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ATOMS, MOLECULES AND
CHEMICAL ARITHMETIC

Chemistry is the study of matter and the changes it undergoes. Chemistry is
often called the central science, because a basic knowledge of chemistry is
essential for the study of biology, physics, geology, ecology, and many other
subjects.

Although chemistry is an ancient science, its modern foundation was laid in the
nineteenth century, when intellectual and technological advances enabled
scientists to break down substances into ever smaller components and consequently
to explain many of their physical and chemical characteristics.

Chemistry plays a pivotal role in many areas of science and technology e.g.
in health, medicine, energy and environment, food, agriculture and new
materails.

As you are aware, atoms and molecules are so small that we cannot see them
with our naked eyes or even with the help of a microscope. Any sample of matter
which can be studied consists of extremely large number of atoms or molecules.
In chemical reactions, atoms or molecules combine with one another in a definite
number ratio. Therefore, it would be pertinent if we could specify the total
number of atoms or molecules in a given sample of a substance. We use many
number units in our daily life. For example, we express the number of bananas
or eggs in terms of ‘dozen’. In chemistry we use a number unit called mole
which is very large.

With the help of mole concept it is possible to take a desired number of atoms/
molecules by weighing. Now, in order to study chemical compounds and reactions
in the laboratory, it is necessary to have adequate knowledge of the quantitative
relationship among the amounts of the reacting substances that take part and

CHEMISTRY

MODULE

-1

Some Basic Concepts of

Chemistry

Notes




MODULE - 1

Some Basic Concepts of

Chemistry

Notes

Atoms, Molecules and Chemical Arithmetic

products formed in the chemical reaction. This relationship is knows as
stoichiometry. Stoichiometry (derived from the Greek Stoicheion = element and
metron = measure) is the term we use to refer to all the quntatitative aspects of
chemical compounds and reactions. In the present lesson, you will see how
chemical formulae are determined and how chemical equations prove useful in
predicting the proper amounts of the reactants that must be mixed to carry out a
complete reaction. In other words we can take reactants for a reaction in such a
way that none of the reacting substances is in excess. This aspect is very vital in
chemistry and has wide application in industries.

After reading this lesson you will be able to :

e explain the scope of chemistry;

explain the atomic theory of matter;

e state the laws of chemical combinaton;

e explain Dalton’s atomic theory;

e define the terms element, atoms and molecules.

e state the need of SI units;

e list base SI units;

e explain the relationship between mass and number of particles;
e define Avogadro’s constant and state its significance;

e calculate the molar mass of different elements and compounds;
e define molar volume of gases at STP.

e define empirical and molecular formulae;

e differentiate between empirical and molecular formulae;

e calculate precentage by mass of an element in a compound and also work out
empirical formula from the percentage composition;

e establish relationship between mole, mass and volume;

e calculate the amount of substances consumed or formed in a chemical reaction
using a balanced equation and mole concept, and

e explain the role of limiting reagent in limiting the amount of the products
formed.
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1.1 SCOPE OF CHEMISTRY

Chemistry plays an important role in all aspects of our life. Let us discuss role
of chemistry in some such areas.

1.1.1 Health and Medicine

Three major advances in this century have enabled us to prevent and treat
diseases. Public health measures establishing sanitation systems to protect vast
numbers of people from infectious diseases; surgery with anesthesia, enabling
physicians to cure potentially fatal conditions, such as an inflamed appendix; and
the introduction of vaccines and antibiotics that made it possible to prevent
diseases spread by microbes. Gene therapy promises to be the fourth revolution
in medicine. (A gene is the basic unit of inheritance.) Several thousand known
conditions, including cystic fibrosis and hemophilia, are carried by inborn
damage to a single gene. Many other ailments, such as cancer, heart disease,
AIDS, and arthritis, result to an extent from impairment of one or more genes
involved in the body’s defenses. In gene therapy, a selected healthy gene is
delivered to a patient’s cell to cure or ease such disorders. To carry out such
a procedure, a doctor must have a sound knowledge of the chemical properties
of the molecular components involved.

Chemists in the pharmaceutical industry are researching potent drugs with few
or no side effects to treat cancer, AIDS, and many other diseases as well as
drugs to increase the number of successful organ transplants. On a broader scale,
improved understanding of the mechanism of ageing will lead to a longer and
healthier lifespan for the world’s population.

11.2 Energy and the Environment

Energy is a by-product of many chemical processes, and as the demand for
energy continues to increase, both in technologically advanced countries like the
United States and in developing ones like India. Chemists are actively trying
to find new energy sources. Currently the major sources of energy are fossil
fuels (coal, petroleum, and natural gas). The estimated reserves of these fuels
will last us another 50-100 years at the present rate of consumption, so it is
urgent that we find alternatives.

Solar energy promises to be a viable source of energy for the future. Every year
earth’s surface receives about 10 times as much energy from sunlight as is
contained in all of the known reserves of coal, oil, natural gas, and uranium
combined. But much of this energy is “wasted” because it is reflected back into
space. For the past thirty years, intense research efforts have shown that solar
energy can be harnessed effectively in two ways. One is the conversion of
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sunlight directly to electricity using devices called photovoltaic cells. The other
is to use sunlight to obtain hydrogen from water. The hydrogen can then be
fed into a fuel cell to generate electricity. Although our understanding of the
scientific process of converting solar energy to electricity has advanced, the
technology has not yet improved to the point where we can produce electricity
on a large scale at an economically acceptable cost. By 2050, however, it has
been predicted that solar energy will supply over 50 percent of our power needs.

Another potential source of energy is nuclear fission, but because of environmental
concerns about the radioactive wastes from fission processes, the future of the
nuclear industry is uncertain. Chemists can help to devise better ways to dispose
of nuclear waste. Nuclear fusion, the process that occurs in the sun and other
stars, generates huge amounts of energy without producing much dangerous
radioactive waste. In another 50 years, nuclear fusion will likely be a significant
source of energy.

Energy production and energy utilization are closely tied to the quality of our
environment. A major disadvantage of burning fossil fuels is that they give off
carbon dioxide, which is a greenhouse gas (that is, it promotes the heating of
Earth’s atmosphere), along with sulfur dioxide and nitrogen oxides, which result
in acid rain and smog. Harnessing solar energy has no such detrimental effects
on the environment. By using fuel-efficient automobiles and more effective
catalytic converters, we should be able to drastically reduce harmful auto
emissions and improve the air quality in areas with heavy traffic. In addition,
electric cars, powered by durable, long-lasting batteries, should be more
prevalent in the next century, and their use will help to minimize air pollution.

1.1.3 Materials and Technology

Chemical research and development in the twentieth century have provided us
with new materials that have profoundly improved the quality of our lives and
helped to advance technology in countless ways. A few examples are polymers
(including rubber and nylon), ceramics (such as cookware), liquid crystals (like
those in electronic displays), adhesives, and coatings (for example, latex paint).

What is in store for the near future? One likely possibility is room-temperature
superconductors. Electricity is carried by copper cables, which are not perfect
conductors. Consequently, about 20 percent of electrical energy is lost in the
form of heat between the power station and our homes. This is a tremendous
waste. Superconductors are materials that have no electrical resistance and can
therefore conduct electricity with no energy loss.
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1.1.4 Food and Agriculture

How can the world’s rapidly increasing population be fed? In poor countries,
agricultural activities occupy about 80 percent of the workforce and half of an
average family budget is spent on foodstuffs. This is a tremendous drain on a
nation’s resources. The factors that affect agricultural production are the
richness of the soil, insects and diseases that damage crops, and weeds that
compete for nutrients. Besides irrigation, farmers rely on fertilizers and
pesticides to increase crop yield.

1.2 PARTICULATE NATURE OF MATTER

Chemistry deals with study of structure and composition of matter. Since ancient
time people have been wondering about nature of matter. Suppose we take a
piece of rock and start breaking it into smaller and smaller particles can this
process go on far ever resulting in smaller and smaller particles or would it come
to stop when such particles are formed which can no longer to broken into still
smaller particles? Many people including Greek philosophers Plato and Aristotle
believed that matter is continuous and the process of subdivision of matter can
go on.

On the other hand, many people believed that the process of subdivision of mater
can be repeated only a limited nuimber of times till such particles are obtained
which cannot be further subdivided. They believed that mattr is composed of
large number of very tiny particles and thus has particle naturew. The smallest
indivisible particles of matter were given the name ‘atom’ from the Greek word
“atoms” meaning ‘indivisible’. It is generally agreed that the Greek philosopher
Leucippus and his student Democritus were the first to propose this idea, about
440 B.C.. However, Maharshi Kanad had propounded the atomic concept of
matter earlier (500 BC) and had named the smallest particle of matter as
"PARMANU".

1.3 LAWS OF CHEMICAL COMBINATIONS

There was tremendous progress in Chemical Sciences after 18™ century. It arose
out of an interest in the nature of heat and the way things burn. Major progress
was made through the careful use of chemical balance to determine the change
in mass that occurs in chemical reactions. The great French Chemist Antoine
Lavoisier used the balance to study chemical reactions. He heated mercury in
a sealed flask that contained air. After several days, a red substance mercury
(IT) oxide was produced. The gas remaining in the flask was reduced in mass.
The remaining gas was neither able to support combustion nor life. The
remaining gas in the flask was identified as nitrogen. The gas which combined
with mercury was oxygen. Further he carefully performed the experiment by
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taking a weighed quantity of mercury (II) oxide. After strong heating, he found
that mercury (II) oxide, red in colour, was decomposed into mercury and
oxygen. He weighed both mercury and oxygen and found that their combined
mass was equal to that of the mercury (II) oxide taken. Lavoisier finally came
to the conclusion that in every chemical reaction, total masses of all the
reactants is equal to the masses of all the products. This law is known as the
law of conservation of mass.

There was rapid progress in science after chemists began accurate determination
of masses of reactants and products. French chemist Claude Berthollet and
Joseph Proust worked on the ratio (by mass) of two elements which combine
to form a compound. Through a careful work, Proust demonstrated the
fundamental law of definite or constant proportions in 1808. In a given
chemical compound, the proportions by mass of the elements that compose
it are fixed, independent of the origin of the compound or its mode of
preparation.

In pure water, for instance, the ratio of mass of hydrogen to the mass of oxygen
is always 1:8 irrespective of the source of water. In other words, pure water
contains 11.11% of hydrogen and 88.89% of oxygen by mass whether water
is obtained from well, river or from a pond. Thus, if 9.0 g of water are
decomposed, 1.0 g of hydrogen and 8.0 g of oxygen are always obtained.
Furthermore, if 3.0 g of hydrogen are mixed with 8.0 g of oxygen and the mixture
is ignited, 9.0 g of water are formed and 2.0 g of hydrogen remains unreacted.
Similarly sodium chloride contains 60.66% of chlorine and 39.34% of sodium
by mass whether we obtained it from salt mines or by crytallising it from water
of ocean or inland salt seas or synthesizing it from its elements sodium and
chlorine. Of course, the key word in this sentence is ‘pure’. Reproducible
experimental results are highlights of scientific thoughts. In fact modern science
is based on experimental findings. Reproducible results indirectly hint for a
truth which is hidden. Scientists always worked for findings this truth and in
this manner many theories and laws were discovered. This search for truth plays
an important role in the development of science.

The Dalton’s atomic theory not only explained the laws of conservations of mass
and law of constant proportions but also predicted the new ones. He deduced
the law of multiple proportions on the basis of his theory. The law states that
when two elements form more than one compound, the masses of one
element in these compound for a fixed mass of the other element are in
the ratio of small whole numbers. For example, carbon and oxygen form two
compounds: carbon monoxide and carbon dioxide. Carbon monoxide contains
1.3321 g of oxygen for each 1.0000 g of carbon, whereas carbon dioxide
contains 2.6642 g of oxygen for 1.0000 g of carbon. In other words, carbon
dioxide contains twice the mass of oxygen as is contained in carbon monoxide
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(2.6642 g =2 x 1.3321 g) for a given mass of carbon. Atomic theory explains
this by saying that carbon dioxide contains twice as many oxygen atoms for a
given number of carbon atoms as does carbon monoxide. The deduction of law
of multiple proportions from atomic theory was important in convincing
chemists of the validity of the theory.

1.4 DALTON’S ATOMIC THEORY

As we learnt earlier, Lavosier laid the experimental foundation of modern
chemistry. But the British chemist John Dalton (1766—1844) provided the basic
theory; all matter — whether element, compound, or mixture —is composed of
small particles called atoms. The postulates, or basic assumptions of Dalton's
theory are presented below in this section.

1.4.1 Postulates of Dalton's Atomic Theory

The English scientist John Dalton was by no means the first person to propose
the existence of atoms, as we have seen in the previous section, such ideas date
back to classical times. Dalton’s major contribution was to arrange those ideas
in proper order and give evidence for the existence of atoms. He showed that
the mass relationship expressed by Lavoisier and Proust (in the form of law of
conservation of mass and law of constant proportions) could be interpreted most
suitably by postulating the existence of atoms of the various elements.

In 1803, Dalton published a new system of chemical philosophy in which the
following statements comprise the atomic theory of matter:

1. Matter consists of indivisible atoms.

2. All the atoms of a given chemical element are identical in mass and in all
other properties.

3. Different chemical elements have different kinds of atoms and in particular
such atoms have different masses.

4. Atoms are indestructible and retain their identity in chemical reactions.

5. The formation of a compound from its elements occurs through the
combination of atoms of unlike elements in small whole number ratio.

Dalton’s fourth postulate is clearly related to the law of conservation of mass.
Every atom of an element has a definite mass. Also in a chemical reaction there
is rearrangement of atoms. Therefore after the reaction, mass of the product
should remain the same. The fifth postulate is an attempt to explain the law of
definite proportions. A compound is a type of matter containing the atoms of
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two or more elements in small whole number ratio. Because the atoms have
definite mass, the compound must have the elements in definite proportions by
mass.

The Dalton’s atomic theory not only explained the laws of conservations of mass
and law of constant proportions but also predicted the new ones. He deduced
the law of multiple proportions on the basis of his theory. The law states that
when two elements form more than one compound, the masses of one
element in these compound for a fixed mass of the other element are in
the ratio of small whole numbers. For example, carbon and oxygen form two
compounds: Carbon monoxide and carbon dioxide. Carbon monoxide contains
1.3321 g of oxygen for each 1.000g of carbon, whereas carbon dioxide contains
2.6642 g of oxygen for 1.0000 g of carbon. In other words, carbon dioxide
contains twice the mass of oxygen as is contained in carbon monoxide (2.6642
g=2x1.3321 g) for a given mass of carbon. Atomic theory explains this by
saying that carbon dioxide contains twice as many oxygen atoms for a given
number of carbon atoms as does carbon monoxide. The deduction of law of
multiple proportions from atomic theory was important in convincing chemists
of the validity of the theory.

1.4.2 What is an Atom?

As you have just seen in the previous section that an atom is the smallest particle
of an element that retains its (elements) chemical properties. An atom of one
element is different in size and mass from the atoms of the other elements. These
atoms were considered ‘indivisible’ by Indian and Greek ‘Philosophers’ in the
beginning and the name ‘atom’ was given as mentioned earlier. Today, we know
that atoms are not indivisible. They can be broken down into still smaller particles
although they lose their chemical identity in this process. But inspite of all these
developments atom still remains a building block of matter.

1.4.3 Molecules

A molecule is an aggregate of at least two atoms in a definite arrangement
held together by chemical forces (also called chemical bonds). 1t is smallest
particle of matter, an element or a compound, which can exist independently.
A molecule may contain atoms of the same element or atoms of two or more
elements joined in a fixed ratio, in accordance with the law of definite
proportions stated. Thus, a molecule is not necessarily a compound, which, by
definition, is made up of two or more elements. Hydrogen gas, for example,
is a pure element, but it consists of molecules made up of two H atoms each.
Water, on the other hand, is a molecular compound that contains hydrogen and
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oxygen in a ratio of two H atoms and one O atom. Like atoms, molecules are
electrically neutral.

The hydrogen molecule, symbolized as H, is called a diatomic molecule
because it contains only two atoms. Other elements that normally exist as
diatomic molecules are nitrogen (N,) and oxygen (O,), as well as the Group
17 elements-fluorine (F,), chlorine (Cl,), bromine (Br,), and iodine (I,). Of
course, a diatomic molecule can contain atoms of different elements. Examples
are hydrogen chloride (HCl) and carbon monoxide (CO).

The vast majority of molecules contain more than two atoms. They can be atoms
of the same element, as in ozone (O3), which is made up of three atoms of
oxygen, or they can be combinations of two or more different elements.
Molecules containing more than two atoms are called polyatomic molecules.
Like ozone, water (H,O) and ammonia (NH;) are polyatomic molecules.

1.4.4 Elements

Substances can be either elements or compounds. An element is a substance
that cannot be separated into simpler substances by chemical means. To date,
118 elements have been positively identified. Eighty-three of them occur
naturally on Earth. The others have been created by scientists via nuclear
processes.

For convenience, chemists use symbols of one or two, letters to represent the
elements. The first letter of a symbol is always capitalized, but the following
letter is not. For example, Co is the symbol for the element cobalt, whereas CO
is the formula for the carbon monoxide molecule. Table 1.1 shows the names
and symbols of some of the more common elements; a complete list of the
elements and their symbols appears inside the front cover of this book. The
symbols of some elements are derived from their Latin names for example, Au
from auram (gold), Fe from ferrurn. (iron), and Na from natrium (sodium) while
most of them come from their English names.

Table 1.1: Some Common Elements and Their Symbols

Name Symbol Name Symbol Name Symbol
Aluminium Al Fluorine F Oxygen 0
Arsenic As Gold Au Phosphorus p
Barium Ba Hydrogen H Platinum Pt
Bismuth Bi Iodine I Potassium K
Bromine Br Iron Fe Silicon Si
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Calcium Ca Lead Pb Silver Ag
Carbon C Magnesium Mg Sodium Na
Chlorine cl Manganese Mn Sulfur S

Chromium Cr Mercury Hg Tin Sn
Cobalt Co Nickel Ni Tungsten W
Copper Cu Nitrogen N Zinc Zn

Chemists use chemical formulas to express the composition of molecules and
ionic compounds in terms of chemical symbols. By composition we mean not
only the elements present but also the ratios in which the atoms are combined.

. INTEXT QUESTIONS 1.1

1. Chemistry plays a vital role in many areas of science and technology. What
are those areas?

Who proposed the particulate nature of matter?
What is law of conservation of mass?

What is an atom?

What is a molecule?

Why is the symbol of sodium Na?

NS,k w N

How is an element different from a compound?

1.5 SI UNITS (REVISITED)

Measurement is needed in every walk of life. As you know that for every
measurement a ‘unit’ or a ‘reference standard’ is required. In different countries,
different systems of units gradually developed. This created difficulties whenever
people of one country had to deal with those of another country. Since scientists
had to often use each other’s data, they faced a lot of difficulties. For a practical
use, data had to be first converted into local units and then only it could be used.

In 1960, the ‘General Conference of Weights and Measures’, the international
authority on units proposed a new system which was based upon the metric system.
This system is called the ‘International System of Units’ which is abbreviated as
SI units from its French name, Le Systéme Internationale d’Unites. You have
learned about SI units in your earlier classes also and know that they are based
upon seven base units corresponding to seven base physical quantities. Units
needed for various other physical quantities can be derived from these base SI
units. The seven base SI units are listed in Table 1.2.
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Physical Quantity Name of SI Unit Symbol for SI unit

Length Metre m

Mass Kilogram kg

Time Second S

Electrical current Ampere A Notes
Temperature Kelvin K

Amount of substance Mole mol

Luminous intensity Candela cd

For measuring very large or very small quantities, multiples or sub-multiples of
these units are used. Each one of them is denoted by a symbol which is prefixed
to the symbol of the unit. For example, to measure long distances we use the unit
kilometre which is a multiple of metre, the base unit of length. Here kilo is the
prefix used for the multiple 103 Its symbol is k which is prefixed to the symbol of
metre, m . Thus the symbol of kilometre is km and

1km=1.0x 103 m=1000 m

Similarly, for measuring small lengths we use centimetre (cm) and millimetre
(mm) where

lem=1.0x102m=0.0l m
I mm=10x 1073 m=0.001 m
Some prefixes used with SI units are listed in Table 1.3.

