determined depending upon its weight.

Viee mxg e (1)

Where m is mass of particle and g is acceleration due to gravity.

After that the air between the electrodes was ionized by X-rays. The droplet under
observation took up an electron and got charged. Then A and A' were connected to a battery
which generated an electric field having a strength E. The droplet moved upwards against
gravitational force with a velocity Va.

i.e. V2 a Exe-mxg - (2)

Where E is strength of electric field and e is charge on electron.

Dividing Eq. (2) by Eqg. (1)

V,  mg
V, Ee-mg

If V1, V2, g and E are known, mass of an electron can be determined by varying the
electric field in such a way that the droplet is suspended in the chamber. Hence “e” can be
calculated which is 1.6022x10"° coulombs.

Determination of Mass of an Electron

We know that % = 1.7588 x10"'Coulomb kg™
but e  =1.6022x10""Coulomb
1.60x107°C  1.7588x10""Ckg""
m B 1
or  mx1.7588x10"C kg = 1.60x10™"°C
1.60x10™°C

1.7588 ><11E}CI‘:g'1
m = 9.1095=<10 %'kg

Example 2.1 How much heavier is the H-atom as compared to an electron?
Solution: as we know that
Mass of H atom 1.6736 x 10?7 kg
Mass of electron 9.1095 x 1031 kg

Mass of H—atom  1.6736x10*'kg/H atom _ 1837

Mass of electron  9.1095x10'kg/ electron 1

Hence Hydrogen atom is 1837 times heavier than an electron.
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2.1.2 Positive Rays or Canal Rays (discovery of proton)

In 1886 Goldstein, a German Physicist discovered proton in cathode ray tube.
In a discharge tube, atoms or molecules
lose electrons forming positive ions. Typical
example is of ionization of Neon gas.

Cathode rays

—

Positlve (Canal) rays

Anode

Cathode with holes
(plerced disk)

Ne — Ne'' + e
It is observed that the positive ions move
towards cathode in a discharge tube.

Electron Gas molecules
Construction and Working To vacuum pump Positive ion
Abogt one metre Igng tUb? was Fig. 2.6 Positive particles moving towards cathode in a
taken which was provided with a discharge tube,

perforated cathode as shown in the
diagram. The electrodes were connected to a high voltage battery.

Atom being electrically neutral must contain equal number of positive and negative
particles. When electric current was passed through the gas under reduced pressure, some
rays are produced from cathode which traveled away from cathode. Such rays ionize the gas
in the middle of the discharge tube. They knocked out electron from the gas molecules. As a
result positive ions were produced, which start moving towards the perforated cathode.

M— M +e
He —He'' + e

Since these rays passed through the canals (small holes) of cathode so they were also
called as “Canal rays”. Later on they were called Positive rays because they carried positive
charge.

Properties of Positive Rays
Positive rays have the following properties:
1) They travel in straight line perpendicular to the anode surface.
2) They can be deflected by electric field.
3) Their deflection is towards cathode showing that they are positively charged.
4) They produce flashes on ZnS plate.

5) Their € ratio is smaller than that of an electron.

m
6) The € ratio depends upon the nature of the gas. The highest € is obtained if
m m

Hydrogen gas is present in the tube.

7) The mass of a +ive particle is never less than that of a proton.

8) The positive particle obtained from H2 gas is the lightest among all the positive
particles.

9) A particle obtained from positive rays is called proton, a name suggested by
Rutherford.

10)The mass of a proton is 1837 times more than that of an electron.

As proton is present in all the atoms therefore proton is a common constituent of all matter.
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2.2 DISCOVERY OF NEUTRONS

After the discovery of electrons and protons in an atom, nothing
extra was known about it until 1932. Rutherford in 1920 predicted that
some neutral particles must also be present in it because he noticed that
atomic mass of atoms could not be explained if it were supposed that
atoms had only electrons and protons.

James Chadwick in 1932 performed an experiment and proved that
certain neutral particles also exist in nucleus of an atom and he was
awarded Nobel Prize in Physics in 1935 for this discovery.

Experiment by James Chadwick James Chadwick
A stream of a-particles produced from Polonium (Po) was directed at target metal foil 4Be”.

It was noticed that some penetrating radiations were produced. These radiations were
called neutrons, because the charge detector showed them to be neutral.

Vacuum
[ Beryllium (target)
Windows .
o = L e P o
&, ‘ l s
) — E A | |
- 1.3 . e ... —
s . | A ail :
— — 2 —_
| ﬁ Lead .
block
Polonium Paraffin wax Gas filled chamber
source (detector)

Fig. 2.7: a — rays bombarded on Beryllium sheet

The nuclear reaction is as follows:
4Be® + 2 He* (a-particles) — ¢ C'2 + o n’ (neutron).

Properties of neutrons
Neutrons have the following properties,

1. Free neutron decays into a proton with the emission of electron and neutrino.
on™ — 4 ap" + 1e% + on? (neutrino, particle of a small mass).
They cannot ionize gases.
They are highly penetrating particles.
When neutrons fravel with energy 1.2 MeV or more, they are called Fast Neutrons. And
when have energy below 1 e.V.,, they are called slow neutrons.
They are not deflected in electric and magnetic fields. Hence they are neutral in nature.
They can knockout high speed protons from paraffins, water, paper and cellulose.
Slow neutrons are more effective than the fast ones for the fission purposes.
When neutrons are used as projectile, they can carry out the nuclear reactions.

eg. N*+ n'——.B"+, He'
When slow moving neutrons hit the Cu metal, § — radiations are emitted.
,CU® +yn'——  Zn* +  e°(B—ray)

Because of their intense biological effects, they are used in the treatment of cancer.

Pobn

PNoO
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2.3 THE DISCOVERY OF NUCLEUS
(RUTHERFORD’S EXPERIMENT, 1910 - 11)

After the discovery of electron, proton and neutron in an atom, the next problem was to locate
their positions. Rutherford in 1910 performed an experiment by bombarding o— particles (:He*) from a
radioactive element (Ra or Pa) on a thin metallic foil (0.00004 cm thick) as shown by Fig 2.8. He
observed that most of the o - particles passed un-deflected. A few were deflected through various

angles

and a very few of them were deflected in backward direction as shown by Fig 2.8.

A beam
of alpha
particles

Non-deflected particles

small deflection
Deflected particles f

b W

! Most of the alpha
particles pass
“straight

Large deflection
Fluorescent screen
Nucleus

g
P . 4 A
/ hack
@ particle emitter : =.
Alpha v
*partidas Atoms of the

qold foil

Snooo00 00

Fig. 2.8: a-rays bombarded on gold foil

Rutherford’s Conclusions (Rutherford’s Atomic Model)

1.
2.

ook w

An atom consists of a small heavy positively charged portion called Nucleus.

There is a negatively charged portion which surround the nucleus containing electrons
called extra — nuclear portion or planetary.

The number of protons in the nucleus are equal to the number of electrons in the planetary.
The electrons revolve around the nucleus.

The centripetal force is equal to the electrostatic force.

Only a very small volume is occupied by the nucleus.

Defects of Rutherford Atomic Model
The defects of Rutherford Atomic Model are:

1.

Rutherford Atomic Model is based upon laws of motion and gravitation which are
applicable to neutral bodies but not to the charge bodies like electron and proton.

2. According to Maxwell’'s theory any charge particle moving in a circular path must radiate
energy continuously and ultimately the electron must be spiral into the nucleus and the
atom will collapse.

3. If electron emits energy continuously, it should form continuous spectrum. But actually, a
line spectrum is obtained.

2.3.1 Properties of three Fundamental Particles
Proton +1.6022x10°" +1 1.6727x107 1.0073 In the nucleus
Neutron 0 0 1.6750%x10% 1.0087 In the nucleus

Electron  —1.6022x107" -1 9.1095x 10" 5.4858x10“ Outside nucleus
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2.4 BOHR’S ATOMIC MODEL AND ITS APPLICATIONS

In order to remove the defects of Rutherford atomic model and the investigate the internal
structure of an atom, Neil Bohr, an English scientist (1913) proposed another possible structure
of an atom called Bohr’s atomic model. According to this model;

1. Electrons revolve around the nucleus in definite energy levels called orbits or shells.
2. Aslong as an electron remain in a shell it never gains or losses energy.
3. The gain or loss of energy occurs within orbits only due to jumping of electrons from one
energy level to another energy level.
AE=E,-E,
4. Angular momentum (mvr) of an electron is equal to nh/2x.

The angular momentum of an orbit depends upon its quantum number and it is an

integral multiple of the factor h/2rn

i.e. mvr=nh/2x Wheren=1,2,3, .....
2.4.1 Derivation of Radius of an Orbit of an Atom

Bohr derived expressions for the calculations of radius of centrifugal force=T¥"
nth orbit of an atom of hydrogen or ions like He*", Li*? etc. Foosof 41T 5e'

Let us consider an atom having an electron (e’) moving -z - f\ .

around the nucleus having charge Z e*, where Z is the atomic
number. Let m be the mass of electron, r the radius of the orbit and

v is the velocity of the revolving electron. Figure 2.9 Electron
According to coulomb’s law, the electrostatic force or revolving in an atom
Zetxe~ = Ze?

Coulomb’s force of attraction = - = -
4TE,T 4mE,T

Where €, (the vacuum permittivity constant) = 8.84 x 102 C2 J" m™".

2
my

Centrifugal force acting on the moving electron =T
These two forces are equal and opposite and balance each other. So,

my’ Ze* ;

el = =@ e (1)
m2 = 2%
4ne, r
7¢’ .
r = T . L s (2)

Thus we conclude that the radius of a moving electron is inversely proportional to the
square of its velocity.



28

Now we consider angular momentum. According to Neil Bohr,

mvr = BB ——— (3)
27

v — nh
2nmr

Taking square on both sides,
742
_n'h’
T 4n'm’r’
Putting this value of v2in (2),
Ze¢  Ar'm’r

v2

r 212
dre,m n'h

1 _ Ze’mm
T €gh?n?

or  Zeé*mnmr = €,n2h2
i =€, n’h?/Ze'mr (5)
Far hydrogen, Z =1
242
So, oo =SB 6)
Tme
or r = nao

2

where a, = <o h2 , a constant quantity having a value of

nme
0.529x10"m = 0.529 E\ (where 1/&: 1070 m)
So r = n?x0.529 A
Therefore radius of orbits having n =1, 2,---—- are as follows.
Whenn=1, r=12x05290A  =0529 A
When n =2, r=22x0.529£\ =4x0.529£\ =2.116;\

2.4.2 Derivation of Energy of an Orbit

2 2. Atomic Structure

The energy of an electron in an orbit is the sum of its potential energy and kinetic energy.

Emwtaa = K.E + P.E.

I Ze’
= (;mv) +

dre, r
]
Ze”
dre, r

Etota = ;m\f2 -
-

This potential energy is governed by the coulomb’s Law of Electrostatic force.



< 2. Atomic Structure 29

Putting the value of mv? from eq. (1) into eq. (7)

l 2 2
Etota = En = '( Ze” ]_ Ze

')
dldne r) 4dne v

_ e (1 % (1
_41'[601‘ 2 1 dne 1\ 2

== zed e (8)
Bne, r
Now putting the value of r from eq. (5) in to eq. (8)

En = _Zi mZe’
e, e, n’h’

mZ’e*
=S e 9)
For Hydrogen atom; Z=1
me*

_oomet [1
__865112 n’
4

e
i R -18
LY, 2.18 x 108 J

o

This value is obtained by putting the values of constants.

En =

But

1
En =-2.18% 10_18[?} J s (10)

k
=—¥7 where k =2.18 x 10718

The negative sign indicates decrease in energy of the electron.
The value of energy obtained is in Joules/atom. If this quantity is multiplied by
Avogadro’s No. and divided by 1000, the value of En becomes.

En= —% kd / mole.

n
This energy is associated with 1.008 gram-atoms of hydrogen.
fn=1,2,34,5......
then E1=-1313.35=-1313.35kJ mole™
.12
Er=-131335 = _ 328.32 kJ mole"!
2

Es=-1313.35 = — 145.92 kJ mole'

3
Eq=-1313.35=_ 82 08 kJ mole™’

Es =-1313.35 = - 52.53 kJ mole™
52
The first energy level when n = 1 is known as the ground state of the hydrogen atom. All
other energy levels are known as excited states.
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2.4.3 Difference of Energy between two orbits
B mZ’e’
8l n’i

AE
_ (_ mZ’e*

According to Eq. (9)
Let E+1 be the energy of the lower energy orbit n1 and Ez that of higher energy orbit nz,
=E2-E1
N mZz’e'
8e mh’ 8e n'h’
mZ’e’ " mZ’e!
Tosenihh 8 nk
mZ’e* 3 mZ’e*
8 ei nfhz 8 ei n,zzhz
2 4
mZe 11
8 Ei hz nlz' ng
.............. (11)

Then

For Hydrogen, Z = 1
4
mec
g 11
~AE Seihz[n_f_n_g]
me’ 518 x10%,
_met o
Tl -
AE=2.18><10-18J[L2__1;} .............. (12)
n; n;

Here,

2.4.4 Derivation of Frequency
According to Plank’s Quantum theory,
AE  =hv

hv' =218 %1078 J x {
n

again h =
9N R 82 h? |
e 1L _ 1| Hzorcycles sec”
8coh’ |7 " nl
(14)

or

2.4.5 Derivation of Wave Number (V)

The relationship between frequency (v) and wave number (5) is
V=ue

Where ¢ is the velocity of light.
Putting the value of v from eq. (13) in eq. (14)



v = I 1
or 3 s h _ n_} _________________________
me’
Putting values of constants, 3 he = R =1.09678 x 10" m™",

o

R called Rydberg'’s constant?

l_]=R I_L
n;  n;

" § = 1.09673x10?{1{}m4

nt o
Example 2.2
Calculate the value of & of H — atom.
Solution
We know that a, = S h
zme?
The values of the constant are:
€0=8.854 x 1012 C2 J' m"" h=6.626 x 103 Js
n=3.142 m = 9.11 x 103" kg
e=1.60x 10" C.
Putting these values in equation, a, = = nzfjl

a 8.854x107" x(6.626x10™ )
° 3.142x9.11x 107" x(1.60x107"° )

529%10'm = 0.529A

Example 2.3
Calculate the radius of 3" orbit of electron in H-atom.
Solution
mSag n?
As a_ =529x10" m. and n=3
r¥ = (3)?x 5.29 x 10""m
=9x529x10"m
=47.61x 10""m =4.761 E‘\
Example 2.4
Calculate energies of n1 for (i) 2He* (ii) aLi*?
Solution:
En=- P where k s

= 2 72 2
n? 8e, h'n
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(i) Z=2 forzHe",

i_ 2. Atomic Structure

Then E - (2K
He' 12
or g __4x218x10™ =_8.72 x 10-184.
He 1
(ii) Z=3 for sLi*2
E _—.OK E . __9%2.18x10"J
T e T
=-1.962 x 1017 J.
Example 2.5
How much energy is required to make electron of H-atom to jump fromn =2 ton=4.
Solution:
AE = EFinal — Einitial
Here ni =2, & nz =4
(lower energy orbit) (higher energy orbit)
So AE = S I
nd n
1 1
=k [z - ﬁ]
41
_ [_16 ]
But k=2.18 x 10718,
: AE=2.18><10'18><%J
= 4.08 x 1024

Self Check Exercise 2.1

atom.
(Hint consider n=1n2= oo)

1. Calculate how much energy is required in order to remove electron of hydrogen

2. Convert this energy into + and v (Ans: 3.288x10" s', 1.096x10

(Ans:2.18x10-"8J)

i

m-

2.4.6 Defects of Bohr’s Atomic Model

1. Bohr's atomic model is applicable to one electron system and cannot explain the origin of
the spectrum of multi-electrons or polyelectronic systems like He, Li, Be etc.

2. When a spectrum of Hydrogen gas is seen through a powerful spectrometer, the origin of
spectral lines are replaced by several very fine lines. i.e., original lines are divided into

other fine lines. Bohr's theory cannot explain this fine structure.

3. Bohr suggested circular orbits of electrons around the nucleus of H-atom. But it is proved
that the motion of electron is not in a single plane, but takes place in three-dimensional

space.

4. Bohr's theory cannot explain the effect of magnetic field (Zeeman Effect) and electric field

(Stark Effect) on the spectra of atoms.
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Zeeman’s Effect:
“The splitting of spectral lines of H-spectrum under the influence of magnetic field.”

Stark’s Effect:
“The splitting of spectral lines of H-spectrum under the influence of electric field.”

Bohr’'s picture of an atom is not satisfactory. In Bohr's atom, the electrons are
moving in orbits with specific velocities in specific radii. But according to Heisenberg’s
uncertainty principle, both the exact position and velocity of electron cannot be
measured simultaneously. In order to solve this difficulty, Schrodinger gave a wave
equation for hydrogen atom. According to him, although the position and velocity of an
electron cannot be found exactly, the probability of finding an electron can be ascertained.
The maximum probability is at a distance of 0.0529 nm.

The visual display or dispersion of the components of visible light, when it is
passed through a prism is called spectrum. These are two types of spectrum:

(a) Continuous Spectrum:

When the boundary lines between the colors cannot be marked it is called continuous
spectrum.

(b) Line Spectrum:

When the boundary lines between the colors are separately isolated and marked it is
called line spectrum.

2.4.7 Hydrogen Spectrum

When Hydrogen is enclosed in a container and heated, it emits radiation. These
radiation are actually emitted due to excitation and de-excitation of electron of hydrogen.
According to equation 186.

- R 1 1 m_T
b = TE e
ntom

With this equation, Bohr was able to predict the wave number in the hydrogen
emission spectrum and the electron transition (changes of energy levels) that occur in
hydrogen atom.

The wave number of different spectral lines can be calculated corresponding to the
values of n, and n, . In the hydrogen spectrum, different series of lines have been identified for

n, and n, values. These series are,

Lyman series n, = 1 n, = 2345...
Balmer series n, = 2 n, = 3,456 ...
Paschen series n, = 3 n, = 4567 ...
Brackett series n, = 4 n, =56,7,8 ...
Pfund series n = 5 n, =6,7,89 ...
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e Only the Balmer series was observed in the visible
e part of the spectrum. Lyman series lie in the ultraviolet
region while the Paschen, Brackett and Pfund series have
been observed in the infrared region.

Origin of Hydrogen Spectrum on the Basis of Bohr’s
s Model.

The first spectral lines were discovered in 1887 by
e | Lyman and Balmer. No satisfactory reason became
W5 g T available till 1913. Neil Bohr presented his explanation of

Fig. 2.10: Spectrum of hydrogen line spectrain 1913.
atom showing electronic transition to
give different series

According to Bohr when current is passed through
the hydrogen gas in the discharge tube at low pressure, the molecules of hydrogen break in to
atoms. These atoms absorb energy from the electric spark. The electrons of hydrogen atoms
are excited to high energy levels. The higher energy orbits to which the electron migrate
depend upon the amount of energy absorbed by the electron. Above diagram shows the
possibilities of movement of electron from lower to higher levels.

These excited electrons being unstable come back to one of the lower energy levels.
The electrons may come to the lowest energy levels. In this way they emit energy, they had
absorbed. Lyman series is produced when the electrons jump from n=2,3,4,5,6...etc to n=1.In
Balmer series the electrons from n=3,4,5,6....come back to n=2.

Let us calculate the various lines of Lyman series, Balmer series, Paschen series,
Brackett series and Pfund series from Bohr’s equation of wave number.

v=1.09678x107[ — — —]m"!
1 2

Lyman Series

The various lines in Lyman series got their explanation by considering that the
electronos of hydrogen atom fall back to n=1 from higher levels. The higher levels occupied by
the electrons due to the electric spark.

First line: =1 nz=2

b =1.09678x107 (5 — --)m™ = 82.26x10°m""
Second line: ni=1 nz=3

v =1.09678x107( — - )m'" =97.60x10°m”
Third line: ni=1 no=4

v =1.09678x107 (< — —)m" = 102.70x10°m"!
Limiting line: ni=1 nz= oo

> =1.09678x107 (% — —)m'=109.678x10°m"!
This limiting line shows that the energy difference between the first level and the infinite
level is the ionization energy of the hydrogen atom. All these lines of Lyman series have close
values. They appear in the form of a group. These values of wave numbers lie in the UV region

of the spectrum.
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Balmer series:
In this series the electrons fall back to n=2.

First line (Ha line): n=2 nz=3

v =1.09678x107 (5 — = )m" =15.234x10°m"!
Second line (HB line): ni1=2 nz =4

v =1.09678x107 (; — —)m™" =20.566x10° m"!
Third line (Hy line): ni=2 nz=25

v =1.09678x107 (5; — —;)m™ =23.05x10° m"
Limiting line: n=2 Nz = co

v =1.00678x107(5; — —)m™" =27.421x10° m"
All these lines of Balmer series are very close to each other and appear in the form of
group of lines. These lines lie in the visible region of the spectrum.

Paschen Series:
The electrons from higher levels fall back to n=3.

First line: ni=3 nz=4

v =1.09678x107(z; — ;)m™ = 5.3310x10°m"!
Second line: n=3 nz=5

v =1.09678x107(5; — = )m" =7.799x10°m"
Limiting line: n=3 nz=co

v =1.09678x107 (5 — —)m"=12.187x10° m"
These are again the groups of lines close to each other and appear in IR region.

Brackett series:
The electrons from higher levels fall back to n=4.

First line: n=4 n2=5 v=2.45x105m""
Second line: ni=4 nz=6 v=3.808x10°m""’
Limiting line: ni=4 Nz2= oo v=6.855%x105m"’

Pfund series:
The electrons from higher energy levels fall back to n=5.

First line: n=5 n2=6 v=1.340%105m""
Second line: ni=5 n2=7 p=2.148%10°m""
Limiting line: n=5 N2 = o v=4.387x10°m"’

2.5 PLANK’S QUANTUM THEORY

Max Plank (1900) proposed a theory about nature of light. According to this theory,

(a) Energy is not emitted or absorbed continuously. It is emited or absorbed in the form
of wave packets or quanta. In case of light the quantum of energy is often called
photon.

(b) The amount of energy associated with quantum of radiation is directly proportional to
the frequency (v) of radiation. i.e.

E av or E=ho (1)
where h = Plank’s constant and has a value of 6.625 x 10-3* Joules sec.
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(c) A body can emit or absorb energy only in terms of integral multiple of a quantum.

E = nhv wheren=1,2,3
Now v 1A
or v =clh

Where “A” is wave length and “c” is the velocity of light, a constant quantity.
Putting the value of vin eq. (1), we get

E=helx e (2)
Thus greater the value of A, smaller will be the energy.
Now w="TEs e (3)

Where y= wave number.
Putting the value of 1/ & ineq. (2), we get,
E = hcu
Thus energy of radiation is directly proportional to the frequency.
So, it can be concluded that the energy of photon is related to frequency,
wavelength and wave number. The number of waves passing through a point per
second is called Frequency. The distance between two adjacent crests or troughs

is called wavelength. It is expressed in ;\(Where A is an angstrom and one Angstrom
=10""m) orin nanometers (1 nanometre = 10 ~2m).
Example 2.6
A photon of light with energy 10-'° J is emitted by a source of light.
a) Convert this light in to the wave length, frequency and wave number of the photon in
terms of meters, Hertz and m™', respectively.
b) Convert this energy of photon into ergs and calculate the wavelength in cm, frequency
in Hz and wave number in cm.

Solution: (a)

Data: Energy of photon =019y
Wavelength = A =?
Frequency = 3] =?
Wave number = v =7

First of all we calculate v
Formula applied:

E = hv
and v = %
h = 6.625%x103Js

Putting the values of E and h
10719
6.625%10734]s
0.151x10"5s -
= 1.51x10W g
From v we can calculate wavelength A

v —
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Formula applied:

v

So, wavelength A

r

From . we can calculate wave number

Formula applied:

Wave number v

-3 T - |

- |n>’|ﬁ

3x108ms—1

1.51x1014s—1

1.98x10°m

1
A
1
1.98x107ém
0.50x1085m""
5x10°m™"

(b) Now we convert energy of the photon from joules into ergs;

1J
So E
h
Now calculate frequency in Hz

Formula applied:

Putting the values
v

L

107erg
10-'¥ x107erg = 10-"%ergs
6.625x10?%ergxs or erg.s

=lm

10_1291‘_95
6.625x10~27erg.s
0.151x1015s™
1.51x10"s"

Now we can calculate wavelength in cm

Formula applied:

Putting the values

Now calculate wave number in cm™!

Formula applied:

C
v

3x100%cms™1

1.51x1014s—1
1.98x10%cm

==

1.98x10™
5x10°cm™

37
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2.6 X-RAYS
— Wilhelm Roentgen (1895) accidentally discovered
emits electionsby o e that if cathode rays are pointed to fall on a heavy metal

thermionic emission anode

target, there are produced some penetrating short wave
length rays. He called them the X-rays. The X-rays are
electromagnetic radiations of very high frequency
depending upon the nature of anode. Oftenly a
tungsten filament is used for this purpose.

cathode

i Pd gﬁ il X-rays are emitted from the target in all
= . 1 " .
F § hiLehe ol ey directions. A small portion of them is used for useful

- : purpose through the windows. The wavelength of X-rays
F'9“"I’12-"‘ Catthlo‘:; Lk F:"'“ted at  produced depends upon the nature of target metal.
eavy metal (W, Cu etc.) Every metal has its own characteristic X-rays.