Table 1.3: Some prefixes used with SI units

Prefix Symbol Meaning Example

Tera T 1012 1 terametre (Tm) = 1.0 x1012 m
Giga G 109 1 gigametre (Gm) = 1.0 x 109 m
Mega M 100 1 megametre (Mm) = 1.0 X 106 m
Kilo k 103 1 kilometre (km) = 1.0 x 103 m
Hecta h 102 1 hectametre (hm) = 1.0 X 102 m
Deca da 10! 1 decametre (dam) = 1.0 X 10! m
Deci d 10-1 1 decimetre (dm)=1.0x 10~! m
Centi C 102 1 centimetre (cm) = 1.0 X 102 m
Milli m 1073 1 millimetre (mm) = 1.0 X 105 m
Micro u 1070 1 micrometre (um) = 1.0 X 10%m
Nano n 1079 1 nanometre (nm) = 1 X 109 m
Pico p 10712 1 picometre (pm) = 1 X 1012m

Before proceeding further try to answer the following questions:
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. INTEXT QUESTIONS 1.2

1. Name the SI Unit of mass
2. What symbol will represent 1.0 x 106 g?
3. Name the prefixes used for (i) 102 and (i1) 1079

4. What do the following symbols represent?
(1) Ms (i1) ms

1.6 RELATIONSHIP BETWEEN MASS AND NUMBER
OF PARTICLES

Suppose you want to purchase 500 screws. How, do you think, the shopkeeper
would give you the desired quantity? By counting the screws individually? No,
he would give the screws by weight because it will take a lot of time to count
them. If each screw weighs 0.8 g, he would weigh 400 g screws because it is the
mass of 500 screws (0.8 x 500 =400 g). You will be surprised to note that the
Reserve Bank of India gives the desired number of coins by weight and not by
counting.This process of counting by weighing becomes more and more labour
saving as the number of items to be counted becomes large. We can carry out the
reverse process also. Suppose we take 5000 very tiny springs (used in watches)
and weigh them. If the mass of these springs is found to be 1.5 g, we can conclude
that mass of each spring is 1.5 + 5000 = 3 X 1074 g.

Thus, we see that mass and number of identical objects or particles are inter-
related. Since atoms and molecules are extremely tiny particles it is impossible to
weigh or count them individually. Therefore we need a relationship between the
mass and number of atoms and molecules (particles). Such a relationship is
provided by ‘mole concept’.

1.7 MOLE - A NUMBER UNIT

Mass of an atom or a molecule is an important property. However, while discussing
the quantitative aspects of a chemical reaction, the number of reacting atoms or

molecules is more significant than their masses.
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It is observed experimently that iron and sulphur do not react with each other in
a simple mass ratio. When taken in 1:1 ratio by mass (Fe:S), some sulphur is left
unreacted and when taken in 2:1 ratio by mass (Fe:S) some iron is left unreacted.

Let us now write the chemical equation of this reaction
Fe + S — FeS

From the above chemical equation, it is clear that 1 atom of iron reacts with 1
atom of sulphur to form 1 molecule of iron (II) sulphide (FeS). It means that if
we had taken equal number of atoms of iron and sulphur, both of them would
have reacted completely. Thus we may conclude that substances react in a simple
ratio by number of atoms or molecules.

From the above discussion it is clear that the number of atoms or molecules of a
substance is more relevant than their masses. In order to express their number we
need a number unit. One commonly used number unit is ‘dozen’, which, as you
know, means a collection of 12. Other number units that we use are ‘score’ (20)
and ‘gross’(144 or 12 dozens). These units are useful in dealing with small numbers
only. The atoms and molecules are so small that even in the minute sample of any
substance, their number is extremely large. For example, a tiny dust particle
contains about 1016 molecules. In chemistry such large numbers are commonly
represented by a unit known as mole. Its symbol is ‘mol’ and it is defined as.

A mole is the amount of a substance that contains as many elementary entities
(atoms, molecules or other particles) as there are atoms in exactly 0.012 kg
or 12 g of the carbon-12 isotope.

The term mole has been derived from the Latin word ‘moles’ which means
a ‘heap’ or a ‘pile’. It was first used by the famous chemist Wilhelm Ostwald
more than a hundred years ago.

Here you should remember that one mole always contains the same number of
entities, no matter what the substance is. Thus mole is a number unit for dealing
with elementary entities such as atoms, molecules, formula units, electrons etc.,
just as dozen 1s a number unit for dealing with bananas or oranges. In the next
section you will learn more about this number.

1.8 AVOGADRO’S CONSTANT

In the previous section we have learned that a mole of a substance is that amount
which contains as many elementary entities as there are atoms in exactly 0.012
kilogram or 12 gram of the carbon-12 isotope. This definition gives us a method
by which we can find out the amount of a substance (in moles) if we know the
number of elementary entities present in it or vice versa. Now the question arises
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how many atoms are there in exactly 12 g of carbon-12. This number is determined
experimentally and its currently accepted value is 6.022045 X 1023, Thus 1 mol =
6.022045 x 1023 entities or particles, or atoms or molecules.

For all practical purposes this number is * rounded off to 6.022 x 1023,
The basic idea of such a number was first conceived by an Italian scientist
Amedeo Avogadro. But, he never determined this number. It was

determinned later and is known as Avogadro’s constant in his honour.

This number was earlier known as Avogadro’s number. This number alongwith
the unit, that is, 6.022 X 1023 mol~! is known as Avogadro constant. It is
represented by the symbol N4. Here you should be clear that mathematically a
number does not have a unit. Avogadro’s number 6.022 X 1023 will not have any
unit but Avogradro’s constant will have unit of mol~!. Thus Avo gradro’s constant,
N = 6.022 x 1023 mol 1.

Significance of Avogadro’s Constant

You know that 0.012 kg or 12 g of carbon —12 contains its one mole of carbon
atoms. A mole may be defined as the amount of a substance that contains 6.022 X
1023 elementary entities like atoms, molecules or other particles. When we say
one mole of carbon —12, we mean 6.022 X 1023 atoms of carbon —12 whose mass
is exactly 12 g. This mass is called the molar mass of carbon-12. The molar mass
is defined as the mass ( in grams) of 1 mole of a substance. Similarly, a mole of
any substance would contain 6.022 x 1023 particles or elementary entities. The
nature of elementary entity, however,depends upon the nature of the substance as
given below :

S.No. Type of Substance Elementary Entity
1. Elements like Na, K, Cu which Atom
exist in atomic form
2. Elements like O, N, H, which Molecule
exist in molecular form (O,, N5, H,)
3. Molecular compounds like NH;, H,0O, CHy Molecule
Tons like Na*, Cu*, Ag*, CI~, 0%~ Ton
5. Ionic compounds like NaCl, NaNO3, K,SO, Formula unit

Formula unit of a compound contains as many atoms or ions of different types
as is given by its chemical formula. The concept is applicable to all types of
compounds. The following examples would clarify the concept.
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HZO Two atoms of H and one atom of O
NH3 One atom of N and three atoms of H
NaCl One Na* ion and one C1™ ion
N aNO3 One Na™' ion and one NO3_ ion =
. . Notes
K,SO, Two K* ions and one SO~ ion
Ba3(POy), Three Ba2* ions and two PO, ions

Now, let us take the examples of different types of substances and correlate their
amounts and the number of elementary entities in them.

1 mole C =6.022x 1023 C atoms

1 mole O, =6.022x10%3 0, molecules

1 mole H,0 =6.022x 10> H,0 molecules

1 mole NaCl =6.022x 1023 formula units of NaCl

1 mole Ba?*ions =6.022x 1023 Ba?*ions

We may choose to take amounts other than one mole and correlate them with
number of particles present with the help of relation :

Number of elementary entities = number of moles x Avogadro’s constant
Imole O, = 1x(6.022x10%3) =6.022x 10>3 molecules of O,
0.5mole 0, =0.5x (6022 1023) =3.011 x 10° molecules of O,
0.1mole O, =0.1x(6.022x 1023) =6.022x10> molecules of O,

. INTEXT QUESTIONS 1.3

1. A sample of nitrogen gas consists of 4.22 X 1023 molecules of nitrogen.
How many moles of nitrogen gas are there?

2. Inametallic piece of magnesium, 8.46 X 1024 atoms are present. Calculate
the amount of magnesium in moles.

3. Calculate the number of Cl, molecules and Cl atoms in 0.25 mol of Cl, gas.
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1.9 MOLE, MASS AND NUMBER RELATIONSHIPS

You know that 1 mol =6.022x 1023 elementary entities
and Molar mass = Mass of 1 mole of substance
= Mass of 6.022 x 1023 elementary entities.

As discussed earlier the elementary entity can be an atom, a molecule, an ion or a
formula unit. As far as mole — number relationship is concerned it is clear that one
mole of any substance would contain 6.022 x 1023 particles (elementary entities).
For obtaining the molar mass, i.e., mole-mass relationship we have to use atomic
mass scale.

1.9.1 Atomic Mass Unit

By inernational agreement, a unit of mass to specify the atomic and molecular
masses has been defined. This unit is called atomic mass unit and its symbol is
‘amu’. The mass of one C-12 atom, is taken as exactly 12 amu. Thus, C-12 atom
serves as the standard. The Atomic mass unit is defined as a mass exactly equal
to the 1/12th of the mass of one carbon-12 atom.

Mass of one C-12 atom
12

Atomic mass unit is also called unified atomic mass unit whose symbol is ‘u’.
Another name of atomic mass unit is dalton (symbol Da). The latter is mainly
used in biological sciences.

1 amu =

1.9.2 Relative Atomic and Molecular Masses

You are aware that atomic mass scale is a relative scale with C-12 atom (also
written as 12C) chosen as the standard. Its mass is taken as exactly 12. Relative
masses of atoms and molecules are the number of times each atom or molecules

1
is heavier than Eth of the mass of one C-12 atom. Often, we deal with elements

and compounds containing isotopes of different elements. Therefore, we prefer
to use average masses of atoms and molecules. Thus

Average mass of 1atom of the element

Relative atomic mass =
E th of the mass of one C-12 atom

Average mass of 1 molecule of the substance

and Relative molecular mass =
E th of the mass of one C-12 atom

Experiments show that one O-16 atom is 1.333 times as heavy as one C-12 atom.
Thus
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Relative atomic mass of 0-16 = 1.333 x 12 = 15.996 = 16.0 M ey Y

The relative atomic masses of all elements have been determined in a similar
manner. Relative molecular masses can also be determined experimentally in a
similar manner . In case we know the molecular formula of a molecule, we can
calculate its relative molecular mass by adding the relative atomic masses of all
its constituent atoms. Let us calculate the relative molecular mass of water, H,O.

Relative molecular mass of water, H,O = (2 X relative atomic mass of H) + Notes
(relative atomic mass of O)

=2x1)+(16)=2+16=18

The relative atomic and molecular masses are just numbers and dimensionless,
unit-less quantities.

1.9.3 Atomic, Molecular and Formula Masses

From the definition of atomic mass unit, we can calculate the atomic masses. Let
us again take the example of oxygen-16 whose relative atomic mass is 16. By
definition:

mass of one O-16 atom

Relative atomic mass of O-16 =16

112 th the mass of one C-12 atom

1
Since 1 amu = Eth the mass of one C-12 atom

mass of one O-16 atom

16

1amu

Mass of one O-16 atom = 16 amu
Or Atomic mass of O-16 = 16 amu.

From this example we can see that numerical value of the relative atomic mass
and atomic mass is the same. Only, the former has no unit while the latter has the
unit amu.

Molecular and formula masses can be obtained by adding the atomic or ionic
masses of all the constituent atoms or ions of the molecule or formula unit
respectively. Let us understand these calculations with the help of following
examples.

Example 1.1 : Calculate the molecular mass of ammonia, NHj.
Solution : One molecule of NH; consists of one N atom and three H atoms.

Molecular mass of NH3 = (Atomic mass of N) + 3 (Atomic mass of H)
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=17 amu
Example 1.2 : Calculate the formula mass of sodium chloride (NaCl).
Solution : One formula unit of sodium chloride consists of one Na*t ion and one
T~ Cl”ion.
Notes Formula mass of NaCl = (Ionic mass of Na* ) + (Ionic mass of C17)

=23 amu + 35.5 amu
=58.5 amu.

You would have noticed in the above example that ionic mass of Na* ion has
been taken as 23 amu which is the same as the atomic mass of Na atom. Since
loss or gain of few electrons does not change the mass significantly, therefore
atomic masses are used as ionic masses. Similarly we have taken ionic mass of
CI™ as 35.5 amu which is the same as the atomic mass of CI™.

1.9.4 Molar Masses

We know that molar mass is the mass of 1 mol of the substance. Also, 1 mol of
any substance is the collection of its 6.022 X 1023 elementary entities. Thus

Molar mass = Mass of 6.022 x 1023 elementary entities.
(i) Molar mass of an element

You know that the relative atomic mass of carbon—12 is 12. A 12g sample of it
would contain 6.022 x 1023 atoms. Hence the molar mass of C-12 is 12 g mol™
I For getting the molar masses of other elements we can use their relative atomic
masses.

Since the relative atomic mass of oxygen -16 is 16, a 16 g sample of it would
contain 6.022 x 1023 oxygen atoms and would constitute its one mole. Thus, the
molar mass of O-161s 16 g mol~!. Relative atomic masses of some common
elements have been listed in Table 1.4

Table 1.4 : Relative atomic masses of some elements
(upto 1st place of decimal)

Element Relative Element Relative
Atomic Mass Atomic Mass
Hydrogen, H 1.0 Phosphorus, P 31.0
Carbon, C 12.0 Sulphur, S 32.1
Nitrogen, N 14.0 Chlorine, C1 35.5
Oxygen, O 16.0 Potassium, K 39.1
Sodium, Na 23.0 Iron, Fe 559
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The elementary entity in case of a molecular substance is the molecule. Hence,
molar mass of such a substance would be the mass of its 6.022 x 1 023 molecules,
which can be obtained from its relative molecular mass or by multiplying the
molar mass of each element by the number of its moles present in one mole of the
substance and then adding them. =
Notes

Let us take the example of water, H,O. Its relative molecular mass is 18. Therefore,
18 g of it would contain 6.022 x 1023 molecules. Hence, its molar mass is 18 g
mol ™! . Alternately we can calculate it as :

Molar mass of water, H,O = (2 X molar mass of H) + (molar mass of O)
=2x1gmol )+ (16 g mol~1)
=18¢g mol~!
Table 1.5 lists molecular masses and molar masses of some substances.

Table 1.5 : Molecular masses and molar masses of some substances

Element or Compound Molecular mass / amu | Molar mass / (g mol™1)

0, 32.0 32.0

Py 124.0 124.0

Sg 256.8 256.8

H,0 18.0 18.0

NHj3 17.0 17.0

HCl 36.5 36.5

CH,Cl, 85.0 85.0

(iii) Molar masses of ionic compounds

Molar mass of an ionic compound is the mass of its 6.022 x 1 0?3 formula units.
It can be obtained by adding the molar masses of ions present in the formula unit
of the substance. In case of NaCl it is calculated as

Molar mass of NaCl = molar mass of Na* + molar mass of C1~
=23 gmol™}) + (35.5 g mol™})
=585¢g mol~!

Let us take some more examples of ionic compounds and calculate their molar
masses.
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Example 1.3 : Calculate the molar mass of
Solution :

(i)Molar mass of K,SO, = (2 x molar mass of K*) + (molar mass of SO;")

= (2 x molar mass of K*) +
(molar mass of S + 4 X molar mass of O)

=[(2x39.1) + (32.1 + 4 x 16)] g mol™ 1]
=(78.2+32.1 + 64) g mol~! = 174.3 g mol"!
(i) Molar mass of Ba3(PO,), = (3 X molar mass of Ba2+) +

2 (molar mass of PO?")

= (3 x molar mass of BaZt) +
2 (molar mass of P + 4 X molar mass of O)

=[(3x137.3) +2 (31.0 + 4 X 16.0)] g mol"!
= (411.9 + 190.0) g mol~! = 601.9 g mol~!

Now you have learned about the mole, mass and number relationships for all
types of substances. The following examples would illustrate the usefulness of
these relationships.

Example 1.4 : Find out the mass of carbon -12 that would contain 1.0 X 1019
carbon-12 atoms.
Solution :  Mass of 6.022 x 1023 carbon-12 atoms = 12 g

12x1x10"

19 i _Lex XV
Mass of 1.0 x 10*” carbon-12 atoms 6.022 %10 g

=1.99x 104 ¢
Example 1.5 : How many molecules are present in 100 g sample of NH;?
Solution : Molar mass of NHy = (14 +3) g mol~1 =17 g mol~!
. 17 g sample of NH; contains 6.022 X 1023 molecules

6.022 x 10* molecule
17¢g

= 35.42 x 1023 molecules

= 3.542 x 1024 molecules

Therefore, 100 g sample of NH5 would contain x 100g
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one molecule of oxygen?
Solution : Mass of 1 mol or 6.022 x 1023 atoms of O = 16 g
Mass of latom of O = ——0%—
ass of latom o = 6.022x 107
=266 x 1023 ¢ Notes

Since a molecule of oxygen contains two atoms (O,),
its mass = 2 X 2.66 x 10723 g =532 x 10723 g.

. INTEXT QUESTIONS 1.4

1. Calculate the molar mass of hydrogen chloride, HCI.

2. Calculate the molar mass of argon atoms, given that the mass of single atom
is 6.634 x 10720 kg.

3. Calculate the mass of 1.0 mol of potassium nitrate, KNO5 (atomic masses :
K =39 amu; N = 14 amu, O = 16 amu).

4. The formula of sodium phosphate is Na;PO,. What is the mass of 0.146
mol of Na3PO4? (atomic masses : Na=23.0 amu, P=31.0 amu; O =16.0
amu).

1.10 MASS, MOLAR MASS AND NUMBER OF MOLES

Mass, molar mass and number of moles of a substance are inter-related quantities.
We know that :

Molar mass (M) = Mass of one mole of the substance.

Molar mass of wateris 18 g mol~L. If we have 18 g of water, we have 1mol of it.
Suppose we have 36 g water (18 X 2), we have 2 mol of it. In general in a sample
of water of mass (n X 18) g, the number of moles of water would be n. We may
generalize the relation as

mass of the substance

Number of moles (amount) of a substance = molar mass of the substance

m
M
or m=nXM

n =

These relations are useful in calculations involving moles of substances.
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Example 1.7 : In a reaction, 0.5 mol of aluminium is required. Calculate the
amount of aluminium required in grams? (atomic mass of Al =27 amu)

Solution : Molar mass of Al =27 g mol~!
Required mass = no. of moles X molar mass
= (0.5 mol) x (27 g mol™1)
=135¢g

1.11 MOLAR VOLUME, V,,

Molar volume is the volume of one mole of a substance. It depends upon
temperature and pressure. It is related to the density, by the relation.

Molar mass

Molar volume = Density

In case of gases, we use their volumes at standard temperature and pressure
(STP). For this purpose 0 0C or 273 K temperature is taken as the standard
temperature and 1bar pressure is taken as the standard pressure. At STP, the
molar volume of an ideal gas is 22.7 litre*. You will study that gases do not
behave ideally and therefore their molar volume is not exactly 22.7 L. However,

itis very close to 22.7 L and for all practical purposes we take the molar volume
of all gases at STP as 22.7 L mol 1.

. INTEXT QUESTIONS 1.5

1. How many moles of Cu atoms are present in 3.05 g of copper (Relative
atomic mass of Cu = 63.5).

2. A piece of gold has a mass of 12.6 g. How many moles of gold are present
in it? (Relative atomic mass of Au = 197)

3. In a combustion reaction of an organic compound, 2.5 mol of CO, were
produced. What volume would it occupy at STP (273K, 1bar) ?

1.12 MOLCULAR AND EMPIRICAL FORMULAE

In your previous classes, you have studied how to write chemical formula of a
sustance. For example, water is represented by H O, carbon dioxide is represented

* Earlier 1 atmosphere pressure was taken as the standard pressure and at STP (273K, latm) the molar

volume of an ideal gas was taken as 22.4 L. mol™. The difference in the value is due to the change in the
standard pressure (1bar) which is slightly less than latm.
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by CO,, methane is represented by CH,, dinitrogen penta oxide is represented by
N,O,, and so on. You are aware, formula for a molecule uses a symbol and subscript
number to indicate the number of each kind of atoms present in the molcule
(subscript 1 is always omitted). Such a formula is called molecular formula as it
represents a molecule of a substance. A molecule of water consists of two hydrogen
atoms and one oxygen atom. So its molecular formula is written as H,O. Thus a
molecular formula shows the actual number of atoms of different elements

in a molecule of a compound.

There is another kind of formula, the empirical formul of a compound, which
gives only relative number of atoms of different elements. These numbers are
expressed as the simplest ratio. For example, empirical formula of glucose, which
consists of carbon, hydrogen and oxygen in the ratio of 1:2:1 is CH,O (empirical
formulae are also called simplest formulae). Molecular formula of a substance is
always an integral multiple of its empirical formula (i.e. molecular formula =X
where X is empirical formula and 7 is an integer). For example molecular formula
of glucose is C.H ,O, which is 6 X its empirical formula. Thus, while empirical
formula gives only a ratio of atoms, the molecular formula gives the actual number
of atoms of each element in an individual molecule. In some cases the ratio of
atoms shown in a molecular formula cannot be reduced to smaller integers. In
such cases molecular and empirical formulae are the same, for example, sucrose
C,,H,,0,, which is popularly known as cane-sugar. In case of certain elements, a
molecule consists of several atoms for example P,, S, etc. In such cases, empirical

4’ 8’
formula will be symbol of the element only.

As you know, common salt, which is chemically called sodium chloride is
represented as NaCl. This salt is ionic in nature and does not exist in molecular
form. Therefore, NaCl is its empirical formula which shows that sodium and chlorine
atoms are present in NaCl in the ratio of 1:1. Similar is the case with all ionic substanes.
KCl, NaNO,, MgO are examples of empirical formulae as these are all ionic
compounds. Table 1.6 provides a few more examples.

Table 1.6: Molecular and Empirical Formulae

Substance Molecular formula Empirical formula

Ammonia NH, NH,

Carbon dioxide CO, CO,

Ethane CH, CH,

Fructose CH O, CH,O

Sulphur S, S

Benzene CH, CH

Sodium chloride — NaCl

Calcium oxide — CaO
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1.13 CHEMICAL COMPOSITION AND FORMULAE

How much carbon is present in one kilogram of methane whose molecular formula
is CH,? How much nitrogen is present in one kilogram of ammonia, NH,? If we
have prepared a substance that is made of 58.8% carbon, 28.4% oxygen, 8.28%
nitrogen and 6.56% hydrogen, what is its empirical formula? You have studied
atomic masses, formulae, and the mole concept. Can we solve the problem
using these basic concepts? The answer is ‘yes’. Atomic masses, formulae and the
mole concept are the basic tools needed to solve such problems. What is percentage
composition? Let us take up this aspect in a little detail and try to understand.

1.13.1 Percentage Composition

If we know the formula of a compound, we can find out how much of each of the
elements is present in a given quantity of the compound. Aluminium is obtained
from its oxide. AL,O, (which is found as the ore, bauxite). From the formula we
can calculate how much aluminium can be obtained, at least in prinicple, from a
given amount of aluminium oxide. Calculation is done by making use of the idea
of percentage composition

Percentage mass of an element in a compound

mass of element in one molecular formula or

in one empirical formula

= — %100
molecular mass or empirical formula
mass of compound
Mass of element in 1mol of compound
= x 100

Molar mass of compound

Let us calculate percentage composition of aluminium oxide, Al O,

Mass of aluminium in 1 mol Al,O,
Molar mass of Al,O,
Molar mass of ALLO,= (2 X 27.0) g+ (3x16.0) g=102.0 g

Pecentage of aluminium = x 100

Since 1 mol of Al O, contains 2 mol of Al atoms, the mass of Alis 2 x27.0 g =
54.0 g Al

o 540¢g
Percentage of Aluminium = 1020 ¢ x 100 =52.9 %

We can calculate percentage of oxygen in the same way. One mole of Al O,
contains 3 mole of O atoms, that is, 3 X 16.0 g oxygen therefore

3x16.0¢g
Percentage of oxygen = 1020 g x 100 =47.1%
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Example 1.8: Butanoic acid, has the formula C,H,O,. What is the elemental
analysis of butanoic acid?

Solution : Molecular formula of the butanoic acid is C 4H802.

In one mole of butanoic acid there are 4 mol of carbon atoms, 8 mol of hydrogen
atoms and 2 mol of oxygen atoms. Thus, 1 molar mass of butanoic acid will be
equal to the sum of 4 X molar mass of carbon atoms, 8 X molar mass of hydrogen
atoms, and 2 X molar mass of oxygen atoms.

Molar mass of butanoic acid=4x12.0g+8x1.0g+2x16.0g=88.0¢g

48.0g
Percentage of C by mass = 88.0 ¢ x 100 =54.5%

80g
Percentage of H by mass= 88.0 ¢ x 100 =9.1%

320g
Percentage of O by mass = 88.0 ¢ X 100 =36.4%

The percentage of O in butanoic acid can also be calculated as follows :

Percentage of O by mass = 100 — (Percentage of C by mass +
Percentage of H by mass)

=100-(54.5 +9.1)=36.4%

1.14 DETERMINATION OF EMPIRICAL FORMULAE -
FORMULA STOICHIOMETRY

We have just seen that if we know the formula of a compound we can calculate
the percentage composition. Now the question arises, can we determine the
formula of the compound if we know the percentage composition of a compound.
The answer will be ‘yes’, but this formula will not be molecular formula; instead
it would be empirical formula as it would give simplest ratio of different atoms
present in a compound. Normally we determine the percentage composition of
different elements present in an unknown compound and determine its formula.
Let us take a simple example of water. Water consists of 11.11% hydrogen and
88.89% oxygen by mass. From the data, we can determine empirical formula of
water. Now if we assume that we have a 100.00 g sample of water, then the
percentage composition tells us that 100.0 g of water contains 11.11 g of hydrogen
atoms and 88.89 g of oxygen atoms.

From the atomic mass table, we find that 1 mol of hydrogn atoms has a mass of
1.0g, and 1 mol of oxygen atoms has a mass of 16.0 g. Now we can write unit
conversion factors so that the mass of hydrogen can be converted to moles of H
atoms and the mass of oxygen can be converted to moles of O atoms.
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Massof H  11.11¢g
Molar massof H 1.0 g mol™

Moles of H =

Similarly,

Massof O  88.89¢g
Molar mass of O 16.0 g mol™'
Thus in water, the ratio of moles of hydrogen atoms to moles of oxygen atoms is
I1.11 : 5.55.

Since a mole of one element contains the same number of atoms as a mole of
another element, the ratio of moles of atoms in a compound is also the ratio
of the number of atoms. Therefore, the ratio of hydrogen atoms to oxygen
atoms s 11.11:5.55. Now by dividing each by the smaller of the two numbers we
can convert both numbers to integers

11.11 5.55
5.55

Moles of O = =15.55 mol

—2and§=1

Thus ratio hydrogen and oxygen atoms in water is 2 : 1 and empirical formula of
water is H O.

. INTEXT QUESTIONS 1.6

1. For the compound Fe;O,, calculate percentage of Fe and O.

2. State percent composition for each of the following:
(a) C in SrCO5 (b) SO5 in H,SO,

3. What are the empirical formulae of substances having the following
molecular formulae?

H202, C6H12, Li2C03, C2H402, Sg, HzO, B2H6, 03, S309, N203
4. A compound is composed of atoms of only two elements, carbon and

oxygen. If the compound contain 53.1% carbon, what is its empirical
formula.

1.15 CHEMICAL EQUATION AND REACTION

STOICHIOMETRY

You have studied that a reaction can be represented in the form of a chemical
equation. A balanced chemical equation carries a wealth of information
qualitative as well as quantitative. Let us consider the following equation and
learn what all information it carries.

4Fe(s) + 30,(g) — 2Fe,0,(s) (11
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1. Qualitative Information

Qualitatively the equation (2.1) tells that iron reacts with oxygen to form iron
oxide.

2. Quantitative Information

Quantitatively a balanced chemical equation specifies numerical relationship
among the quantities of its reactants and products. These relationships can be
expressed in terms of :

(i) Microscopic quantities, namely, atoms, molecules and formula units.

(il) Macroscopic quantities, namely, moles, masses and volumes (in case of
gaseous substances) of reactants and products.

Now let us again take the reaction (1.1) given earlier and get the quantitative
information out of it.

1.15.1 Microscopic Quantitative Information
The reaction (1.1)
4Fe(s) +30,(g) — 2Fe,0,(s) ..(1.2)

tells that 4 atoms of iron react with 3 molecules of oxygen to form 2 formula
units of iron oxide. Often this information is written below each reactant and
product for ready reference as shown below:

4Fe(s) + 30,(g) — 2Fe,0,(s) ...(1.2a)

4 atoms of Fe 3 molecules of O, 2 formula units of Fe O,

1.15.2 Macroscopic Quantitative Information

The microscopic quantitative information discussed in the previous section can
be converted into macroscopic information with the help of mole concept which
you have learnt in unit 1.

(a) Mole Relationships

We know that Avogadro number of elementary entities like atoms, molecules,
ions or formula units of a substance constitute one mole of it. Let us multiply the
number of atoms, molecules and formula masses obtained in the previous section
(Eq.2.1a) by Avogadro’s constant, N

4 Fe(s) + 302(g) - 2FeZO3(S) .(1.3)
4 atoms of Fe 3 molecules of O, 2 formula units of Fe,O,

4 X N, atoms of Fe 3XN, molecules of O, 2XN, formula units of Fe,O,

4 mol of Fe 3 mol of O, 2 mol of Fe, O,
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We may rewrite the above equation as

4Fe(s) + 30,(2) - 2Fe,0,(s) ...(1.3a)
4 mol of Fe 3 mol of O, 2 mol of Fe,0,

The above equation (1.3a) gives us the mole relationship between reactants and
products. Here 4 mol of Fe react with 3 mol of O, and produce 2 mol of Fe,O,

(b) Mass Relationships

The mole relationships which you have learnt in the previous section, can be
converted into mass relationship by using the fact that mass of one mole of any
substance is equal to its molar mass which can be calculated from its formula
with the help of relative atomic masses of its constituent elements.

In the reaction that we are discussing, the relative atomic masses of iron and
oxygen are 55.8 and 16.0 respectively. Therefore

(1) molar mass of Fe =55.8 g mol™

(i) molar mass of O, =2x16.0 =32 g mol!

(iii) molar massof Fe, O, =(2x55.8 +3 x 16.0) g mol™
=159.6 g mol™

Using these molar masses we can convert the mole relationship given by equa-
tion 2.1b into mass relationship as given below :

4Fe(s) + 30,(g) — 2Fe,0,(s)

4 mol Fe 3 mol O, 2 mol Fe,0,

(4 x55.8) gFe (3x32)g0? (2x159.6) g Fe,O,
223.2 g Fe 9% g O, 319.2 g Fe O,

Thus 223.2 g iron would react with 96 g oxygen and produce 319.2 g iron oxide,
We may rewrite the above equation as

4Fe(s) + 30,8 »>  2Fe,0,(s) (1.3b)
223.2 g Fe 9 g 0, 319.2 g Fe,0,

(c) Volume Relationships

We know that one mole of any gas occupies a volume of 22.7 L* at STP (stan-
dard temperature and pressure, 0°C and 1 bar pressure). We can use this informa-
tion to arrive at volume relationships between gaseous substances. The reaction
that we are considering involves only one gaseous substance, O,. We may rewrite
the equation (2.1b) as

4Fe(s) + 30,5 —  2Fe0(s)  (2.1b)
4 mol 3 mol 2 mol.

(3x22.7)L at STP
68.1 L at STP

* Earlier, the standard pressure was taken as 1 atmosphere and the volume of one mole of gas at STP
was taken as 22.4 L.
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Thus 4 mol of iron would react with 68.1 L of oxygen at STP to produce 2 mol
of iron oxide. (The volume relationship becomes more useful for reactions in-
volving 2 or more gaseous substances).

We can express microscopic as well macroscopic quantitative relationships in-
volved in the above reaction as shown below:

4Fe(s) + 30,(s) — 2Fe,0,(s)

4 atoms 3 molecules 2 formula units
4 mol 3 mol 2 mol

2232 ¢ 9% g 3192 ¢

- 68.1 L at STP -

We may use even mixed relations. For example, we may say 4 mol of iron would
react with 68.1 L (at STP) of oxygen to produce 319.2 g of iron oxide.

Let us understand these relationships with two more examples.

(a) Let us work out the mole, mass and volume relationships for the reaction
involved in manufacture of ammonia by Haber’s process.

Microscopic relationship N,(g + 3H,(9) —— 2NH,(g) ..(2.2)

MiCI‘OSCOpiC relationships 1 Molecule 3 Molecules 2 Molecules

(1) Moles 1 mol 3 mol 2 mol

(ii) Mass 28 ¢g (3x20)=60g (2x17.0)=34¢

(iii) Volume 1x227L (3 x22.7) (2% 22.7)
=22.7L =68.1L =454 L

or 1 vol 3 vol 2 vol

(b) Let us take one more reaction, the combustion reaction of butane and work
out the different types of relationships. The reaction is :

2CH, (2 + 130,(2) — 8CO,(g) + 10H,0(g)

2 molecules 13 molecules 8 molecules 10 molecules

2 mol 13 mol 8 mol 10 mol
2Xx(4x12+10x1) g (13x32) g 8Xx(12+2x16)g 10x(2x1+16)¢g
116 g 416 g 352 ¢ 180 g
2x227=454L 13x227=2951L 8x227=181.6L 10x22.7=227L
2 vol 13 vol 8 vol 10 vol

Now let us use the mole, mass and volume relationships to make some calcula-
tions.

Example 1.9 : In the manufacture of ammonia by Haber process, nitrogen reacts
with hydrogen at high temprature and high pressure in the presence of a catalyst
and gives ammonia.

N,(g) + 3H,(g) ——— 2NH.(g)

How much hydrogen would be needed to produce one metric ton of ammonia?
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Solution : We should first find out the mass relationships for the reaction.

1 mol 3 mol 2 mol
1 x28g=28¢g 3x2g=60g 2x17g=34¢
‘We know that :
1 metric ton = 1000 kg = 10°kg = 10° g

From the mass relationship 34 g NH, requires 6.0 g H, for its manufacture.

6.0x10°

. 10°¢ NH, would require g=1.76 x 10°g of H,.

Thus 1 metric ton of ammonia will be obtained by using 1.176 x 10°g of Hydrogen.
Example 1.10: In a rocket motor fuelled by butane, C H , how many kg of O,
should be provided with each kg of butane to provide for complete combustion?

Solution : The combustion reaction of butane is

2CH (g) + 130,(g) —— B8CO,(g) + 10H,0(g)

2 m?)l . 13 mol
2x58=116¢g 13x32=416¢g

Thus, to completely burn 116 g butane, oxygen required is 416g.

Therefore, to completely burn 1 kg (1000 g) butane, oxygen required will be
_ w 20,
=3586¢g0,
=3.586 kg O,=3.59kg O,

Example 1.11: When lead sulphide; PbS and lead oxide, PbO, are heated to-
gether the products are lead metal and sulphur dioxide, SO, ,

PbS(s) + 2PbO(s) "™ S 3Pb (1) + SO,(g)

If 14.0 g of lead oxide reacts according to the above equation, how many (a)
moles of lead (b) grams of lead, (c) atoms of lead and (d) grams of sulphur
dioxide are formed?

(Atomic mass : Pb =207.0, S =32.1 ; O =16.0)

Solution : For each part of the question we will use the balanced equation

PbS(s) + 2PbO(s) "< 3Pb (1) + SO,(g)

1mol 2mol 3 mol 1mol
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Now formula mass of PbO = (207.0 + 16.0) = 223.0 amu Chemistry

Thus, one mole of lead oxide formula units have a mass of 223.0 g. Therefore,

14.0 g PbO
223.0 g mol™' PbO

14.0 g of PbO is = 6.28 x 1072 mol PbO

(a) The balanced equation shows that 2 mol of PbO form 3 mol of Pb. There- Notes -
fore, 6.28 x 102 mol of PbO form

3 mol Pb

2 mol PbO = 9.42 x 10 mol Pb

6.28 x 102 mol PbO X

(b) The atomic mass of Pb is 207.0 ; this tells us that one mol of lead has a mass
207.0 g. Thus, 9.42 x 102 mol of Pb has a mass of

207.0 g Pb
1mol

9.42 % 10> mol Pb x =19.5gPb

(¢) 9.42x10?%mol of Pbis
9.42 x 102 mol of Pb x 6.022 x 10* atoms mol™' = 5.67 x 10?*> Pb atoms
(d) The balanced equation shows that 2 mol of PbO form 1 mol of SO.,.
Therefore, 6.28 x 10”2 mol of PbO formula unit forms

1mol SO,

6.28 X 10”2 mol PbO x 2 mol PhO

=3.14 x 107 mol SO,
Now the relative molecular mass of SO,=32.1 + 2(16.0) = 64.1
Molar mass of SO, = 64.1 g mol™'

Therefore, 3.14 x 102 mol of SO, molecules have a mass of 3.14 X 102 mol x 64.1
gmol'=2.01g

. INTEXT QUESTIONS 1.7

1. How many grams of NH; can be made according to the reaction
N,(g) + 3H,(g) — 2NH, (g)
from (a) 0.207 mol of N, (b) 22.6 g of H,
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2. Inreaction
C,H,(g) + 30,(g) — 2CO,(g) + 2H,0( )

How many (a) moles of O, are consumed and (b) moles of H,O are formed
when 4.16 X 10 mol of C_H, react?

1.16 LIMITING REAGENT

We generally find that substances which react with each other are not present in
exactly the same proportionin a reaction mixture as stated by a balanced chemi-
cal equation. For example, if 2 mol each of hydrogen and oxygen are mixed and
a spark is passed through the mixture, water is formed, according to the equation

2H, + O, —— 2H0

2 2
2 mol 1mol 2 mol

Here, 2 mol of hydrogen react with only 1 mol of oxygen, and 1 mol of oxygen
therefore remains unreacted. In this example hydrogen is said to be the limiting
reagent or reactant because its amount becomes zero and the reaction therefore
stops before the other reactant; that is, the oxygen is used up completly. The
amount of hydrogen present initially limits the amount of product that is formed.

Example 1.12: 3 mol of sulphur dioxide SO, is mixed with 2 mol of oxygen O,
and after reaction is over sulphur trioxide, SO, is obtained.

(1) Which is the limiting reagent?
(if) What is the maximum amount of SO, that can be formed?
Solution : ) We must first write the balanced equation
250, + 0, — 280,
According to the above equation

(a) 2 mol of SO5 can be formal from 2 mol of SO,.

. Amount of SO that can be formed from 3 mol of SO .
3 2

2mol SO,

= (3 mol SO,) x ————3
(G mol 50,) % 3 ol S0,

=3 mol SO,

(b) 2 mol of SO; can be formed from 1 mol of O,. Therefore, the amount of
SO; that can be formed from 2 mol of O,.

2mol SO,
Imol O,

According to the definition, the limiting reactant is that reactant which gives the
smallest amount. In this case SO, is the limiting reactant.

=(2mol 0, X =4 mol SO,
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formed by the limiting reagent. Thus a the maximum amount of SO, that
can be obtained is 3 mol.
Example 1.13: 2.3 g of sodium metal is introduced into a 2L flask filled with
chlorine gas at STP (273 K, 1bar). After the reaction is over, find :
(1) What is the limiting reagent in this reaction? Notes

(i1) How many moles of sodium chloride are formed?

(iii)  Which substance is left unconsumed at the end of the reaction? Find out
its mass in grams.

(iv)  What percentage of the substance present in excess is converted into
sodium chloride?

(Given : Na=23,Cl=35.5)
Solution :

2Na(s) + Cl(2) —> 2NaCl (s)

2mol 1 mol 2 mol
or 22.7 L at STP
i Moles of sodium introduced & 0.1 mol
@) oles of sodium introduced = Bgmol’ mo

From the above equation, it is clear that 2 mol NaCl is formed from 2 mol Na

2x0.1
2

Therefore 0.1 mol Na can produce = = (0.1 mol NaCl

Molar volume at STP=22.7 L

Therefore moles of chlorine in 2 L volume at STP = =(0.088 mol

22.7 Lmol™!

From equation : 1 mol Cl, can produce 2 mol NaCl
Therefore 0.088 mol CI, can produce 2 x 0.088 = 0.176 mol NaCl.
Since sodium produces less amount of NaCl, it is the limiting reagent.