2.6.1 Atomic Number and X-rays
Moseley undertook a systematic and comprehensive study of X-rays in 1913. His

researches covered a range of wavelengths 0.04 — 0.08 A.

Moseley proved that the frequencies of X-rays increase in a regular manner from one
element to the other in the Periodic Table. He further suggested that the frequencies of these
rays are directly proportional to the no of protons in the nucleus. The no of protons in the
nucleus is called “Atomic Number”.

Moreover Moseley drew the following conclusions from the detailed analysis of spectral
lines which he obtained from 38 different elements. (from Al to Au) as targets in X-rays tube.

(@) The spectral lines could be classified into two distinct groups. One, which

belongs to shorter wavelength, called K-series and the other with longer
wavelength called as L-series.

(b)  If the target element is of higher atomic number the wave-length of X-rays

becomes shorter.

(c) A relationship between frequency (v) and atomic number (Z) of the elements is
given as

\/G =a(Z-Db)

This is called Moseley Law. Where a and b are called constant quantities. This law
states that the frequency of a spectral line in X-ray spectrum varies as the square of
atomic number of an element emitting it.

2.6.2 X-Rays, Atomic Numbers and Orbital Structure

In 1913 Henry G. J. Moseley, a student of Rutherford, used the technique of X-rays
spectroscopy (just discovered by Max von Laue) to determine the atomic numbers of the
elements, X-rays are produced in a cathode-ray tube when the electron beam (cathode ray)
falls on a metal target. The explanation for the production of X-rays is as follows: When an
electron in the cathode ray hits a metal atom in the target, it can (if it has sufficient energy)
knock out an electron from an inner shell of the atom. This produces a metal ion with an
electron missing from an inner orbital. The electronic configuration is unstable, and an electron
from an orbital of higher energy drops in to the half-filled orbital and a photon is emitted. The
photon corresponds to electromagnetic radiations in the x-ray region.
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2.6.3 Uses of X-Rays

1. X-rays have different penetrating powers for different types of matter. X-rays cannot
pass through metals, but they can pass through plastic, leather etc. easily. That' s why
they can be used for security purposes to photograph interior of objects.

They are used in medical radiography to locate fracture in the bones.

In England, in 1913 William Bragg and Lawrence Bragg used X-ray diffraction (XRD)
technique to study the crystal structure.

4, X-rays can be used to ionize gases.

2.7 THE QUANTUM NUMBERS AND ORBITALS

Schrodinger in 1926 gave an equation in which electrons are treated as moving with
wave like motion in the three dimensional space around the nucleus. It differs from Bohr's
atomic model in the sense that the electrons move in orbits. It also specifies the distance
between the electron and the nucleus.

The solution of Schrodinger's wave equation gives certain mathematical integers. These
sets of numerical values, which give the acceptable picture of an atom, are called Quantum
Numbers. There are four quantum numbers which can describe the electron completely.

1. Principal Quantum No. (n)

It determines the size of the orbit and the distance from the nucleus. Greater the
distance from the nucleus, larger will be the size of the arbit. The shells are named as,

If n=1—Kshell.

@nN

n=2—L shell.
n=3—M shell.
n =4 —N shell.

The number of electrons accommodated in an orbit is given by 2n2.
The no of electrons accommodated in various orbits are as follows,
K=2, L =8, M =18, N = 32.

The higher the value of n, the higher will be the energy of the electron and space
around the nucleus.
2. The Azimuthal Quantum No. (/)

It describes the shape of an orbital. Its value is always one less than that of value of
n. The various energy sub-levels (/) are s, p, d, f having at the most 2, 6, 10 and 14 electrons
in them respectively. They are designated as s for sharp, p for principal, d for diffused and f for

fundamental. The values of [ are:

[=0......... (n—1)
The maximum number of electrons in a subshell is given by a formula: 2(2(+1)
If, n=1(K), [ =0 (s), and e=2

n=2(L), [ =0(s)and 1 (p), and e=2,6

n=3(M), [=0¢(s)1p)and2(d) and e=2,6,10
n=4(N), [ =0(s), 1(p),2(d)and 3 (fland e=2,6,10, 14
From here we conclude that the number of orbit gives the no of orbitals.

ie. n=1(K) orbital =1s
n=2(L) orbitals =2s,2p
n=3(M) orbitals =3s,3p,3d
n=4(N) orbitals =4s, 4p, 4d, 4f,

The shapes of orbitals described by Azimuthal Quantum number are
s = spherical, p = dumbbell, d = sausage and f = complicated.
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3. Magnetic Quantum No. (m)
It explains the effect of an orbital in the magnetic field. It is related with Azimuthal
Quantum number as follows:

m= +( > 0 > —L

If | =0 (s), m = 0. It means that an s-orbital is spherical in shape because it is not
deflected in any particular direction on placing in a magnetic field.

If [ =1 (p), m=+1,0,-1. It means that a p—orbital can be deflected in three directions on
placing in a magnetic field. i.e. a p-orbital splits in to three degenerate orbitals in a magnetic field.

If [ =2 (d), then m =+2, + 1, 0, -1, —2. It means that a d—orbital can be deflected in
5—directions on placing in a magnetic field.

If [ =3 (f), then, m=+3, +2 +1,0, -1, =2, 3. i.e. an f—orbital can be deflected in 7—
direction in a magnetic field.

The whole discussion shows that magnetic quantum number determines the orientation
of orbital.

I ;
Magnetic N > s 4. Spin Quantum Number (s)

field It describes the direction of spin of an
_ _ _ electron. In 1925 Goudsmit suggested that an
f’;,{\ /,'.\‘\*\* ’(’:(,{\ /,'—\‘;\‘ electron while moving in an orbital around the
+i." ! v y :’ 7 1 | nucleus also rotates or spins about its own
LR Fi Tay) / axis either in a clockwise or anti-clockwise
e S dll RS =T/ direction. It may be 50% clockwise (_1) (M
2
< and 50% anti-clockwise [JrlJ(“.
S N 2
It 1 T;gi,? ﬁg;enn;t;p%ﬁdfelemns - This is also called self-rotation. This

spinning of electron is associated with a
magnetic field and hence a magnetic moment.

The circular path of an electron around the nucleus is
called an orbit. The orbits or shells are denoted by K, L, M, N
etc. The orbits of an atom can be shown as in figure 2.13.

A cloud showing the probability of finding the electron
in terms of charged cloud around the nucleus is called
Electron Cloud.

2.7.1 Shells and Sub-Shells or Orbitals

; The circular paths in which electrons revolve around
Figure 2.13: Shapes of orbits the nucleus are called orbits or shells. An orbit or a shell
or shells consists of the orbitals or sub-shells.

Shapes of orbitals

s-orbital:
An s-orbital is spherical and symmetrical in shape.
With the increase of value of n, the size of s-orbital
: increases e.g. 2s orbital is larger in size than 1s — orbital. The
3s probability of finding the electron is zero between two
Figure 2.14: Shapes of s orbitals  Orbitals. This plane is called nodal plane or nodal surface.
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p-orbitals:

A p-orbital is dumbbell in shape and has
three directions in space. Such orbitals which
have different directions but equal energy are
called “Degenerate Orbitals”.

d — orbitals:
These orbitals have dumbbell like Figure 2.15: Shapes of p orbitals
structures and can move in the 5-directions. They are dxy, dyz, dxz, d »*-,? and dz2.

: : - H H
X W X VX *I X *1 X *"
; |
3d, 2 3d, 3d,, 3d,, 3d,,

Figure 2.16: Shapes of d orbitals

In the absence of magnetic field all the five d-orbitals are degenerate.

f-orbitals:
It has seven directions in space on placing in a magnetic field, which are very
complicated to draw.

Example 2.7
Describe the allowed combinations of the n, [ and m quantum numbers when n = 4.
Solution:
The allowed combinations are
n [ m
4 0 0
1 -1, 0, +1
2 -2, =1, 0, +1, +2
3 -3, -2, -1, 0, +1, +2, +3
2.8 ELECTRONIC CONFIGURATIONS
The representation of filling of electrons in different |
orbitals of an atom is called its electronic configuration. - s 7 &
. o o
2.8.1 The Relative Energies of Atomic Orbitals n=6 g ®—g &
The relative energies depend upon the size of the n=5 & & ) @
orbitals and therefore, according to the Principal Quantum | = ® @ 34
Number (n), an s — orbital has the lowest energy and | ™3
increases as follows. ot ‘&@\&
S R p = d e f ™ ‘W}\&
The relative energies are arranged in the figure
217. Figure 2.17: Energy sequence of

different orbitals of an atom
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The following facts must be observed before writing the electronic configuration of an atom.
(a) An orbital like s, px, py, pz, dxy etc. can have maximum two electrons.
(b) The energy order of an orbital is governed by “n + [ rule, (where / -value is the value of
Azimuthal Quantum number). This states that
(i) An added electron will always enter in an orbit having lower n + [ value.
For example 2s, n=2, [ =0, n+l =2
3d, n=3 [ =2, n+[=5
So, 2s-orbital is filled first because it has lower value of n + [ than that for 3d orbital.
(ii) If n + [ values of two orbitals are same, then the orbital with lower n value has lower
energy and electron will be added to that orbital first. For example
4p, n=4, [ =1, n+(l=5
3d, n=3, [ =2, n+l=5
But here 3d orbital is filled first because the value of n for 3d is smaller than that of 4p
therefore an added electron would enter in 3d orbital first than that of 4p.

2.8.2 Rules for Distribution of Electrons in Different Orbitals

Auf-Bau Principle:
The electrons are placed in energy sub-levels in the order of increasing energy values
of sub-levels.

Pauli’s Exclusion Principle:

According to it “No two electrons in the same orbital can have the same set of four
Quantum numbers.

Let us take the example of an orbital having two electrons.

1
For first electron: n=1, { =0, m =0, s= +§ )

1
For second electron: n="1, [ =0, m =0, S =- 5 ()

So this orbital will have a maximum no. of two electrons with opposite spin i.e. (T{). Such an
orbital is said to be completely filled and may contain a single electron in it, called as un-paired
electron.

Hund’s Rule:

If degenerate orbitals are available for electrons, then electron would like to live in
separate orbitals and have rather parallel spin. It means that the arrangement OO will be
more stable than the arrangement ®0O, provided the two circles represent the orbitals of equal
energies. The Hund's rule can be applied to predict the valency of an element because the
numbers of unpaired electrons give the valency of that element. The rule is equally applicable
in case of hybridized orbitals and molecular orbitals which are degenerate

oA T 1 .
eg. 0O0=8 (1s,2s,2px.2py,2pz) Divalent
T I S
N=7 (1s,25s,2px.2py,2pz) Trivalent

O LT 41 1T
Ne =10 (1s,25s,2px.,2py,2pz) No valency or zero valency.
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But in case of carbon

E=6 0% 28 oezpe2ED)
It looks divalent but actually it is tetravalent.
Example 2.8
Pick the orbital with the lower energy from each of the given pairs.
(a) 3d,4s, (b) 2p, 3s,
Solution:
We apply n + 1 rule here,
(a) For 3d, n=3, { =2, n+( =5
For 4s n=4, { =0, n+( =4
So, 4s—orbital will be filled first because it has lower energy than that of 3d.
(b) For 2p, n=2, { =1, n+/ =3
3s, n=3 [ =0, n+( =3
As the values of n +/ are equal in both the cases, therefore, 2p will be filled first than 3s.
Example 2.9
Write the electronic configuration of 21Sc, 2sMn, 30Zn.
Solution
21Sc = 15?2 252 2pb 3523p® 452 3d" or [Ar] 452 3d1
2sMn = 1s? 2522p® 3s23p®4s23d° or [Ar] 4s23d°
30Zn = 182 2522p® 3523p®4523d1° or [Ar] 4523410

@ Self Check Exercise 2.2

Write the electronic configuration of following elements:
i) »Ca* (i) ,C* iy AP

References for additional information
»  Philip Mathews, Advanced Chemistry.
= Martin S. Silberger, Chemistry, The molecular Nature of matter and change.
= John C. Kotz, Paul M. Treichel and Gabriela C. Weaver, Chemistry and chemical reactivity.
= E.N. Ramesden, A — Level chemistry.

ey,

1  Choose the correct answer (MCQs).
i For which species Bohr’s theory does not apply;

(a)H (b) He* (c) Li% (d) Be
ii. From the discharge tube experiment, it is concluded that;
(a) Mass of a proton is in fraction. (b) Matter contained electrons.

(¢) Nucleus contains positive charge. (d) Positive rays are heavier than protons.
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iii. When an electron of charge ‘€’ and mass ‘m’ moves with velocity ‘v’ about the
nuclear change Ze in the circular orbit of radius ‘r’, the P.E of electron is given by;

(a) Ze?Ir (b) -Ze?/r (c) Ze?/r? (d) mv3r

iv. Which of following tell about shells of an atom?
(@) Principal quantum number, n (b) Azimuthal quantum number, !
(c) Magnetic quantum number, m (d) Spin quantum number, s

v. Electronic configuration of species M?* is Is? 2s? 2p® 3s? 3p°® 3d°® and its atomic weight
is 56 number of neutrons in the nucleus of species M is
(a) 20 (b) 26 (c) 28 (d) 30
vi. The energy of an electromagnetic radiation is 3 x 10-'2 ergs. What is its wave-length
in nano meters?
(a) 400 (b) 228.3 (c) 3000 (d) 662.5
vii.  Which of the following configuration is not correct according to Hund’s rule?
@ [N] [N][T]] ® [N] b |

tt]

A

A

@ [®] [R]TT 1 @ [%]
viii. Which one of the following statement is not correct?
(a) Rydberg’s constant and wave number have same unit.
(b) Lyman series of hydrogen spectrum occurs in the ultraviolet region.
(c) The angular movement of the electron in the ground state of hydrogen atom is
equal to h/2x.
(d) The radius of first Bohr orbit of hydrogen atom is 2.116 x 10 cm.
ix. Which one of the following is not isoelectronic pair?
(@ mMg*, Be* (b PRI™, O* (c) N2 F (d Na', Ar*
x.  The third line in Balmer series corresponds to an electronic transfer between which
Bohr’s orbit in hydrogen.
@ 5-3 (b)) 552 (c) 4-3 (d) 4-2.
Short questions and answers:
i How mass of electron can be calculated from e/m ratio and charge?
i. How does Mosley's Law help in the production of X-rays?
iii.  Which quantum number is also called sub-shell quantum number?
iv. What is the difference between orbit and orbital?
v.  What is the relationship between?
(a) energy and wavelength
(b) frequency and wavelength
vi.  Which species are formed by the decay of neutron?
vii. Hydrogen atom and He* are mono electronic system, but the size of He* is much
smaller than H, why?
viii. Why is 4s orbital lower in energy than 3d orbital?
ix. Write electronic configuration of ,.Mn , ;,Zn, and Al .

x.  What is (n+/) rule?
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Point out the defects of Bohr’s Model. How these defects are partially covered by
dual nature of electron and Heisenberg's uncertainty principle.

Calculate the energy of electron of a hydrogen atom in the orbit for which the value
ofn=3. Ans. E, = -145.92 kJ mole™’

Bohr’s equation for the radius of nth orbit of electron in the hydrogen atom is
_ goh?n2

n= 2
me?m

(a) When the electron moves from n = 1 to n = 2, how much does the radius
change?
(b) What is the distance travelled by the electron when it goes fromn =8 ton = 37

Ans. (a)1.587 A (b) 29.095 A



THEORIES OF COVALENT BONDING
AND SHAPES OF MOLECULES

After completing this lesson, you will be This is 12 days lesson
able to: (period including homework)

Describe the features of sigma and pi bonds.

Describe the change in bond lengths of hetero-nuclear molecules due to difference in electronegativity
values of bonded atoms.

+« Describe the difference among molecular, network and metallic solids.

« Explain what is meant by the term ionic character of a covalent bond,

e Use VSEPR and VBT theories to describe the shapes of simple covalent molecules.
e Describe the shapes of some molecules using orbital hybridization.

* Predict the molecular polarity from the shapes of molecules.

¢ Determine the shapes of some molecules from the number of bonded pairs and lone pairs of electrons
around the central atom.

« Define bond energies and explain how they can be used to compare bond strengths of different chemical bonds.

e Describe how knowledge of molecular polarity can be use to explain some physical and chemical
properties of molecules.

INTRODUCTION

In this chapter we will discuss the shapes of molecules on the theoretical basis and
some factors affecting their shapes and behaviours. We start by describing the VSEPR
(valence shall electron pair repulsion) model, which allows us to connect two dimensional
Lewis structures into three dimensional shapes.

You will see how molecular shape and bond polarity combine to create a polarity for the
entire molecules and how molecular shape influences biclogical function. Then we consider
two bonding theories based on quantum mechanics. Valence bond theory explains how the
observed shape arises from the interactions of atomic orbitals. Molecular orbital theory
proposes the existence of orbitals that extend over the whole molecule.

The Lewis concept of formation of covalent bond as a shared pair of electrons
between two atoms does not explain shapes of molecules. Similarly, many other properties
such as bond energy, relative strengths of bonds, and paramagnetism cannot be explained
on the basis of this concept. However, modern theories of chemical bonding not only
explain most of our experimental observations, but also allow us to predict the shapes and
geometries of molecules. These theories can also be used to predict many physical and
chemical properties of molecules.
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3.1 SHAPES OF MOLECULES

3.1.1 The Valence Shell Electron Pair Repulsion Theory

The shapes of molecules can be predicted by Valence Shell electron pair repulsion
(VSEPR) theary.

This theory was suggested by Sidgwick and Powell (1940). According to this theory, the
shapes or geometry of a molecule or ion depends on the number of shared pairs as well as the
lone pairs of electrons around the central atom of the molecule or ion.

Gillespie and Nyholm in 1957 proposed that the arrangement of atoms in a molecule is
mainly determined by the repulsive interactions among all electron pairs in the valence shell of
central atom.

Postulates of VESPR Theory
The postulates of VSEPR theory are as follows:

1. The electron pairs present around the central polyvalent atom are arranged in space as
far apart as possible so that, there is minimum repulsion between them.

2. A non-bonding pair or lone pair of electron occupies more space on the surface of an
atom than a bonding pair.

3. Both the lone pairs as well as bond pairs determine the geometry of the molecules.

4. The magnitude of repulsion between the electron pairs in a given molecule decreases in
the following order.

Lone pair — Lone pair > Lone pair - Bond pair > Bond pair - Bond pair
A Lone pair causes deviation from ideal bond angles, which in turn change regular
geometry.

5. The two electron pairs of a double and three electron pairs of a triple bond contain a
higher electron charge density. Therefore, they occupy more space than one electron
pair of a single bond. However they behave like a single electron pair in determining the
geometry of the molecules.

Applications of VSEPR Theory
The molecules and ions will be classified according to the number of electron pairs present
in them, irrespective of the fact whether they are of bonding or nonbonding type. In order to
illustrate this theory, consider hypothetical molecules having central atom “A" with more than one
“B” type atoms bonded with it. Lone pair if present in the molecules is represented by “E”.
(a) Shapes of molecules containing two electron pairs around a central atom. AB:z Type
A molecule having two bond pairs of electrons but no lone pair around a central atom
always has a linear geometry, because such an arrangement of atoms keeps the two
pairs as far as possible. The bond angle will be 180°.

CI x Be x- é]: or :QI Be—é_h
(b) Shapes of molecules containing three electron pairs around a central atom.
AB3, AB:2E Type
(i) ABstype with no lone pair
A molecule having three bond pairs of electrons but no lone pairs around a central

atom always has a planar triangular geometry, because such an arrangement of atoms
keeps the three pairs of electrons as far apart as possible. The bond angle will be 120°.
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(c)

(i)

(iii)
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Example: (BCls)
Boron trichloride (BCl,) is a typical example of molecules, which

contains three bond pairs of electrons. BCI, has trigonal planar  120° (‘ T’"} 120°

shape. The bond angles will be 120° each. Other examples of C '\)\Cl
this type are: AIH,, AICI,,GaH,,InH,

o
AB,E- type with one Lone pair and two bond pairs 120
Examples: PbCl, molecule

SncCl, molecule
In case of PbCI, and SncCl, molecules, there are three /CI

electron pairs around the central atoms, one lone pair D Pb
and two bond pairs. According to VSEPR concept the i
lone pair (non-bonding) of electron occupies more ClI
room and exerts a greater repulsion on the bond pairs
resulting in the shortening of CI-Pb-Cl angle. Thus,
the shape of pPbCl, molecule is distorted and becomes angular or V-shape with
CI-Pb-ClI bond angle less than 120°.

AB, type with multiple bonds

Examples: SOs

In SO,, all the three regions are occupied by 8 — O bonds. There is no 0

.,
lone pair hence the structure will be perfectly triangular having 120°. %8 \“2 P

V. shaped PbCl. molecule

Shapes of molecules containing four electron pairs around a central Q"%
atom AB4, AB3E & AB:2E: Type.

(i)

(i)

AB, type with no lone pair
A molecule having four bond pairs of electrons but no lone pairs HI,L,8 -
around a central atom always has regular tetrahedral geometry, (I:
because such an arrangement of atoms keeps the four pairs of QH
electrons as far apart as possible. The bond angle will be 109.5°.
The atoms are at the four corners of a regular tetrahedron.
Examples: CH, (Methane), CCl,, SiF,, SnCl, etc.
Methane is a typical example of this type.

AB3E type with one lone pair and three bond pair

A molecule having three bond pairs and a lone pair around the 101?2m/N
central atom has triangular pyramidal geometry instead of H I)H
tetrahedral. Due to repulsions between lone pair and bond pairs, H 107.8°

the bond angles are reduced to 107.5° instead of 109.5°,
Example: NH, is a typical example.

Other examples: PH,, AsH,,SbH,, etc.

(iii) AB,E, type with two Lone pairs and two bond pairs

In this case, presence of two lone pairs, introduces three types of repulsions i.e.
lone pair-lone pair, lone pair-bond pair and bond pair — bond pair.
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Example: H,O, H,S etc.

VSEPR theory, successfully justifies the experimental results by arguing the [®) 95.84 pm
participation of lone pair in addition to bond pairs in determining overall H®H
geometry of water molecule. Two of the corners of a tetrahedron are

occupied by each of the two lone pairs and remaining by bond pairs. But due to spatial
arrangement of lone pairs and their repulsion among themselves and with the bond pairs, the
bond angle is further reduced to 104.5° and geometry becomes V shaped.

Table 3.1: Bonding and the shape of Molecules

Table 3.1: Bonding and the shape of Molecules

Number of Number Total Number of| Molecular :
Bond pairs | of Lone pairs | Electron pairs Shape Esanifies By s Yodek
2 0 2 Linear BeCl, HgCl, CO, o—0—o
AB,
3 0 3 Triangular BF, AlBr, CH,0 A
AB,
2 1 3 Bent so,, 0, /)\O
AB.E
4 0 4 Tetrahedral CH, CBr, SiCl, E/%}
AB,
3 1 4 Pyramidal NH: PCI: c/i\:,
AB.E
2 2 4 Bent H:20 H:S SClz c/‘\
AB.E,
5 0 D Trigonal PCls
bipyramid
AB,
6 0 6 Octahedral SF, *
AB,
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(d)

(e)
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Molecules containing five electron pairs ABs — type
With the increasing number of electron pairs, it becomes increasingly difficult to visualize
the true shapes of the molecules. Thus a central atom containing five electron pairs
presents a more complicated system. A trigonal bipyramid arrangement
— represents a structure in which five electron pairs can have minimum TI 90°
repulsion. In PCI,, there are five electron pairs in the valence shell of & P g

phosphorus atom. All of them are bonding pairs and thus PCI, 1200(:!

molecule adopts trigonal bipyramidal structure. (|:|
Molecules containing six electron pairs (ABs — type) &
Molecules, in which the central atom has six electron pairs, adopt F 90

octahedral geometry. The examples of such molecules are SF,, F\ |"}F

SeF,, TeF,. S
6 -] F/I\F

Prediction of shape of molecules:

The following steps are generally required to predict geometrical shape F
by VSEPR-method.
1. Draw dot diagram for the molecule.
2. Determine the number of valence electrons surrounding the central atom.
3. Determine the number of bond pairs and lone pairs of electrons.
4. Determine the geometrical distribution of electron pairs so that they are as far apart
as possible.

Example:

Predict the shape of H_,S.

Solution:

(i)
(ii)

Valence electrons of S-atom =

Electrons contributed by 2H-atoms =

Total no. of electrons around S-atom =
Electron pairs =
Bond pairs =
Lone pairs = 2

Thus H2S is AB2E2 type molecule. It will possess V-shaped geometry

3.2 THEORIES OF COVALENT BONDING

There are two theories which are used to understand the nature of covalent bond.
The Valence bond theory (VBT)
The Molecular orbital theory (MOT)

N oD

H H
st

3.2.1 The Valence bond theory (VBT)

This theory was proposed by Heitler and London (1927) and later on developed by

Pauling. This concept is based on wave — mechanical treatment of molecules and has been
successful in explaining the bond energies, bond lengths and shapes of covalent molecules.