(i) Sodium being the limiting reagent, as calculated in (i), the moles of NaCl
produced = 0.1 mol

(iii) From above equation, 2 mol NaCl is produced from 1 mol Cl,

1x0.1
Therefore 0.1 mol NaCl is produced from — = 0.05 mol Cl,

Initial moles of Cl2 =(0.088 mol
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Moles of Cl, left unconsumed = (0.088 — 0.05) mol = 0.038 mol

Therefore, mass of CI, left unconsumed = 0.038 g X 71.0 g mol™' =2.698 g
(because molar mass of C1, =2 x35.5=71.0¢g mol ™)

(iv) Moles of Cl, consumed = 0.05 mol out of 0.088 mol

0.088

.. Percent of Cl2 consumed and converted into NaCl = X 100 =56.8 %

Example 1.14: 2.0 g mixture of MgCO, and CaCO, are heated till no further loss
of weight takes place. The residue weighs 1.04 g. Find the percentage compo-
sition of the mixture. (Mg =24, Ca=40,C=12,0=16)

Solution : Mixture of MgCO, and CaCO, taken =2.0 g
Let the mass of MgCO, be =x g
Therefore the mass of CaCO, = (2.0 -x) g

The decomposition reactions are

MgCO, (s) — MgO(s) + CO,(g) )
(24+12+48) g (24+16) g

84 ¢ 40 g (Residue)

CaCO,(s) — CaO(s) + COLg) (i1)
40+12+48) g 40+16) g

100 g 56 g (Residue)

From the equation (i)

84 g MgCO, leaves aresidue =40 g

40x

x g MgCO, will leave residue = EYIR:

From the equation (i1)

100 g CaCO, leaves a residue = 56 g

. . 56x(2.0-x)
(2.0 — x) g CaCO, will leave residue = ————
3 100
. 40x  56x(2.0-x) .
Total mass of the residue = 24 + 100 =1.04 g (given)

40 x 100x + 84 x 56 x 2 — 84 x 56x =84 x 100 x 1.04
4000x + 9408 — 4704x = 8736

9408 — 8736 = (4704 — 4000)x
672 =704x
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672 o
Therefore, mass of MgCO, in the mixture = x = 704 = 096 ¢g Chemistry
Therefore, percentage of MgCO, = W X 100 =48 %
and percentage of CaCO, =100 -48 =52 % —
Notes

@ WHAT YOU HAVE LEARNT

e Chemistry plays an important role in many aspects of our life like health and
medicine, energy and environment, materials and technology, food and
agriculture.

e Matter has particulate matter.

e According to the law of conservation of mass, in any chemical reaction, the
total mass of all the reactants is equal to the total mass of all the products.

e According to the law of definite proportion, in a chemical compound, the
proportions by mass of the elements that compose it are fixed and
independent of the origin of the compound or its mode of preparation.

e According to the law of multiple proportions when two elements form two
or more compounds, the masses of one element that combine with a fixed
mass of the other element are in the ratio of small whole numbers.

e John dalton gave the atomic theory in which he proposed that it is the
smallest indivisible particle of matter. Atoms of the same element are all
identicle while atoms of different elements differ. Atoms of different elements
combine in a simple whole number ratio to form a molecule.

e An atom is the smallest particle of an element that retains its chemical
properties.

e A molecule is the smallest particle of matter which can exist independently.

e An element is a substance that cannot be separated into simipler substnaces
by chemical means.

e Mole is the amount of a substance which contains as may elementary entities
as there are atoms present in 0.012 kg or 12 g of C-12. Thus mole denotes a
number.

e The number of elementary entities present in one mole of a substance is
6.022 x 1023,
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The mass of one mole of a substance is called its molar mass It is numerically
equal to relative atomic mass or relative molecular mass expressed in grams
per mole (g mol~1) or kilogram per mole (kg mol™1).

Molar volume is the volume occupied by one mole of a substance. One mole
of an ideal gas at standard pressure and temperature, STP (273 K and 1 bar)
occupies 22.7 litres.

In ionic substances, molar mass is numerically equal to the formula mass of
the compound expressed in grams.

If the molar mass of a substance is known, then the amount of a substance
present in a sample having a definite mass can be calculated. If M is the molar
mass, then, the amount of substance n, present in a sample of mass m is

m
expressed asn = —.

M
A chemical formula is used not only to represent the name of a compound
but also to indicate its composition in terms of (i) relative number of atoms
and (ii) relative number of moles of atoms.

A molecular formula of a substance shows(i) the number of atoms of
different elements in one molecule.(ii) the number of moles of atoms of
different elements in one mole of molecule.

An empirical formula shows only a ratio of (i) number of atoms, and (ii)
moles of atoms in a compound.

Molecular formula is always an integral multiple of the empirical formula.

The empirical formula of a compound can be determined from its chemical
analysis.

In order to determine a compound’s molecular formula, molecular mass also
must be known.

Stoichiometry is the quantitative study of the composition of chemical com-
pounds (compound or formula stoichiometry) and of the substances con-
sumed and formed in chemical reactions (reaction or equation stoichiom-
etry).

Chemical equations specify not only the identities of substances consumed
and formed in a reaction, but also the relative quantities of these substances
in terms of (a) atoms, molecules, and formula units and (b) moles of these
entities.

A balanced chemical equation demonstrates that all the atoms present in the
reactants are accounted for in the product; atoms are neither created nor
destroyed in a reaction.
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e  The stoichiometric ratios among the moles of reactants shown in a balanced Chemistry
equation are useful for determining which substance is entirely consumed
and which substance(s) is (are) left over.
@
GC= TERMINAL EXERCISE =
Notes

1.

10.

How many atoms are present in a piece of iron that has a mass of 65.0 g/
(atomic mass; Fe = 55.9 amu).

A piece of phosphorus has a mass of 99.2 g. How many moles of phosphorus,
P, are present in it? (atomic mass, P = 31.0 amu)

Mass of 8.46 x 102% atoms of fluorine is 266.95 g. Calculate the atomic
mass of fluorine.

A sample of magnesium consists of 1.92 X 1022 Mg atoms. What is the mass
of the sample in grams? (atomic mass = 24.3 amu)

Calculate the molar mass in g mol~! for each of the following:
(i) Sodium hydroxide, NaOH

(i) Copper Sulphate CuSO, .5H,O.

(iii) Sodium Carbonate, Na,CO5 .10H,0

For 150 gram sample of phosphorus trichloride ( PCl, ), calculate each of
the following:

(1) Mass of one PCI, molecule.

(i1) The number of moles of PCI, and Cl in the sample.

(111) The number of grams of Cl atoms in the sample.

(iv) The number of molecules of PCI, in the sample.

Find out the mass of carbon-12, that would contain 1 X 1019 atoms.
How many atoms are present in 100 g sample of C-12 atom?

How many moles of CaCO5 would weigh 5 g?

If you require 1.0 x 1023 molecules of nitrogen for the reaction N, + 3H,

(1) What is the mass (in grams) of N, required?

(i) How many moles of NH3 would be formed in the above reaction from
1.0 x 1023 molecules of N,?

(iii) What volume would NH5 gas formed in (ii) occupy at STP?
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12.

13.

14.

15.

16.

17.

18.

19.

20.

21.

Atoms, Molecules and Chemical Arithmetic

Write empirical formulae of the following compounds:
CO,Na SO,,CH,, H,0, KCl

477107 T2 T2
The empirical formula of glucose is CH,O which has a formula mass of 30
amu. If the molecular mass of glucose is 180 amu. Determine the molecular
formula of glucose

What is ratio of masses of oxygen that are combined with 1.0 gram of nitro-
gen in the compound NO and N,0,?

A compound containing sulphur and oxygen on analysis reveals that it con-
tains 50.1% sulphur and 49.9% oxygen by mass. What is the simplest for-
mula of the compound?

Hydrocarbons are organic compound composed of hydrogen and carbon.
A, 0.1647 g sample of a pure hydrocarbon on burning in a combustion tube
produced 0.5694 g of CO, and 0.0845 g of H,O. Determine the percentage
of these elements in the hydrocarbon.

On combustion 2.4 g of a compound of carbon, hydrogen and oxygen gave
3.52 gof CO, and 1.44 g of H,O. The molecular mass of the compound was
found to be 60.0 amu.

(a) What are the masses of carbon, hydrogen and oxygen in 2.4 g of the
compound?

(b) What are the empirical and molecular formulae of the compound?

(1) What mass of oxygen is required to react completely with 24 g of CH,
in the following reaction?

CH,(g) +20,(g) — CO,(g) + 2H,0(1)
(i) How much mass of CH, would react with 96 g of oxygen.
In the reaction H, + C1, — 2HCI

How many grams of chlorine, C1, are needed to react completely with
0.245 g of hydrogen, H,, to give hydrogen chloride, HC1? How much HCI
is formed?

3.65 g of H, and 26.7 g of O, are mixed and reacted. How many grams of
H,O are formed?

Caustic soda NaOH can be commercially prepared by the reaction of Na,CO,
with slaked line, Ca(OH),. How many grams of NaOH can be obtained by
treating 2.0 kg of Na,CO, with Ca(OH),?

A portable hydrogen generator utilizes the reaction
CaH, + H,O — Ca(OH), + 2H,
How many grams of H, can be produced by a 100 g cartridge of CaH,?
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22. The reaction 2Al + 3MnO — ALO, + 3Mn  proceeds till the limiting | %‘;;;?3?; epsof
substance is consumed. A mixture of 220 g Al and 400 g MnO was heated to
initiate the reaction. Which initial substance remained in excess and by how
much ? (Al =27, Mn = 55).

23. KCIO, may be prepared by means of following series of reactions
Cl, + 2KOH — KCl1 + KCIO + H,0 —_—
Notes
3KCIO — 2KCI + KCIO,
4KCIO, — 3KCIO, + KCl
How much Cl, is needed to prepare 400 g KCIO, by the above sequence?
(K=39,C1=355,0=16,H=1)

24. 2.0 g of a mixture of Na CO, and NaHCO, was heated when its weight
reduced to 1.876 g. Determine the percentage composition of the mixture.

25. Calculate the weight of 60 % sulphuric acid required to decompose 150 g of
chalk (calcium carbonate). Given Ca=40,C=12,0 =16, S =32)

‘ﬂ‘ ANSWERS TO INTEXT QUESTIONS

1. Health, medicine, energy, food, agriculture etc.
2. Leucippus and his student Democritus

3. In every chemical reaction total masses of all the reactants is equal to the
masses of all the products.

4. Anatom is extremely small particles of matter that retains its identity during
chemical reaction.

5. Molecule is an aggregate of at least two atoms in a definite arragement held
togethrer its chemical forces.

6. It is derived from the Latin name of sodium i.e. Natrium

7. An elements comprises of atoms of one type only while a compound
comprises atoms of two or more types combined in a simple but fixed ratio.

1.2
1. Kilogram

. Mg
3. (@i)h (i)n
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(1) Megasecond, 100 s

(ii) millisecond, 1073 s.

4.22 x10* molecules
6.022x10% molecules mol™

Moles of N, gas = = (.70 mol

8.46x10* atoms
6.022x10* atoms mol™

Amount of magnesium (moles) = = 14.05 mol

No. of C12 molecules in 0.25 mol C12 =0.25 x 6.022 x 1023 molecules
= 1.5055 x 1023 molecules

Since each Cl, molecule has 2 Cl atoms, the number of Cl atoms =2 x 1.5055
x 1023 =3.011 x 1023 atoms.

Molar mass of hydrogen chloride = molar mass of HCI
=1 mol of H + 1 mol of Cl
=10g¢g mol~! +35.5 g mol~!
=36.5 gmol~!
Molar mass of argon atoms =mass of 1 mol of argon
= mass of 6.022 x 1023 atoms of argon.
=6.634 x 10720 kg x 6.022 x 1023 mol~!
=39.95 x 103 kg mol~!
=39.95 g mol~!

Molar mass of KNO3 =mass of 1 mol of K + mass of 1 mol of N + mass of 3
mol of O.

Since molar mass of an element is numerically equal to its atomic mass but
has the units of g mol~! in placeofamu=39.1g+14.0g+3x160¢g

- Molar mass of KNO4 =391g+140g+48.0g=101.1¢g mol~!

Mass of 1 mol of Na3PO, =3 X (mass of Imol of Na) + mass of 1 mol
of P+ 4 x (mass of 1mol of oxygen)

=3(23.02) +31.0 g+ 4(16.0) g
=69.0g+31.0g+640g=1640¢g
<. Mass of 0.146 mol of NagPO, = 0.146 x 164.0 g =23.94
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1.5

2. Moles of gold, Au =

MODULE - 1
Some Basic Concepts of
Chemistry
. 3.05¢g
1.  Moles of Cu atoms in 3.05 g copper =635 0 mol " gmol ! = 0.048 mol
126 ¢

197 gmol’ = 0.064 mol

Notes

3.  Molar volume of any gas at STP (298 K, 1 bar) =22.7L
. 'Volume occupied by 2.5 mol CO, at STP=2.5x22.7L=56.75L

1.6

1. Molar mass of Fe3O4 =3x%x56.0+4x%x16.0

Percentage of Fe

Percentage of O

=(168.0 + 64.0) = 232.0 g mol™!

© 2320

x 100 =72.41%

= 2320

x 100 = 27.59%

2. (a) Molar mass of SrCO, = 87.6 + 12.0 + 48.0 = 147.6 g mol™'

Percentage of carbon C in SrCO, = 1476 x 100 =8.13%
(b) Molar mass of H,SO,=2.0 + 32.1 + 64.0 = 98.1 g mol""
Molar mass of SO, =32.1 +48.0 = 80.1 g mol
. 80.1x100
Percentage of SO, in H,SO,= o031 - 81.65%
3. Substance Empirical formula
H,0, HO
Li,CO4 Li,COy
C,H,0, CH,0O
Sg S
H,O H,O
B,Hg BH;
O; O;
S304 SO,
N,04 N,04
CHEMISTRY
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Chemistry 4. Percentage of carbon =53.1%

Percentage of Oxygen =46.9%

Suppose we take 100 g of the substance then moles of carbon

31 443 mol
= T 120 8T MO

Notes

mole of oxygen = m =2.93 mol

443 293

molar ratioof Cand O = 2—93 2 93

=150:1o0r 3:2

Empirical formula of the compound is C;0,

1.7

1. In equation
N,(g) + 3H,(g) >  2NH,(g)
1 mol 3 mol 2 mol

0.207 mol of N, gives 0.414 mol of NH,
0.414 mol of NH, = 0.414 mol x 17.0 g mol"' = 7.038 g of NH,

22.6
22.6 g of hydrogen = S0 11.3 mol of hydrogen

oy e 2
11.3 mol of hydrogen will give 3 X 11.3 mol of NH, = 7.53 mol

Therefore, mass of NH, =7.53 mol X 17.0 g mol™' = 128.01 g
2. C,H,(g) +30,(g) —  2C0/[(g) + 2H,0(g)

1 mol 3 mol 2 mol 2 mol
(a) 4.16 X 10 mol of C_H, will consume 3 x 4.16 x 10mol of oxygen
=12.48 x 10°=1.248 X 10" mol of O,
(b) moles of H O formed =2 x 4.16 x 10> mol
=8.32x 10 mol of H O
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ATOMIC STRUCTURE

Chemistry has been defined as the study of matter in terms of its structure,
composition and the properties. As you are aware, matter is made up of atoms,
and therefore an understanding of the structure of atom is very important. You
have studied in your earlier classes that the earliest concept of atom ( smallest
indivisible part of matter ) was given by ancient Indian and Greek philosophers
(600-400 BC). At that time there were no experimental evidence. The origin of
the concept of atom was based on their thoughts on “What would happen if we
continuously keep dividing matter’. John Dalton revived the concept of atom in
the beginning of nineteenth century in terms of his atomic theory which
successfully explained the laws of chemical combination. Later experiments
showed that the atom is not indivisible but has an internal structure.

In this lesson you will learn about the internal structure of an atom which will
help you to understand the correlations between its structure and properties. You
would learn about these in the later lessons.

After reading this lesson you will be able to :

e explain the atomic number, isotopes and isobars;

e recognize the fundamental particles of atom;

e  describe Rutherford’s experiment and explain its results;

e  define electromagnetic radiation;

o list and define the characteristic parameters of electromagnetic radiation;
e  discuss line spectrum of hydrogen;

e  explain Bohr’s postulates and discuss his model;

e draw energy level diagram of hydrogen atom showing different series of
lines in its spectrum:;
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e toexplain the stability of half filled and completely filled orbitals;
e  explain wave particle duality of matter and radiation;

e formulate Heisenberg’s uncertainty principle;

e  explain the need for quantum mechanical model;

e  draw probability pictures of an electron in an atom;

e listquantum numbers and discuss their significance;

e  draw the shapes of s, p and d orbitals;

e  recognize nodal plane;

e  explain Pauli’s exclusion principle;

e  define Aufbau principle;

e  explain Hund’s rule of maximum multiplicity; and

e  explain the stability of half filled and fully filled orbital.

2.1 DISCOVERY OF FUNDAMENTAL PARTICLES OF
ATOM

In 1897J.J. Thomson discovered electron as a constituent of atom. He determined
that an electron had a negative charge and had very little mass as compared to
that of the atom. Since an atom was found to be electrically neutral it was inferred
that some source of positive charge must be present in the atom. This soon led to
the experimental discovery of the proton, which is a positively charged subatomic
particle. Proton was found approximately 1840 times heavier than an electron.
Further experiments revealed that the atomic masses were more than that expected
from the presence of just protons and electrons in the atom. For example, the
mass of helium atom was expected to be double that of hydrogen atom but was
actually found to be almost four times the mass of hydrogen atom. This suggested
the presence of neutral particles with mass comparable to that of protons in the
atom. Sir James Chadwick in 1932 discovered this neutral particle and called it
neutron subsequently. Thus we may conclude that atoms are not indivisible but
are made up of three fundamental particles whose characteristics are given in
Table 2.1.

Table 2.1 Fundamental particles of atom and their characteristics

Particle Symbol Mass/ kg Actual Charge / C Relative charge
Electron e 9.109 389 x 10" —1.602 177 x 107" -1

Proton P 1.672 623 x 107 1.602 177 x 107" +1
Neutron n 1.674928 x 107 0 0

Since atoms are made up of still smaller particles, they must have an internal
structure. In the next section we shall take up some of the earlier ideas about the
internal structure of atom.
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INTEXT QUESTION 2.1

1. Compare the mass of an electron with that of the proton.
2. What is a fundamental particle?

3. What is the name given to neutral particles in the atom?

2.2 ATOMIC NUMBER, MASS NUMBER, ISOTOPES AND

ISOBARS

All atoms can be identified by the number of protons and neutrons they contain.
The atomic number (Z) is the number of protons in the nucleus of each atom.
of an element. In, a neutral atom the number of protons is equal to the number
of electrons, so the atomic number also indicates the number of electrons present
in the atom. The chemical identity of an atom can be determined solely from
its atomic number. For example, the atomic number of nitrogen is 7. This means
that each neutral nitrogen atom has 7 protons and 7 electrons. Or, viewed
another way, every atom in the universe that contains 7 protons is correctly
named “nitrogen.”

The mass number (A) is the total number of neutrons and, protons present in
the nucleus of an atom of an element. Except for the most common form of
hydrogen, which has one proton and no neutrons, all atomic nuclei contains both
protons and neu-trons. In general the mass number is given by

mass number = number of protons + number of neutrons = atomic number
+ number of neutrons

The number of neutrons in an atom is equal to the difference between the mass
mem-ber and the atomic number, or (A - Z). For example, the mass number
of fluorine is 19 and the atomic number is 9 (indicating 9 protons in the nucleus).
Thus the number of neutrons in an atom of fluorine is 19 - 9 = 10. Note that
the atomic number, num-ber of neutrons, and mass number all must be positive
integers (whole numbers).

Atoms of a given element do not all have the same mass. Most elements have
two or more isotopes, atoms that have the same atomic number but different
mass numbers. For example, there are three isotopes of hydrogen. One, simply
known as hydrogen, has one proton and no neutrons. The deturium isotope
contains one proton and one neutron, and fritium has one proton and two
neutrons. The accepted way to denote the atomic number and mass number of
an atom of an element (X) is as follows:
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mass number
A
ZX
atomic number

Thus, for the isotopes of hydrogen, we write

1 2 3
1H i it
hydrogen deuterium tritium

As another example, consider two common isotopes of uranium with mass
numbers of 235 and 238, respectively:

235 238
U oY

The first isotope is used in nuclear reactors and atomic bombs, whereas the
second isotope lacks the properties necessary for these applications. With the
exception of hydrogen, which has different names for each of its isotopes,
isotopes of elements are identified by their mass numbers. Thus the above two
isotopes are called uranium-235 (pronounced “uranium two thirty-five”) and
uranium-238 (pronounced “uranium two thirty-eight”).

The chemical properties of an element are determined primarily by the protons
and electrons in its atoms; neutrons do not take part in chemical changes under
normal conditions. Therefore, isotopes of the same element have similar
chemistries, forming the same types of compounds and displaying similar
reactivities.

The following example shows how to calculate the number of protons, neutrons,
and electrons using atomic numbers and mass numbers.

Example 2.1: Give the number of protons, neutrons, and electrons in each of
the following species:

17 199 200
@ 7o ® 1PHe  (© 20Hg

Solution:

(a) The atomic number is 8, so there are 8 protons. The mass number is 17,
SO the number of neutrons is 17 - 8 = 9. The number of electrons is the same
as the number of protons, that is, 8.

(b) The atomic number is 80, so there are 80 protons. The mass number is 199,
so the number of neutrons is 199 - 80 = 119. The number of electrons is 80.
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(c) Here the number of protons is the same as in (b), or 80. The number of Chemical Bonding

neutrons is 200 - 80 = 120. The number of electrons is also the same as in (b),
80. The species in (b) and (c) are chemically similar isotopes of mercury.

2.3 EARLIER MODELS

Once it was established that the atom is not indivisible, the scientists made attempts =

to understand the structure of the atom. A number of models have been proposed Notes
for the internal structure of the atom. The first attempt to describe the structure
of atom in terms of a model was made by J.J Thomson.