According to valence bond theory, a covalent bond between two atoms is formed when

the atoms come so close that a partially filled atomic orbital of one atom overlaps with a
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partially filled atomic orbital of the other. The two overlapping atomic orbitals retain their
identity. The term overlap means that the two orbitals share same comman region in space.

Postulates of VBT:

1. A bond between two atoms is formed by the overlap of half filled atomic orbitals of two
atoms. The two overlapping atomic orbitals retain their identity.

2. The two overlapping orbitals must have electrons of opposite spin.

3. The number of bonds formed by an atom is equal to the number of unpaired electrons
present in the valence shell of the atom.

4. If only two orbitals overlap, a single bond is formed. If additional orbitals of atoms
overlap then multiple bonds are formed.

5. In order to form a bond, the overlapping orbitals must have the same symmetry with
respect to the bond axis.

“A line joining the nuclei of two bonded atoms is called bond axis”

6. In overlapping of orbitals energy is released. The greater the overlap between the

orbitals, the greater is the energy released and the stronger will be the bond formed.

Types of overlapping and nature of covalent bonds
There are two main types of covalent bonds which are obtained by overlapping. These

are:
¢ Sigma bond (o)
« PiBond (n)
Sigma bond (o)
“Any first bond formed between two C//‘ @
partially filled atomic orbitals by head (o) Sigma bond

on overlap is called sigma bond™

In a sigma bond, the region of highest
electron density is symmetrically distributed a@‘ 89@‘
around the bond axis. The probability of
finding the electron is maximum in the region

between the two nuclei. The first bond
formed between any two atoms is the sigma @E— 9{@— 9‘@@—

bond. All single covalent bonds are sigma

Sigma (o) bond

b gma (o) bond
bonds (o) and the electrons occupying a " Foussihin m.g 1a bond due to
bond are called & electrons. he s - p ov |
A sigma bond is formed by the overlapping Figure 3.1: Formation of Sigma bonds
of the following types as shown in figure 3.1.
’ p orbital + p orbital ('side-on’ overlap)
Pi (n) bond
“A bond formed between two already o bonded '
atoms by the sidewise overlap of their two half | y ., § —» g X
filled p-atomic orbitals whose axes are parallel
is called a Pi (z) bond.

In the formation of pi bond, the two overlapping Figure 3.2: A Side wise view of
p-orbitals must be coplanar a!'ld tr_\elr axes must b_e averlap of py- py orbitals in formation of
parallel. The electron density in this bond is = bond
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unsymmetrical around the bond axis.

The probability of finding the electron is maximum in the region above and below the line
joining the two nuclei. The overlap of p-orbitals in pi bond formation is not as good as in sigma
bond. A pi bond is weaker than a sigma bond. One or two pi bonds can form between any two
atoms already bonded covalently.

7 bond is formed by side wise or lateral overlap between two p-orbitals which have their
lobes perpendicular to the molecular axis. The side wise overlap is not too efficient, so result is
a weak bond. That’s why sigma bond is always stronger than a pi bond.

Remember:
a) In case of pi bond formation which is over a covalent bond, the electron density is greatest
above and below the line joining the two nuclei and this is also called nodal plane.
b) Only pure, parallel, co-planar, half filled p-orbitals on adjacent atoms can form a = bond.

c) Only one bond in any multiple bonds can be a sigma bond, the remaining bonds are pi
bonds.

d) In case of hybridization, the overlapping of any hybrid-orbitals always produces a sigma (a)
bond.
Applications of Valence bond Theory

Single Bond Formation
a) Formation of H, molecule

Each H atom has the electron configuration 1s’. As two hydrogen atoms approach each
other, their half filled 1s orbitals overlap, giving H-H bond. The overlap of orbitals provides a
means for sharing electrons, thereby allowing each 1s to complete its valence shell. The
electron density is concentrated in the region along the line joining the two nuclei. The bond
formed is a sigma (o) bond.

; 1s I s - s overlap
— ]
1H : |
a0 I+ D=
1H-! i i O H-H (6 -bond)
S s! 'S
bond axis

b) Formation of Cl- molecule
The electronic configuration of chlorine iS‘

s 2s 2p 3px3py ‘3pz 1
) 4] 0 o
17Cl = Cl | (|)|

|
|

[o] [4]  [#]0]0] \4“1*?4'?

i

Each Chlorine atom has one half-filled 3p; orbitals. On the basis of VBT, sigma bond is
formed between two Cl atoms by head on overlap of half-filled 3p, atomic orbital of each
chlorine atom.
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Figure 3.4: Orbital diagram of Clz

c¢) Formation of HF molecule
The electronic configurations of F and H atoms are:

..... 2px
1s 23 sz Zpy zd

72>
iy

Figure 3.5: Orbital diagram of HF

In the formation of HF molecule, the half-filled 1s orbital of H atom overlaps with the half-
filled 2p: orbital of F to form ¢ bond.

Multiple bond formation
a) Formation of O, molecule
Oxygen molecule, O,is obtained by the combination of two oxygen atoms. Electronic

configuration of an oxygen atom is:

1s 2s 2px|2py 2pz !

(B[] |
(A7)

Figure 3.6: Orbital diagram of O2
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Each oxygen atom has two half-filled 2p orbitals in the valence shell. On the basis of
VBT two covalent bonds can be formed between two O atoms. One bond is formed by the

end-to-end overlap of half-filled 2p, orbitals on each oxygen atom. This gives a ¢ bond. The
second bond is formed by the side-to-side overlap of half-filled 2p, orbitals on each oxygen
atom. This gives a © bond. Thus a double bond is formed between two oxygen atoms. One is ¢
bond while the other is n-bond.

b) Formation of N, molecule:

Nitrogen molecule, Nz is formed by the combination of two N atoms. The electronic
configuration of N atom is:

Is 2s  [2p2p,2p,| N
N= [a] [&] [[AT4T4% '\

Two m-bonds

Figure 3.7: Orbital diagram of N2

Each N atom has three half-filled p orbitals. On the basis of VBT, three covalent bonds
can be formed between two nitrogen atoms. When the two nitrogen atoms approach each
other, their 2px orbitals undergo end-to-end overlap, giving a o bond. The end-to-end
overlapping brings the two nitrogen atoms so close together that their parallel 2p orbitals
undergo side-to-side overlap to produce two pi bonds. Note that each n bond is in two
separate regions surrounding a o bond. There are five distinct regions of electron charge
density in the nitrogen molecule.

i. The o electrons between the nuclei forming a ¢ bond.
ii. The & electrons above and below the & electrons forming a = bond.
iii. The n electrons in front of and behind the ¢ electrons forming another n bond.
Thus a triple bond is formed between two nitrogen atoms; one is ¢ bond while the
other two are © bonds.

Hybridization of Atomic Orbitals

Valence number shown by any element generally corresponds to the number of partially
filled (half-filled) orbitals in an atom of that element. However this is not always the case
because if only the unpaired electrons in an atom were permitted to form bond, e.g. beryllium
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whose electronic configuration is 1s? 2s? would be inert. Boron which has the electronic
structure 1s? 2s2? 2p«' would have a valency of one and carbon (sC) with the electronic
configuration 1s? 2s? 2px" 2py' would show a valency of two. In actual practice, beryllium
shows a valency of two, boron has a valency of three and carbon has a valency of four.

Pauling and Slater resolved this discrepancy by introducing the concept of orbital
hybridization which involves mixing of the pure s and p (one or more) orbitals of an atom to
form new hybrid orbitals, before the bonding process takes place. The number of hybridized
orbitals are equal to the number of atomic orbitals overlapped. A bonding process can then be
considered as a process of overlapping the hybrid atomic orbital of one atom with a pure or
hybrid atomic orbital of another.

As we know simple valence Bond theory does not explain the covalent bond formation
of certain elements. So maodification in this theory was made in the form of “hybridization
concept”.

So a process of mixing atomic orbitals of different energy and shape to form set of
new orbitals of the same energy and same shape is called hybridization and the orbitals so
obtained are called “hybrid orbitals”. According to this concept atomic orbitals differing slightly
in energy intermix to form new orbitals of equal energies and are called hybrid orbitals which differ
from the parent atomic orbitals in shape and energy and possess specific geometry. It also gives a
satisfactory explanation for the valency of the elements. In this process, the electron belonging to
the ground state structure are promoted to the excited state as a result of which there is an
increase in the number of unpaired electrons.

The atomic orbitals, undergo hybridization. The
energy required for the excitation is compensated by the "'

energy released during the process of bond formation with . +‘ “

\

109.5°
1 s-orbital 3 p-orbitals J

other atoms. Depending upon the nature of orbitals
involved there are many types of hybridization.
For example, sp?, sp?, sp hybridization

(i) sp? Hybridization l /'

“The process of mixing one’s orbital and three p ' "'

orbitals to form four new equivalent sp3 hybrid orbitals Lol diriad
is called sp® hybridization”

Let us discuss the structure of methane, ammonia
and water by understanding the sp® hybridization of carbon, Figure 3.8: Structure of sp?
nitrogen and oxygen atoms. hizRd oiels

a) Structure of Methane

® o0 @ geometry

4 spi-orbitals

6C (Ground state) =1s*, 2s*2p,, 2p], 2p? ﬁ _7
6C’ (Excited state) =1s%,2s"2p], 2p|, 2p] [——— ; B i
6C (Hybrid state) =1s?, (sp®)" (sp?)’, (sp?)’, (sp3)’ n ) ' ¢
When carbon atom in a molecule is attached to four '
other atoms, then sp? hybridization occurs. H

Each sp® hybrid orbital consist of two lobes, one Figure 3.9: Structure of Methane (CHa)
larger and the other smaller. The energies of hybrid orbitals
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are lower than unhybridized orbitals. Further the ratio of s and p character in each sp?® hybrid
orbitals is 1:3 i.e. it contain 25% S-character and 75% P-character. The four new hybrid
orbitals of equal energy have a tetrahedral geometry with carbon at the centre and are
oriented in space in such a manner that the angle between them is 109.5° as shown in the
figure 3.9.

Methane molecule is formed by the overlap of sp® hybrid orbitals of carbon with 1s
orbitals of four hydrogen atoms separately to form four sigma bonds. The molecule of
methane, thus formed possesses a tetrahedral geometry. The C-H bonds which result from
sp®-s overlaps are directed towards the corners of a regular tetrahedron. Each H-C-H bond
angle is 109.5°. The tetrahedral structure of CH4 molecule has four faces and four comers.

b) Structure of Ammonia, NH3
In NHs molecule, the central atom is nitrogen. It contains five electrons in its valence

shell.
N (ground state) = lb ZS Z2p, 2p, 2p,
N (hybridized state)= p .-..
sp’ sp’sp’ sp’
”,{ Lo Unshared pair of electron
7N |
3
/ N ]
P N
i }, e
e [

Figure 3.10: Structure of Ammonia (NH3)

Hence one s and three p orbitals of nitrogen atom hybridize to form four sp® hybrid
atomic orbitals. They are directed towards the four corners of a tetrahedron. One of the hybrid
orbitals is completely filled by a lone pair of electrons and the remaining three orbitals are half
filled. The half filled sp® hybridized orbitals of nitrogen overlap with three 1s-orbitals of
hydrogen atoms. The three hydrogen atoms are located at three corners, whereas the lone
pair of electron is at the fourth corner of the tetrahedron. This results in a pyramidal molecule,
in which three hydrogen atoms form the base and the lone pair of electrons the apex as shown
in the fig 3.10. The experimentally determined value of H-N-H bond angle in NH3 molecule is
107.5° which is less than the normal tetrahedral value of 109.5°. The deviation from the
tetrahedral angle is explained on the basis of repulsion between lone pair and bond pairs. The

lone pair-bond pair repulsion is greater than bond pair-bond pair A
repulsion. As a result, the bond pairs move away from the lone pair and AN ==
come closer to each other. Hence, the angle between bond pairs 7—

decreases. 0
c) Structure of Water H,0 H/I/ %:
In H20 molecule, the central atom is oxygen. It contains six J. '
electrons in the valence shell. Its electronic caonfiguration is as follows, &) ~~-n
80 (Ground state) = 1s?, 2s?, 2px?, 2py', 2p:’ Figure 3.11: Structure
of Water (Hz0)
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80 (Hybrid state) = 1s?, (sp®)? (sp?)?, (sp?)!, (sp?)’

One 2s and three 2p orbitals of O-atom intermix to produce four sp® hybrid orbitals.
The four sp® hybrid orbitals are directed towards the four corners of a regular tetrahedron
with oxygen atom at the centre. Two of the sp?® hybrid orbitals contain two lone pairs of
electrons, each and are completely filled. The remaining two sp® hybrid orbitals contain
one electron each and are partially filled. Thus the two partially filled sp® hybrid orbitals
now overlap with the two 1s orbitals of two hydrogen atoms to form two sigma bonds.
Each sigma bond is formed by sp®-s overlap. The two hydrogen atoms are located at two
corners of a tetrahedron, whereas the two lone pairs at the remaining two corners of the
tetrahedron. The result is a V-shaped molecule. The experimentally determined value of
H-O-H bond angle in H20 molecule is 104.5°, which is lesser than the normal tetrahedral
value (109.5°). The deviation from the tetrahedral angle is explained on the basis of
repulsion between lone pairs and bond pairs. The repulsion of lone pair-lone pair > lone-
pair-bond pair > bond pair-bond-pair. As a result, the bond pairs move away from the lone
pairs and come closer to each other. Hence the angle between bond pairs decreases up
to 104.5°.

(ii) sp? - Hybridization

“The mixing of one s and two p orbitals of the same atom to form three identical
sp? hybrid orbitals is called sp2?-hybridization”

The hybrid orbitals are directed towards the three corners of an equilateral triangle. The
angle between any two hybrid orbitals is 120°. Each sp? hybrid orbital has 33.3% s-character and
66.7% p-character. The sp? hybrid orbitals can form only sigma bonds by overlapping with other
atomic orbitals.

Hybridization
. - -

2p Three sp® hybrid orbita

An sp” hybrid
orbital

'~ 5" An sp’ hybridized
atom

Side view

Figure 3.12: Structure of Hybridization (sp?)
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Examples: Boron trifluoride and Ethene O
a) Structure of Boron trifluoride, BF;: Q s P
In BF3 molecule, the central atom is boron. It contains Q’ . "
three electrons in its valence shell. The electronic " Q_
120
configuration of the valence shell of B-atom in the ground “
and excited states are as follow, I
— 42 2 1 1
sB = 1s%, 2s°, 2p,’, 2p,, 2p, (ground state) U

— 2 1 1 1 .
5B = 157, 2s, 2p" : 2p5’ ; 2p2 (excited state) Figure 3.13: Structure of BF3

One 2s and two 2p orbitals of boron atom intermix to give
three sp? hybridized orbitals. The three sp? hybrid orbitals lie in the same plane and are
directed towards the corners of an equilateral triangle with boron atom at the centre.

Thus the angle between any two sp? orbitals is 120°. The three sp? orbitals contain one
electron in each and are thus partially filed. The partially filled 2p orbitals of three fluorine
atoms overlap with each sp? hybrid orbitals of boron atom to form three sp?-pz sigma bonds.
As a result, BF3 molecule has triangular planar structure.

b) Structure of Ethene, CH2 = CH2

the electronic configuration of corban atom is:

+C (Ground state) =1s?, 2s* 2p}, 2p;, 2p,

+C (Excited state) = 1s?, 2s"2p,, 2p|, 2p,

+C (Hybrid state) =1s?, (sp” )1' (sp )1 (sp? )1 ,2p!

In CH, = CH,molecule, one s and two p orbitals of each C-atom intermix to form three

hybrid sp? orbitals. The geometry of molecules depends upon the orientation of hybrid orbitals.
Hybrid orbitals are triangular planar and oriented at the angle of 120° to each.

Each atom is left with one H,,
half filled p-orbital perpendicular

top view H,

to the planar sp? hybrid orbitals. H\ /H o
One sp? orbital of each C-atom C=C &
overlaps linearly to form one C-C

sigma bond. Remaining two sp? H H

orbitals of each C-atom overlap H,,
linearly with 1s atomic orbital of

H-atom to form two C-H single sp? sp 5 sp?
bonds. side view -

A pi-bond is formed by the
sideways overlap of two half- .

filled co-planar p-orbitals in such H

a way that the probability of
finding the electron is maximum
perpendicular to the line joining
the two nuclei.

2p
sp? sp?

Figure 3.14: Structure of Ethene
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(ili) Sp - Hybridization

“The mixing of one s-orbital and one p-orbital of an atom to form two equal
energy hybrid orbitals is called sp hybridization”

The two sp hybrid orbitals are linear and angle between them is 180°. Each sp-hybrid
orbital has 50% s-character and 50% p-character. The sp-hybrid orbitals can form only sigma
bonds by overlapping with other atomic orbitals.

i
S
11
11
1l
11
1

Hybridization
i RO

S One sp

= hyb
Two sp hybrid nihi:::
orbitals

Another sp
hybrid
orbital

An sp-hybridized
- atom

T
Pk ]

overlnpping" ‘EJ'verlapping" - overlapping

Figure 3.15: Structure of sp Hybridized orbitals

Examples:- BeCl,, C,H,

a) Structure of BeCl, (Berylliam Chloride)

In BeCl2 molecule, the central atom is beryllium atom. Beryllium atom contains two
electrons in its valence shell. The electronic configuration of valence shell of beryllium atom in
the ground state and excited state is as follow:

Be=1s% 28% 2p,, 2p , 2p, (ground state)
Be= 1§%, 28" 2p, 2p,, 2p, (excited state)

One 2s and one 2p orbitals of beryllium atom intermix to form two sp hybrid orbitals. Each
sp hybrid orbital contains one electron. The two sp hybrid orbital lie in a straight line with
beryllium atom at the centre. One sp
orbital of Be overlaps linearly with p- Tepp Oepp
orbital of other CI to form Be-Cl sigma ’ e’
bond remaining sp hybrid orbital of Be -CI . CI‘
overlaps linearly with 3Pz orbital of =

. 180
second Cl atom to form sigma bond. Thus P
BeClz molecule is linear. The Cl-Be-Cl Cl—+Be Cl
bond angle is 180°. Figure 3.16: Structure of beryllium chloride
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b) Structure of Ethyne, CH = CH

The electronic configuration of carbon atom in the ground and excited states is as follow:

+C (Ground state) ~ =1s*, 2s°'2p, 2p], 2p,
+C (Excited state) =18%, 2s"'2pl, 2p.. 2p]
«C (Hybrid state) =1s% (sp)'(sp), 2p}, 2p.

One 2s and one 2p orbitals of carbon atom
intermix to give two sp hybrid orbitals. The 2py and
2pz orbitals remain unhybridized. Each sp hybrid
orbitals contains one electron. The two sp hybrid
orbitals are directed along a straight line at an
angle of 180° between them. The two unhybridized
p orbitals which are perpendicular to each other
are also perpendicular to the plane of the two sp
hybrid orbitals. Thus each carbon atom possesses
two sp hybrid orbitals and two pure p atomic
orbitals. Each C-atom undergoes sp-s overlap with
one H-atoms and sp-sp overlap with other carbon
atom to form two o-bonds. Fig. 3.17: Structure of ethyne molecule

The two half-filled p orbitals of two carbon
atoms overlap sideways to form two n-bonds. Thus ethyne molecule contains one c-bond and
two n-bonds between two carbon atoms and two carbon-hydrogen c-bonds. The electronic
clouds of two n-bonds merge into each other to form cylindrical shaped r-electron cloud. The
molecule is linear in shape.

Drawbacks of Valence Bond Theory
It fails to explain:
a) The formation of coordinate covalent bond.
b) The formation of odd electron molecules or ions.
c) The paramagnetic behaviour of oxygen molecule.

3.2.3 Molecular Orbital Theory

The method of molecular orbital theory was developed in 1927-1928 by Hurid and
Mullikan and in 1929 by Lennard-Jones.

It is assumed that linear combination of atomic orbitals form new orbitals called
molecular orbitals which are characteristics of the whole molecule. The molecular orbital
surrounds two or more nuclei of the bonded atoms. Two atomic orbitals after combining
linearly form two molecular orbital which differ in energy. One of them, having lower
energy, is called bonding molecular orbital (BMO) while the other having high energy is
called anti-bonding molecular orbital (ABMO). The bonding molecular orbital is
symmetrical about the axis joining the nuclei of the bonded atoms (molecular axis). It is
designated as sigma (o) bonding molecular orbital, while the anti-bonding molecular
orbital is designated as ¢*.
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The filling of electrons into the molecular orbitals takes place according to
e Aufbau principle
e Pauli's exclusion principle s
»  Hund's Rule ‘ ( Ple J Lum
The two electrons from each atom fill

the low energy o orbital or & orbital while the

high energy o orbital or n'orbital may have @ l @f

ENERGY

electrons or remain empty. BEws) H1sh
The following diagram illustrates the

formation of the molecular orbitals (lower Bonding

energy and higher energy) and also the i) 2T kil

processing of filling of electrons according Figure 3.18: Energy diagram of bonding and anti-

the ru'es menﬂoned abovel bonding molecular orbitals

In this type of diagram, the combining atomic orbitals are shown on two extremes and the
resulting molecular orbitals (MO) are represented in the middle column.

Atomic orbitals of same energy are shown at the same level. The difference between the
energies of atomic orbitals and the bonding MO’s depend upon the extent of overlap of atomic
orbitals. A large overlap results in greater lowering of the energy of bonding MO (and a
corresponding large rise in energy in the anti-bonding MO). Larger the overlap, stronger will be
the resulting bond. According to the above diagram, the sequence of energy levels in which
they one filled up is,

cls<c1s<oc2s<c 2s<o2p, < n2p, = m2p, < 7'5'2py =71 2p, <o 2p,
There are two types of overlapping in molecular orbital theory

i. Head on approach (linear overlapping) or linear combination

ii. Sideways approach (parallel overlapping)

i. Head on approach (linear overlapping)
Head on approach can take place between s-s, s-p and p-p atomic orbitals.
When two s atomic orbital overlap, they form two molecular orbitals. Molecular orbital
having low energy than atomic orbital is called os. Molecular orbital which has high energy
then atomic orbital is called c's orbital as shown in the figure 3.18.

ii. Sideways approach or parallel overlapping
When the axes of two—p orbitals (i.e py or pz orbitals) are parallel to each other, they
interact to form molecular orbitals.

The bonding molecular orbital ©(2py) or n(2pz) has zero electron density on the nuclear
axis (called the nodal plane). The electron density is uniformly distributed above and below the
nodal plane. On the other hand, = "(2py) or = "(2py) anti-bonding molecular orbital has the least
electron density in the inter-nuclear region. Since the 2py and 2pz atomic orbitals are
degenerate orbitals (having the same energy) the = molecular orbitals i.e., = (2py) and = (2pz)
are also degenerate. Similarly the =" (2py) and = "(2pz) molecular orbitals are also degenerate. ~

Two sets of 2-p atomic orbitals forms six molecular orbitals (three bonding and three
anti-bonding). The bond formed as a result of linear overlapping is ¢ bond while that formed as
a result of sideways overlap is called a = (pi) bond. Thus p orbital overlaps can lead to the
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formation of three bonds. One sigma and two pi bonds.

Bond order (No. of bonds)

The number of bonds formed between two atoms after the atomic orbitals overlap is
called the bond order and is taken as half of the difference between the number of bonding
electrons and anti-bonding electrons.

No. of electrons in BMOs - No. of electrons in ABMOs

Bond order = 5

The number of bonds formed in hydrogen molecule may be calculated as follows.
No. of electrons in the bonding orbitals =2
No. of electrons in the anti-bonding orbitals =0

Bond order = 2-0=1
2

It is a common practice that only MOs formed from valence orbital are considered in
bond order calculations. It should be noted that a bond between two atoms can be formed
only, when the number of electrons in the bonding orbital must be greater than the number of
electrons in the anti-bonding molecular orbitals.

Relative Energies of the Molecular Orbitals

The relative energies of the molecular orbitals formed from 2s and 2p atomic orbitals

are determined by spectroscopic measurements.
a) The molecular orbitals of diatomic molecules such as O,, F,and their positive and
negative ions can be shown in the following increasing order of energy.
o(1s) <5'(18) <c(28) <6'(25) <o(2px) <n(2py) = 7t (2pz) <n” (2py) = n'(2pz) <6 (2px)
b) The diatomic molecule such as H,, He,, B,, C,, and N, (lighter molecules) show
slightly different energy order.
o (1s) <6” (1s) <o (28) <c'(28) <1t (2py) = 7 (2pz) <o (2px) <7'(2py) = 7' (2pz) <c'(2px)
Reason

We have seen in the energy order of lighter molecules like B2, Cz2, N2, 62px is higher
in energy than n2py = n2pz molecular orbitals. This reversal is due to mixing of 2s and 2px
atomic orbitals.

Actually, the energy difference of 2s and 2p atomic orbitals is small; there is a possibility
of mixing of these orbitals (hybridization of A.O.). As a result 62s and ¢'2s MO do not retain
pure s- character.

Similarly, 62px and ¢'2px MOs do not have pure p-character. All the four MOs acquire
sp-character. Due to this mixing, their energies change in such a way that MOs ¢2s and ¢ 2s
become more stable and are lowered in energy MOs as c2px and ¢ '2px become less stable
and are raised in energy. Since, n2py = n2p: remains unchanged. ¢2px is raised to such an
extent that it becomes higher in energy than n2py and n2p:

But, 0,and F,do not do so. The reason is high energy difference of their 2s and 2p i.e.
1595 kJ/mol and 2078 kJ/mole for 0, and F, respectively. The values are 554 kJ/mol for

Boron, 846 kJ/mol for carbon and 1195 kJ/mol for nitrogen and these energy differences have
been calculated by spectroscopic techniques.



= 3. Theaories of Covalent Bonding and Shapes of Molecules

63

Applications of Molecular Orbital Theory for Homo Nuclear Diatomic Molecules
After having discussed the basic principles of molecular orbital theory, we are now able
to take up the electronic structures and bonding properties of some homo-nuclear molecules.

(1). Hydrogen Molecule H2

H=1s'

Hydrogen molecule is formed from the overlap of 1s atomic orbitals of two hydrogen
atoms. They give rise to two molecular orbitals ¢ 1s and ¢'1s. The molecule has two electrons

which occupy the lower energy o 1s orbital as shown in the
diagram. The electronic configuration of the molecule is
represented by the equation.

2H (18') ——— H2 [(c 18)?]

Bond order = 2-0=1
2

Thus the two hydrogen atoms are bonded through
only one bond in the molecule. We conclude that the Hz
molecule is stable. It has bond dissociation energy of 436
KJdmol' and is diamagnetic in nature i.e (atoms, ions or
molecules in which electrons are all paired in their
molecular electronic configuration are diamagnetic). They
are repelled by both poles of magnet.

(2). Helium Molecule (Hypothetical) He:

He = 1s?

The energy level diagram for He: is similar to that of
H2 except that it has two more electrons which occupy the

anti-bonding ¢'1s orbital shown in the diagram.
2He (1s*)——He, [ (a1s)*(c"1s)’ |

Bondorder= 2-2=0

Thus its bond order is zero and we conclude that the
molecule is not stable. Infect, Hez is not known, helium
exist only as mono-atomic molecules.

(3) Lithium Molecule Liz

Li = 1s2? 28!

The electronic configuration for Liz has a total of six
electrons, two each in o 1s, o'1s and ©2s molecular
orbitals. In short hand notation this can be represented as
o 152, 6’152 and o 2s2. There are two more electrons in the

= 13 (Anti-Bonding)

a 1s (Bonding)

Figure 3.19: Molecular orbitals
energy level diagram of Hz
{Anti-&rgding)

(Bonding)
M.O.

Figure 3.20: Molecular orbitals energy

level diagram of Hez
E ‘

AO. (25} AD. (25)
u u

o285

Figure 3.21: Molecular orbitals energy
level diagram of Li,

bonding orbitals than in anti-bonding orbitals and the bond order is one. We conclude that the
molecule is stable and diamagnetic it is indeed to exist in the vapour phase. It possesses bond

energy of 110 kJ mol-" which is less than Hz2 molecule.

2Li (1%, 2s')—— Li, [KK(a25)?]

Bond order = 2-0=1
2
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(4) Beryllium Molecule Be:z

Be = 1s? 2s?

The situation for the Be2 molecule is similar to that

for He. Bonding and anti-bonding orbitals are equally

populated and the bond order is zero. The electronic

configuration is O 1s2, O s?, G 2s2 O "2s2. The Be2

molecule is known but is very unstable.

2Be (1s22s?) ———»Be2 [KK (O 2s)? (O 2s)?]

Bond order = %=0

(5) Boron Molecule, B,
B = 1s2 2522p"
The boron atom has the configuration of 1s?, 2s?,
2p' and is the first element with five electrons to
participate in bonding.

Spectroscopic study has suggested that for Bz, C2
and Nz molecules n2p orbitals are lower in energy than

02p orbital. Thus the electronic configuration of B, is
2B (15?282 2p") ———— B2 [KK (O 2s)? (O 28)?

(n2py)" (n2pz)"]
Bond order = 2-0=1
2

Thus the two B-—atoms are bonded through only
one bond in the molecule. The experiments verify not
only that the molecule exists in vapour phase but that it
is paramagnetic (atoms, ions or molecules) with two
unpaired electrons. The bond energy is 270 kJ mol™.
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T
als

Figure 3.22: Molecular orbitals energy
level diagram of Be,
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Figure 3.23: Molecular orbitals energy
level diagram of B:

Molecules which have one or more unpaired electrons in their molecular electronic
configuration are paramagnetic. They are attracted to magnetic field.

(6)

Nitrogen Molecule'N,

T T ”
N=1s22s22p 2 p 2p.

Looking at, the electronic configuration, only 2s and three N
2p electrons from each N atom are to be considered in the bond e B

formation.
Thus the electronic configuration of N2 molecule is:

2N(1s%2 s2p}2p} 2p] )—— N,[KK (52s)*(5'2s)*(n2p, )*(n2p, )*(o2p, )’]

Bond order= -0 =3
2

It is obvious that the two N-atoms are bonded through ) |
triple bond. N2 molecule is very stable molecule and has a very 58 s, U]
high bond energy 946 kJ mol', which is consistent with MOT. It is
diamagnetic in nature and possesses a very short bond length.

) ()

nlpy  nlp
Figure 3.24: Molecular
orbitals energy level diagram of
Nz
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(7) Oxygen Molecule O,

(T
0=1s?28?2p 2 p  2p,

65

The valence bond theory predicts that 0,would be diamagnetic. However experiments

show that it is paramagnetic having two unpaired electrons. A structure consistent with this
observation is predicted by MOT. Spectroscopic evidence indicates that for 0,, the o2p orbital

is lower in energy than n2p orbitals. The electronic configuration of O, molecule is:
20(1s%2 §72p22p2p} ) ——O,[KK (c25)*(c 25)*(02p, )*(n2p, (n2p, *(x 2p,)'(n2p,)']

Bond Order = 6_;2 =2
It is obvious that the two oxygen atoms are
bonded through a double bond. The two unpaired
electrons reside in the degenerate anti-bonding orbitals
7' 2py and 7' 2pz, hence it is paramagnetic in nature. So
we conclude that the molecule should be very stable as
it possesses high bond energy i.e. 498 kJ mol' with

bond length 1.21 A.

(8) Fluorine Molecule F,:

F=9=1s22s22p®

Each F-atom has the 1s? 2s? 2p° configuration.
The participating electronic configuration of F2 molecule
is:

F2 = KK (025 (c'25)° (02px)? (n2py) (n2p.)® (n'2py)?

(m"2p.)?
Bond Order = 6—-4 _ |
2

It is obvious that two F-atoms are bonded through a
single bond. The F-F bond distance is longer (1.43°A) than
the bond distance for ©,(1.21°A) and N,(1.09 °A)
molecules. The bond energy of F, molecule is quite low
(159kJ mol™). It is diamagnetic in nature.

Comparison of Valence Bond and Molecular Orbital
Theories:

Similarities:
The common features of the two theories are:

Alomic
orbitals

Tge
Maolacular
arbitals

Atomic
oriitala

Figure 3.25: Molecular orbitals energy
level diagram of Oz

Molecular Orbitals
F—F

Figure 3.26: Molecular orbitals energy
level diagram of F2

a) Both the theories explain the formation of covalent bond.

b) In both the theories, a covalent bond is formed by the overlapping of atomic orbitals
having appropriate symmetry about the molecular axis.

c) According to both, the electronic charge resides in the region between the atomic nuclei.

d) Both the methods lead to the formation of two types of bonds ¢ and = bonds.

e) In both the methods, the atomic and molecular orbitals are filled up according to the

same principles.
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Differences:

1. According to this theory only valence 1. According to this theory, all the electrons
electrons are involved in bond formation of interacting atoms are involved in bond
formation

2. In VBT the two concerned atomic orbitals 2. In MOT, the two atomic orbitals lose their
do not lose their individual identity individual identity

3. It does not explain the paramagnetic 3. In explains the paramagnetic behaviour
behaviour of molecules like Oz molecule i.e., electrical properties.

4. It does not give idea about the bond order 4. It give idea about bond order by which we
can determine that whether the bond is
single, double or triple

5. It does not explain the non-existence of 5. It explains the non-existence of He:z
Hez molecule. molecule.

3.3 BOND ENERGY (BOND ENTHALPY)

When a bond is formed between two atoms, energy is released (exothermic process), the
same amount of energy is absorbed (endothermic process) when the bond is broken to form
neutral atoms. So the bond energy is the amount of energy required to break all bonds of
particular type in one mole of the substance. The strength of a bond is measured by its
bond energy. The higher the bond energy, the stronger is the bond. It is determined
experimentally by measuring the heat involved in a chemical reaction. It is also called bond
enthalpy, as it is measure of enthalpy change at 298K. The enthalpy change in splitting a
molecule into its component atoms is called enthalpy of atomization.

Units
It is expressed in kilojoules per mole (kdmol). It is the energy required to break up an

Avogadro number (6.02x102%) of bonds i.e. one mole of bond. It is found that energies of multiple
bonds are greater than those of single bonds. But a double bond is not twice as a strong as a
single bond or a triple bond is not thrice as strong as a single bond. It means that a ¢ bond is
stronger than a n bond. Also, a polar covalent bond is stronger than a non-polar covalent bond.
Examples

(i) The bond energy of H-H in Hz molecule at 25°C (298K) is 436kJ/mole. The bond

energy of CI-Cl bond in Cl2 molecule at 25°C is 242kJ/mole.
(i) The bond energy of H-CI bond in HCI molecule at 25°C is 431 kJ/mole.

lonic character and Bond energy:
Bond energy is a measure of bond strength. Higher the bond energy, the stronger is the
bond. The strength of a bond depends upon the following factors.
(i) Electronegativity
(i) Size of the bonded atoms
(iii) Bond length
(iv) Bond order (number of bonds)
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“Greater the difference in electronegativity between the bonded atoms, the greater
is the bond energy and stronger is the bond”

Examples
Bond energy (kJmol ") 567 431 366 299
AEN 1.9 0.9 0.7 0.4

From the above data it is observed that HF molecule has higher bond energy (567 KJmol)
due to greater electronegativity difference i.e. 1.9.

The smaller the size of the bonded atoms, the greater is the bond energy and
stronger is the bond. The bond energy of H-H bond is 436kJmol' and that CI-Cl is 242kJmol
.1t is due to the shorter bond length in Hz2 molecule and greater bond length in Cl2 molecule
(larger size of Cl atom than H atom).

Multiple bonds also affect the bond energy, greater the no. of bonds greater will be the
bond energy.

Table 3.1: Average Bond energies (kJmol) of single bonds.

CH 413 SiH 323 HH 43 SH 33 CHF 253
CC | 348 Si-Si, 226 | H-F o667 | SF | 327 | C-Cl 242
CN 293 Si-C 301 HCI - 431 SCl 253 BrF 237

c-0 358 Si-0O 368  H-Br 366 S-Br 218 Br-Cl 218

C-F 485  N-N 163  H-l 299 S-S 266  Br-Br 193
CCl | 328 NO| 20, WO | 463 | OO | 146 I-Cl 208
CBr 476 N-F 272 . HF 155 @ OF 190 |-Br 175
c 240 |N-CI| 200F | HN | 391 | OCl | 203 I-I 151
c-S 259  N-Br 243 Ol 234

Table 3.2: Average Bond energies of multiple bonds (kJmol)

c=C 614 N =N 418
E=C | N 839 N=N 941
C=N 891 0=0 495
c=0 799 S=0 523
c=0 1072 S=8S 418

3.3.1 Relationship between the Bond Energy and Polarity Or Strength of
Bond and its lonic Character

Polar bonds are stronger than non-polar bonds and greater amount of energy is required
to break these bonds. Due to ionic character, the strength of bond increases. Increase in
strength of H-Cl bond or ionic character in H-Cl bond can be observed from the experimentally
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determined values of H-H, CI-Cl and H-Cl bond and theoretically calculated bond energy value
of H-ClI bond. It involves the following steps:
Step (i) Calculation of bond energy contribution of one H atom.
Bond energy of 1 mole of H-H bonds =436 kJ
or Bond energy of 6.02x10%% H-H bonds =436 kJ

or Bond energy of one H-H bond =__43%6 kJ
6.02 x 10%
=72.42x102%J
Bond energy contribution of one H atom = 72.42x10*
2
=36.21x10%kJ

Step (ii) Calculation of bond energy contribution of one Cl atom.
Bond energy of 1 mole of CI-Cl bonds = 242 KJ

or Bond energy of 6.02x1022 CI-Cl bonds =ﬁ kJ
Bond energy of one CI-Cl bond = 40.19x1023 kJ

Bond energy contribution of one Cl atom= 40.19 <10 kJ

2
=20.09 x 1033 kJ
Step (iii) Calculation of bond energy of 1 mole of H-Cl bonds.
This calculation is based on the assumption that H-CI bond is non polar.
Bond energy of one H-C| bond = Bond energy of H-atom + Bond energy of Cl atom.
=(36.21x 1023 + 20.09x 10"%3) kJ
=56.3x10% kJ
Bond energy of 6.02x10%% H-Cl bonds = 56.3x1023 x 6.02x10%
=338.93kJ

Bond energy of one mole of H-Cl bonds= 338.93 kJ/mole

The relation between bond energy and electronegativity can be seen from theoretically
calculated and experimentally determined values of HCI bond.

Theoretically calculated bond energy of H-Cl bond = 338.93kJmol".

Experimentally determined energy of H-Cl bond = 431kJmol-'.

The experimentally determined bond energy is significantly greater than the calculated
value, which means a more stable H-C| bond. This stability is due to the ionic character
present in the bond. The amount of additional bond energy depends on the electronegativity of
the two bonded atoms. Greater the difference of electro-negativity between the two
bonded atoms, the greater is the ionic character and stronger is the bond.

Table 3.3: Comparison of experimental and theoretical bond energies

X=F X=ClI T X=Br X=1

X-X 155 242 193 151
H-X(Calculated) 293 338 311 291
H-X (observed) 567 431 366 299
Difference 274 95 55 08

This data clearly indicate the part played by electronegativity in the strength of a bond.
Electrons are not equally shared between hydrogen and halogen atoms in HX. Since halogen
atom is more electronegative, the bonded electron pair is more attracted towards halogen
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atom. This develops polarity in H-X molecules which produces an additional attractive
binding force.

Bond Length

Bond length may be defined as the distance between the nuclei of atoms joined by
covalent bond. This distance between the bonded atoms is not constant, because the bonded
atoms are always vibrating with respect to each other. Therefore, average of minimum inter
nuclear distance is considered as bond length or bond distance. Thus bond length may also be
defined as the internuclear distance when the maximum possible overlap of concerned atomic
orbitals occurs. It is measured by techniques such as X-ray diffraction, neutron diffraction and
microwave spectroscopy.

Measuring units
It is measured in A or picometer: | pm = 10-'2m, 100 pm = | A =10"0m,

It is observed that its measurements may vary in accuracy but still similar bonds have fairly
constant lengths in different molecules, variation generally being less than 1%. In most of the

compounds, the C-C single bond length is very close to 1.54 A’ . For example in ethane molecule
the C-C bond length is 1.54 )& and in ethyl chloride (C2HSC|)the C-C bond length is 1.55;0\ .

One half of the bond length between nuclei of two similar atoms join by single
covalent bond is called the covalent radius of that atom. For example, the covalent radius
of Carbon is 0.77 A i.e. half of the C-C bond length which is 1.54 )& The covalent-radii of
other atoms are given in the following table:
Table 3.4: Covalent-radii of various atoms

0.28 F 0.72

H
C 0.77 Cl 0.99
N 0.75 Br 1.14
@) 0.74 I 1.33

The covalent-radii can be used to calculate the bond length between two unlike atoms,
which in some cases, is equal to the sum of the covalent radii of the two bonded atoms. For
example, the C-Cl bond length in CH,Clis 1.76A", which is exactly the sum of the covalent
radii of carbon (0.77 A") and chlorine is (0.99 A"). However, in most cases, the length of a
bond between two unlike atoms is markedly shorter than the sum of the two covalent radii. For
example, the covalent radii of C and N add up to 1.52 A" where as the observed C-N bond
length in methylamine (CH,NH,) is 1.47 A’. Similarly, the observed C-O bond length is

ethanol (CzHSOH)iS 1.42 A", although the sum of the covalent radii of carbon and oxygen is

1.51 A". In general, the shrinkage in bond length becomes more and more marked as the
difference in electronegativity of the two bonded atoms increases.

Average single bond lengths of some of the important covalent bonds are given in the
following table:
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Table 3.5: Bond lengths of some Covalent Bonds

C-H | 1.07 C-Br 1.93
c-C 1.54 C-l 2.14
Cc-0 1.42 c-Cl 1.76
C-N | 1.47 | O-H 0.96
C-F 1.38 N-H 1.01

Bond length is also affected by the nature of hybridization of the bonded atoms as shown
in the following table:

Table 3.6: Effect of Hybridization on the Bond Length

C-H Cc-0 C-N
sp® 1.11 (methane) 1.41 (ethanol) 1.47 (methylamine)
sp? 1.10 (ethylene) 1.34 (formic acid) 1.36 (formamide)
sp 1.08 (acetylene)

It can be noticed that the bonds are shortened by increasing “s” character. This is
because the hybrid orbital with increased “s” character is held more tightly by the nucleus. A
double bond between two atoms is shorter than a single bond between the same two atoms

and a triple bond is shorter than the double bond as shown in the following table:

Table 3.7: Single, Double and Triple Bond Lengths.

Single bond Double bond Triple bond
c,C _Q 1.54 1.38 1.19
C.N Y 1.47 1.28 1.16
c,0 1.42 1.20

This shrinkage of the multiple bonds is due to the presence of extra = electrons (two in
the case of a double bond and four in the case of triple bond) between the two nuclei, which
exert additional attraction on both the nuclei bringing them closer to each other.

Dipole Moment

(Determination of degree of polarity of molecules)

The degree of polarity of a molecule can be expressed in terms of dipole moment. It is
the product of the magnitude of the charge (positive or negative) and the distance
between them. If q is the charge at each end of dipole and r is the distance between the
positive and negative centers, then dipole moment represented as pis givenby u=qxr

Units: Its Sl unit is Coulombs meter (C.m) but most common units used is Debye (D)

1 Debye (D) = 3.336 x 103°C.m
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Application of dipole moment

(i) Determination of polarity of molecule
Molecules which have zero dipole moment are non-polar, Whereas molecules which have
dipole moment are polar.
For example benzene has zero dipole moment, so it is non polar. But Cholobenzene has
dipole moment of 1.2D, so it is polar.

(ii) Prediction of Isomers

The study of dipole moment also finds applications in stereochemistry. For example,
dipole moments of isomer 1, 2 — dichloroethene have been calculated are given below:

H Cl H H
Cl H Cl Cl
Trans Cis
1=0D I =1.89D

Thus knowing the dipole moment of the given sample of 1, 2 — dichloroethene, one can
predict whether it is Cis or trans isomer.
(ii) Calculation of %age ionic character in a bond.

The dipole moment helps to calculate the percentage ionic character in a bond.

Example

The observed dipole moment of HF is 1.90D. Find the percentage ionic character in HF
bond. The distance between the charges is 0.917 x 10""°m.
(Unit positive change = 1.6022 x 10-1°C)

Solution:

Let us suppose that HF molecule is 100% ionic. It means that H has full positive charge
and F has full negative charge. To calculate their dipole moments multiply the bond length with
full charges of electron or proton i.e. 1.6022 x 10-'°, This dipole moment is called Lionic.

So, Wionic qxr
(1.6022 x 10-1°C) (0.917 x 10-'°m)
1.469 x 102 C.m

O hitn
3

Since 1D = 3.336 x 10

S0, lionic = 1.469x10*°C.m =44D

3.336x10°°Cm
The actual dipole moment as it is observed.
Il observed = 1.90D

% ionic character = M =43.2%

4.
Hence HF bond is 43% ionic and 57% covalent. The bond is predominantly covalent.

3.4 EFFECT OF BONDING ON THE PROPERTIES OF
COMPOUNDS

The properties of substances are characterized by the type of bond present in them.
We shall consider the effects of the types of bond on physical and chemical properties of
compounds.



72 ; 3. Theories of Covalent Bonding and Shapes of Molecules

Properties of Compounds:

Solubility
(a) Solubility of ionic Compounds:

Most ionic compounds are soluble in water but insoluble in non-aqueous solvents.
Reason: When a crystal of ionic compound is placed in water, the polar water molecules
detach the cation and anion from the crystal lattice by their electrostatic attraction. The ions are
freed from the crystal lattice by hydration. This happens when the hydration energy is equal to
or greater than the lattice energy. The energy released in hydration is used to overcome the
lattice energy. Thus the ions are freed from their positions in the crystal.

Many ionic compounds do not dissolve in water because the attraction of water
molecules cannot overcome the attraction between the ions. Their lattice energy dominates
over their hydration energy. For the same reasons, the non-polar solvents benzene and
hexane do not dissolve in ionic compounds.

(b) Solubility of Covalent-Compounds:

Covalent compounds dissolve in non-polar organic solvents such as benzene, ether.
Most covalent compounds are insoluble in water. However, some of them dissolve in water.
Reason: The attractive forces of solvent molecules in non-polar solvents are enough for
overcoming the intermolecular forces of attraction in covalent compounds. Hence covalent
compounds dissolve easily in non-polar organic solvents.

The solubility of covalent compounds in water depends on their ability to form hydrogen
bonds with water molecules. Many organic compounds containing oxygen or nitrogen like
carbohydrates, alcohols and amines are soluble in water due to hydrogen bonding.

(c) Non-directional nature of ionic compounds:

lonic bonds are non-directional and rigid in nature. They do not show the phenomenon of
isomerism.

(d) Directional Nature of covalent compounds

Covalent bonds are non-rigid and directional. They show the phenomenon of isomerism.
Reason: Due to non-rigid and directional nature of the covalent bond, covalent compounds
have different orientation of atoms in space. Hence many covalent compounds show the
phenomenon of isomerism. For example C2HsO show structural isomerism.

H T
H
0 H
//\C/”\C/LH HH—\C—\C—B—H
W/ e Vvl
H H H H
Dimethyl Ether Ethyl alcohol

3. Reaction Kinetics

(a) Speed of reaction of ionic compounds

The ionic compounds exist in the form of ions in an aqueous solution. The chemical
reaction between ions occurs rapidly. The reaction is so rapid because no bond is to be
broken, only a new bond is formed. The ionic bonds have already been broken during the
formation of solution.

For example, addition of silver nitrate solution to sodium chloride solution produces a



< 3. Theories of Covalent Bonding and Shapes of Molecules 73
white precipitate of silver chloride instantaneously.

The oppositely charged ions combine at once to give the product. This is because no
force is required to break the bonds of reacting compounds.

(b) Speed of reaction of covalent compounds:

Since there is no strong electrical force to speed up a chemical reaction, like in ionic
reaction the covalent bonds are generally much slower to react as they involve both breaking
and making of bonds. The molecules undergo a chemical change as a whole. It is because
high energy is required to break the covalent bonds. Covalent compounds react in a variety of
ways. The reactivity of covalent compounds depends upon the way a reaction proceeds and
the kind of product-obtained at the end of a reaction.

4. Density:

The electrostatic force of attraction existing between the cations and anions in an ionic
crystal brings these ions very close to one another. This decreases the volume of the crystal
and consequently the ionic crystals have high density.

5. Types of Solids:

A solid is a structural unit of atoms, molecules or ions, which are held together strongly
enough to give a rigid structure.
Four types of solids exist namely
(a) Molecular solids:

Consists of atoms or molecules held together by inter-molecular forces. Solid water (ice)
and solid co, (dry ice) are common examples.

(b) Metallic Solids:

Consists of atoms held together by metallic bonding, examples silver, copper and gold.
(c) lonic Solids:

Consists of cations and anions held together by virtue of electrostatic attraction of the
opposite charges. Examples are NaCl andCacCl, -

(d) Covalent Network Solids:
Consists of atoms held together in large network or chains by covalent bonds. Diamond
and graphite are typical examples.

Diference between metallic Solids and Molecular Network Solids Metallic Solids

Metallic Solids

Metallic solids consist of infinite arrays of bonded atoms; each cation in a metal has a
high co-ordination number sometimes four or six, but more often eight or twelve they are good
conductors of electricity.

Covalent Network Solids

They consist of infinite arrays of bonded atoms; no individual molecules can be distinguished.
Thus any given piece of network solid may be considered a giant, covalently bonded molecule.
Network solids generally are poor conductor of heat and electricity. Strong covalent bonds among
neighbouring atoms throughout the structure give these solids, strength and high melting
temperature. Some of the hardest substances known are covalent network solids.

Diamond, the hardest allotrope of carbon, has the covalent network structure shown in
the diagram. Diamond sublimes at 3500°C and above.
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Graphite, a softer allotrope of carbon has three layered structure shown in the diagram.
One feature that distinguishes covalent network solids from metals is the lower co-
ordination number of atoms in network structures. For example; Co-ordination number of C in

diamond is four, silicon (Si) is four and that of oxygen in quartz is two.
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Figure 3.27: Allotropic forms of carbon

References for additional information
= John C. Kotz, Paul M. Triechel and Gabriela C. Weaver,
Chemistry and Chemical reactivity.
= Asim and K. Das, Fundamental concepts of chemistry.
»= David E. Goldberg, Fundamentals of Chemistry.
= Graham Hill and John Holman, Chemistry in context.
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1. Choose the correct answer (MCQ).