2.3.1 Thomson’s Model

On the basis of his experiments on discharge tubes, Thomson proposed that atoms
could be considered as a large positively charged body with a number of small
negatively charged electrons scattered throughout it. This model (Fig. 2.1) was
called as plum pudding model of the atom.

Fig. 2.1 : A pictorial representation of Thomson’s
plum-pudding model

The electrons represent the plums in the pudding made of positive charge. It is
sometimes also called as watermelon model. In this, the juicy pulp of the
watermelon represents the positive charge and the seeds represent the electrons.

J.J.Thomson Ernest Rutherford
(1856-1940) (1871-1937)
Won Nobel prize in Physics in 1906 Won Nobel prize in Chemistry in 1908

2.3.2 Rutherford’s Experiment

Ernest Rutherford performed an experiment called ‘Gold Foil Experiment’ or ‘4-
ray scattering experiment’ to test the structure of an atom as proposed by Thomson.
In this experiment a beam of fast moving alpha particles (positively charged helium
ions) was passed through a very thin foil of gold. He expected that the alpha

CHEMISTRY m




MODULE - 2

Atomic Structure and
Chemical Bonding

Notes

Atomic Structure

particles would just pass straight through the gold foil and could be detected by
a photographic plate. But, the actual results of the experiment (Fig. 2.2) were
quite surprising. It was observed that most of the o-particles did pass straight
through the foil but a number of particles were deflected from their path. Some
of these deflected slightly while a few deflected through large angles and about
1 in 10,000 a- particles suffered a rebound.

N electron
> nucleus
Source of alpha particles lead plate photographic plate gold foil

Fig 2.2: Schematic representation of Rutherford’s Fig 2.3 : Schematic representation
o-ray scattering experiment. of Rutherford’s model

These results led Rutherford to conclude that :

e the atom contained some dense and positively charged region located at the
center of the atom that he called as nucleus.

e  all the positive charge of the atom and most of its mass was contained in the
nucleus.

e the rest of the atom would be empty space which contained the much
smaller and negatively charged electrons (Fig. 2.3).

The model proposed by Rutherford explained the observation in the o-ray
scattering experiments as shown below in Fig 2.4.

w/: undeflected g_’ jﬂ

°
°
/ N\ [/ >
°

(+]
a-rays ”
© NN
A R s
/ ° ®
Large angle
deflection
Small angle
deflection
Fig 2.4 : Explanation of the results of d- ray Fig. 2.5 : Failure of Rutherford’s
scattering experiment. model

However, there was a problem with the Rutherford’s model. According to the
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Maxwell’s theory of electromagnetic radiation, a charged particle undergoing
acceleration would continuously emit radiation and lose energy. Since the electron
in the atom is also a charged particle and is under acceleration, it is expected to
continuously lose energy. As a consequence, the electron moving around the
nucleus would approach the nucleus by a spiral path (Fig. 2.5) and the atom
would collapse. However, since it does not happen we can say that the Rutherford’s
model failed to explain the stability of the atom.

The next attempt to suggest a model for atom was made by Neils Bohr, a student
of Rutherford. This model used the concept of quantisation of energy of electrons
in the atom. Since this fact was suggested by line spectrum of hydrogen atom it is
worthwhile to understand the meaning of a spectrum. For this we begin with the
understanding of the nature of an electromagnetic radiation.

. INTEXT QUESTION 2.2

List the three constituent particles of an atom.
What was the aim of Rutherford’s a-rays scattering experiment?

Briefly describe Rutherford’s model of an atom.

b=

On what basis was the Rutherford’s model rejected?

24 ELECTROMAGNETIC RADIATIONS

Electromagnetic radiation is a kind of energy, which is transmitted through space
in the form of electric and magnetic fields. These do not require any medium to
propagate. Visible light, radiant heat, radio waves, X-rays and gamma radiation
are some of the examples of electromagnetic radiations. According to the
Maxwell’s theory, an electromagnetic radiation can be visualised as oscillating electric
and magnetic fields. These travel as waves in the planes perpendicular to each other
and also to the direction of propagation (Fig. 2.6 (a) ). These radiations travel with
the velocity of light (3.0 x 10® m s™").

(a)
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I Amplitude
NOteS I .......... .7\: ............ I
Trough Trough
(b)

Electric field
component

CREST ¢——— ) —— CREST

ANVANYA

THROUGH ¢—— »——» THROUGH

/

Magnetic field
component

Direction of

Y .
propagation

Fig. 2.6 : (a) An electromagnetic wave showing electric and magnetic fields travelling in planes
perpendicular to each other and also to the direction of propagation (b) Characteristics of

electromagnetic wave

2.4.1 Characteristic Parameters of Electromagnetic Radiations

The electromagnetic radiations are characterized by a number of parameters.
These are

Amplitude: This refers to the maximum height to which the wave oscillates.
It equals the height of the crests or depth of the troughs.

Wavelength : It is the linear distance between two consecutive wave-crests or
wave- troughs as shown in Fig. 2.6(b). It is represented by a Greek letter
lambda (A) and is expressed in terms of m, cm, nm or Angstrom (1A = 10°m).

Frequency: It is defined as the number of wave crests or wave troughs that
pass through a given point per second. It is represented by a Greek letter nu
(v) and is expressed in terms of s'( second inverse or per second). It is also
called as Hz (Hertz).

Wave number: It equals the number of waves per unit length. It is denoted
as v (nubar) and is equal to the reciprocal of the wavelength. The ST unit of v is
m™! (meter inverse). However, sometimes it is also expressed as cm™ (centimeter
inverse).
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Velocity: It is defined as the linear distance travelled by the wave in one second.
The velocity in meters per second can be obtained by multiplying frequency in
Hertz (s7') with wavelength in meters.

c=vAa or v :X ... (2.2)

The velocity of a radiation depends on the medium. In vacuum the velocity is
equal to 3.00 x 108 m s’

The electromagnetic radiations also show the characteristics of particles. These
are called as quanta. These quanta are actually bundles of energy. A quantum of
visible light is called a photon. The energy of the quantum ( or photon) is
proportional to the frequency of the radiation. The two are related as

E=hv .. (2.3)
The energy of the quantum can also be related to the wavelength or wave number
as
c
EZhX or E= hcv .. (2.4)

the energy of photon can be readily calculated from these equations if we know
the frequency, wavelength or wave number.

Example 2.2 : A microwave radiation has a frequency of 12 gigahertz. Calculate
the energy of the photon corresponding to this radiation. ( 2 = 6.626 X 1034J s
and 1 gigahertz = 10° Hz.).

Solution: The energy is given by the expression, E = hv
Substituting the values we get,

E=6.626x10%Jsx12x10 s1=7.95 x 102]

Example 2.3 : The green light has a wavelength of 535 nm. Calculate the energy
of a photon of green light.

Solution: We know that

_he _ (6.626x107*J5)x (3.0x10° ms™'
A 535x10m

E=hy =3.71x107%7

2.4.2 Electromagnetic Spectrum

Depending on their characteristics (wavelength , frequency and wave number)
electromagnetic radiations are of many types and constitute what is called as an
electromagnetic spectrum (Fig. 2.7). The part of the spectrum that we can see is
called visible spectrum and is a very small part of the overall spectrum.
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Fig. 2.7: The electromagnetic spectrum

INTEXT QUESTION 2.3

What is an electromagnetic radiation?
List any three characteristics of electromagnetic radiation.

What is wave number? How is it related to wave length?

L b=

What is the difference between a ‘quantum’ and a ‘ photon’?

2.5 LINE SPECTRUM

You know that when we pass a beam of sunlight through a prism we get a range
of colours from violet to red (VIBGYOR) in the form of a spectrum (like rainbow).
This is called a continuous spectrum because the wavelengths of the light varies
continuously that is without any break. Let us take another example. You are

Prism

Fig. 2.8: a) a Continuous spectrum b) a Line spectrum
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aware of the flame tests for identifying cations in the qualitative analysis.
Compounds of sodium impart a bright yellow colour to the flame, copper gives a
green flame while strontium gives a crimson red coloured flame. If we pass such
a light through a prism it gets separated into a set of lines. This is called as a line
spectrum. Fig. 2.8 differentiates between a continuous and a line spectrum.

2.5.1 Line Spectrum of Hydrogen Atom

When an electric discharge is passed through a discharge tube containing
hydrogen gas at low pressure, it emits some light. When this light is passed
through a prism it splits up into a set of five lines. This spectrum is called the
line spectrum of hydrogen (Fig. 2.9).

410 nm
. 434 nm
l,L 486 nm

||| EM radiation

—_—
3
Discharge Prism 657 rm
Tube
Fig. 2.9: A schematic diagram showing line spectrum Johann Balmer
of hydrogen in the visible range (1825-1898)

On careful analysis of the hydrogen spectrum it was found to consist of a few sets
of lines in the ultraviolet, visible and infrared regions. These sets of lines were
observed by different scientists. These spectral emission lines could be expressed
in the form of a general formula as:

V—l_R L—i 1R, =109677 cm’! 2.5
. H ’112 n% cm R, = cm ...(2.5)

Where n, and n, are positive integers (n, <n,) and R ,is called Rydberg’s constant.
The different sets of lines observed in the hydrogen atom spectrum named after
their discoverers and the values of n, and n, are given in the Table 2.2.

Table 2.2 : Summary of the emission lines observed in hydrogen spectrum

Series n n, Region of spectrum

Lyman 1 23.4..... Ultraviolet

Balmer 2 34,5.... Visible

Paschen 3 4.56..... Infrared

Bracket 4 5,6,7..... Infrared

Pfund 5 6,7,8..... Infrared
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The line spectrum of hydrogen atom was explained by Bohr’s model, which is
discussed in section 2.5.

Example 2.4 : Calculate the wavelength of the Balmer line corresponding to
n,=3.

_ 1 1
Solution: According to Balmer series Vv = Ry {2—2 - —ZJ
n

where R ,=109,677 cm™

— 1 1 5
For n2: 3 ; V= 109, 677 (2_2 - 3_2j = 109’677 (gj
36

| 1,
Since, A =73""109 677%5

= 6.56x10° cm
=656 nm

2.6 BOHR’S MODEL

In 1913, Niels Bohr (1885-1962) proposed another model of the atom where
electrons move around the nucleus in circular paths. Bohr’s atomic model is built
upon a set of postulates, which are as follows :

1. The electrons move in a definite circular paths around the nucleus ( Fig
2.10). He called these circular paths as orbits and postulated that as long as
the electron is in a given orbit its energy does not change (or energy remains
fixed). These orbits were therefore referred to as stationary orbits or
stationary states or non radiating orbits.

Fig. 2.10: Bohr’s model Bohr won the Nobel Prize in
Physics in 1922 for his work.

2. The electron can change its orbit by absorbing or releasing energy. An
electron at a lower (initial) state of energy, E, can go to a higher (final) state
of energy, E, by absorbing a single photon of energy as given by

E=hv=E,~E (2.6)
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Similarly, when electron changes its orbit from a higher (initial) state of
energy E, to a lower (final) state of energy E, , a single photon of energy hi
is released (Fig. 2.11).

Fig. 2.11 : Absorption and emission of photon causes the electron to change its energy level.

3. The angular momentum of an electron of mass m_ moving in a circular
orbit of radius r and velocity v is an integral multiple of h/2m.
myvr =" (2.7)
e 27‘E cee .
where 7 is a positive integer, known as the principal quantum number.

Bohr obtained the following expressions for the energy of an electron in stationary
states of hydrogen atom by using his postulates :

Energy of the orbit, E = — Ry (%j ...(2.8)
n
mz’e?
Bohr could correlate R, to other properties as R, = W ; ...(2.9)
0
where,
m = mass of the electron h = Planck’s constant
z = nuclear charge €, = permitivitty of the medium

e = electronic charge

The negative sign in the energy expression means that there is an attractive
interaction between the nucleus and the electron. This means that certain amount
of energy (called ionisation energy) would be required to remove the electron
from the influence of the nucleus in the atom. You may note here that the energies
of the Bohr orbits are inversely proportional to the square of the quantum number
n. As n increases the value of the energy increases (becomes lesser negative or
more positive). It means that as we go farther from the nucleus the energy of the
orbit goes on increasing.

2.6.1 Explanation of Line Spectrum of Hydrogen Atom

As per the second postulate mentioned above, the energy emitted in the transition
of a single electron from an initial stationary state of energy E. to a final stationary
state of energy E is givenas hv =E —E, Substituting the expressions for energy
from eq. 2.8 we can get the formula given in eq.2.5. Thus Bohr’s model provides
an explanation for the observed line spectrum of hydrogen as summarized in
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Table 2.2. Fig. 2.12 shows the energy level diagram for hydrogen atom and the
transitions responsible for the observed line spectrum.

______________________ n=coo
0 n==o
o
* v vy Paschen series?nrfrared)
n=3
Balmer series
(visible)
A 4 ::n; Y n=2
o5 =2
~Er o
O >
@ Lyman series (ultraviolet)
S
o
n=1

Fig. 2.12: Energy level diagram for H-atom, showing various transitions responsible for the
observed line spectrum

INTEXT QUESTION 24

1. What is the difference between a line spectrum and a continuous spectrum?
2. What are the main postulates of Bohr’s model?

How does the energy of a Bohr orbit vary with the principle quantum number

[P

n.

2.7 WAVE - PARTICLE DUALITY

In section 2.3 you have learnt about the wave nature of light. As you are aware
that some of the properties of light e.g., diffraction and interference can be
explained on the basis of its wave nature. On the other hand some other properties
like photoelectric effect and scattering of light can be explained only on the basis
of particle nature of light. Thus light has a dual nature possessing the properties
of both a wave and a particle, i.e., light could under some conditions behave like
a particle and under other conditions behave as a wave.
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In 1923 a young French physicist, Louis de Broglie, argued that if light can show

wave as well as particle nature, why should particles of matter ( e.g., electron)

not possess wave like characteristics? He proposed that matter particles should

indeed have a wave nature and said that a particle of mass m moving with a

velocity v has an associated wavelength, A (some times called de Broglie

wavelength) given by the formula;
h =t

= or

(21
P » (2.10)

Where p (=mv ) is the momentum of the particle. The de Broglie wavelength of
a body is inversely proportional to its momentum. Since the magnitude of 4 is
very small, the wavelength of the objects of our everyday world would be too
small to be observed. Let us make a calculation to see this.

Example 2.5 : Calculate the de Broglie wavelength associated with a cricket ball
weighing 380 g thrown at a speed of 140 km per hour.

Solution: Mass of the cricket ball =380 g = 380 x 10~ kg = 0.38 kg
Speed or Velocity = 140 km/hr = (140 x 1000)/3600
=38.89ms™

The wavelength associated with the cricket ball will be

—34
%= h __ 6.626x10 "'JS de-Broglie (1892-1987)
my (0.380kg) (38.89m S_l) de-Broglie proposed the theory of
wave-particle dualism as a part of
35 5 his PhD thesis in 1924. He got the
=448 %x 107" m J= kgm”s ) hysics Nobel prize in 1929
phy p

If the electrons show wave nature then a beam of these electrons is expected to
show diffraction which is a property of waves. In 1927 G.P. Thomson and C.J.
Davisson demonstrated the diffraction of electron waves by the crystal lattice of
nickel ( Fig. 2.13). Thus electrons also show a dual nature. That is, sometimes
these show particle nature while at some other times they show wave nature.

Fig. 2.13: Electron diffraction pattern from nickel crystal
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2.8 HEISENBERG’S UNCERTAINTY PRINCIPLE

An important consequence of the wave-particle duality
of matter and radiation was discovered by Werner
Heisenberg in 1927 and is called the uncertainty
principle. According to this principle it is not possible
to simultaneously measure both the position and
momentum (or velocity) of an electron accurately. In
simple words we may state that more accurately you
measure a particle’s position, the less accurately you’re
able to measure its momentum, and vice versa.
Mathematically, the Heisenberg principle can be expressed
in terms of an inequality

AxAp > % ..(2.11)

Werner Heisenberg
(1901-1976) Heisenberg
got the physics. Nobel

prize in 1932

Where Ax and Ap are the uncertainities in the measurements of position and
momentum respectively. If the position of an object is known exactly (i.e., Ax =
0), then the uncertainty in the momentum must be infinite, meaning that we cannot
say anything about the velocity. Similarly, if the velocity is known exactly, then
the position would be entirely uncertain and the particle could be anywhere. It
means that we cannot say anything about the position of the particle. In actual
practice none of the two properties can be measured with certainty. Due to the
small value of the Planck’s constant, & ( 6.626 x 103*] s) this principle is not
relevant while making measurements of large objects like car, bus or aeroplane
etc.. Itis relevant, only when you are making measurements on very small objects
such as electrons.

Heisenberg’s principle questioned the validity of Bohr’s model. It is so because
according to Bohr’s model we can precisely calculate the radius of the orbit (i.e.,
the position of the electron) and the velocity of electron in it. But it is not possible
according to Heisenberg’s principle. It motivated many scientists to develop
newer models of the atom using the dual nature of the electron. This resulted into
the development of a Quantum mechanical model or Wave Mechanical Model of
the atom discussed in the next section.

INTEXT QUESTION 2.5

What do you understand by wave-particle duality?
Name the experiment that established the wave nature of electron.

Compute the de-Broglie wavelength associated with an electron moving
with a velocity of 100 km /second? (m,= 9.1 x 10-'kg)

4. State Heisenberg’s Uncertainty Principle?
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2.9 WAVE MECHANICAL MODEL OF ATOM

Wave Mechanical Model of atom was proposed by Erwin Schrodinger- an Austrian
physicist in 1926. This model is basically a formalism or a mathematical recipe,
which is based on some postulates that have no foundation in classical physics.
The correctness of these postulates can be justified in terms of the correctness of
the results predicted by them. According to this model, the motion of electron
inside an atom could be described in terms of a mathematical function called,
wave function, ¢ (Greek letter, psi). The wave functions are assumed to contain
all the information about the electron and are obtained by solving a differential
equation called Schrodinger wave equation (SWE). The square of the wave
function ¢? is a measure of the probability of finding an electron in a three
dimensional space around the nucleus.

On solving the SWE for hydrogen atom we get a number of wave functions,
which are characterized by three quantum numbers viz.,

e  Principal quantum number, n
e  Azimuthal quantum number, /
e Magnetic quantum number, m,

These quantum numbers arise in the process of logically solving the wave equation.
Every electron in an atom has a unique (different) set of quantum numbers which
help to describe the three dimensional region where there is maximum probability
of finding the electron. This region is called as atomic orbital or simply orbital.

2.9.1 Significance of Quantum Numbers

The three quantum numbers describe the size, shape, and orientation of the atomic
orbitals in space. There is an additional quantum number which does not arise
from the Schrodinger wave equation but is introduced to account for electron
spin. The fourth quantum number thus help in designating the electrons present
in the atom. Let us understand the significance of each of these quantum numbers.

Principal quantum number, n

The principal quantum number, n describes the energy level (or principal
shell ) of the electron within the atom. » can have only positive non zero
integral values (i.e., n =1,2,34...... ). This means that in an atom, the electron
can have only certain energies. Thus we may say that n quantizes energy of the
electron. The principal quantum number also determines the mean distance of the
electron from the nucleus, i.e., its size. Greater the value of n, farther is the
electron from the nucleus.
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Each principal shell can accommodate a maximum of 2n? electrons, i.e.,

n=1 number of electrons : 2
n=2 number of electrons : 8
n=3 number of electrons : 18 and so on...

Azimuthal quantum number, /

The azimuthal quantum number, / is related to the geometrical shape of the
orbital. The value of / may be zero or a positive integer less than or equal to
(n—1) (nis the principal quantum number), i.e., [=0,1,2,3...... (n—1). Different
values of [ correspond to different types of subshells and each subshell contains
orbitals of a given shape.

[ =0, corresponds to s-subshell and contains the orbital with spherical shape
called as s orbital.

[ = 1, corresponds to p-subshell and contains the orbitals with a dumb-bell
shape called as p-orbitals. There are three p-orbitals in each p-subshell

[ =2, corresponds to d-subshell and contains the orbitals with a cloverleaf
shape called as d-orbitals.

1 =3, corresponds to f-subshell and contain f-orbitals. There are seven f-orbitals
in each f~-subshell.

The shapes of s, p and d orbitals will be discussed in the next subsection (3, 8, 2).
Magnetic quantum number, m,

The quantum number, 2, describes the direction or orientation of the orbital
in space. The quantum number m, may have any integral value from —/to + /.
For example, for / = 1 ; m, can have the values as —1,0 and 1.

Magnetic spin quantum number, m_

The quantum number, 2 _describes the spin of the electron i.e., whether it is
clockwise or anticlockwise. The quantum number, m_does not arise while solving
SWE. The clockwise and anticlockwise direction of electron spin has arbitrarily
been assigned the values as +1/2 and —1/2 respectively.