(i)

(ii)

(iii)

(iv)

(vi)

The bond energies of F,, Cl,, Br,, and |,are 37, 58, 46 and 36k Cals, respectively.

The strongest bond formed is in;

(@ F, (b) ci, (©) | (d) Br,

The percentage of ionic character of bond between two atoms is calculated from their;
(a) Dipole moment (b) Electronegativities

(c) Electron affinities (d) lonization energies

The geometry of PF, molecules is;

(a) Planar (b) Square planar

(c) Trigonal bipyramidal (d) Tetrahedral

Sp? hybridization is not important in describing the bonding in;

(a) NH; (b) ccl, (c) H,O (d) AgCI

Greater the dipole moment

(a) Greater is the ionic nature (b) Lesser is the polarity

(c) Smaller is the ionic nature (d) None

A diatomic molecule has a dipole moment of 1.2 D. If its bond distance is 1.0 A", what
fraction of electric charge ‘e’ exist on each atom?

(a) 12% e (b) 18% of e (c) 25% e (d) 30% of e
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6.
T

8.
9.
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(vii) H—0O-H bond angle in H,0is 104.5° and not 109.5° because of;

(a) High electronegativity of oxygen (b) Bond pair — bond pair repulsion

(c) Lone pair — lone pair repulsion (d) Lone pair — bond pair repulsion
(viii) Which is not characteristic of n bond?

(a) = bond is formed when a sigma bond already exist

(b) = bond are formed from hybrid sp arbitals

(c) = bond may be formed by the parallel overlapping of p-orbitals

(d) = bond results from lateral overlap of atomic orbitals.

(ix) In the formulation of N; from N2 , the electron is removed from;

(a) ozpx orbital  (b) o'zpx orbital (c) mapy orbital (d) m*zpy orbital

(x) According to VESPR theory, the most probable shape of the molecule having 4
electron pairs around the central atom is;
(a) Hexagonal (b) Tetrahedral (c) Octahedral (d) Linear

Read the given table below and answer the following questions.

X-X X = Cl =

242 151
H — X (Calculated) 336 291
H - X (Observed) 431 299
Difference 95 08

(a) Give reason for the difference in calculated values and observed values.

(b) Effect of high bond energy on bond length with reason.

(c) lonic character on the basis of bond energies, with reason.

Energies of orbitals can be explained by molecular orbital theory. It has been observed that
in case of Nitrogen molecule c2px is higher in energy than n2py and n2p:

(a) Draw molecular orbital energy diagram for nitrogen molecule.

(b) Give reason why the 62px energy is greater than n 2pyand n 2p:.

. Carbon can make a bond with hydrogen to form ethyne. Bond energy of C-H is same

although 2s and 2p orbitals are involved which have difference in energies. Explain the
formation of ethyne molecule on the basis of hybridization with the help of diagram.

. Molecular orbital theory can explain the magnetic character of O,, O?and Og_ species

Evaluate it.
The melting points, boiling points, heat of vaporization and heats of sublimation of electrovalent

(ionic) compounds are higher as compared to those of covalent-compounds. Argue.

The dipole moment of HCl is 1.03D and the distance between atoms is 127pm calculate the
percentage of ionic character of the HCI bond. (Ans. 16.9%)
Differentiate between a sigma bond and a pi bond.

Adouble bond is stronger than a single bond and a triple bond is stronger than a double bond.



GASES

After completing this lesson, you will be This is 10 days lesson
able to: (period including homework)

o List the postulates of Kinetic Molecular Theory.

= State the values of standard temperature and pressure (STP). Relate

« Define pressure and give its various units.

« Explain the significance of absolute zero, giving its value in degree Celsius and Kelvin.
+ State and explain the significance of Avogadro's Law.

e Derive Ideal Gas Equation using Boyle's, Charles' and Avogadro's law.

« Explain the significance and different units of ideal gas constant.

+ Distinguish between real and ideal gases.

+« Derive new form of Gas Equation with volume and pressure corrections for real gases.
* State and use Graham's Law of Diffusion.

* State and use Dalton's Law of Partial Pressures.

o Explain Lind's method for the liquefaction of gases.

« Define and explain plasma formation.

= Describe the motion of particles of a gas according to Kinetic Theory.

« Related temperature to the average kinetic energy of the particles in a substance

» Use Kinetic Theory to explain gas pressure.

» Describe the effect of change in pressure on the volume of gas.

» Describe the effect of change in temperature on the volume of gas.

« Define and describe the properties of Plasma

+ Describe some of the implications of the Kinetic Molecular Theory, such as the velocity of molecules and
Graham's Law.

« Explain why real gases deviate from the gas laws.

INTRODUCTION

Matter consists of three fundamental states, the gas, liquid and solid. Besides these
three states, the fourth one is Plasma state (a partially ionised gas at very high
temperature).

The word gas is derived from chaos. This is because the gaseous particles have chaotic
(random) motion. The molecules travel in a straight line until they collide with each other or
with the walls of the container. This type of motion of the molecules is called Brownian
Movement (Robert Brown 1827).

A gas at a given temperature has neither a definite shape nor a definite volume. It will
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take up the shape of any container into which it is placed.

All gases diffuse to fill the space available to them. The rates of diffusion are different for
different gases. When diffusion takes place between a liquid and a gas, it is known as “intimate
mixing”.

The earth’s atmosphere is a mixture of gases. Oxygen (21%) and Nitrogen (78%) are its
two major components, both support life. In fact, the earth’s atmosphere is an immense system
of gases where many chemical reactions occur. For example, photo-synthesis, combustion etc.
Natural gas, the major component of which is methane, is used to heat homes in winter, to
cook food and to drive vehicles efc.

4.1 KINETIC MOLECULAR THEORY OF GASES

The behaviour and properties of gases can be theoretically explained using the kinetic
molecular theory. This theory is a model that explains the behaviour of gases using
generalization about random moving molecules within a gas.

The kinetic molecular theory was first postulated by Daniel Bernoulli, a Swiss
mathematician. The Kinetic theory of gases was elaborated and extended by a number of well-
known physicist such as James Maxwell (1859) and Boltzmann in (1870). In 1857, Clausius
derived the kinetic equation and deduced all the gas laws from it.

Physical theories are often given in terms of postulates, the basic statements from which
all conclusions or prediction of theory is deduced.

4.1.1 Kinetic Molecular Theory

The kinetic molecular theory of gases is based upon the following postulates:
. Gases are considered to be composed of minute discrete particles called molecules.
. The molecules move randomly in straight lines until they collide with one another or with
the walls of container.
3. The collisions among the molecules are perfectly elastic i.e. the total kinetic energy
remains constant.
4. The molecules of a gas are thought to be of the same mass and size but are different
from gas to gas.
5. The pressure is produced due to the collisions of the molecules.
6. The average kinetic energy of a molecule is directly proportional to the absolute temperature.
It means that the higher the temperature, greater will be the molecular kinetic energy.
7. At relatively low pressure, the average distances between molecules are large as
compared with molecular diameters.
There are no attractive or repulsive forces between the molecules.
9. The volume occupied by the molecules is negligible as compared to the total volume of
the container.
R.J. Clausius deduced an equation for the pressure of an ideal gas from the postulates of
kinetic theory. This equation is called kinetic equation.

N =

@

Mathematically, PV = % mNc?
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Where P = Pressure
V = Volume
m = mass of one molecule of the gas
N = number of particles of the gas

¢? = mean square velocity of gas molecules
Since the molecules of a gas under the given conditions do not have the same velocity,
so mean square velocity is considered. If n1 molecules have velocity c1, nz molecules have
velocity c2 etc, then

2 2
o nycy +nzce; + -

ny + ny + -
Where ¢? is the average of squares of all the possible velocities. The square root of ¢? is called
root mean square velocity (Crms).

4.1.2 Motion of Particles of a Gas

According to the kinetic molecular theory, the gaseous molecules are always in a state
of haphazard motion. As a result due to their motion, they will have certain kinetic energy. The
increase or decrease of temperature will increase or decrease their motion. In gases, the
molecular motion is of three types:
i. Translational Motion.
ii. Rotational Maotion.
iii. Vibrational Motion.

A mono atomic molecule (e.g. He) will show only translational motion while a diatomic
(H2) and polyatomic molecules (CO,, NH,etc.)will undergo, in addition to translational
motion, the rotational and vibrational motions too.

i. Translational Motion:

The motion imparted to the gaseous molecules due to their motion in all possible
directions is called translational motion and the energy as kinetic translation energy. In this
case the entire molecules move from place to place.

ii. Rotational Motion:

The motion imparted to the gaseous molecules as a result of net angular momentum
about their centre of gravity is called rotational motion and the energy as kinetic rotational
energy. In this case the molecule spins like a propeller.

iii. Vibrational Motion:

The motion imparted to the gaseous molecules due to the oscillations is called vibrational
motion and the energy as kinetic vibrational energy. In this case the molecules vibrate back
and forth about the same fixed location.

In such an oscillating system, there is a continuous interchange between vibrational
kinetic energies and potential energies. As a result both K.E and P.E is possessed by the
gaseous molecules. Thus, Total E(Vib.) = K.E (Vib.) + P.E (Vib.)
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Figure 4.4: Different motions of molecules

The vibrational motions in polyatomic molecules (like CO2, NHs etc.) are quite
complicated.

4.2 ABSOLUTE TEMPERATURE SCALE ON THE BASIS OF
CHARLE’S LAW

The Charle’s Law states that the volume of a given mass of a gas increases or
decreases by 1/273 times of its original volume at 0°C and reduces to zero at -273.15°C.
Actually at this temperature a gas does not remain in gaseous state but changes into the
liquid or a solid.

Lord Kelvin (1824-1907) succeeded in measuring temperature of the gas with the help of
a new scale called the Absolute Kelvin temperature scale or the Kelvin temperature scale.
According to this scale, -273.15°C is the starting point of the scale. On comparing with the
Celsius scale, (which starts with 0°C), the two scales are related as

K=0C + 273
Example 4.1

Convert the following Celsius temperatures to Kelvin temperatures:
(a) -132°C (b) 96°C (c) 0°C (d) -12°C (e) 148°C

Solution
Using the formula: K =°C +273
(a)K=-132+273 =141K (b) K=96°C + 273 =369 K
(c)K=0°C+273 =273K (d)K=-12°C + 273 =261K
(e) K=148°C +273=421K

Example 4.2

Convert the following Kelvin temperatures to Celsius degree centigrade temperatures.
(a) 340K (b) 200 K (c) 10K (d) 405 K

Solution:
Using the formula: t°C =K -273
(@)t°C=340-273 =67°C (b)t°C=200-273=-73°C

(c)t°C=10 -273 =-263°C (d) t °C = 405 - 273 = 132°C
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4.2.1 Relationship between Temperature and Average Kinetic energy of

Particles in a Gas

The temperature of a gas depends upon kinetic energy of the molecules. The increase
of temperature increases the average kinetic energy of the molecules and vice versa.
Derivation of relationship between Kinetic Energy and Temperature

The average kinetic energy of the gaseous molecules is re-distributed with rise or fall of

temperature. It can be explained with the help of kinetic equation of gases.
According to kinetic equation of gases,

PV = % MNE e 1)
and KE-= .;, meE e (2)
Again we consider py= % mNc?
=2 el e
3 N(2 mc*)
= % 10,4 = N . - (3)
Now consider one mole of gas. It will posses Avogadro’s number (Na) of molecules,
Then N = Na

Therefore PV= 2/3 NA (K-E)

According to the General Gas Equation

PV =nRT = Y icissiessssiie. (5)
Foronemole ofagas,n=1then PV=RT
Comparing equations (4) & (5) we get,

% N,KE)=RT = &M = v (6)
2N, (KE) = 3RT
KE = 3RT

2N,
K.E = kT, where SR _ k , a constant quantity.

2N,
or K.ECCT
Conclusion

The Kelvin Temperature of a gas is actually the measure of average translational K.E of
its molecules.

In gases and liquids, the temperature explains the average translational energy of the
molecules. In solids where molecules cannot move freely, temperature becomes a measure of
vibrational K.E.

4.2.2 Gas Pressure in the Light of Kinetic Molecular Theory

According to the Kinetic molecular theory, gas molecules are in constant random motion.
They move in straight line until they collide with another molecule or the walls of the container.
The pressure of a gas in a container is due to the force exerted by its molecules on the walls of
the container. The average kinetic energy of gas molecules is directly proportional to the Kelvin
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temperature. So the average kinetic energy of a collision when a gas molecule collides with the
walls of a container will not change at constant temperature.

Gaseous pressure and its various units

When a balloon is inflated, its walls expand. The balloon walls tend to collapse due to the
squeezing of air trapped inside. However this must be counterbalanced by a force exerted by
the trapped gas. This force is called Pressure.

So a force being exerted over a unit area is called Pressure.

So, p=F where P is measured in Pascal, Force in Newton and the
A
area in m.
A Pascal (Pa) is defined as the force of one Newton (N) spread over an area of 1m?.
Units of Pressure:
Sl Units:
Sl unit for pressure is Pascal (Pa), in S.I. system, unit of force is Newton (N) and the unit
of area is metre square (m?). Thus Pascal is one Nm=,

1 atm = 101325Pa =101325 Nm2
1 atm = 14.7 Psi (Pounds per square inch)
1 atm = 101.325 kPa
1atm = 760 torr = 760mm of Hg
1J = INm =107 ergs = kgm?s™
1 Cal = 4.18J
1 atm =1.01325 bar
Interconversion of Pressure in Pascals, Kilo Pascals and atmosphere
Example 4.3
Convert 10 Pascals into (i) Kilo Pascals  (ii) atmosphere
Solution:

(i One Kilo Pascal = 1000 Pascals
or 1000 Pascals = one Kilo Pascal

10Pa = 1«40 =0.01 Kilo Pascal
1000

(ii) One atmosphere = 101325 Pa
or 101325 Pa = one atm

10 Pa = 1 .40 =0.000098 atm
101325

Self Check Exercise 4.1
Example: Convert 35 Psiinto (i) Pascal (ii) Kilo Pascal (iii) Atmosphere

4.2.3 Effect of Change in Pressure on the Volume of a Gas (Boyle’s Law)

In the middle of the 17" century, Robert Boyle (1627-1691) and his assistant Robert Hooke
(1635-1702) made many investigations about the relationship between Pressure and Volume of
a gas. In 1662, Robert Boyle reported that with increase in pressure on a gas, it's volume
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decreases. This was stated as Boyle’s Law. It states that the pressure of a fixed amount of a
gas varies inversely with its volume, the temperature is maintained constant.

Mathematically, px% or P=k x.\l/ where k is proportionality constant. The value of k

is different for different amounts of the same gas.
Again p =k x % or PV =k, thus the product of volume and Pressure remains constant

provided the temperature is kept constant.

P1Vi=k (For gas at pressurep, )

P2 V2=k (Forgas at pressurep, )

Therefore V,P, =V,P, where Vv,and P, are initial volume and Pressure while P2 and V2

are their final Pressure and volume.

When the Pressure of a gas is plotted against volume at different temperatures, we get a
family of curves as shown in the figure 4.7. Each curve is a hyperbola with different values of k.
Each curve is known as Isotherm (constant temperature plot). As the temperature is increased,
the Isotherm goes away from both the axis. This is because at higher temperature, the volume
of the gas is increased.

Ts

Ti=T=Ts

7
T pLs Ti<Ta=Te
T' I’ -

H Vaorlfd o 1/Vord

Figure 4.7: Graphical representation of different forms of Boyles Law

Example 4.4
An ideal gas occupies a volume of 0.300 dm?® at a pressure of 1.80 x 105 Pa. What is the
volume of the gas maintained at the same temperature if the pressure is reduced to 1.15 x 10° Pa.

Solution

V, = 0.300 dm® V2= 7

P, = 1.80 x 10° Pa P, =1.15x 10°Pa
According to the Boyle’s Law

ViP, =V,P,
V.P
V =_11
or 2 P2
_ 0.300dm® x1.80 x 10°Pa
1.15x10°Pa
_ 0.300 x 1.80

dm® = 0.469dm°®
1.15
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Example 4.5

At sea level, where the pressure was 755 torr, the gas in a balloon occupied 2m3. What
volume will the balloon expand when it has risen to an altitude where the pressure is

(a) 100torr (b) 10 torr temperature remains constant

Solution
(a) P, =755torr P, =100torr
V,=2m* V, =7
According to the Boyle's Law
V,P,=V,P,
2m® x 755torr =V, x 100torr
_ 2m® x 755torr

or
: 100torr
2x755
WS m?® =15.10m?
(b) V, = 2m® V, =7

P, =755torr P, =10torr
According to the Boyle’s law
VP =V,P,
2m?® x 755torr = V, x 10torr
_2m’ x 755 torr

10 torr

:2X755 3 o 3
10 m 151m

or V2 =

Self Check Exercise 4.2

375cm?® of a given gas has a pressure of 770mm of Hg. What will be the volume if
the pressure is reduced to 750mm of Hg? (Ans: 385 cm?)

4.2.4 Effect of Change in Temperature on the Volume of a Gas:
(Charle’s Law)

The thermal expansion of gases was studied by Jacques Charles
(1746-1823). He derived the relationship between volume of a gas and temperature in 1787.
This relationship is known as Charles'’s law. It states that at constant pressure, the volume
of a given mass of a gas varies linearly with the absolute temperature of the gas.
Charles's law can also be stated as “at constant pressure the volume of given mass of gas

increases or decreases by % times of its original volume at 0°C for every 1°C rise or

fall in temperature respectively.”
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From his preliminary investigations, Charles observed that the gases such as H2, CO2, Oz
etc. expanded equally on heating from 0°C to 80°C at constant pressure.

Derivation of critical form of Law
Suppose the volume of a gas at 0°C = Vo

Volume at 1 °C = vo+ Vo !

273
Volume at 2 °C= vo+ Vo =
273
Volume at t °C = Vo + Vo
273
t
V, = Vo[1+ ——=
t 0[ 273]
273 + t
=Vel—573 ]
Where t °C + 273 =T (Absolute temperature)
T
=V
°[573]
v, = Ve
273

Thus the Law states that the volume of a definite quantity of a gas at constant pressure
is directly proportional to the absolute temperature.

Again Voc T or V = KT, where T is the temperature on absolute scale. Thus the
temperature on degree centigrade or Celsius scale can be converted to the absolute scale or
Kelvin scale (after the name lord Kelvin 1824-1907) by adding 273.15.

Thus K=t°C + 273.15

Now V =KkT or =k

—H|<

Thus the Law may also be defined as, “the ratio between volume and temperature is

always a constant quantity.”

o

V V.
{ ol
So ==k anfl) ==Kk
T T,
S B o
T1 T2 P=1Amm P=12 Alm
Where Vi and T1 are initial volume 30 P=3AIm
and absolute temperature. V2 and T2 are
final volume and absolute temperature. \Y 20l

The equation for Charles’s Law P=35 Atm

gives a straight line proved by plotting a
graph between volume and temperature.
Different straight lines are obtained with

different pressures, which are a constant s 200 400 600 800 1000
quantity. Each constant pressure line is
called an “Isobar”.

__"T

Figure 4.9: Graphical verification of Charles lew
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4.2.5 Absolute Zero

According to critical definition of Charles’s Law, at constant pressure, the volume of given
mass of a gas increases or decreases by % of its original volume at 0°C by 1°C rise or fall of
temperature, respectively.

Let the volume of an ideal gas at 0°C is Vo cm’
1

Volume at -1°C = v, -

Vo s ’
273 g > P 3
Volume at -273°C = vo-273 v, = 0 : i P>
Thus exactly at -273°C, the volume of a | o
given mass of a gas reduces to zero. A graph oo
between volume and temperature gives a *&g’??' -
straight line and cuts the temperature axis at CELSIUS _\i"’__ Gl S
—273.15°C. et B o e e
Thus the hypothetical temperature at KELVINSCALE D 73 173 273 373 473 573 TEMPERATURE

which the given volume of a gas reduces
to zero is called Absolute zero. For this
reason a new temperature scale has been
developed. This new scale is called Absolute or Kelvin scale. It starts from —273.15°C which is
marked as zero Kelvin.
—273.15°C = Zero Kelvin

This is applicable for all other gases as well and is the lowest possible temperature in the
gaseous state but actually it does not happen because all the gases liquify or solidify before
they reach this temperature (— 273.15°C). This temperature is considered as the lowest
possible temperature.

Figure 4.11: Effect of decrease of temp on adefinite
volume of a gas at constant pressure

Example 4.6

If 50 cm? of a gas in a syringe at 15°C is heated to 50°C and the piston of syringe is
allowed to move outwards against constant atmospheric pressure, calculate the new volume of
the hot gas.
Solution

Vi=50cm®  Vz=?

T1=15°C + 273 = 288K T2=50°C + 273 = 323K

According to Charles’s Law

V, _V, 50cm® _ V, _50%323 _cm’x K

— === or == V,= X

T, L 288K 323 288 K
=56cm’

Therefore the new volume of the hot gas = 56cm?3.

Example 4.7
At 17°C, a sample of H2 gas occupies 125cm?3. What would be the volume at 100°C?
(Pressure remains constant)
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Solution

V, =125cm® V=2

Ty =17°C + 273 T2 = 100°C + 273

= 290K = 373K

According to Charles’s Law

V1 - VZ

T, T,

125cm® _ or v _125x373 cm* x K

200K 373K . 200 K

= 160.78cm?3

Thus the new volume will be 160.78 cm?®

Self Check Exercise 4.3
A Volume-Temperature experiment which was performed on a sample of H2 gas
produced the Charles’s Law relationship V= 0.167T (V is in dm?). At what temperature

in degree Celsius would this sample of gas occupy 50dm3, if the pressure remains
constant? (Ans: 26.40°C)

4.3 AVOGADRO’S LAW

An Italian Physicist Amedes Avogadro (1776-1856) in 1811 proposed that a given volume
of any gas at fixed temperature and pressure must contain the same number of independent
units (particles). These particles may be atoms, maolecules or both.

This means that if we take equal volumes of two gases at a fixed temperature and
pressure, the number of molecules of both gases will always be the same. It means volume is
directly proportional to the number of molecules, where v is volume of the gas and n are
number of molecules, the independent entities.

Avagadro’s Law states that equal volumes of all gases at the same temperature
and pressure must contain equal number of molecules.

Mathematically Von or V=K=xn

4.3.1 The Significance of Avogadro’s Law

The exact number of particles (atoms, molecules) has been calculated in one mole of a
substance with the help of spectrometer and may be called as Avogadro’s number, after the
name of Avogadro. It is numerically equal to 6.022 . 10% particles per mole. It was confirmed by
Joseph Loschmidt (1821-1895). In the case of mono-atomic gases, it should be 6.022 . 102
atoms mole™' and 6.022 . 10?2 molecules mole™" in the case of di- and poly-atomic molecules.

e.g. 1 mole of Hydrogen atom is equal to 1.008 g.

It contains 6.022 . 10%® atoms of hydrogen. However one mole of H_gas having

molecular mass as 2.016g will contain 6.022 . 102 molecules.
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Now it has been calculated that if we have one dm?® of H
S.T.P.

L its mass will be 0.09g at
0.09gH, at S.T.P = 1dm?®

1
2.016gH, (onemole) at S.T.P =
gH; ( ) 0.09

x 2.016dm* = 22.4dm”°

Thus 1gram molecule or one mole of H,will have 22.4dm? at S.T.P. This volume of

22.4dm? at S.T.P is called Molar volume.
Generally one mole of any gas at S.T.P. occupies a volume of 22.4dm3. But one mole of

the same gas will contain 6.022 x 10” molecules. Other examples are as following:
1 mole of NI, (28 g) at S.T.P. =22.4dm’ = 6.022 x 10* molecules
1 mole of C1,(71 g) at S.T.P. =22.4dm° = 6.022 x 10 molecules
1 mole of 0, (32 g) at S.T.P. =22.4dm" = 6.022 x 10 molecules

1 mole of CO, (44 g) at S.T.P. =22.4dm’ = 6.022 x 10 molecules
The standard temperature is 0°C and pressure is one atmosphere.
Example 4.8

Calculate the (i) number of molecules and atoms (i) Number of mole
(iii) Volume in dm? of 10g of ammonia at S.T.P.

Solution:
(i) Number of molecules and atoms

According to Avogadro's Law, one mole of any gas at S.T.P. contains 6.022 x 10”
molecules in case of di-atomic and poly-atomic molecules. For example, in the case of

. . ) 2
ammonia one mole of it contains 0.022 x 10~ molecules.

Now mass of NH, =10g
Number of moles of NH, = mass =10
molecular mass 1
=(0.588 moles

One mole of NH, atS.T.P. = 6.022 X 10% molecules.

0.588 moles of NH, at S.T.P. =0.588 . 6.022 x 10 molecules

=3.54 x 10® molecules
Now number of atoms = no of molecules .. atomicity (Number of atoms in one molecule of NH,,)

=3.54%x10% x4
=14.16 x 1023 atoms

(i) Volume in dm?
We know that
22.414dm?® of any gas at S.T.P = 1 mole
22.414dm3of NH, at S.TP =179
or 17g NH, = 22.4dm®

22.414

109 NH, = x10 = 13.184dm’
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ﬁl Self Check Exercise 4.4

Calculate the number of molecules in (i) 1dm?® of oxygen (ii) 2dm?® of Hydrogen
(iii) 2.5dm? of nitrogen All gases are at S.T.P.

(Ans: (i) 2.7%10% (i) 5.4x10% (i) 6.75%10%)

4.4 IDEAL GAS EQUATION OR EQUATION OF STATE FOR AN
IDEAL GAS

An equation that shows the effects of simultaneous changes in pressure and
temperature on the volume of given amount of a gas is called ideal gas equation or equation of
state for an ideal gas.

4.4.1 Derivation of Ideal Gas Equation

The ideal Gas Equation is a combination of three Laws:
1. Boyle's Law 2. Charles’s Law 3. Avogadro’s Law
Now according to Boyle's Law

Voo % (at constant.....T and n) (1)

According to Charles’s Law

Ve T (atconstant....Pandn) (2)
According to Avogadro’s Law

Van (atconstant....Pand T) (3)
Where n is the number of moles of the gas.
Combining equations (1), (2) and (3), we get

Vel ot VT v=R

P P P
or
PV =nRT

Where R is a constant called general gas constant. This equation is called general gas
equation or ideal gas equation.

lfn =1 ThenPV=RT  or ¥=R
PV _
So T =R (For first condition of gas)
1
PV, _
and =R (For second condition of gas)

T,
R, B
T T,
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4.1.1 Standard temperature and pressure

Ideal gas equation enables us to calculate the effect of a change in temperature and
pressure on the volume of a gas. One cannot compare volumes unless they are stated at the
same temperature and pressure. Gas volumes are usually compared at 0°C (273K) and 1 atm.
These conditions are referred to as standard temperature and pressure (STP).

Example 4.9
A certain mass of a gas occupies 1000 cm?® at 57°C and 726 mm of Hg. What will be the
volume at S.T.P?

Solution
V,.1000cm’ V, =2
P,_726mm of Hg P, = 760mm of Hg
L.5TC+273 T, =273K
= 330K
Now apply the general gas equation
PV, - P, V,
T, T,
726mm of Hgx1000cm® _ 760mm of Hg xV,
330K 273K
v, = 726mm of Hg x 1000cm® 273K
¢ 330K 760 mm of Hg
V. = 726x1000x 273 mmofHgxcm® xK
2 330 % 760 K x mm of Hg

V, =790.3cm?®
So the volume of the gas at S.T.P = 790.3cm?

@ Self Check Exercise 4.5

Q.1 A given mass of a gas occupies 850 cm’at 320K and 0.92x10°Nm?pressure.
Calculate the new volume of the gas at S.T.P. (Ans: 658.410cm?)
Q.2 A container contains 2.5m3 of Helium gas at 15°C and 98 Nm-pressures. What

volume would this gas occupy at S.T.P? (Ans: 2.3x10'3m3)

4.4.3 Significance of General Gas Equation and Different Units of Ideal gas
Constant (R)

With the help of the Ideal Gas equation, we can determine:
(@)  Molecular mass of the gas. (b) Density of the gas.
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(i)

(if)

_4 Gases

Molecular Mass of the Gas:
According to the general gas equation PV =nRT ............. (1)
But n (no of moles) = % Where W = mass of the gas M = molecular mass of the gas

Putting the value of n in equation-1

PV =Wet
M

MPV  =WRT

or m=WRT
PV

So molecular mass (M) can be calculated if P, V W and T are known.
Density of the gas (g dm>):

According to the General Gas Equation, PV=nRT ... (1)
but n =W Therefore pv = W RT or mp="WRT
M M vV
as % =d (density),
so MP=dRT
or d=20e S (2)
RT

So knowing the values of P, T and M, the density can be calculated.

Numerical Value of R:

The value of R can be calculated in different ways as shown below:

(i) If one mole of a gas is taken at S.T.P (273 K, 1 atm), then the volume occupied by it
is 22.4dm3. Now according to the general gas equation.
PV =nRT

Where V =224dm* P=1atm n=1mole T=273K ThenR =?

From the equation
PV =nRT

R = PV _ 22.4dm’x1atm
nT  1mole x 273K

22.4x1

® 1% 273

R =0.0821dm®atm mole K"

(i) If pressure is measured in mm of Hg or torr and V in cm? then
R=0.0821dm® x atmmole 'K

=0.0821dm* x 760mmof Hgmole' K"
=62.4dm’mmHg mole K™
=62.4dm’torr mole” K™ (one mm of Hg = one torr)

=62.4 x1000cm?® torr mole 1K1
= 62400cm>torr mole K™

dm® x atmmole'K’
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(iii) In Sl Units, pressure is expressed in Nm and volume in m?, then
V =0.0224m* (1dm® =107 m3)
P =101325Nm?

n = 1 mole
T = 273K
R =7
R = E
nT
. 0.0224m* x 101325Nm™
1mole x 273K
X
_ 0.0224 x 101325 e Nm2 mole” K-
1% 273

R=8.3143 Nm mole! K-
Now we know that 1 Nm=1J

So, R =8.3143Jmole'K
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Example 4.10
Calculate the average molar mass of air at sea level and 0°C if the density of air is 1.29
kg m’.
Solution:
At sea level the pressure may be taken equal to 1 atm or 101325 Pa. We know that
a=MP or M (average molar mass) = ﬁ (1)
RT P
Where d =1.29kgm™
R = 8.3143 Nm mole™" K
T = 273K
P= 101325 Nm2
Now putting the values of these in equation (1)
b = 1.29kgm™ x 8.3143 Nmmole'K'x 273K
101325Nm™
_ 0.0289.kgm™ x Nmmole ' K"K
N N.m? |
M = 0.0289 kg mole
Example 4.11

A certain gas occupies a volume of 6 dm® under a pressure of 720 mm of Hg at 25°C.
What volume will this gas occupy under standard conditions of Temperature and Pressure

(S.T.P)?
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Solution
V, = 6dm?® vV, =7

P, =720mm P, =760mm
T1=25°C+273 T2=273 K
=298K
According to the General Gas Equation
V. = P VT,
ﬂ _ P2V2 or 2 TP
T, T, k&
_ 720mmx 6dm® x 273K
: 298K x 760mm
Vo= 5.2 dmé

Example 4.12
Four grams of CH,at 27°C and a pressure of 2.5atm occupies a volume of 2.46 dm?.
Calculate the value of R.

Solution
No of moles of CH, = __Mass
Molecular mass
n = . = 0.25 moles
16
T = 27°C+273=300K
P = 25atm
V =2.46dm*
R =72
According to the General Gas Equation,
VP =nRT
VP
or =T8T e 1
R nT ( )

_ 2.46dm°® x 2.5atm
0.25 mole x 300K

R =0.0821dm*atmmole’K"

Example 4.13

Find the density of ammonia gas at 100°C when confined by a pressure of
1600 mm of Hg.
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Solution d="?
T =100°C + 273 =373K
P = 1600 mm of Hg = % atm = 2.105 atm
My, =17gmole”

R =0.0821 dm? atm mole™ K
Now according to the General Gas Equation,
MP = dRT (Derived from General Gas Equation)

_MP _ 17gmole™ x 2.105atm

"~ RT 0.0821dm*atmmole K™ x 373K
_ 17x2.105

" 0.0821x 373

=1.169gdm*
4.5 DEVIATION FROM IDEAL GAS BEHAVIOUR:

A gas which obeys the general gas equation (VP = nRT) and all the gas laws especially
Boyle's Law and Charles’s Law is called an Ideal gas. No such gas is known. In reality no gas
is ideal because they show deviations at low temperature and high pressure. The gases which
do not obey general gas equation and all the gas laws strictly are called non-ideal gases. All
knows gases are found to be real under certain conditions.

or

4.5.1 Why Real gases Deviate from the Gas Laws?

The following table shows the volumes of hydrogen gas at different pressures and at
constant temperature. Do you think this data verifies Boyle's law?

0.1 2241 22.41
50 0.4634 23.71
1000 0.384 38.34

The result (PV) is quite different, temperature remains constant.

The real gases show deviation from ideal behaviour at low temperature and high
pressure. Van der Waals attributed the deviation of real gases from ideal behaviour due to two
faulty assumptions in kinetic molecule theory of gases.

(1) Inter molecular Forces of attraction:

There are no attractive or repulsive forces between the gas molecules.

(i) Volume
The volume of the gas molecules is negligible as -
compared to the volume of the container. Yo ®
oo 0.3 ®
Explanation of deviations: P o d
(i) At lower temperature: ol 29203
At high temperature the kinetic energy of the gaseous ;
(a) Low pressure (b) High pressure

molecules is very high. As a result the attractive forcgs Fig. 4.15: Effect of pressire on
between them are negligible. But when temperature is volume of one mole of a gas
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decreased, the kinetic energy of the molecules decreases. The intermolecular forces
become significant. It means that the molecules come close to each other. At a certain
very low temperature the gases change into the liquid state. Therefore attractive forces
between the gas molecules become significant near liquefying temperature. That is why
the ideal gases deviate from their original behaviour at low temperature e.g. SO,

liquefies at —10°C while H_, at —252.7°C. Therefore attractive forces between SO,
molecules cannot be considered negligible at room temperature. For this reason SO,
gas shows non-ideal behaviour at room temperature as compared fo Hz gas.

(ii) At high pressure
At low pressure actual volume of gas molecules is very small as compared to the
volume of the container. However, this volume does not remain negligible at high
pressure. This can be understood from the following figure.

When pressure is one atm, individual volume of one mole of gas molecules say 32cm?
is negligible as compared to the total volume of gas 22400cm?®. But if it is subjected to a
pressure of 100atm, the volume of the gas is reduced to 224cm?®. Under this pressure,
individual volume of gas molecules (32cm?)is not negligible as compared a volume of the gas
(224cm3).

Graphical Representation

For one mole of a gas, if a graph is plotted

between % and pressure, then for an ideal gas, it

must give a straight line (the temperature remains at
0°C. But actually it is seen that the gases do not give a
straight line. They deviate from their ideal behaviour as |PvwRT
shown in the figure.

Actually, when the pressure is initially increased,
it pushes the molecules closer and increases the 0.2 :
intermolecular forces. Due to these forces, the volume e :?Sssur;’?gm S8 200a 1208
of the gas shrinks more than that predicted from the  Fig. 4.16: Deviations from ideal behaviour
gas laws. (i.e. Boyle’s Law). This will decrease the

PV

value of 2. That is why the gases do not show a straight line. & is called compressibility

factor. For ideal gases it should be one, whereas for real gases it is not equal to one.

4.6 VAN DER WAALS EQUATION

(CORRECTION FACTORS TO IDEAL GAS EQUATION)

The general gas equation is not applicable to real gases at all temperatures and
pressures. In order to make it applicable to real gases, a Dutch Scientist Van der Waals in
1873 made correction in volume and pressure of the gases and derived an equation known as
Van der Waals equation. Both those assumptions are not true at high pressure and low
temperature.
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Volume Correction
Van der waal thought that, when a gas is compressed the molecules are pushed so

close together the repulsive forces operate between them. When pressure is further increased,
it is opposed by the molecules themselves. This is because the molecules have definite
volume, no doubt very small as compared to the volume of vessel, but it is not neglibile. So
Vander Waal's postulated that the actual volume of the molecules per mole of gas is
represented by b, then the volume avaible to gas molecules is the volume of vessel minus the
volume of gas molecules.

V = Vyessel - Vimolecule

V is free volume

Vmolecule = Nb

where b is individual volume of one mole of the gas molecules and ‘n'’ is total no. of moles
of the gas molecules. It is interesting to note that b is not equal to the actual volume of gas. In
fact it in four times the actual volume of molecules (b=4Vm)

So V =WVwssel—nb (1)

Pressure correction

A molecule in the interior of a gas is attracted by other moleules on all sides, so these
attractive forces are cancelled out. However, when a molecule is about to strike the walls of the
container, it experiences a force of attraction towards the other molecules of the gas, so the
molecules cannot hit the walls of the vessels with that much force with which they should have
been hitting in the absence of these attractive forces.

It means that the pressure being observed on the walls of the vessels is a little bit lesser
than the ideal pressure.

Therefore, Pobserved = Pideal - Plessened

If the ideal pressure is denoted by Pi and the pressure lessened due to molecular
attractions is denoted by P’ then

Pobservea =P — P’
and P =Pobserves + P’

P’ is determined by the forces of attraction between molecules which are striking the
walls of the container ( say type A) and molecules which are pulling them inward (say type B).
The net force of attraction is proportional to the concentration of type A and type B molecules.

. P'=<C,.Cg,
Let n is the number of moles of A and B type molecules separately and total volume of both
types of molecules is V.So,

P'oc

<|>
<|>
i
3!\7

, I e
P OCW
Where ‘a’ is constant of proportionality and is called as co-efficient of attraction per unit
volume. It has a constant value for a particular real gas.
2
P :P+e:/i2
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After the correction of volume and pressure, PV = nRT becomes
2
(P + ?viz) (V-nb) = nRT
For 1 mole of gas, n =1, then
(P+%)(V -b)=RT
This is the Van der Waals equation for an ideal gas.

. - .
fepel®g oY As b is incompressible
v volume per mole of a gas,

atm.(dm®)?
= e its units should be dm* mole

=atm.dm® mole

Substance a (dm® atm mole?) b (dm®mole)
Hz 0.0247 0.0266
He 0.0034 0.0237
N2 0.1408 0.0391
Oz 0.1378 0.0318
Cl 0.6579 0.0562
Ar 0.1355 0.0322
Kr 0.2349 0.0398
CcO 0.1505 0.0399
NO 0.1358 0.0279
CO:2 0.3640 0.0427
HCI 0.3716 0.0408
S0z 0.6803 0.0564
H20 0.5536 0.0305
NH3 0.4225 0.0371
CHs 0.2283 0.0428
CClzF2 0.1066 0.0973

Example 4.14

One mole of methane gas is maintained at 300K. Its volume is 250cm?®. Calculate the
pressure exerted by the gas under the following conditions.
(i) When the gas is ideal
(iiy When the gas is non-ideal, and
a = 0.2283 dm® atm mole
b = 0.0428 dm? mole™’

Solution:
(i  When the gas is ideal
General gas Equation is applied here.
(a)Gas = Methane:
n =1 mole
= 300K
250cm?® = 0.25dm?
0.0821 dm?® atm Mole 'k
5

o<
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Now applying the General Gas Equation,

PV = nRT,
p = NRT

_ 1mole x 0.0821dm®atmmole K™ x 300K

0.25dm?
_1x0.0821x 300 mofe x drm’ atmmete” K7 x K
0.25 ' dr®
= 08.52 atm

(i) When the gas is non-ideal (Here Van der Waals’ equation is applied)
2
P+ r:/—?) (V -nb) =nRT or

na_ nRT
VvZ  (V-nb)

_ NRT n’a

V-nb V?

Putting the following values in this equation.

n =1mole, R =0.0821dm? atm mole’' K
V = 0.25dm3, T=300K, a = 0.2283dm® atm mole?, b = 0.0428dm* mole™!

1mole x 0.0821dm® atm mole™ 'K~ x 300K : 1mole? x 0.2283dm® atm mole *
0.25dm® - (1mole x 0.0428dm*mole™) (0.25dm?)?

_ 24.63dm’atm  0.2283dm° atm
0.25 dm® - 0.0428dm*®  0.0625 dm°®
_24.63dm’ atm

0.2072dm®
=115.2178 atm

4.7 DALTON’S LAW OF PARTIAL PRESSURE AND ITS
APPLICATIONS

An English Chemist John Dalton (1766-1844) showed in 1801 that “The total pressure
exerted by a gaseous mixture is equal to the sum of partial pressures of each gas
present in the mixture.” The law is only obeyed, if the component gases do not chemically
react with each other. Moreover the gases must behave ideally. The partial pressure is the
pressure exerted by one component of the gaseous mixture.

Total Pressure (P,)=P, +P; + P,

Whereas p, P, and P. are the partial pressures of individual gases.

P +

P=

- 3.6528 atm

Particular Example
Air is a mixture of non-reacting gases. Percentage of each gas in the gaseous mixture is
N, (78.08%), 0,(20%), Ar (0.93%), coO, (0.03%). Traces of Ne, He, Kr, H,, along with various



98 NS 4. Gases
amounts of water vapours and pollutant (which can pollute the atmosphere) gases such as

oxides of sulphur and Nitrogen are also found in air. The total pressure exerted by the air will
be the sum of partial pressure of each gas.

(i) Relationship between pressure and no. of moles of a gas:

If na, ns and nc are the number of moles of the gases and Pa, Ps and Pc be their partial
pressures respectively.

Then, according to the general gas equation.

PV = nRT
ForgasA, P, :@ ............. (1)
ForgasB, p, = % ............. (2)
ForgasC, p, = $ ............. (3)
n, RT
=_t e Y 4
P =03 (4)
Where nt (total no. of moles of all the gases) =na + np + nc
Dividing equation (1) by (4)

Pa_nRXY X

PR XY nRX

&:n_ P :n_AxP
P > 3

Similarly Py xng and P on,
In general

No of moles of that gas
Total no of moles of all gases

Partial Pressure of any gas = x Total Pressure

(i) Relationship between pressure and mole fraction of a gas:
We know that

Partial Pressure of any gas _  No of moles of that gas
Total Pressure of allgases  Total no of moles of all gases
P _H n
=k =g R =_1x Pt
Pt nt nt
n
but n_ =X where Xi is called mole fraction of the component
1

Thus the partial pressure of any component is equal to the product of total
pressure of all the components and mole fraction of that component.
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Applications of the Law of Partial Pressure

i. Collection of gases over water:
The Dalton’s Law is particularly useful when a gas is generated and subsequently
collected over water provided the gas is insoluble in water. The total pressure consists
of the pressure of the water vapours in addition to the pressure of the gas that is
generated. The pressure due to water vapour is called aqueous tension.

Thus PTotaI = Pgas * PWatervap or Pgas = Motal ~ PWater vap

The gas contaminated with water may be called a moist gas.

ii. Respiration at higher altitudes:
The respiration process in living things depends upon the differences in partial pressure
e.g. partial pressure of O,in the outside air is higher (159 mmHg) than in the lungs

where the partial pressure of O,is lower (116 mmHg). However at high altitudes, the

pressure of oxygen decreases and the pilots may have un-comfortable breathing in a
non-pressurized cabin where the partial pressure of Oz is about 150 mmHg.

iii. Respiration by deep sea divers:
Deep sea divers breathe air under increased pressure. At a depth of 40 metres, the
pressure increases 5 times than the normal pressure. Therefore regular air cannot be
used in diver's tanks because the partial pressure of 0, would be 795 mm of Hg (159x5

= 795 mm of Hg) in that case. Therefore deep sea divers use to breathe a mixture of
96% He and 4% Oz (Heliox) in the respiration tank, the scuba.

A scuba (self-contained breathing apparatus  having oxygen wused by divers
underwater) contains compressed air to breath. As diver returns to the surface, it
becomes hazardous for him if not handled properly. As the diver comes up, the pressure
of the surrounding water drops. Consequently, the compressed air in the lungs expands.
Surfacing must be done very slowly so that the compressed air may escape out from
the lungs without causing damage to them.

iv. How deep sea divers respire on return from sea:

The percentage of N, in air is about 80%. If N, is present in diver's tank, the solubility of
N, in blood can increase with increase in pressure in very deep sea. And blood of a
diver may be saturated with N, during a dive. If the diver returns quickly and relatively at
low pressure at the surface, he will face life threatening condition called the “bends”.
Deep sea divers must either use different solutions of gases such as He in Oz or spend
many hours in a decompression chamber after a

dive. The pressure in a decompression chamber DO YOU KNOW
is slowly lowered over many hours. Nitrogen gas | The mig_t”fe, OI 0":‘3?” arl‘lddhi“‘l{m “fte_d
. IN Sea diver s 1anks Is calle ellox. ItIs
comes out of tlhe blood and disposed off safely for | = ' 4~ hospital to facilitate

normal breathing. patients suffering from Asthma.
Example 4.15
At 27°C a volume of 500cm?® of H2 measured under a pressure of 400 mm of Hg and
1000cm?® of NI, measured under a pressure of 600 mm of Hg are introduced into an evacuated

2dm? flask. Calculate the resulting pressure.
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Solution
We will apply Boyle's Law, as the temperature is constant.

For H,

V,=500Cm?® :~5.~£~0~ =0.5dm?

1000

V, =2dm’®

P, =400mm Hg

P,=7

AccordingtoBoyles'law

I:’1\*"1:P2V2

PV,

P,=—t
2 V2
~ 400mm Hgx0.5dm®

- 2dm’

=100 mm Hg

P

For N
V1=1000cm? = 1dm3
V2 = 2dm?
Py =600mm Hg
P=?
According to Boyle's law
PiV1 = Pa2V2
p, PV
2

600mm of Hgx 1dm?

P,= 3
2dm

= 300 mm Hg

Hence Total Pressure = Dy +Py,

=100mm Hg + 300mm Hg
=400mm Hg

Example 4.16
Find the total pressure exerted by 2g of ethane and 3g of cO,contained in a 5dm? vessel
at 50°C.

Solution
44 g of CO2 = 1 mole
3gCO, =1« 3 =0.068mole
44

Number of moles of CO2 = 0.068 mole

V = 5dm’ T=50°C + 273 = 323K R = 0.0821dm? atm K mole™
Now according to the General Gas Equation

nCOZRT

PV =nRT or P, V=n, RT or Py = Y,
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p_ - 0.068mole x 0.0821x dm®atm.K"'mole™ x 323K
CO, - 5dm3
_ 0.068 x 0.0821x 323 = () 361atm
5

30g Ethane (C, H;) = 1mole

i x 2 =0.067mole
30

Il

2g Ethane(C,H,)

V = 5dm? n = 0.06 7moles T =50°C + 273 = 323K
R = 0.0821dm®atmK'mole”

PV=nRT or
Ney RT
C.Hs vV
nRT _ 0.067moles x 0.0821dm’ atmK "' mole™ x 323K
= = 5 = 0.355atm
Y 5dm
Total Pressure =Peo, * Pey,
=0.361 atm + 0.355 atm
=0.716 atm.
Example 4.17

1.00 mole of N, and 3.00 moles of H, are enclosed in a container of volume 10.0 dm? at
298K. What are the partial pressures and the total pressure?

Solution
No of moles of N, (n1) ='1.00 mole

No of moles of H, (nz) 3.00 mole
Total number of moles (N1y) = 1+ 3 = 4 mole

V.  =10.0dm?
T = 298K, R = 0.0821 dm? atm K “"mole"!
According to the General Gas Equation, PV=nRT
or p = Mo RT _ 4x0.0821x 298 dm"atm K" mete” x K
Total v 10 - {mﬂ'eA—
_4x0.0821x 298
= atm
10
= 9.77 atm
Ny, 1
R, = xP_  =—x977=244atm
nTotaI 4
= M, _3 _
F’Hz = X P =—x9.77 =7.33atm
nTolal 4



102 52 4. Gases
Example 4.18

A certain mass of Hz gas collected over water at 6°C and 765 mm Hg pressure occupied
a volume of 35cm?,

Calculate its dry volume at S.T.P. (V.P. of water at 6°C = 7mm of Hg)

Solution:
V1 =35cm?, V=7 P4 = 765-TmmHg = 758mmHg P2 = 760mmHg.
T1 = 6+273 = 279K, T2 = 273K
Applying the Gas Equation,
ViP, _ V4P, _ ViR T, _35cm’ x 758mmHg x 273K

T Ty Tk 279K x 760mmHg

ﬁl&elf Check Exercise 4.6

A gas was collected over water at 10°C and 803mm of Hg. If the gas occupies
73cm?, calculate the volume of dry gas at S.T.P. (aqueous tension at 10°C = 9.2mmHg).
(Ans: = 73.55cm?)

=34.2cm’

or V2

Diffusion:

The spontaneous intermixing of molecules of one gas with another at a given
temperature and pressure is called Diffusion. Diffusion is the random movement of a gas from
an area of higher concentration to an area of lower concentration.

e.qg.(i) Fragrance of rose.

(i)  Intermixing of NHs and HCI to gives dense white fumes of NH, Cl.
NH3 + HCl — NH,CI

(i) Reddish brown bromine (Br,) gas taken in a test tube will combine with air taken in
another test tube. Red calouration of Br, gas will spread in the test tube containing air.

(iv) If liquid ink is left in the bottom of test tube containing water, it will spread evenly
throughout the water.

Effusion

The movement of gaseous molecules through extremely small pores in a region of low
pressure is called Effusion. This escaping of molecules is not due to collisions but due to their
tendency to escape one by one.

4.8 GRAHAM’S LAW OF DIFFUSION AND EFFUSION

An English Scientist, Thomas Graham in 1831 (1805-1869), measured the rates at which
equal volumes of various gases escaped from an apparatus at the same temperature and pressure.
Graham found that the less dense a gas was (the lighter its particles), the faster the gas escaped.