To sum up, let us take an example of an electron belonging to the third shell
(n = 3). This electron can be in an s-subshell (/= 0) or a p-subshell (/=1) or a
d-subshell (/ = 2). If it happens to be in a p-subshell it may be in any of the three
possible p orbitals ( corresponding to m,=—1,0 + 1 directed along x, y or z—axis.
And within the orbital it may have clockwise (m = + '2)or anti-clockwise
(m_ = -Y2) direction of electron spin. The possible values of different quantum
numbers for an electron belonging to the third shell are given in Table 2.3.
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Table 2.3 : The quantum numbers for an electron belonging to the third shell

Principal Azimuthal Magnetic Magnetic spin
quantum quantum quantum quantum
number, n number, / number, m, number, m_
3 0 0 +1/2
-1/2
1 -1 +1/2
-1/2
0 +1/2
-1/2
+1 +1/2
—-1/2
2 -2 +1/2
-1/2
-1 +1/2
—-1/2
0 +1/2
-1/2
+1 +1/2
-1/2
+2 +1/2
-1/2

You may note here that the third shell can contain a maximum of 18 electrons and

each of them, has a distinct set of four quantum numbers.

INTEXT QUESTION 2.6

1. What do you understand by a Wave Function?

2. What is the difference between an orbit and an orbital?

3. What are quantum numbers? List different quantum numbers obtained from

Schrodinger Wave Equation?

4. Give the significance of the principal, azimuthal and magnetic quantum

numbers?

2.9.2 Shapes of Orbitals

We have defined an orbital as “the three dimensional region of space around
the nucleus where there is maximum probability of finding the electron”. Let
us try to understand the meaning of an orbital by taking the example of 1s orbital
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(n=1;1=0). This can be understood in terms of a radial probability curve. Such
a curve gives the variation of the probability of finding the electron as a function
of distance from the nucleus. For 1s orbital the radial probability curve (Fig. 2.14
(a)) shows that the probability of finding the electron in 1s orbital increases as we
move away from the nucleus and reaches a maximum at a certain distance (=
0.0529 nm or 52.9 pm for hydrogen atom) and then decreases as we go further
away from it and at a certain distance it becomes close to zero. The curve shows
the radial probability for a given direction. The probability would be same for all
possible directions. If we put all such curves together it would give a spherical
distribution of the electron probability. Since the radial probability does not become
zero at any distance, we cannot specify the size of the sphere. Therefore, the
orbital is represented as a boundary surface diagram, which may be thought as a
region of space, which contains 95 % of the probability of finding the electron, as
indicated in Fig.2.14(b). Thus the 1s orbital is represented as a sphere.

12
= 1N
S 3
e}
o
LN
©
8
2 0 =
0 0.4 0.8
Distance from the nucleus
(in nm)
(a) (b)

Fig. 2.14: (a) Radial probability curve for 1s orbital (b) Boundary surface diagram for Is orbital

Similarly, the Fig. 2.15 (a) gives the radial probability curve for a 2s orbital while
the Fig. 2.15 (b) shows the boundary surface diagram for the same. You can note
two things here. First you may note that for a 2s orbital the boundary surface
diagram is bigger as compared to a 1s orbital. Secondly, the radial probability
curve shows two maxima. The probability initially increases, reaches a maximum
then it decreases and comes close to zero. It increases again and decreases as we

4

A

w

\
N

-

Radial probability
N

0
0 0.4 0.8
Distance from the nucleus
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Fig.3.15: (a) Radial probability curve for 2s orbital (b) Boundary surface diagram for 2s orbital
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move further away from the nucleus. The region where the probability comes
close to zero (before increasing again) is called a spherical node. There are n—I—-
1 spherical nodes in an orbital.

A node is a region in space where the probability of finding the electron is
close to zero.

p- orbital : Now when we draw the shape of a p-orbital (n =1 ;[=1) we get a
shape as shown in the Fig. 2.16. This picture shows the shape of one of the three
possible p-orbitals which is directed towards the z-axis; p,. You may note that the
probability picture for a p, orbital consists of two lobes ; one along the positive z-
axis and the other along the negative z-axis. Another important feature of a p-
orbital is the absence of the electron probability in the XY- plane. Such a plane is
called a nodal plane. The shapes of the three p-orbitals are given in Fig.2.17.

X Y
z z >
z Py Pz

Px

Fig. 2.16 : A p orbital Fig. 2.17: The boundary showing a nodal plane
surface diagrams (Shapes ) of the p-orbitals
The Fig.2.18 gives the shapes of five possible d-orbitals. The d-orbitals also contain
nodal planes. The five d- orbitals have different shapes but they all have same
energies i.e., these are degenerate.

Fig. 2.18: The boundary surface diagrams (shapes) of the five d-orbitals
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. INTEXT QUESTIONS 2.7

1. What are the shapes of s,p and d orbitals?

2. Describe the shape of a 2s orbital. How is it different from that of a 15 orbital?
3. What do you understand by

(1) a spherical node?

(i) a nodal plane?

4. How many spherical nodes will be there in 3s orbital ?

2.10 ELECTRONIC CONFIGURATION OF ELEMENTS

You have so far learnt that an atom consists of a positively charged nucleus
surrounded by electrons present in orbitals of different shapes and sizes. These
orbitals are part of different shells and sub-shells and are characterized by the
three quantum numbers viz. n,l and m, Let us now take up the distribution of
electrons in these shells and sub-shells. Such a distribution of electrons is called
Electronic Configuration and is governed by three basic rules or principles.

2.10.1 Aufbau (or building up) Principle

This principle is concerned with the energy of the atom and states that the electrons
should occupy. The electrons occupy the orbitals in such a way that the energy of
atom is minimum. In other words the electrons in an atom are filled in the
increasing order of their energies. Now, how does one know the increasing
order of the orbital energies? You have learnt above that the principal quantum
number determines the energy of the orbitals. Higher the value of n higher the
energy. This is true only for hydrogen atom. For other atoms, we need to consider
both n and /. This means that different sub-shells in a given shell have different
energies. The order of orbital energies can be determined by the following
(n + 1) rules.

Rule 1: An orbital with a lower value for (n + /) has lower energy. For example,
the 4s orbital (n + [ = 4+0=4) will be filled before a 3d orbital (n + [ = 3 + 2 =5).

Rule 2: If the value of (n + /) is same for two orbitals then the orbital with lower
value of n will be filled first. For example, the 3d orbital (n + [ = 3+2=5) will be
filled before a 4p orbital (n + [ =4 + 1 =5).

Following these rules the increasing order of the orbital energies comes out to be

Is<2s<2p<3s<3p<4s<3d<4dp <55 <4d <5p < 6s
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2.10.2 Pauli’s Exclusion Principle

This principle concerns the spin of electrons present in an orbital. According to
the Pauli’s principle, no two electrons can have all the four quantum numbers
to be same. For example, if a given electron in an atom has the set of four quantum
numbers as n =2, [=1, m=1 and m = + %2 then no other electron in the atom can
have the same set of quantum numbers.

As you know that an orbital is characterized by three quantum numbers so the
electrons occupying a given orbital would have same values of these three quantum
numbers. These electrons are distinguished in terms of their spin quantum number,
m . Since the spin quantum number can have only two values so only two electrons
can occupy a given orbital. In fact this fourth quantum number was introduced
through Pauli’s principle only.

3.10.3 Hund’s Rule

This rule concerns the distribution of electrons in a set of orbitals of the same
energy, i.e. constituents of a subshell. According to this rule if a number of orbitals
of the same sub-shell are available then the electrons distribute in such a way that
each orbital is first singly occupied with same spin. For example, the six electrons
in carbon distribute as

1s* 2s* 2p' 2p1y2p°Z and not as 1s* 2s* 2p*, 2p°y2p°Z

Since electrons repel each other, they remain as far as possible from one another
by occupying different orbitals.

The rules discussed above can be used to write the electronic configuration of
different elements. There are two common ways of representing the electronic
configurations. These are

a) Orbital notation method: In this method the filled orbitals are written in the
order of increasing energies . The respective electrons in them are indicated as
superscripts as shown in the example given below. For example, the electronic
configuration of nitrogen atom ( atomic number 7) is written as 1s°2s*2p' 2p'y2p’z.

b) Orbital diagram method: In this method the filled orbitals are represented
by circles or boxes and are written in the order of increasing energies. The
respective electrons are indicated as arrows whose direction represents their spin.
For example, the electronic configuration of nitrogen in the orbital diagram
notation can be written as

1s 2s 2p

A A A A | A
A 4 A 4

Electronic configurations can also be written in a short hand form . In this method
the last completed orbital shell is represented in terms of a noble gas. For
example, the electronic configuration of lithium and sodium can be written as
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Li [He]2s'
Na [Ne]3s!

The electrons in the noble gas configuration are termed as core electrons while
the ones in the outer shell are called valence electrons.

2.11 STABILITY OF COMPLETELY FILLED AND HALF

FILLED SUBSHELLS

Aufbau principle helps to determine the electronic configuration of an atom in
a periodic table but in certain cases it fails to predict the correct electronic
configuration where the energies of neighbouring subshells are quite close e.g.,
4s, 3d; Ss, 4d; 4f, 5d etc. There is shifting of energy due to electron-electron
interactions e.g., in chromium, the Aufbau predicted configuration is 3d* 4s>
but the actual configuration is3d° 4s'. Similarly in copper, the Aufbau predicted
configuration is 3d° 45> but the actual configuration is 3d'0 4s'. This is due to
extra stability of half filled or completed filled orbitals.

1. Symmetry of Orbitals

We know that symmetry leads to stability. Sometimes if we add or remove the
electron to make symmetrical distribution of the electrons in the orbital thus
the electronic configuration become more stable e.g., the Au'tbau predicted
electronic configuration of Chromium is [Ar] 4523d* but its actual configuration
is [Ar] 4s' 3d°.

Predicted (a) HEEREER

Actual (b) HEEREER
Similarly in case of Copper. |H|H|H|H|H|

Predicted

Actual |H|H|H|H|H|

The half filled or completely filled 3d orbital is more symmetrical and more
stable.

2. Exchange Energy

The stability of half filled and completely filled orbtails is expained by exchange
energy i.e., (shifting of or exchange of electrons from one orbital to another
of the same subshell). Larger the number of electrons witht the same spin larger
is the exchange energy. Larger the exchange energy. Larger the exchange energy
stabler is the electronic configuration. Consider the outer electron configuration
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of Cr which is according to Aufbau is 3d*4s? but in reality it is 3d> 4s'. In 3d*
4s? there are 4 electrons with same spin whereas in 3d° 4s! there are 6 electrons
with same spin therefore exchange energy is larger in the latter case the preferred

configuration of Cr is 3d> 4s!. Consider the electronic configuration of
chromium Cr — 3d*4s?

There are no. of possible ways by which electrons can exchange their position
in 3d subshell.

AN /SO O
HEDNEEENNEERARENE

3 possibility 2 possibility possibility
of exchange of exchange of exchange

In 3d* arrangements, electron can exchange in 3 + 2 + 1, A’ = 6 ways, ie.e there
are six possibility of exchange electrons with parallel spins.

In 3d° electronic configuration the electron can exchange in 4 + 3 +2 + 1 =
10 ways or there are ten possibility of exchange electrons.

A\ AN
|T|T|1|T|T| |T|T|§|T|T|

/SN A"
ITITI;ITITI ITITIIITITI

Thus there is increase in exhange energy from 3d* 45 to 3d° 4s' configuration.
Greater the exchange energy, greater is the stability of this configuration.

. INTEXT QUESTION 2.8

1. What do you understand by the electronic configuration of an atom?
2. What is Pauli’s exclusion principle?
3. What is Aufbau principle? What are ( n + [ ) rules?
4. Which of the following orbitals will be filled first?
i) 2p or 3s i) 3d or 4s
5. The electronic configuration of Cr is (Ar)3d°4s! not 3d*4s?.

@ WHAT YOU HAVE LEARNT

e Atoms are made up of three fundamental particles namely, electrons, protons
and neutrons.
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J.J Thomson made the first attempt to describe the structure of an atom in
terms of a model called plum pudding model. According to this atoms can
be considered as a large positively charged body (pudding) in which a number
of small negatively charged electrons ( plums) are scattered..

According to the Rutherford’s model, the positive charge of the atom and
most of its mass is contained in the nucleus and the rest of the atom is empty
space which contains the negatively charged electrons.

Electromagnetic radiation is a kind of energy, which is transmitted through
space in the form of electric and magnetic fields. It travels with the speed of
light and does not need any medium to travel.

The electromagnetic radiations are characterized by a number of parameters
like, amplitude, wavelength, frequency, wave number and velocity.

Hydrogen gas gives a line spectrum consisting of distinct lines suggesting the
quantization of energy in hydrogen atom.

In 1913, Niels Bohr proposed ‘Planetary Model’ for atom. According to the
model the electrons move in definite circular paths of fixed energy around a
central stationary nucleus. The electrons can change their orbits by absorbing
or emitting a photon of energy (= hi) equal to the difference of the energies
of the orbits.

Bohr’s model did explain for the stability of atom and the line spectrum of
hydrogen. The model however was unable to explain the spectra of atoms
other than hydrogen.

Louis de Broglie, argued for the dual nature of electron and proposed that
matter particles should have a wave nature. The associated wavelength is

given by the formula; A = M or A = L
my p

This was experimentally verified by Thomson and Davisson by diffraction of
electron waves passing through the crystal lattice of nickel.

The wave-particle duality of matter led Werner Heisenberg to propose the
uncertainty principle. According to which it is not possible to measure
simultaneously both the position and momentum of a particle with a infinite
precision.

The dual nature of electron and Heisenberg’s uncertainty principle led to the
development of wave mechanical model.

According to the wave mechanical model, the motion of electron inside the
atom can be described in terms of a mathematical function called, wave
function, @. This wave function contains all the information about the system
and can be found by solving a wave equation called Schrodinger wave equation.
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The square of the wave function, ¢ is a measure of the probability of finding
the electron in a certain three dimensional space around the nucleus. This
region is called as atomic orbital or simply orbital.

These wave functions are characterized by three quantum numbers. These
quantum numbers describe the size, shape, and orientation of the atomic
orbitals in space. Every electron in an atom has a unique set of quantum
numbers.

The principal quantum number n concerns the quantisation of the energy of
the electron while the azimuthal quantum number, [ is related to the shape
of the orbital. The magnetic quantum number m, describes the direction or
orientation of the orbital in space.

An additional quantum number, m_ is introduced to account for electron
spin. This quantum number does not follow from the wave mechanical model
and describes the spin of the electron.

Different orbitals have different shapes. An s orbital is spherical; p-orbitals
are dumb-bell shaped ; d-orbitals have cloverleaf shape while f-orbitals
have a eight lobed shape.

Electronic Configuration. Why are half filled and fully filled orbital more
stable

The distribution of electrons in the shells and subshells is called Electronic
Configuration. It is governed by three rules which are Aufbau principle ;
Pauli’s exclusion principle and Hund’s Rule of maximum multiplicity.

According to Aufbau principle the electrons in an atom are filled in the
increasing order of their energies which is determined by (n + [) rules.

According to the Pauli’s exclusion principle, no two electrons can have all
the four quantum numbers to be same.

While filling electrons in the orbitals of same subshell, according to Hund’s
rule, each orbital is first singly occupied with same spin then the pairing up
takes place.

Half filled and fully filled orbital are more stable.

@
TERMINAL EXERCISE

1. (a) What are the three fundamental particles that constitute an atom?
(b) Compare the charge and mass of an electron and of a proton.

2. What do you think is the most significant contribution of Rutherford to the
development of atomic structure?

CHEMISTRY

MODULE - 2

Atomic Structure and
Chemical Bonding

Notes




MODULE - 2

Atomic Structure and
Chemical Bonding

Notes

® NNk

Atomic Structure

What experimental evidence shows the dual nature of light?

(a) Compute the energy of a FM radio signal transmitted at a frequency
of 100 MHz.

(b) What is the energy of a wave of red light with 1 = 670 nm?

In what way was the Bohr’s model better than the Rutherford’s model?
What are the drawbacks of Bohr’s Model?

What led to the development of Wave Mechanical Model of the atom?
What do you understand by an orbital? Draw the shapes of s and p orbitals.
Explain the Hund’s rule of maximum multiplicity with the help of an example.

‘ﬂ‘ ANSWERS TO INTEXT QUESTIONS

2.1

2.3
1.

Proton is heavier than electron. The ratio of their masses is

1.672623%x10 %" kg
PeT 9,109 389103 kg

= 1836
Main constituent particles like proton, neutron and electron etc. present in
the atom come in the category of fundamental particles.

Neutron

Electron, proton and neutron

The aim of Rutherford’s experiment was to test the Thomson’s plum-pudding
model.

According to Rutherford’s model for atom, the positive charge of the atom
and most of its mass is contained in the nucleus. The rest of the atom is
empty space which contains the much smaller and negatively charged
electrons.

Rutherford’s model was rejected because it could not explain the stability of
the atom.

Electromagnetic radiation is a kind of energy which is transmitted through
space in the form of electric and magnetic fields. It travels with the speed of
light and does not need any medium to travel.
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2. The different characteristics of electromagnetic radiation are Chemical Bonding

i) Amplitude,
ii) Wavelength,
i) Frequency,
iv) Wave number and =
v) Velocity Notes

3. The wave number is defined as the number of waves per centimeter. It is
equal to the reciprocal of the wavelength.

4. A quantum of visible light is called photon. The energy of the quantum (or
photon) is proportional to the frequency of radiation.

24

1. A line spectrum consists of a series of discrete lines of characteristic
wavelengths while a continuous spectrum contains a broad band of radiations
containing all possible wavelengths in the range i.e., the wavelengths of the
radiation varies continuously.

2. The main postulates of Bohr’s model are

i) The electrons move in a definite circular paths called as stationary
orbits or stationary states around a central stationary nucleus.

ii) The electrons can change their orbits by absorbing or emitting a photon
of energy (= h7) equal to the difference of the energies of the orbits.

iii) The angular momentum of the electron is quantised.

3. The energy of a Bohr’s orbit increases with an increase in the value of the
principal quantum number, n. In fact it becomes lesser and lesser negative.

2.5

1. The wave-particle duality refers to the fact that light and the material particles
like electrons could sometimes behave as a particle and as a wave at other
times.

2. The wave nature of electron was established by the diffraction of electron
waves by the crystal lattice of nickel.

3. Mass of the electron = 9.1 x 107! kg
Speed or Velocity = 100 km s7' = 10° m 5!
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Using equation , the wavelength associated with the electron will be

34
L b 6626 x 10 T s oo oo

mv (9.1 x 102 kg) (10°m s}

4. According to Heisenberg’s Uncertainty Principle it is not possible to measure
both the position and momentum of a particle with any degree of certainity.
More accurately we measure a particle’s position, the less accurately we are
able to measure it’s momentum, and vice versa.

1. Itis a mathematical function that describes the motion of an electron inside
the atom. It contains all the information about the system and can be found by
solving a wave equation called Schrodinger wave equation.

2. An orbit refers to definite circular paths of fixed energy around a central
stationary nucleus while an orbital refers to the three dimensional region of
space around the nucleus where there is a probability of finding the electron.

3. The quantum numbers are integers that characterize the wavefunctions. These
are obtained in the process of solving Schrodinger wave equation and every
electron in an atom has a different set of quantum numbers. The three quantum
numbers obtained from Schrodinger Wave Equation are

(i) The principal quantum number, n
(i)) Azimuthal quantum number, / and
(ii)) The magnetic quantum number m;

4. The principal quantum number, n is concerned with the energy of the electron
in a shell. The quantum number [ is related to the geometrical shape of the
orbital and the quantum, number, m, describes the orientation of the orbital
in space.

2.7

1. sorbital : spherical;
p orbitals : dumb-bell shaped ;
d orbitals : cloverleaf shaped.

2. The 2s orbital is spherical in shape similar to the 1s orbital . However there
are two differences. Firstly, the size of a 2s orbital is bigger as compared to a
Is orbital and secondly, it contains a spherical node.

3. (1) Itis a spherical region of zero probability in an s orbital (other than
1s).
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(i) It is a planar region in an orbital (other than s orbitals )where the Chemical Bonding

probability of finding the electron is zero.

4. The 3s orbital will have two spherical nodes.

4. Because half filled d-orbital is more stable as compared to partially filled
orbital.

2.8 Notes

1. The distribution of electrons in the shells and subshells of an atom is called
Electronic Configuration.

2. Pauli’s principle states that in an atom no two electrons can have same set of
the four quantum numbers.

3. Aufbau principle states that the electrons in an atom are filled in the increasing
order of their energies which is determined by (n + /) rules.

There are two ( n+![ ) rules. These are
An orbital with a lower value for (n + [) is filled first.

If the value of (n + [) is same for two orbitals then the orbital with lower
value of n will be filled first

4. 1) 2p :(n+1) for2p=2+1=3;for3s(n+1)=3+0=3;Rule2
) 4s :(n+l) fords= 4+0=4;for3d(n+1)=3+2=5;Rulel
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PERIODIC TABLE AND
PERIODICITY IN PROPERTIES

We have seen different heaps of onions and potatoes at vegetable shop. Imagine,
they are lying mixed and you want to buy 1 kg of onion. What will happen? You
will have to wait for long to sort that and then weigh them. When you possess a
variety of material substances, you have to keep them classified for an easy access
and quick use. You cannot afford to mix clothes with eatables, cosmetics or books.
Classification assures you that your eatbles are in the kitchen, books on the study
table or rack and your cosmetics are on the dressing table. Shopkeepers, business
houses, storekeepers, administrators, managers, information technology experts
and scientists etc. have to keep their materials duly classified.

Chemists faced a similar problem when they were to handle a large number of
elements. The study of their physical and chemical properties and keeping a
systematic record of them had been a great challenge to chemists. Classification of
elements finally could be possible due to pioneering work of a few chemists. In the
present lesson we shall discuss the need, genesis of classification and periodic trends
in physical and chemical properties of elements.

After reading this lesson, you will be able to:

e recongise the need for classification of elements;
e recall the earlier attempts on classification of elements;
e define modern periodic law;

e name the elements with atomic number greater than 100 according to IUPAC
nomenclature;
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e co-relate the sequence of arrangements of elements in periodic table with
electronic configuration of the elements;

e recall the designations of the groups (1-18) in the periodic table;

e locate the classifiction of elements into s-, p-, d- and f- blocks of the periodic
table; and

e explain the basis of periodic variations of
(a) atomic size
(b) ionic size
(c) ionization enthalpy
(d) electron gain enthalpy within a group or a period.

(e) wvalence

3.1 EARLY ATTEMPTS

Attempts were made to classify elements ever since the discovery of metals or
may be even earlier. J.W. Dobereiner in 1817 discovered that when closely related
elements are grouped in a set of three, the atomic weight of the middle element
was almost the arithmetical mean of the other two elements in that group e.g.,

Element Lithium Sodium Potassium
Atomic weight 6.94 22.99 39.10
Mean atomic weight ~ ------ 23.02 -

He called such a group of three elements a triad. He could group only a few
elements due to lack of knowledge of correct atomic weights of the elements at
that time.

In 1863, J.A.R. Newlands, developed a system of classification of elements and
entitled it as Law of Octaves. He arranged the elements is such a way that every
eighth element had similar properties, like the notes of music. The law could not
apply to a large number of known elements. However, the law indicated very
clearly the recurrence of similar properties among the arranged elements. Thus
the periodicity was visualised for the first time in a meaningful way.

Periodicity: Re-occurrence of properties after regular intervals.

More significant results were obtained when Lother Meyer’s work reflecting the
periodicity was found to be based on physical properties of the elements. He
clearly showed that certain propertics showed a periodic trend.

3.2 MENDELEEV’S PERIODIC TABLE

In 1869, Mendeleav, a Russian Chemist made a thorough study of the relation
between the atomic weights of the elements and their physical and chemical
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properties. He then constructed a table in which elements were arranged in order
of their increasing atomic weights. It was also found that every eighth element
had properties similar to that of the first element. Thus, there was a periodic
occurrence of elements with similer properties.

One of the most striking applications of Mendeleev’s classification of elements
was that in his periodic table (Table 3.1) he left gaps for elements which were
yet to be discovered. He also predicted the properties of these elements.
However, Mendeleev’s periodic table did not provide any place for isotopes
and noble gases which were discovered later on.

Table 3.1 Mendeleev’s Table of 1871

Group I 1I 111 v A% VI VI VIII
Oxide RO RO RO, RO, RO, RO, RO, RO,
Hydride RH RH, RH, RH, RH, RH, RH
Periods A B A B A B A B A B A B A B Transition
4 series
1 H
1,008
2 Li Be B C N (0] F
6.939 9.012 10.81 12.011 14.007 15999  18.998
3 Na Mg Al Sl P S Cl
22.99 24.31 29.98 28.09 30.974 32.06 35.453
4 First K Ca Sc Ti A% Cr Mn Fe Co Ni
series: 39.102 40.08 44.96 47.90 50.94 50.20 54.94 55.85 58.93 58.71
Second Cu Zn Ga Ge As Se Br
series: 63.54 65.37 69.72 72.59 74.92 78.96 79.909
5 First Rb Sr Y Zr Nb Mo Tc Ru Rh Pd
series: 85.47 87.62 88.91 91.22 9291 95.94 99 101.07 102.91106.4
Second Ag Cd In Sn Sb Te 1
series: 107.87 112.40 114.82 118.69 121.75 127.60  126.90
6 First Cs Ba La Hf Ta \\% Os Ir Pt
series: 132.90 137.34 138.91 178.49 180.95 183.85 190.2 192.2 195.09
Second Au Hg TI Pb Bi
series: 196.97 200.59 204.37 207.19 208.98

The extent of knowledge regarding the chemical properties of the elements and
his insight into the system of periodicty possessed by the elements under certain
arrangement have no parallel in the history of chemistry. This work laid strong
foundation of the fundamental principles of the periodic law. One of his most
important conclusions was that the elements if arranged according to their atomic
weights, exhibit an evident systematic reoccurence of properties (periodicity of
properties) and even the properties of some elements were listed much before
their discovery. Mendeleev’s periodic Table (Table 3.1) was quite useful till the
discovery of atomic number. There existed certain inherent defects which opposed
the system.
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3.3 MODERN APPROACH

Atomic number was discovered in 1913 by a team lead by Mosely. The periodic
table based on atomic number is termed as Modern Periodic Table. Moseley
arranged all the elements according to increasing atomic number and showed
that the properties of elements are periodic function of their atomic numbers.

Modern periodic law: The properties of the elements are periodic function of
their atomic numbers.

3.4 LONG FORM OF PERIODIC TABLE

The arrangement of elements in the long form of periodic table is a perfect matching
of electronic configuration of the elements on one hand and physical and chemical
properties of the elements on the other. Some important considerations of the
modern atomic structure applied to the classification of elements are discussed
below:

(i) Anatom loses electron(s) from or gains electron(s) in the outermost shell of
an atom during a chemical reaction.

(i1)) The sharing of an electron or electrons by an atom with other atom or atoms
is largely through the outer most shell. Thus the electrons in the outermost
shell of an atom largely determine the chemical properties of the elements.

We may therefore conclude that the elements possessing identical outer electronic
comfiguration should possess similar physical and chemical properties and
therefore they should be placed together for an easy and systematic study.

Keeping in mind the reasoning given above, when all the known elements are
arranged in a table according to their increasing atomic number, the properties of
the elements show periodicity (reappear at definite intervals). The periodicity is
shown in Table in 3.2.

3.5 STRUCTURAL FEATURES OF THE LONG FORM OF
PERIODIC TABLE

(i) In this table there are 18 vertical columns called GROUPS. They are
numbered from 1 to 18. Every group has a unique configuration.

(i) There are seven horizontal rows. These rows are called PERIODS. Thus
the periodic table has seven periods, numbered from 1 to 7.

(111) There are a total of 114 elements known to us till today. Of all the known
elements 90 are naturally occurring and others are made through nuclear
transformations or are synthesised artificially. Either way they are Man-made
Elements, but you will find the term specifically applied to transuranic
elements (elements listed after uranium) only.
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(iv) First period consists of only two elements (very short period). Second and
third periods consist of only eight elements each (short periods). Fourth and
fifth periods consist of 18 elements each (long periods). Sixth period consists
of 32 elements (long period). Seventh period is yet incomplete and more and
more elements are likely to be added as the scientific research advances.

(v) There are also nick names given to the groups or a cluster of groups on the

basis of the similarity of their properties, as given below:

Group 1 elements except hydrogen, are called Alkali Metals

Group 2 elements are called Alkaline Earth Metals.

Group 3 to 12 elements are called Transition Metals.

Group 16 elements are called Chalcogens

Group 17 elements are called Halogens

Group 18 elements are called Noble Gases.
Apart from what has been said above elements with atomic numbers 58 to 71
are called Lanthanoids — or Inner Transition elements (First series). Elements
from atomic numbers 90 to 103 are called actinoids — Inner Transition elements

(Second series). All elements except transition and inner transition elements are
also collectively called Main Group Elements.

3.6 POSITION OF METALS, NON-METALS AND

METALLOIDS

In order to locate the position of metals, non-metals and metalloids in the periodic
table, you may draw a diagonal line joining the element boron (At. no. 5) with
that of tellurium (At. no. 52) and passing through silicon and arsenic. Now we
are in a position to make the following observations.

(1) The elements above the diagonal line and to the far right are non-metals
(except selenium which shows slightly metallic character also). The non-
metallic character is more marked the farther an element is from the diagonal
line and up.

(i) The elements below the diagonal line and to the left are metals. (Hydrogen is
a non-metal and is an exception)The metallic character is more marked the
farther an element is from the diagonal line and down. All lanthanoids and
actinoids are metals.

(iii) The elements along the diagonal line are metalloids and possess the
characteristics of metals as well as of non-metals. In addition germanium,
antimony and selenium also show the characteristics of metalloids.

CHEMISTRY
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MODULE -2 Periodic Table and Periodicity in Properties

. INTEXT QUESTIONS 3.1

1. Classify the elements of group 14, 15 and 16 into metals, non-metals and
metalloids.

Atomic Structure and
Chemical Bonding

2. Compare the metallic character of aluminium and potassium.
Notes © 3 Name the group number for the following type of clements
(1) Alkaline earth metals
(i) Alkali metals
(iii) Transition metals
(iv) Halogens
(v) Noble gases.

4. Name five man made elements.

3.7 CATAGORISATION OF ELEMENTS INTO °s’, ‘p’, ‘d’,

AND ‘f BLOCKS

Grouping of elements in the periodic table can be done in another way also,
which is more related to their electronic configuration. Under this categorisation,
the location of the differentiating electron (the last electron) is most important.
If, for example, the electron has gone to ‘s-subshell’, the elements will fall in ‘s-
block’ and if the last electron goes to ‘p-subshell’, then the element will belong to
p-block. Similarly if the defferentiating electron enters the ‘d-subshell’, of an
atom, then the elements comprising all such atoms will belong to d-block.

| |

p-Block

d-Block

S-Block

f-Block

Fig. 3.1 : Blockwise categorization of elements.
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There are minor exceptions in Mn and Zn configurations. You will study more
about the reasons for such exceptions in Lesson 23.

The grouping of elements explained above can be related to the type of elements
discussed earlier:

(i) s-block elements: All alkali metals and alkaline earth metals.
(i) p-block elements: All elements of group number 13 to group number 18.

(iii) d-block elements: All elements from group no. 3 to group no. 12 except
Lanthanoids and Actinoides.

(iv) f-block elements: Lanthanoids (atomic number 58 to 71) and Actinoids
(atomic number 90 to 103)

This is shown in Fig. 3.1.

Nomenclature of Elements with Atomic Numbers greater than 100

The naming of the new elements was earlier left entirely to its discoverer. The
suggested names were then later ratified by [UPAC. But due to certain disputes
that arose over the original discoverer of some of the elements of atomic numbers
greater than 104, the [UPAC in 1994 appointed a Commission on Nomenclature
of Inorganic Chemisty (CNIC). After consultation with the Commission and the
chemists around the world, the IUPAC in 1997 recommeded a nomenclature to
be followed for naming the new elements with atomic numbers greater than 103
until their names are fully recognised.

e The names are derived directly from the atomic number of the element using
the following numerical roots for 0 and numbers 1-9.

0=nil 3=tri 6 = hex 9=enn
1 =un 4 =quad 7 = sept
2 =bi 5 = pent 8 = oct

e The roots are put together in the order of the digits which make up the
atomic number and ‘ium’ is added at the end.

e Names, thus derives, and the [UPAC approved names of some elements with
atomic numbers greater than 103 are listed in Table 3.3.
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Table 3.3 : Nomenclature of elements with atomic numbers greater than 103

Atomic Name Symbol  IUPAC approved IUPAC
number name symbol

104 Unnilquadium Unq Rutherfordium Rf

105 Unnilpentium Unp Dubnium Db

106 Unnilhexium Unh Seaborgium Sg

107 Unnilseptium Uns Bohrium Bh

108 Unniloctium Uno Hassium Hs

109 Unnilennium Une Meitnerium Mt

110 Ununnillium Uun - -

111 Unununnium Uuu - -

112 Ununbium Uub - -

113 Ununtrium Uul - -

114 Ununquadium Uuq - -

115 Ununpentium Uup - -

3.8 PERIODICITY IN ATOMIC PROPERTIES

The term periodicity is used to indicate that some characteristic properties occur
in the periodic table after definite intervals, however with a varying magnitude.
Thus after starting from a certain point on the periodic table, we are almost
certain that the movement in a particular direction will show steady increase or
decrease of a said property.

3.9 ATOMIC SIZE

In homonuclear diatomic molecules the distance from the centre of one nuclus to
the centre of another nucleus gives the bond length and half of this bond length is
atomic radius (Fig. 3.2). The first member of each period is the largest in size.
Thus we can say that the group 1 atom are the largest in their respective horizontal
rows. Similarly, atoms of group 2 elements are large but are definitely smaller
than the corresponding atoms of group 1. This is due to the reason that the extra
charge on the nucleus draws the electrons inward resulting in smaller size for the
atoms under reference. This trend of decrease in size of atoms, continues from
left to right. An example is shown in Fig. 3.3. However, there may be some
exceptions and there will be other reasons to explain them.

1
Fig 3.2 : Aromic radius = EdA’A =r
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Li Be B C N O F

Fig. 3.3: From left to right, size of atoms decrease in the perodic table

In going down the group of elements (in any particular column) the atomic size —_—

increases at each step. Notes

This increase may be explained in terms of a new electron shell being added,
when we pass from one element to another in a group.

3.10 IONIC SIZE

An ion is formed when an atom undergoes a loss or gain of electrons.

M(g) — M*(g)+e  (cation formation)

M(g)+e —— M (g) (anion formation)

A cation is formed when an atom loses the most loosely bound electron from its
outermost shell. The atom acquires a positive charge and becomes an ion (a
cation). A cation is smaller than its atom. On the removal of an electron, the
positive charge of the nucleus acts on lesser number of electrons than in the
neutral atom and thus greater pull is exerted by the nucleus, resulting in a smaller
size of the cation.

An anion is bigger than its atom because on receipt of an electron in the outermost
orbit the number of negative charges increase and it outweighs the positive charges.
Thus the hold of the nucleus on the shells decrease resulting in an increase in the
size of the anion.

A cation is always smaller than its atom and an anion is always bigger than
its atom e.g. Na* is smaller than Na, CI is bigger than Cl.

e Inthe main groups, the ionic radii increase on descending the group. e.g., Li*
=0.76 A, Na*=1.02 A, K*=1.38 A, etc. It is due to the addition of extra
shell at each step.

e There is a decrease in the ionic radii of the positive ions on moving from
left to right across a period in the periodic table. e.g., Na* = 1.02 A, Mg? =
0.72 10%, AlP*=0.535 A, etc. It is due to the increase in the number of charges
on the nucleus and also due to the increase in the charge on the ion.

e The ionic radii of the negative ions, also decrease on moving from left to
right across a period. e.g., 0> = 1.40 A, F-= 1.33 A, etc. This is partly due
to increase in the number of charges on the nucleus and also due to the
decreasing charge on the ion.
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INTEXT QUESTION 3.2

1. Write the names of the elements with atomic numbers 105, 109, 112, 115
according to IUPAC nomenclature.

Atomic Structure and
Chemical Bonding

2. Arrange the following in the order of increasing size
Na*, Al*, O, F-
How does the size of atoms vary from left to right in a period and on
descending a group in the periodic table?

3.11 IONIZATION ENTHALPY

Ionization Enthalpy is the energy required to remove the most loosely bound
electron from an isolated atom in the gaseous state for one mole of an element. It
is expressed in kJ mol™ (kilojules per mole).

M(g) + IE — M*(g) + &

As we move from left to right in the periodic table, there is a nearly regular
increase in the magnitude of the ionization enthalpy of elements.

Notes

Similarly, on moving down a group the magnitude of the ionization enthalpy
indicates a regular decline. The ionization enthalpy of the first member of any
group is the highest within that group and the ionization enthalpy of the last
member in the same group, is the least. This is shown in table 3.4.

Table 3.4: First ionization enthalpies of the elements (in kJ mol”)

Group 1 2 3 4 5 6 7 8 9 10 11 12 13 14 15 16 17 18

1 H He
1311 2372
2 Li Be B C N O F Ne
520 899 801 1086 1403 1410 1681 2081
3 Na Mg Al Si P S Cl Ar
496 737 577 786 1012999 1255 1521
4 K Ca Se Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr

419 590 631 656 650 652 717 762 758 736 745 906 579 760 947 941 1142 1351

5 Rb Sr Y Zrr Nb Mo Te Ru Rn Pd Ag Cd Im Sn Sb Te I Xe

403 549 616 674 664 685 703 711 720 804 731 876 558 708 834 869 1191 1170

6 Cs Ba La Hf Ta W Re Os Ti Pt Au Hg TI Pb Bi Po At Rn

376 503 541 760 760 770 759 840 900 870 889 1007 589 1007 589 715 703 813

7 Fr Ra Ac
912 1037

m CHEMISTRY
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The variation in the magnitude of ionization enthalpy of elements in the periodic
table is mainly dependent on the following factors:

(a) The size of the atom

(b) The magnitude of the nuclear charge on the atom,
(c) The extent of screening

(d) The type of orbital involved (s, p, d, or ).

e In small atoms, the electrons are tightly held whereas in large atoms the
electron are less strongly held. Thus, the ionization enthalpy decreases as the
size of the atom increases.

e  When an electron is removed from an atom, the effective nuclear charge, i.e.,
the ratio of the number of charges on the nucleus to the number of electrons,
increases. As aresult the remaining electrons come closer to the nucleus and
are held more tightly. The removal of a second electron, therefore, requires
more energy. e.g., Mg* is smaller than the Mg atom The remaining electrons
in Mg* are more tightly held. The second ionisation enthalpy is, therefore,
more than the first ionisation enthalpy.

e Since the orbitals (s, p, d and f) have different shapes, the ionization enthalpy
depends on the type of electrons removed. e.g. an electron in an s orbital is
more tighly held as compared to an electron in a p orbital. It is because an s
electron is nearer to the nucleus as compared to a p electron. Similarily a p-
electron is more tightly held than a d-electron, and a d-electron is more tightly
held than a f-electron. If all other factors are equal, the ionization enthalpies
are inthe order s >p>d > f.

He
2500 A

Ne
2000

Tonization energy (kJ mol™)

0d » X L . . .

10 20 30 40 30 60 70
Atomic number

Fig 3.4 : Variation of ioniztion enthalpy of elements.

These factors taken together contribute largely to decide the extent of the force
of attraction between the nucleus and the electrons around it. The resultant of
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these factors thus determine the magnitude of ionization enthalpy of any element.
You can see the variation in the magnitude of the ionization enthalpy of elements
with atomic number in the Fig. 3.4.

It is clear from Fig. 3.4 that

(i) the metals of group 1 (Li, Na, K, Rb, etc.) have the lowest ionization enthalpies
in their respective periods.

(i) the noble gases (He, Ne, Ar, Kr, Xe and Rn) have the highest ionization
enthalpies in their respective periods. It is because the energy required to
remove an electron from a stable fully filled shell is very large.

(iii) The values of ionization energies do not increase smoothly. e.g. the first
ionization enthalpy of B (boron) is lower than that of Be (beryllium); the
ionization enthalpy of Al (aluminium) is lower than that of Mg (magnesium);
the first ionization enthalpy of O(oxygen) is lower than that of N (nitrogen).
It can be explained as follows.

e  The first ionization enthalpies of Be and Mg are higher than those of their
preceding elements because the elecrons are removed from the fully filled s-
orbitals.

e  The first ionization enthalpy of N is higher than that of O because from N,
the electron is to be removed from a half-filled p-orbitals

Ionization enthalpy is the energy required to remove the most loosely
bound electron form an atom (in the gaseous state) for one mole of an
element. It is an absolute value and can be determined experimentally.

3.12 ELECTRON GAIN ENTHALPY

Every atom, in general, has a tendency to gain or loose electrons in order to
acquire a noble gas configuration. The atom which have five, six or seven electrons
in their outermost shell show tendency to accept electrons and attain the nearest
noble gas configuration. Halogens, for example, have seven electrons in their
outermost orbit. Thus they show a tendency to accept one more electron and
attain the nearest noble gas configuration. The energy change (AE) for this process
is called electron gain enthalpy of that atom.