Graham’s Law of diffusion and effusion of gases:

In 1831 Graham showed that “Rate of diffusion or effusion of a gas is inversely
proportional to the square root of its density”. Later in 1848 he himself showed that “The rate of
diffusion or effusion of a gas is inversely proportional to the square root of its molar mass.”

Mathematically it can be shown as
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roc A (1) and roc A .
\/a N ......... (ll)
where r = rate of diffusion,
d = density of the gas, and M = Molar mass of the gas
1 1
From equation (i) T 7 or r= Kkx T e (iii)
1 1
and from equation (ii) T N orr= kﬁ ......... (iv)

where k = constant of proportionality.

Let us have two gases with r1 and r2 as their rates of diffusion and d1, d2, M1, M2 be their
densities and molar masses respectively.

For two different gases, equation (iii) can be written as

f = T s (v) and r,= . J (vi)

Dividing equation (v) by (vi),

f _ (92 and may also be writtenas " - [M: because d « M
r, d, r, M,

Thus n_ (9 = M
2 di M1

Example 4.19

B

Equal volumes of HCI and 802 are confined in a porous container. What would be the
comparative rates of diffusion of these gases through the porous walls? The molecular masses

of HCl and SO, are 36.5 and 64 respectively.

Solution

Molecular mass of HCI (M,) = 36.5 amu
Molecular mass of SO, (M,) =64 amu
Rate of diffusion of HCI (}) =7
Rate of diffusion of SO, (r,) =7
According to the Graham’s Law of Diffusion:

rno_ M, _ 64

£ = s

r,(HCI) : r,(SO,)

1.33 : 1

Hence rate of diffusion of HCI will be 1.33 times the rate of diffusion of SO, .

ﬁ Self Check Exercise 4.7

If 465cm3 of SO2 can diffuse through porous partition in 30 seconds. How long will
620 cm?® of H2S take to diffuse through the same partiton (H=1,S =32, O = 16)
(Ans: 29.15 sec)
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4.9 LIQUEFACTION OF GASES

Principle

The gases can be liquefied by Joule-Thomson's effect. The liquefaction of a gas
requires high pressure and low temperature. When a highly compressed gas is allowed to
escape out through a throttle (small hole), the temperature falls to such an extent that it
changes into the liquid form.

At high pressure, the gaseous molecules come close to each other with the result that the
molecular attractions increase. When it is allowed to escape through a nozzle (small hole) into
a region of low pressure, the molecules move apart. In doing so, energy is needed to
overcome the intermolecular attractions. This energy is taken from the molecules themselves.
Therefore the gas is cooled. This process is repeated for many times until the gas completely
changes into the liquid form.

i ’ C

4.9.1 Lmde.s Method (1895) | **Qﬁ‘mw“'—i
According to Joule-Thomson's effect “When a highly | (== ]

compressed gas is allowed to escape out through a throttle

the temperature of the gas falls to such an extent, that it

changes into the liquid form”. This is the basic principle of

the adiabatic expansion which is thermally isolated from its

environment. Figure 4.19: Linde’s method for
Working Steps liquefaction of air
(a) Airis compressed to 200 atm approx.
(b) Most of the water in the air condenses and is removed.
(c) The heat generated as a result of compression is removed by passing the gas through
coils C. (Figure 4.19)
(d) The dry gas is then passed through a copper spiral coil S.
(e) Itis then expanded to almost atmospheric pressure through a controlled valve V.
(H  When the air comes out of the valve the expansion takes place from 200atm to 1atm. In this
way fall of temperature occurs. This cold air goes up and cools the incoming compressed air.
(g) The cycle is repeated several times.
(h) The temperature of the expanding gas finally drops and the remaining air is liquefied.
(i) The liquid air collects in the chamber L and can be drawn off.
(i) Any uncondensed air is re-circulated.

Uses of Linde’s Method \"f\ \ |f‘ |_.(
FUUY|

z

P

i. Construction of appliances:
The construction of appliances such as refrigerators, heat pumps :
and air conditioners all work on the principle of Joule-Thomson'’s il
effect. |
In a refrigerator a compressor compresses a gas such as Freon. ‘ Ul L ‘I
Thus an increase in temperature takes place. The hot Freon e U
gas moves to a condenser on the outside of the refrigerator. Air at | "~——_*"~ >
room temperature cools the gas down and as a result condenses Figure 4.20 Cooling

into liquid. gas pathin a
refrigerator

P —

-
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The liquid Freon, now at room temperature, is then passed through a small hole in a
restriction valve into the low pressure tubes which are inside the refrigerator. There, the
Freon liquid vaporises rapidly. The heat of vaporisation needed to do this is drawn from
the kinetic energy of the Freon molecules becoming very cold. This cold gas absorbs heat
from the refrigerator and its contents, thereby cooling. Then the Freon gas is once again
fed into the compressor and the cycle starts over again.

Self cooling pop can (container)
A small container holding liquid COz is built right into the can. When
the can is opened, the liquid CO2 vaporises and escapes out of the top
of the can. The heat absorbed by the vaporising CO2 can lower the
temperature of the POP by about 16°C in a few seconds. Thus the
temperature is lowered considerably.

Velocity of molecules: Figure 4.21
The equation for the root mean square velocity deduced from kinetic equation is

3RT
G i foe
rms M

Cms = root mean square velocity

M = molecular mass of the gas

T = absolute temperature.

This equation gives a quantitative relationship between the absolute temperature
and the velocities of gas molecules. Higher the temperature of a gas, greater would be
the velocities of the molecules.

Graham’s Law of diffusion of gases:

According to the postulates of Kinetic Molecular Theory, the Kinetic Energy of the
particles is proportional to the Absolute Temperature.

As, EK:%mv2 = ﬁ:\.f2:>\r: f%:v:‘jgﬁﬁ

m

as at constant temperature K.E will remain constant so ,/2E, = Constant
Therefore o \/I
m

Thus the kinetic molecular theory predicts that the average speed depends upon
the molecular mass (m). Further the average speed of the particles is inversely
proportional to the square root of their molecular mass.

Self Check Exercise 4.8

1. A person can inhale a maximum of 0.115 moles of air per breath. Calculate the
maximum volume of air, a person can inhale in one breath if the atmospheric
pressure is 100kPa and the person’s body temperature is 37°C.  (Ans: 2.96 dm?)

2. 130 cm? of a gas exerts a pressure of 750 mm of Hg at 20°C. Calculate its pressure if
its volume is increased to 150 cm? at 35°C. (Ans: 683.28 mm)
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4.10 FOURTH STATE OF MATTER - THE PLASMA

Plasma is the fourth state of matter. It was identified by William Crooks in 1879. He
obtained it by heating molecular gas changing into atomic form and then to ionic form at higher
temperature. (Molecular gas __. Atomicgas __. lons)

At a higher temperature of 10000K to 100000K (10eV to 100eV) electrons are removed
from the atoms to form ions. Plasma is composed of a mixture of un-ionized gas, free electrons
and positively charged particles. Most of the universe contains matter in the Plasma state
(about 99%). All shining stars and interstellar space is filled with plasma. On our planet earth,

plasma does nqt exist. Plgsma is four_th sta?e .of matter DO YOU KNOW
because of unique physical properties, distinct from _ )

: " Black holes which are not directly
solids, liquids and gases. visible are thought to be fuelled by
4.10.1 Properties of plasma accerting ionizing matter i.e. plasma

It is a substance in which many of the atoms or molecules are ionised effectively
allowing charges to flow freely. It takes place at very high temperature. Plasma has the
following properties:

a. Plasma consists of neutral particles, positive ions and free electrons.

b. Plasma is strongly influenced by both magnetic and electric force.

c. Plasma shows a characteristic glow depending upon the gas present in the discharge
tube e.g. oxygen gives a red glow, hydrogen green and Nitrogen purple or pink glow.

References for additional information
» Thomas J. Green Bowe, Jeffrey Pribyl and K. A. Burke, Chemistry an Experimental Science.
= Graham Hill and John Holmar, Chemistry in context.
» John C. Kotz, Paul M. Treichel and Gabriela C. Weaver, Chemistry and chemical
reactivity.

hee,

1. Choose the correct answer (MCQs)
i. When compressed hydrogen is allowed to expand rapidly, it causes;

(a) Cooling (b) Heating (c) Liquefaction (d) Solidification
ii. 760 torris equal to Pascal.

(a) 760 Pascal (b) 101325 Pascal (c) 1.01325 Pascal (d) One Pascal.
ii. The number of molecules in 4 g Hzare number of molecules of 56 g of Na.

(a) Equal to (b) less than (c) Greater than (d) None of these.

iv.  According to the Kinetic theory of gases, the molecular collisions are elastic. Such
collisions cause;
(a) No energy change (b) A small energy change
(c) High energy change (d) None of these.
v.  What volume would one mole of hydrogen occupy at S.T.P?
(a) 11.2dm? (b) 22.4dm3 (c) 33.6dm? (d) 44dm?
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vi.  According to Graham’s Law of diffusion, the rate of diffusion of H2 and Oz has the ratio;

(a) 1:4 (b)y 1:-/4 (c) 4: (d) 2:32.
vii. Deep sea diver’s tank contains;

(a) 96% He +4% O, (b) 4% N2 + 96% 0,

(c) 50% N, +50% O, (d) None of these
viii. In S.l units, the value of R is;

(@) 8.3413 Nm K- mole™ (b) 8.3143 dm?atm K'! mole™!

(c) 0.0821 dm3 atm K- mole™ (d) None of these

ix.  According to Kinetic Molecular theory kinetic energy of molecules increases when they;
(a) Are mixed with other molecules at low temperature
(b) Are frozen into solid (c) Are condensed into liquid
(d) Are melted from solid to liquid state.

x.  Which gas is more ideal at S.T.P.?

(a) so, (b) H,S (c) NH, (d) H,
xi.  On heating direct conversion of a solid in to gas is called;

(a) evaporation  (b) sublimation (c) diffusion (d) boiling
xii. In which of the following are the particles the most disordered?

(a) water (b) steam at 100°C (c) impure water at 102°C (d) water at 0°C
xiii. When steam condenses, the particles;

(a) shrink to a smaller size (b) lose energy to their surroundings

(c) move further apart (a) vibrate about fixed positions.

xiv. The particles of a gas can be described as;
(a) only moving outwards in direction (b) vibrating about defined position
(c) rising upwards (d) moving randomly in all directions.

xv. Which of these changes would speed up the rate of diffusion the most?

a Decrease Decrease
b Decrease Increase
c Increase Increase
d Increase Decrease

xvi. Which of the following gas has the lowest density under room conditions?
(@CO (b)N, (c)Ne (d) NH, (e) 0,
xvii. Which statement provides the best evidence that matter may exist as tiny particles
moving at “random motion™?
(a) Many elements conduct electricity.
(b) Air can be readily compressed.
(c) A small mass of water produces a much larger volume of steam.
(d) If a bottle of ether is opened, the smell is quickly detected in all parts of the room.
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xviii. Which of the following is an example of diffusion?
(a) Bubbles rising in a beaker of boiling water.
(b) Steam condensing on a cold window.
(c) Water spreading out on the surface of a table.
(d) The spreading of the smell of flowers in a garden.

xix. Which statement explains why the compounds propane and CO, diffuse at the same rate?

(a) They are both gases.

(b) Their molecules contain carbon.

(c) They have the same relative molecular mass.

(d) Both are denser than air.

Write brief answers to the following:

i. What is Absolute Zero and Absolute Scale of temperature?

i. Whatis Plasma?

iii. What are the different units of gas constant (R)?

iv. Define Pressure. How will you explain its different units?

v.  Define Charles Law. How will you derive Absolute Zero with its help?

vi. Define Avogadro’s Law.

vii. What is the difference between an ideal gas and a real gas?

viii. How will you derive the general gas equation with the help of Boyle's law and

Charles’s law?

What are the main postulates of the Kinetic Molecular theory of gases?

Relate temperature to the average K.E of the particles in a substance.

(a) What are the Standard Temperature and Pressure? (S.T.P).

(b) What is the density in grams per dm? of SO2 at 25°C and 300 mm of Hg pressure?

(a) Kinetically how will you interpret the effect of temperature on gaseous molecules?

(b) How will you explain the gas pressure with the help of Kinetic Theory?

(a) Define pressure. Derive S| units unit of pressure.

(b) Explain the effect of change in pressure on the volume of a gas, temperature remains
constant. — Boyle's Law.

(c) How will you verify it graphically?

(d) A sample of air occupies 1 dm?® at room temperature and pressure. What pressure is
needed to compress it so that it occupies only 100 cm? at that temperature?

(Ans: 10atm)

How will you explain the effect of change in temperature on the volume of the gas?

(a) Give a graphic representation of the Charles’s Law.

(b) To what temperature must a 1dm?® sample of a perfect gas be cooled from room
temperature in order to reduce its volume to 100 cm?®? (Ans: 29.8k)

(a) How will you derive the Absolute Zero?

(b) How will you explain the Absolute Temperature scale on the basis of Charles Law?

(a) Define and Explain Avogadro’s Law, How does it help to determine
() Mass  (ii) Volume (iii) Molecules of the gas

(b) Can we derive the Avogadro’s Law for liquids and solids?
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11 (a) How will you derive the Ideal or General Gas Equation with the help of Boyle's Law,
Charles Law and Avogadro’s Law?
(b) How will you determine
(i) Molecular mass of the gas.
(i) Density of the gas by Ideal Gas Equation.
12 (a) The value of Ideal Gas constant (R) can be calculated in three ways. Explain these
three ways in detail.
(b) The density of air at 161.325 kPa and 298.15K is 1.59g dm. Assuming that the air
behaves as an ideal gas, calculate its molar mass. (Ans: 22.48g mole™)
13 (a) What is the difference between a real gas and an Ideal or perfect gas. What are the
deviations in Ideal behaviour of real gases?
(b) What are the causes of deviations of real gases from their ideal behaviour. Explain
these deviations at
(i) Low temperature.
(i) High pressure.
14 How will you derive the Van der Waal’s Equation keeping in view the general or ideal gas
equation (VP = nRT).
15 (a) Define and explain the Dalton’s law of partial pressure. How does it explain the
(i) Relationship between pressure and mole of a gas
(i) Relationship between pressure and mole fraction of component.
(b) Give practical applications of the Dalton’s law of partial pressure.
16 (a) By use of the Van der Waal's equation, find the temperature at which 3 moles of S02
will occupy a volume of 10 dm? at a pressure of 15 atm.

a= 0.6803 atm dm® mole? , b= 0.0564 dm? mole™’ (Ans:336.43°C)
(b) A certain gas occupies a volume of 6 dm? under a pressure of 720 mm of Hg at 25°C.
What volume will this gas occupy under standard conditions? (Ans: 5.2 dm?)

17 (a) Define and derive the Graham’s law of effusion and diffusion.

(b) The time required for a given volume of N2 to diffuse through an orifice is 35 seconds.
Calculate the molecular weight of a gas which requires 50 sec to diffuse through the
same orifice under identical conditions. (Ans: 13.72 g/mol)

18 (a) Interpret phenomenon liguefaction of gases.

(b) How will you liquefy gases by Linde’'s method?



LIQUIDS

After completing this lesson, you will be This is 9 days lesson
able to: (period including homework)

« Define maolar heat of fusion and molar heat of vaporization.

o Define dynamic equilibrium between two physical states

¢ Describe simple properties of liquids e.g., diffusion, compression, expansion, motion of molecules, spaces
between them, intermolecular forces and kinetic energy based on Kinetic Molecular Theory.

» Explain physical properties of liquids such as evaporation, vapour pressure, boiling point, viscosity and
surface tension.

« Describe how heat of fusion and heat of vaporization affect the particles that make up matter.
+« Explain applications of dipole-dipole forces, hydrogen bonding and London forces

» Use the concept of Hydrogen bonding to explain the following properties of water: high surface tension,
high specific heat, low vapour pressure, high heat of vaporization, and high boiling point. And anomalous
behaviour of water when its density shows maximum at 4 degree centigrade.

« Relate energy changes with changes in intermolecular forces.
» Describe liquid crystals and give their uses in daily life.
« Differentiate liquid crystals from pure liquids and crystalline solids.

INTRODUCTION

A simple definition of a liquid is that “it is a material that assumes the shape of a
container without filling it completely”. A gas on the other hand takes the shape of the vessel
and has the characteristics to fill it completely. A solid neither takes the shape of the vessel nor
fills the container completely. The definition of a liquid is satisfactory on the whole with the
exception of glasses, polymers (e.g. PVC etc); they appear in the solid but at higher
temperatures they behave like liquid even before they melt. The cohesive force i.e. force of
attraction between molecules of substance in a liquid are stronger than those in a gas even at
high pressure.

5.1 KINETIC MOLECULAR INTERPRETATION OF LIQUIDS

The kinetic molecular theory also applies to liquids. Postulates of kinetic molecular theory
of liquids are given below:

(a)  Aliquid is made up of molecules which touch one another.
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(b)  The molecules within the liquid are in constant motion but the movement of molecules is
restricted due to their close packing together.

(c) Attractive forces among liquid molecules are greater than those among gas molecules.
However these attractive forces are not sufficient to hold molecules in fixed position.
The liquid molecules can slide each other.

(d)  The average Kinetic Energy of liquid molecules is directly proportional to the Absolute
Temperature.

(e) At constant temperature, the average K.E of the molecules is equal to the K.E of the
vapours of liquids.

5.1.1 Properties of Liquids

There are some simple properties of liquid e.g. diffusion, compression, expansion,
motion of molecules, spaces between them, intermolecular forces, and Kinetic Energy based
on Kinetic Molecular Theory. We can use the Kinetic Molecular Theory to account for the
simple properties of liquids.

i Diffusion
The diffusion in liquids takes place because the molecules move from one place to
another due to K.E. The restricted movement of the molecule reduces the rate of diffusion
e.g. a drop of ink when added to water diffuses slowly due to relatively small empty
spaces between the molecules. The diffusion between closely packed molecules of
liquids is slow due to less collision between them.

ii. Compression (effect of pressure)
A liquid cannot be compressed significantly by increasing the pressure because the
molecules are already in close contact with one another e.g. an increase of pressure from
one to two atmospheres reduces the volume of water to 0.0045 percent which is
negligible. However the same pressure reduces the volume of a gas up to 50 percent.

iii. Expansion (effect of temperature)

The liquids expand on heating because the intermolecular forces between them
decrease. Moreover the increase of temperature increases the effective collisions
between the molecules. If the temperature is decreased, contraction of volume takes
place. This property is useful for making thermometers, e.g. mercury thermometer. In it, if
the temperature rises, the mercury expands in the capillary tube. As the volume of
capillary is much less than the volume of the bulb containing mercury, a small expansion
gives a large movement of mercury thread.

iv. Motion of molecules
The molecules move with lesser speed due to larger forces of attraction among them, As
a result they have lesser kinetic energy. However the kinetic energy increases with the
increase of temperature.

v. Spaces between them
The molecules forming the liquid states are fairly close to each other. There is very little
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space between them. As a result the numbers of collisions among the molecules are
moderate. Therefore, the average kinetic energy is also moderate.

vi. Intermolecular forces
The attractive forces existing between the individual particles of a substance are called
intermolecular forces. The physical properties of liquids such as boiling point, vapour
pressure, surface tension, viscosity and heat of vaporization depend upon the strength of
intermolecular attractive forces.

vii. Kinetic Energy based on Kinetic Molecular Theory
According to the kinetic molecular theory, the molecules due to strong inter-molecular
attractions have minimum movements and minimum collisions. Let us consider the
example of water, as the molecules are closer to each other and have strong forces of
attractions due to hydrogen bonding so have low kinetic energy.

5.2 INTERMOLECULAR FORCES

The forces of attractions among the molecules of a DO YOU KNOW
liquid are called inter-molecular forces. For example, | Lizards can stick to walls and ceilings
water exists as a liquid due to inter-molecular attractions | Pecause of Vander Waal's forces.
called hydrogen bonds. The forces of attraction existing
between the molecules of a substance are also known as Vander Waal's forces. The physical
properties of liquids can be explained in terms of their intermolecular forces.

The intermolecular forces are of five types:
¢ Dipole-Dipole forces

¢ |on-Dipole forces

¢ Dipole-induced dipole forces

¢ London Dispersion forces

¢ Hydrogen bonding

5.2.1 Dipole — Dipole Forces

Polar molecules have charges at different parts of a molecule. Due to these charges they
attract each other.

The attractive forces between the positive ends of one molecule with the negative end of
other molecule are called dipole — dipole forces. This means dipole — dipole interactions are
electrostatic interactions between permanent dipoles in molecules. Examples of polar
molecules include hydrogen chloride (HCI) chloroform (CHCI, ) etc.

Stronger these dipole-dipole forces, greater would be the value of thermodynamic
parameters like melting point, boiling point, heat of vaporization, heat of sublimation etc.
5.2.2 London Dispersion Forces

The forces of attractions between non-polar molecules which become polar for an
instant are called London dispersion forces.
Substances like hydrogen, helium, neon, argon, chlorine, fluorine, methane etc are non-
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polar in nature. These gases can be liquefied and solidified under appropriate conditions.
Some forces must be holding these molecules in contact with one another in the liguid and
solid states.

In He gas, on the average, the electron charge density is evenly distributed in a spherical
region about the nucleus. However, at any given instant, the actual location of two electrons
relative to the nucleus can produce an instantaneous dipole. This temporary dipole, in turn,
can influence the distribution of electrons in neighbouring helium atoms, producing induced
dipoles in those atoms (Fig. 5.1).

(a) Unpolarized  (b) Instantaneous (c) Induced diple
Molecule dipole

Fig. 5.1: London dispersion fources Instantaneous dipole

The forces of attraction between an instantaneous dipole and an induced dipole
are known as a dispersion force. It is also called as London dispersion force, named for
Fritz London who offered a theoretical explanation for these forces in 1928.

Factors Affecting London Dispersion Forces
Factors affecting the London dispersion force are:

i. Atomic or molecular size

ii. Polarizability

iii. Number of atoms in a molecules
(i) Atomic or Molecular Size

The strength of these forces depends upon the size of the electronic cloud of the atom or

molecule. With the increase in size of atom or molecule, the dispersion becomes easy and
these forces become prominent. Inert gases are all monoatomic gases. They do not make
covalent bonds with other atoms because their valence shells are complete. Their boiling point
increase down the group from He to Rn (Table 5.1). This is because of increase in molecular
size.

Table 5.1: Boiling points of noble gasses

Boiling Points (°C) -268.6 -245.9 -185.7 -152.3 -107.1 -61.8
(ii) Polarizability

The polarizability of an atom or molecule is a measure of the ease with which electron
charge density is distorted. Large atoms have more electrons and larger electron cloud than
small atoms. In large atoms, the outer electrons are more loosely bound, they can shift
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towards another atom more easily than the more tightly bonded electrons in small atoms. This
means polarizability increases with increased atomic and molecular size. For example among
halogens, the first member, F2 is a gas at room temperature, the second member, Clzis also a
gas but it is more easily liquefied than F2. Bromine is a liquid and lodine is solid at room
temperature. Because large molecules are easily polarizable, the intermolecular forces
between them are strong enough to form liquids or solids.

(iii) Number of atoms in a molecule

Elongated molecules make contact with neighbouring molecules over a greater surface
than do small molecules. Greater the number of atoms in a molecule, greater is the
polarizability of the molecule. Table 5.2 shows boiling points and physical states of some
hydrocarbons.

Table 5.2: Boiling points and physical states of some hyrocarbons.

CH, -161.5 Gas

C,Hg -88.6 Gas
C,H, -42.1 Gas
CH, -0.5 Gas
CH, 36.1 Liquid
CH, 68.7 Liquid
C,.H,, 1741 Liquid

Note that C_H, and CH, have the boiling points as -88.6°C and 68.7°C respectively.
This shows that the molecule with a large chain length experiences stronger attractive forces.

5.2.3 Hydrogen Bonding

A hydrogen bond is the attraction between the lone pair of an electronegative atom
and a hydrogen atom that is bonded to either N, O or F. This limits hydrogen bonding
mainly to the participation of nitrogen, oxygen and fluorine atoms. Hydrogen bonds are weaker
than covalent bonds but stronger than dipole-dipole interactions, which are stronger than
London dispersion forces. The boiling point and heat of 10
vaporization of water are higher than those of H,S 100 o

\

because H,O molecules attract each other through H- 50 |
bonding whereas H,S molecules attract each other by
dipole-dipole interactions.

Boiling point (C)

Applications of Hydrogen Bonding 0T
(i) Thermodynamic properties =150 o,
The boiling points of hydrides of group IVA, VA, | -0 T T T
VIA and VIIA plotted against period number of the Period
periodic table is shown in figure 5.2. Fig. 5.2: A graph between period number

and the boiling points of hydrides
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The boiling point of hydrides

Note that hydrides of group IVA have lower boiling points. The reason is that these
hydrides are non-polar and have only London dispersion forces among their molecules.
Hydrides of group VA, VIA and VII-A have polar molecules. NH,, H,0 and HF show maximum
boiling points in their respective series. This is due to hydrogen bonding in their molecules. The
boiling point of H,0 seems to be more affected than that of HF. As F is more electronegative
than O. One should expect H-bonding to be stronger in HF than H,0. But boiling point of H,0
is higher than that of HF. The reason is that fluorine can make only one hydrogen bond with
hydrogen of the neighbouring molecule. On the other hand oxygen atom can form two
hydrogen bonds with the neighbouring molecules. NHs can also form only one hydrogen bond
per molecule as it has only one lone pair.

(ii) Solubility of Hydrogen Bonded Molecules

The compounds that have hydrogen bonds are soluble in each other. Ethyl alcohol can
dissolve in water because both can form hydrogen bonds with each other. Similarly carboxylic
acids are also soluble in water, if their molecular sizes are small.

(iii) Cleansing Action

Soaps and detergents perform the cleaning action. Their molecules contain both polar
and non-polar ends. Their polar parts are water soluble due to hydrogen bonding and non-
polar part dissolve oil or grease. Attraction between water and polar end of soap molecule
carries the oil or grease droplet into the water.

(iv) Hydrogen Bonding in Paints and Dyes
Paints and dyes have adhesive action due to hydrogen bonding. Similarly hydrogen
bonding also makes glue and honey sticky substances.

(v) Clothing

We use cotton, silk or synthetic fibres for clothing. Hydrogen bonding is of great
importance in thread making materials. This hydrogen bonding is responsible in their rigidity
and tensile strength.

(vi) Food Materials
Food materials like carbohydrates consist of glucose, fructose, sucrose, each of them
contains —OH groups which is responsible for H-bonding in them.

(vii) Hydrogen Bonding in Biological Molecules

The structure of proteins, substances essential to life, is determined partly by hydrogen
bonding. The action of enzymes, the protein molecules that catalyze the reactions that sustain
life, depends in part on the forming and breaking of hydrogen bonds. The hereditary
information passed from one generation to the next is carried in nucleic acid molecules joined
by hydrogen bonds into an elegant structure.

5.3 PHYSICAL PROPERTIES OF LIQUIDS

In a liquid the molecules are very close to each other due to the presence of
intermolecular forces. As a result their independent motion is greatly hindered and the flow of
liquid and the rate of diffusion are much less than in the case of gases. The existence of
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powerful forces of cohesion (forces between similar types of molecules e.g. H20) is
responsible for the main properties of liquids.

The properties of liquid molecules are as under:

i Additive properties:
Such properties depend upon the number and kind of atoms present in the molecule e.g.
molecular weight.

ii. Constitutive properties:
Such properties depend upon the arrangement of atoms in the molecules and not their
number e.g. optical activity.

iii. Colligative properties:
Such properties depend on the number of ions and molecules present but do not depend
upon the structure of molecules. e.g. Osmotic pressure etc.

5.3.1 Vapour Pressure and Boiling Point

When a liquid is heated, its V.P. increases due to the decrease of intermolecular forces
with rise in temperature. As a result more and more vapours escape in the air. A stage reaches
at which the liquid begins to boil. So the temperature at which the vapour pressure of the
liquid equals to atmospheric pressure or some external pressure is called boiling point
of that liquid.

e.g. Boiling Point of water at 760mmHg = 100 °C
Boiling Point of water at 23.7mmHg = 25°C

Effect of Pressure on boiling point of a Liquid:
There are two practical applications regarding the effect of pressure.

i. Effect of Increase of Pressure:
Food can be cooked easily in pressure cookers, which is a closed container. The vapours
are not allowed to escape out and, therefore, develop more pressure. This increases the
B.P of water. Pressure cookers help us in cooking the food quickly even at high attitude
e.g. B.P of water at 2026mm Hg is 130°C

ii. Effect of decrease of pressure:
The liquids which decompose at their B.P can be obtained in the pure form under
reduced pressure by vacuum distillation e.g. Glycerine has a B.P of 290°C at 760mmHg
but it decomposes at its B.P. Now in order to get it in the pure form, the V.P is decreased
to 50mmHg by vacuum pump. The B.P decreases to 210°C at 50 mmHg, so it boils
without decompoaosition. In this way the liquids can be purified.

5.3.2 Evaporation

Evaporation is the process in which liquid molecules escape from the surface and enter
the gas phase. It can be explained in terms of the energy
possessed by the molecules on the liquid’'s surface. SCIEN‘CE‘TITB'TS .
v . . Sweat evaporation is a natural cooling
Surface molecules whose kinetic energies are higher than | system for the human body
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average kinetic energies, overcome the intermolecular forces that bind them to the liquid and
enter the gas phase. After their escape, the average kinetic energy of the remaining molecules
decreases. Therefore temperature of the liquid decreases, thus evaporation is a cooling
process.

The factors which can affect the rate of evaporation are as follow:

i. Surface Area
The rate of evaporation increases with increasing surface area. This is because large
surface area allows more molecules to evaporate.

ii. Intermolecular Forces:
The escaping tendency of molecules depends upon attractive forces between the
molecules. the liquids with strong intermolecular forces have less evaporation. Thus
water has less evaporation rate than petrol. This is because water has stronger
intermolecular forces (H-bonding) than petrol which has weak dispersion forces between
the molecules. A liquid which can rapidly change into vapours is called volatile e.g. petrol
is more volatile than water.

iii. Temperature
Evaporation takes place at all temperature. Rate of evaporation however is affected by
the change in temperature. Increase in temperature increases the number of molecules
having kinetic energy sufficient to overcome intermolecular forces and escape more
readily from the surface of the liquid. Thus the rate of evaporation increases with
increasing temperature. This is why clothes dry more readily in summer.

5.3.3 Vapour Pressure (V.P)

In open containers, evaporation continues until all of the liquid disappear. But when a
liquid is placed into a closed container, amount of liquid decreases for a period of time and
then does not change. In closed containers, the vapours cannot escape. Therefore, as the
vapour concentration increases, some of the vapour molecules lose energy and return to the
liquid state. This process is called condensation.

Evaporation involves molecules leaving the liquid and condensation occurs when a
vapour changes back to a liquid. When the liquid is placed in a closed container, it begins to
evaporate at a constant rate, very little condensation takes place. But as the concentration of
the vapour increases above the liquid, the rate of condensation increases. After some time the
rate of condensation equals the rate of evaporation. At this stage, the number of molecules
entering the gas phase equals the number returning to the liquid phase, the system is said to
be in a dynamic equilibrium. “The pressure exerted by vapours in equilibrium with its
liquid state is called the liquid’s vapour pressure at the given temperature”.

Factors affecting Vapour Pressure

Vapour pressure is measured in the same units used for gas pressure. Vapour pressure
is independent of the amount of liquid, so this is called an intensive property of the liquid.
Two factors affect liquid's vapour pressure:
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e Intermolecular forces
e Temperature

suec | 783°C | 100°C
i Intermolecular forces ’:ﬂi gL
The vapour pressure of a liquid depends upon |£ / Normal boiling
the strength of intermolecular forces. Liquids having 2 600 Divthylr,-': e |
stronger intermolecular forces possess low vapour cth"/ Ethyl alcohol '

pressure and vice versa. 0o (ethanol) Water

Vipor pressur
~

For example, water having hydrogen bonding
possesses low vapour pressure. On the other hand 200 4
ether, petrol etc have high vapour pressure due to
weak dispersion forces. o

Ethylene
glycol

0 20 40 60 80 100
ii. Temperature Temperature (°C)

As the temperature increases, the vapour  Fig5.3: Effect of Temp on vapour pressure
pressure increases. This is because increase in
temperature increases the average kinetic energies of the molecules which in turn decreases
the intermolecular forces. For example, vapour pressure of water at 0 °C is 4.6 mm of Hg but
at 100°C it is 760mm of Hg. The relationship of vapour pressure and temperature is shown by
the graph (see Fig 5.3).

Notice that the vapour pressure of diethyl ether (185mm Hg) at 0° C is much greater than
that of ethanol (12mm Hg) or water (4.6mm Hg). Ether is non-polar in nature. Therefore, its
high vapour pressure is due to its weak intermolecular forces (dispersion forces). Thus at the
surface ether molecules require less energy to break free and change into vapour. Similarly, in
ethanol intermolecular forces (H-bonding) are not as strong as those of water. Consequently
vapour pressure of ethanol is greater than that of water at all temperatures.

It is observed that each of the three vapour pressure curves cross the line
corresponding to one atmosphere at different temperatures. Therefore they boil at different
temperatures. Ether boils at 35 °C, ethanol at 78 °C and water at 100 °C.

5.3.4 Viscosity

It is common observation that water can be poured very quickly from one container to
another as compared to honey and glycerine. The resistance of a liquid’s to flow is called
its viscosity. The larger the viscosity, the more slowly the liquid flows. Viscosity measures,
how easily molecules slide by one another. To understand viscosity, consider a liquid flowing in
a tube is made up of a series of concentric circular layers. The resistance to flow is due to the
internal friction between the layers of the molecules. The layers adjacent to the walls have the
lowest velocity. Each layer exerts a drag on one another and thus causes resistance to flow.

Units:
Sl units of viscosity is Pascal Second (Pa.s). Non-Sl unit of viscosity is poise.
1 poise = 0.1 kg m's?' org cm™s
1Pas = 1kgm' s’ =10 poise
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Factors Affecting Viscosity:
Viscosity depends on the following factors:
¢ Molecular shape and size
e Intermolecular forces
e Temperature

i Molecular sl'llape and size . DO YOU KNOW
Molecular size and shape strongly influence | “in winter the viscosity of blood
viscosity. Liquids such as water, acetone, benzene and | increases due to cold. The artries and
th | i | | I g t veins of human body contract and
memanil, W OS? MaBELIes E_ll'e_ Bina ‘an COMpac become hard and their diameter
have low viscosity. Whereas liquids having large and | decrease. As a result the flow of blood
irregular shaped molecules like honey, glycerine tends | @nd blood pressure is affected. On
9 P ] y _g y, . sitting before fire, the viscosity of blood
to get tangled up with each other. This inhibits the flow | gecreases and its circulation increases.

of molecules and leads to high viscosity. So the man becomes normal.

ii. Intermolecular forces

Stronger the intermolecular force among the molecules higher is the viscosity. Liquids
whose molecules form hydrogen bonds are more viscous than other without hydrogen
bonding. For example water is more viscous than methanol mainly due to extensive hydrogen
bonding.

iii. Temperature

Molecules move faster as temperature increases. This is because; an increase in
temperature decreases the intermolecular forces. This dependence is quite noticeable for
highly viscous liquids such as honey and syrup. It is easier to pour these liquids when hot than
when cold.

5.3.5 Surface Tension

Hare you ever seen insects such as the water strider to walk on water? What allows it?
Surface tension is the property of the surface of the liquids to act as if there is a membrane
stretched across it. We can understand that the level of liquids exhibit surface tensions. All
molecules below the surface of the liquid are surrounded in all directions by other molecules.
Thus the force exhibited by such molecules is balanced in all directions whereas a molecule at
a liquid surface has molecules beside it and beneath it but no one above it. This results in an
unbalanced force pulling the surface molecules inward.

The molecules at the surface therefore, feel a net attraction inwards, which creates
surface tension. “The force in dynes acting at right angle on a unit length of surface of a
liquid is called surface tension”. For a molecule to come to the surface, it must overcome
the attraction directed downward. This means work has to be done to pull it to surface.
Therefore, increase in surface areas of a liquid requires an input energy. Surface tension can
also be defined as the amount of energy required to expand the surface of a liquid by a
unit area. Molecules at the surface of a liquid are less stable than those inside it, so a liquid is
stable when the fewest molecules are at its surface. This occurs when the liquid has minimum
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surface area. Spheres have less area per unit volume than any other. Therefore small drops of
a liquid tend to be spherical.

Factors Affecting Surface Tension
Surface tension of a liquid depends upon the following factors.

i. Intermolecular forces
Surface tension of a liquid depends directly on the strength of intermolecular forces.
Stronger the intermolecular forces among the molecules of liquid, greater is the surface
tension and vice versa. For example the surface tension of water is higher than many
liquids such as alcohols, ethers benzene etc. this is due to strong hydrogen bonding
between water molecules.

ii. Temperature
Surface tension of a liquid decreases with the increase of temperature. This is because
increased kinetic energy of the molecules decreases strength of intermolecular forces.

iii. Nature of Liquids
It is different for different liquids due to the presence of different types of intermolecular
forces.

Units
S| unit of surface tension is joule per square meter, Jm~2or Newton per meter, Nm-'.

5.3.6 Anomalous Behaviour of Water

Why water does not expand like many substance? In ice hydrogen bonds hold water
molecules in a rigid but open hexagonal structure. As ice melts, some of the hydrogen bonds
are overcome, and water molecules move into the holes that were present in ice structure. As
a result, the H20 molecules are closer together in liquid water than in ice. When ice melts,
there is a about 9% decrease in volume and a corresponding increase in density. So, water is
most unusual in this regard, because the liquid state is less dense than the solid for most
substances. If we continue to heat water just above the melting point, more hydrogen bonds
are overcome. The molecules become still more closely packed and the density of liquid
increases to a maximum density at 3.98°C. Below 3.98°C the density of water decreases with
temperature, as we expect for a liquid. These density phenomena explain why a freshwater
lake freezes from the top down in winter. When temperature falls below 4°C, the more dense
water sinks to the bottom of the lake. The colder surface water freezes first. Since ice is less
dense than water, the water that freezes remain at the top to cover the lake with a layer of ice.
This layer of ice insulates the water underneath. Thus under this thick blanket of ice, fish and
plants survive for months.

5.3.7 Concept of Hydrogen Bonding to Explain the Properties of Water
Hydrogen bonding in water contributes to its unique properties, which are as follows.

i. High surface tension
A stretched membrane is formed on the surface of water. The force on the surface acting
downwards is due to strong hydrogen bond in water. Therefore a high surface tension is
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observed. This has been proved by the following data. Which liquid has lowest surface
tension.

Water 7.275
Methanol 2.26
Ethanol 2.28
Benzene 2.888
Hexane 1.84
CCls 2,70

ii. High specific heat:

Specific heat is the quantity of heat required to raise the temperature of 1g of the
substance by 1°C (or by 1K). For example specific heat of water is 4.180J/g°C. It is
much higher than those of metals. It takes almost ten times as much heat to raise the
temperature of 1g of water 1°C as to raise the temperature of 1g of iron by 1°C.
Conversely, much heat is given off by water even a small drop in temperature. The vast
amounts of water on the surface of Earth thus acts as a giant heat reservoir to moderate
daily temperature variations. That is why the climate near large bodies of water such as
lakes, ponds, oceans etc, is more moderate than interior of the land.

iii. High heat of Vaporization:
Water has a high heat of vaporization due to extensive hydrogen bonding. A large amount
of heat is required to evaporate a small amount of water. This is of enormous importance
to us because large amounts of body heat can be dissipated by the evaporation of small
amounts of water (perspiration) from the skin. This effect also accounts for the climate-
modifying property of lakes and oceans.

iv. High boiling points
Water has a high B.P. due to strong H-bonding. It is practically observed that the B.P. of
water is 100°C at one atmospheric pressure (760mm) at sea level, however, the organic
solvents like benzene (B.P80°C), ether (35°C) etc. have lower B.P. due to poor
interactions between the molecules.

5.4 ENERGETIC OF PHASE CHANGES

Physical and chemical changes are accompanied by energy change in the form of heat. A
physical change in energy is the quantitative measurement of the strength of intermolecular
forces. Energy change at constant pressure is known as enthalpy change denoted by AH. It is
expressed in kJ mole”'. When a substance undergoes a phase change (change of state), its
temperature remains constant, even though heat is being added.
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5.4.1 Molar Heat of Fusion, Molar Heat of Vaporization and Molar Heat of
Sublimation
Molar heat of fusion (aH,) is the amount of heat required to convert one mole of a solid
into its liquid state at its melting point is called molar heat of fusion (aH, )
e.g. Molar heat of fusion for ice is +6.02 kJ mole™’

H,0,——H,0,, i AH, =+ 6.02 kJ mole™

Molar heat of vaporization (AHv)
The amount of heat required to convert one mole of a liquid into its vapours at its boiling
point is called molar heat of vaporization.

eg HO0,———HO,  AH,=+407 kimole™

Molar heat of Sublimation (AHs)
The amount of heat absorbed when one mole of a solid sublimes to give vapour at a
particular temperature at one atmospheric pressure is called molar heat of sublimation.

8.0. b, ——bg  AH, =+62.42 kJ mole™

5.4.2 Energy Changes and IntermolecularForces:

As a result of melting of a solid, a small change in intermolecular distance and
potential energy takes place in atoms, molecules or ions. On the other hand on evaporation
of a liquid atoms, molecules or ions undergo large changes in their intermolecular distance
and potential energy. Therefore, heat of vaporisation is much greater than that heat of
fusion.

Particular examples:
i. AH, (heat of vapourization) for H,0 (40.6 kJ mole™ at 373.15K, for NH, (23.35
kJ mole- at 239K) and C0O, (25.23 kJ mole'at 194.5K) are high due to their polar

nature and strong intermolecular forces AHf (Heat of fusion) will be as under:
H,0 = 6.02 kJ mole™ at 273.15K
NH, = 6.652 kJ mole™! at 195.4K
C0O,= 8.33 kJ mole”" at 217.0K
ii. 1, a volatile solid has the highest value of Heat of sublimation i.e 62.42 kJ mole™ at
458.4K. The values for other halogens are
AH, for Br, 29.4 kJ mole' at 332.4K

for cI, = 20.21 kd mole' at 239.1K
3.16 kJmole'at 85.0K

for f,

This shows that aH, (heat of vapourization) of |is the highest because of strong
intermolecular forces than the other halogens.
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5.4.3 Dynamic Equilibrium between two Physical States

Dynamic equilibrium is a reversible process where the two opposite changes occurring
simultaneously at equal rates. For example solid to liquid or liquid to gas and vice versa. The
system moves towards the condition of dynamic equilibrium.

example At 0 °C, ice exists in dynamic equilibrium with liquid water.

Ice s =——Water,,;,

5.4.4 Liquid Crystals and Their use in Daily Life History

In 1888 an Austrian Botanist, Frederick Reintizer discovered that when crystals of
cholesteryl benzoate are heated, it forms a milky liquid at 145°C. On further heating, the milky
liquid suddenly becomes clear. When the clear liquid is cooled, the reverse process occurs.
The milky or turbid liquid is called liquid crystal. The liquid crystal state exists between two
temperature i.e. melting temperature and clear temperature. It is a form of matter intermediate
in characteristics between a liquid and solid crystal. They have properties of liquids and show
viscosity, surface tension etc.

Definition
()  The substance which can flow like a liquid and also have some of the properties of
liquids within a certain temperature range are called liquid crystals.
(i) The intermediate phase lying between the solid phase and the normal liquid phase
is called liquid crystal.
Uses in daily life

i. Liquid crystals are used as temperature sensors. This is because the liquid crystals
change their colour with change in temperature.

ii. They are used to monitor temperature changes where conventional methods are not
feasible, e.g. they are used in thermometer for measuring skin temperature of infants.

iii. Some of the modern room thermometers contain liquid crystals with a suitable
temperature range. As temperature changes, the liquid crystal show up the figure in
different colours.

iv. They are used to find the point of potential failure in micro-electronic circuits.

v. They are used to locate the veins, arteries and tumours, e.g. when a layer of liquid
crystal is painted on the surface of the breast, a tumour shows up as a hot area which is
coloured blue. Thus this technique helps in early diagnosis of breast tumours.

vi. Liquid crystals are used in the display of numbers and letters of electrical devices such
as digital watches, calculators and computers etc.

vii. Liquid crystals are used in LCD screens of oscillographs and TV.

Science Titbits

The mucous secreted by slugs and snails behaves like liquid crystals. Its rod-shaped
molecular arrangements align in varying degrees to control the viscosity of the mucous to
adapt to different ground conditions.
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5.4.5 How to Differentiate Liquid Crystals from Pure Liquids and

Crystalline Solids

A liquid crystal is a state of matter which is in between pure liquid (transparent) and
crystalline solid.

i.e. crystalline solid —— liquid crystals —— pure liquid

—

A liquid crystal resembles the crystalline solid in certain respects, e.g. optical
properties. However pure liquids remain as such.

A crystalline solid may be isotropic (A substance showing same properties in all
directions) and an anisotropic (A substance showing different properties in different
direction) but liquid crystals are always isotropic. Pure liquids remain as such.

Liquid crystal is intermediate in between pure liquid and crystalline phase.

References for additional information

Holderness & Lambert, A New Certificate Chemistry.
John Olmsted Il and Gregory M. Williams, Chemistry, The Molecular Science.

Osei Yaw Ababio, New School Chemistry.
George M. Bodner and Harry L. Pardue, Chemistry, an experimental Science.

<,

1

Choose the correct answer (MCQs).

1.

ii.

Van Der Waal's forces are effective;
(a)At long distance (b) Both at long as well as short distance

(c)Only at short distance (d) Independent of distance
Which one of the following forces are also called London forces?
(a)lon-dipole forces (b) Dipole-induced dipole forces
(c)Dipole-dipole forces (d) Dispersion forces

iii.  Which of the following two halogens are gases at room temperature?
(a)Fluorine and lodine (b) Chlorine and Bromine
(c)Fluorine and Chlorine (d) lodine and Bromine

iv.  The intermolecular forces are of;
(a) Two types (b) Three types
(c) Four types (d) Five types

Thermostat is an instrument which;
(a)Increases the temperature (b) Decreases the temperature
(c)Maintains the temperature (d) Fluctuate the temperature
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vi. The scientist who discussed the phenomenon of viscosity are;
(a) Poisuelle (b) Newton
(c) Fritz (d) Vander Wall

vii. The distillation under reduced pressure is called;
(a)Fractional distillation (b) Vacuum distillation
(c)Steam distillation (d) Pressure distillation

viii. The unit of surface tension is;
(a)Newton per metre (b) Newton per metre square
(c)760mmHg (d) Newton square per metre

ix. The intermediate phase lying between the solid phase and the normal liquid phase
is called:
(a)Crystalline solid (b) liquid crystals
(c)Mesogens (d) Crystal lattice

x.  In which of the following are the particles the most disordered?
(a)Water at 100 °C (b) Steam at 100 °C
(¢)Impure water at 102 °C (d) Water at 10 °C

xi. Which of these statement best supports the idea that matter is made up of
particles?

(a) Liguids always fill the space available to them

(b) Liquids are easily compressible

(c) 1 cm? of water produces nearly 1700 cm?® of steam

(d) If a bottle of perfume is opened, the smell spread quickly

xii. Which of these processes involve a weakening of the attraction between particles?
(a) Condensation (b) Freezing
(c) Crystallization (d) Evaporation

xiii. A liquid is thought to be pure ethanoic acid (acetic acid), which of the following is the
best way to test its purity?
(a) Measure its B.P
(b) React it with ethanol
(c) Burn it completely in oxygen
(d) Dehydrate it with concentrated H2SO4

2: Write brief answer to the following.
i Give the general properties of liquids as to
(a) Diffusion (b) Compression
ii.  What are the types of intermolecular forces, give examples?
iii.  What is hydrogen bonding, give particular examples?
iv.  What are the applications of H-bonding?
v.  What are the different types of physical properties of liquids?
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vi.

Vil.

viii.

IX.

(b)

(@)
(b)
()
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Define vapour pressure. What are the factors affecting the V.P?
What is

(a) Viscosity.

(b) Surface tension.

Define molar heat of fusion and molar heat of vaporization.
How will you differentiate liquid crystals from pure liquids?

Why distillation under reduced pressure is often used in the purification of
chemicals?

Give the simple properties of liquids with special reference to the following:

. Diffusion

. Compression

. Expansion

Inter molecular forces

. Kinetic energy

Explain on the basis of kinetic molecular theory. Why the boiling point of a liquid
remains constant although heat is continuously supplied to the liquid?

Define and explain evaporation.

What are the factors affecting evaporation?

Different liquids have different rates of evaporation. Explain with reference to ether
and alcohol?

Define and explain vapour pressure. How equilibrium is established between
evaporation and condensation?

What are the factors affecting vapour pressure of a liquid?

Kinetically how will you explain the effect of temperature on vapour pressure?

Define and explain boiling point of a liquid?

How will you explain the effect of pressure on the boiling point of a liquid?
Practically how will you explain the

(i) Effect of increase of pressure on boiling point.

(i) Effect of decrease of pressure on boiling point.

Define and explain the term viscosity of a liquid? How does the resistance to the
layers causes viscosity?

What are the factors affecting the viscosity of a liquid?

Use the concept of hydrogen bonding to explain the following properties of
water?

(i) High surface tension

(i) High heat of vaporization

(i)  High boiling point
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a) Define and explain the phenomenon of surface tension?
What are the factors affecting surface tension?

c) Define dynamic equilibrium between two physical states?
) Define?

(i) Molar heat of fusion

(ii) Molar heat of vapourization

(a) Define a liquid crystal?

(b) What are the uses of liquid crystals in daily life?

(c) How will you differentiate liquid crystals from pure liquids and crystalline
solids?

What are the energetics of phase changes?

(a) Define and explain the boiling point of a liquid?

(b) How will you explain the two practical applications regarding the effect of pressure
on the boiling point of a liquid?

How can you interpret the anomalous behaviour of water?
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