Electron gain enthalpy is the energy released for one mole of neutral atoms
in a gaseous state when electron is accepted by each atom.

X +e — X~
(2 (2
where X represents an atom.

Cl(g) +e —— CI (g): AE =-349 kJ mol’!
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The negative value shows release of energy and hence tendency to greater
stabilisation. The electron gain enthalpy becomes more in negative from left to
right in a period. This is because it is easier to add an electron to a smaller atom
since the added electron would be closer to the positively charged nucleus.
Halogens release maximum energy when they accept an electron. On the other
hand, metals do not accept electrons and show a high positive value for AE. Thus
electron gain enthalpy can be positive or negative.

Electron gain enthalpies becomes less in negative as we go down the group
showing that the electropositive character of the atoms increases. This is because
the size of the atom increases down the group and the electron added goes to the
higher shells. Electron affinity values for some elements are shown in table 3.5,
along with their position in the periodic table. The electron gain enthalpy of chlorine
is more in negative value as compared to that of fluroine. This is due to the small
size of the F atom. As the electron approaches the small F atom, it expriences a
repulsion from other electrons.

Table 3.5: Electeron gain enthalpy in kJ mol!

Group
Period 1 2 13 14 15 16 17 18
1 H He
73 +98
2 Li Be B C N (0] F Ne
-59.6 (0) -26.7 -154 -7 -111  -328  +116
3 Na Cl Ar
=53 -349  +96
4 K Br Kr
—48 =325 +96
5 Rb I Xe
47 -295  +77
6 Rn
+ 68

3.13 ELECTRONEGATIVITY

It is an indicator of the extent of attraction by which electrons of the bond pair
are attracted by an atom linked by this bond. The value of electronegativity is
assigned arbitrarily to one atom such as hydrogen. Then the value of
electronegativity is assigned to all other atoms with respect to hydrogen. One
such scale is the Pauling Scale of electronegativity (Table 3.6).

Electronegativity is defined as a measure of the ability of an atom to attract
the electron pair in a covalent bond to itself.
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In a homonuclear diatomic molecule such as hydrogen (H,) or fluorine (F,), the
electron pair of the covalent bond in each molecule experiences equal attraction
by each atom. Thus none of the two atoms is able to shift the bond pair of electrons
to itself. However in a heteronuclear diatomic molecule, the bond pair electrons
get shifted towards the atom which is more electronegative than the other. For
example, in HF or HCI the bond pair of electrons are not shared equally but the
more electronegative atom F or Cl is able to shift the bond pair towards itself,
resulting in the polarization of the molecule.

A large difference between electronegativities of the two atoms indicates highly
ionic character of the bond between them, for example in Cs*F". On the other
hand, zero difference in the electronegativities between the two atoms indicates
that the percentage ionic character is zero. Therefore the molecule is purly covalent
e.g. H, CL, N, etc.

Table 3.6 : Electronegativities of elements on Pauling scale.

Li Be B C N (0) F
1.0 1.5 2.0 2.5 3.0 3.5 4.0
Na Mg Al Si P S Cl
0.9 1.2 1.5 1.8 2.1 2.5 3.0
K Ca Se Ge As Sc Br
0.8 1.0 1.3 1.7 1.8 2.1 2.5
Cs Ba

0.7 0.9

The most electronegative elements have been placed on the farthest right hand
upper corner (noble gases are not included). The value of electronegativity
decreases as we go down in any group and increases from left to right in the
period. Thus fluorine is the most electronegative and caesium is the least
electronegative element. (We have not considered Francium being radioactive).

3.14 CONCEPT OF VALENCE OR VALENCY

You that that different elements have different number of electrons in the
outermost or the valence shell. These electrons in the outermost shell are known
as valence electrons. The number of valence electrons determines the
combining capacity of an atom in an element. Valence is the number of
chemical bonds that an atom can form with univalent atoms. Since hydrogen
is a univalent atom, the valence of an element can be taken by the number of
atoms of hydrogen with which one atom of the element can combine. For
example, in H,O, NH;, and CH, the valencies of oxygen, nitrogen and carbon
are 2, 3 and 4, respectively.

The elements having a completely filled outermost shell in their atoms show little
or no chemical activity. In other words, their combining capacity or valency is
zero. The elements with completely filled valence shells are said to have stable
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electronic configuration. The main group elements can have a maximum of eight
electrons in their valence shell. This is called octet rule; you will learn more about
it in lesson 7. You will learn that the combining capacity or the tendency of an
atom to react with other atoms to form molecules depends on the ease with
which it can achieve octet in its outermost shell. The valencies of the elements
can be calculated from the electronic configuration by applying the octet rule.

e If the number of valence electrons is four or less then the valency is equal
to the number of the valence electrons.

e In cases when the number of valence electrons is more than four then
generally the valency is equal to 8 minus the number of valence electrons.

Thus,
Valency = Number of valence electrons (for 4 or lesser valence electrons)
Valency = 8 - Number of valence electrons (for more than 4 valence electrons)

The composition and electronic configuration of the elements having the atomic
numbers from 1 to 18, along with their valencies is given in Table 3.7.

Table 3.7: The composition, electron distribution and common valency
of the elements with atomic number from 1 to 18

Syl | A o Digtribution of |valensy
Mumiier Elttll‘ﬂl‘ll-

Heydrogen H 1 1 i 1 i et | s 1
HaLim Fen 2 2 2 > R i
Lithiur Li 3 3 4 3 2 == 1
Bryllium Be 4 & & 4 i s 2
Boron B 3 5 3 3 - B e 3
Carhon o & § & & . G 4
MErogen ] 7 T 7 7 2B 3
Oyt 8] i & a 8 S 2
Flasaring F 9 o {1 o 2 T - i
Meean hée 10 10 1] 10 i o
Sodum haa 11 11 12 1 H i
Magnesium g 12 12 12 12 - S 2
Akminium Al 13 12 14 13 o 3
Siicon S 14 14 14 14 il s 4
Phosphorus = P 15 15 16 15 S S R e
Sadiphar g 16 16 1] 16 JHE z
Chiarife i 17 17 18 17 i s 1
Argon A 18 18 pird 18 s 0

*However, the elements in the 3rd and higher periods may show higher valencie, than
predicted by octect rule since more than 8 electrons can be accommodate in their outermost
shells due to available d orbitas,.
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3.14.1 Electron Configurations and the Periodic Table

By this time you can see a pattern develop among the ground state electron
configurations of the atoms. This pattern explains the periodic table. Consider
helium, neon, argon, and krypton, elements in Group 18 of the periodic table.
Neon, argon, and krypton have configurations in which a p subshell has just
filled. (Helium has a filled 1s subshell; no lp subshell is possible.)

helium ~ 1s?

neon 1s? 2522p®

argon 1522522p%3s23p®

krypton  1s22s22p® 3s23p63d!04s%41)°
These elements are the members of the group called noble gases because of
their relative unreactivity.

Look now at the configurations of beryllium, magnesium, and calcium, members
of the group of alkaline earth metals (Group 2), which are similar, moderately
reactive elements.

beryllium 152252 or [He]2s2

magnesium  1522522p%3s? or [Ne]3s?

calcium Is22s%2p°® 3s23p®4s?  or [Ar]4s?
Each of these configurations consists of a noble gas core, that is, an inner shell

configuration corresponding to one of the noble gases, plus two outer electrons
with an ns? configuration.

The elements boron, aluminum, and gallium (Group 13) also have similarities.
Their configurations are

boron Is 2 2s22p] or [He]2522pI
aluminum  Is? 2s22p® 3s23p/ or [Ne]3s23p!
gallium 252 2s22p® 3s% 3p® 3d'%s? 4p' or [Ar]3d1%s%4p!

Boron and aluminum have noble-gas cores plus three electrons with the
configuration ns? np'. Gallium has an additional filled 3d subshell. The noble-
gas core together with (n - 1)d'? electrons is often referred to as a pseudo-
noble gas core, because these electrons usually are not involved in chemical
reactions.

An electron in a core outside the noble-gas or pseudo-noble-gas core is called
a valence electron. Such electrons are primarily involved in chemical reactions,
and similarities among the configurations of valence electrons (the valence-shell
configurations) account for similarities in the chemical properties among the
groups of elements.
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. INTEXT QUESTIONS 3.3

1.
2.

Atomic Structure and
Chemical Bonding

What is the correlation between atomic size and ionization enthalpy.

Which species, in each pair is expected to have higher ionization enthalpy.

Notes
(i) 2°Ca, Mg (iv) 13Al, 14Si
(V) 17C1, 18Ar (Vl) 18Ar, 19K

(Vll) 13A1, 14C

Account for the fact that there is a decrease in first ionization enthalpy from
Be to B and Mg to Al

Why is the ionization enthalpy of the noble gases highest in their respective
periods?

. Name the most electronegative element.

@ WHAT YOU HAVE LEARNT

The classification of elements makes their study systematic.

The arrangement of elements in the long form of the periodic table depends
on their electornic configuration.

The properties of the elements are the periodic function of their atomic
number.

All the known elements are arranged in 18 groups in the long form of periodic
table

There are seven horizontal rows (periods) in the long from of the periodic
table.

Elements of groups 1 and 2 are known as alkali metals and alkaline earth
metals respectively.

Elements of groups 17 and 18 are known as halogens and noble gases
respectively.

s, p, d and f are the four blocks in the periodic table classified on the basis of
their outer most electrons residing in s, p, d or f sub-shell.

The elements can be classified into metals, non-metals and metalloids on the
basis of their properties and their position in the periodic table.

The atomic size, ionic size, ionization enthalpy, electron gain enthalpy and
electronegativity and valence show regular trends along a group and a period.

Valence can be explained.

CHEMISTRY




MODULE - 2

Atomic Structure and
Chemical Bonding

Notes

1.

§‘j]

Periodic Table and Periodicity in Properties

TERMINAL EXERCISE

Define modern periodic law.

2. Refer the periodic table given in Table 3.2 and answer the following
questions.

N W

(1)
(ii)

(iif)
(iv)

)
(vi)

(vii)

The elements placed in group number 18 are called ...............

Alkali and alkaline earth metals are collectively called ............... block
metals.

The general configuration for halogens is ...............

Name a p-block element which is a gas other than a noble gas or a
hologen.

Name the groups that comprise the ‘s’ block of elements.

Element number 118 has not yet been established, to which block, will
it belong?

How many elements should be there in total if all the 7s, 7p, 6d and
5f, blocks are to be full?

Describe the variation of electron affinity and ionization enthalpy in the
periodic table.

Define the following:
(a) Electron gain enthalpy (b) Ionization enthalpy
(c¢) Ionic radius (d) Electronegativity.

. What is electronegativity? How is it related to the type of bond formed?

Why is the electron gain enthalpy of Cl more in negative value as compared
to that of F?

ANSEWERS TO INTEXT QUESTIONS

Metals Non metals Metalloids
Sn, Pb C Si, Ge
Sb, Bi N, P As
Te, Po O, S Se
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2.
3.

Atomic Structure and

Potassium is more metallic than aluminum. Chemical Bonding
()2 (i) 1 (iii) 3-12 (iv) 17 (v) 18

Np, Lr, No, Rf, Hs.

(1) Unnilpentium, Notes

(i1) unnilennium,
(ii1) Ununbium,
(iv) Ununpentium
APP*,Na*, F~, O*

The atomic size decreases from left to right across a period and increases
on moving down the group.

Ionization enthalpy decreases with increase in atomic size and vice-versa.
(i) JLi (i) N (iii) Mg
(iv) ,Si (v) ,Ar (vi) Ar (vii) C

The electronic configureation of Be is 1s* 2s* whereas that of B is 1s? 2s?
2p'. In case of Be, the electron is to be removed from completely filled s
orbital whereas in case of B it is to be removed from a singly occupied p
orbital. Fully-filled orbitals are more stable. Hence, ionization enthalpy
decreases from Be to B. Similarily it decreases from Mg to Al.

The noble gases have fully filled shells and are stable. Hence, they have
the highest ionization enthalpies in their respective periods.

Fluorine.
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CHEMICAL BONDING

In lesson 2, you have learnt about the structure of atom while in the lesson 3,
you studied about the classification of elements and periodicity in properties .
You know that molecules are obtained by the combination of two or more than
two atoms of the same or different elements. In this lesson you will study

Why do atoms combine?
What are the different ways in which the atoms can combine?, and

What are the shapes of diffe rent molecules?

The answers to these questions are of fundamental importance to the study of
chemistry, as you would discover while studying the later parts of this course.

After reading this lesson you will be able to

explain the formation of bond in terms of potential energy diagram and octet
rule;

list different types of bonds;

define ionic bond and cite some examples;

write Lewis structures of some simple molecules;
list the characteristics of ionic compounds;
explain Born Haber Cycle;

define covalent bond and cite some examples;
list the characteristics of covalent compounds;

state valence shell electron pair repulsion (VSEPR) theory;
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e explain bond polarity and dipole moment;
e cxplain bond parameters;
e predict the geometry of molecules with the help of VSEPR theory;

e explain the hybridisation of atomic orbitals involving s, p and d orbitals and
illustrate with examples;

e tabulate the geometry of some molecules showing sp, sp?, sp?, dsp?, and
dsp’ hybridisation;

e explain the formation of 6 and w bonds in CH,, C H, and C.H, ;

e explain resonance;

e cexplain molecular orbital theory;

e write the molecular orbital configuration of H,, N,, O,and F, molecules;

e define bond length and bond order and relate them and

e explain hydrogen bonding with the help of examples.

4.1 VALENCE ELECTRONS

The electrons in the outer most shell take part in the bond formation and
determine the combining capacity or the ‘valency’ of the atom. Therefore, the
outer most shell of any atom is called its valence shell and the electrons present
in the valence shell are called the valence electrons.

4.2 WHAT IS A CHEMICAL BOND?

When two atoms of same or different elements approach each other, the energy
of the combination of the atoms becomes less than the sum of the energies of the
two separate atoms at a large distance. We say that the two atoms have combined
or a bond is formed between the two. The bond is called a chemical bond. Thus
a chemical bond may be visualised as an effect that leads to the decrease in the
energy. The combination of atoms leads to the formation of a molecule that has
distinct properties different from that of the constituent atoms.

A question arises, “ How do atoms achieve the decrease in energy to form the
bond”. The answer lies in the electronic configuration. As you are aware, the
noble gases do not react with other elements to form compounds. This is due to
their stable electronic configuration with eight electrons (two in case of helium)
in their outermost shells. The formation of a bond between two atoms may be
visualised in terms of their acquiring stable electronic configurations. That is
when two atoms (other than that of noble gases) combine they will do so in such
a way that they attain an electronic configuration of the nearest noble gas.
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The stable electronic configuration of the noble gases can be achieved in a number
of ways; by losing, gaining or sharing of electrons. Accordingly, there are different
types of chemical bonds, like,

e Ionic or electrovalent bond
e Covalent bond
e Co-ordinate covalent bond

In addition to these we have a special kind of bond called hydrogen bond. Let us
discuss about different types of bonds, their formation and the properties of the
compounds so formed.

4.3 IONIC OR ELECTOVALENT BOND

According to Kossel’s theory, in the process of formation of ionic bond the atoms
acquire the noble gas electronic configuration by the gain or loss of electrons.
Let us consider the formation of NaCl in terms of Kossel’s Theory.

The electronic configuration of sodium atom (atomic number 11) is 2,8,1. Since
it is highly electropositive, it readily loses an electron to attain the stable
configuration of the nearest noble gas (neon) atom. It becomes a positively charged
sodium cation (Na*) in the process

Na — 5 Na* + e ; AH = 493.8 kJ mol™’
2,8,1 2,8 (AH is enthalpy change)

On the other hand, a chlorine atom (electronic configuration: 2,8,7) requires one
electron to acquire the stable electronic arrangement of an argon atom. It becomes
anegatively charged chloride anion (CI") in the process.

Cl + e —sCl; AH =-379.5 kJ mol™
287 288

According to Kossel’s theory, there is a transfer of one electron from sodium
atom to chlorine atom and both the atoms attain noble gas configuration.

+

Na + Cl Na + CI™

2,8,1 2,8,7 2,8 2,8,8

The positively charged sodium ion and the negatively charged chloride ion are
held together by electrostatic attractions. The bond so formed is called an
electrovalent or an ionic bond. Thus the ionic bond can be visualised as the
electrostatic force of attraction that holds the cation and anion together. The
compounds so formed are termed as ionic or electrovalent compounds.
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4.3.1 Energetics of Ionic Compound Formation

We have just described the formation of an ionic compound (NaCl) as a result of
transfer of electrons as proposed by Kossel. You may raise a question here that
when more energy is required (ionisation energy) to form a sodium ion from
sodium atom, than that released (electron affinity) in the formation of chloride
ion from chlorine atom then how do we say that the formation of NaCl is
accompanied by a decrease in energy? Your question is quite justified but let us
assure you that there is no anomaly. Let us look at the whole process somewhat
closely to clarify your doubts.

Born Harber Cycle

The formation of NaCl from sodium and chlorine can be broken down into a
number of steps as :

a) Sublimation of solid sodium to gaseous sodium atoms.

Na(s) —— Na(g) ; AH = 108.7 kJ mol™
b) Ionization of gaseous sodium atom to give sodium ion.
Na(g) — Na'(g) + e; AH = 493.8 kJ mol™

c) Dissociation of gaseous chlorine molecule into chlorine atoms

1
5 ClL(e) — Cl() ; AH = 120.9 kJ mol™!

d) Conversion of gaseous chlorine atom to chloride ion (addition of electron)

Cl(g) +e —— Cl(g); AH =-379.5 kJ mol™

e) Formation of NaCl from sodium and chloride ions.(Crystal or lattice
formation).

Na*(g) + CI'(g) —— Na'Cl'(s); AH=-754.8 kJ mol
The energy released in this step is lattice energy.

The net reaction would be

Na(s) + éClz(g) — 5 Na*CI (s); AH=-410.9 kJ mol™

The overall energy change can be computed by taking the sum of all the energy
changes:

AH = (180.7 +493.8 + 120.9 — 379.5 — 754.8 ) = - 410.9 kJ mol™'
Thus we see that the net process of formation of NaCl from sodium and chlorine
is accompanied by a large decrease in the energy. The approach we have just

followed is based on the law of conservation of energy and is known as Born-
Haber cycle.
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Born Haber Cycle
Na(s) + % Cl(g) —2H s Na"CI(s)

Adiss H TAlatH
Agub H AH . .
Cl(g) —E£ CI'(g) + Na'(g)
Na(g)

Aion H

Of the five different types of energies involved, two (sublimation and dissociation
energies) generally have low values than the rest. Therefore, the three energy
terms i.e., ionization energy, electron affinity and lattice energy are important in
determining the formation of an ionic compound. On the basis of the above
discussion we can say that the formation of an ionic compound is favoured by

i.  Low ionisation energy of the metal,
ii.  High electron affinity of the other element (non-metal), and

iii. High lattice energy

4.3.2 Characteristic Properties of Ionic Compounds

e  These exist as crystalline solids in which the ions are arranged in a regular
three dimensional structure. The ionic compounds are generally hard and
brittle in nature.

e These compounds have high melting and boiling points due to strong
electrostatic interactions between the ions.

e These are generally soluble in water and less soluble in non-polar solvents
like ether, alcohol, etc.

e These conduct electricity when in molten state or in aqueous solutions.

Kossel’s theory explains bonding quite well but only for a small class of solids
composed of electropositive elements of Group 1 and 2 with highly electronegative
elements. Secondly, this theory is incapable of explaining the formation of
molecules like, SO, or O,, etc. For example in case of O,, there is no reason to
expect that one atom of oxygen would lose two electrons while the other accepts
them. The problem was solved by Lewis theory of covalent bonding.

44 COVALENT BOND

Like Kossel, Lewis also assumed that atoms attain noble gas electronic
configuration in the process of bond formation. However, the way the noble gas
electronic configuration is achieved, is different. Lewis proposed that this is
achieved by “sharing of a pair of electrons” between the two atoms. Both the
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atoms contribute an electron each to this pair. For example, two hydrogen atoms
form a molecule by sharing a pair of electrons. If electrons are indicated as dots,
formation of hydrogen molecule can be shown as

H. +.H——>H:H—>H—H
This shared pair of electrons contributes towards the stability of both the atoms
and is said to be responsible for ‘bonding’ between the two atoms. Such a bond is
called covalent bond and the compounds so obtained are called covalent
compounds.

4.4.1 Lewis Structure

In the process of suggesting the process of chemical bonding Lewis provided a
very convenient way of representing bonding in simple molecules. This is called
Lewis electron-dot structures or simply Lewis structures.

In Lewis structure each element is represented by a Lewis symbol. This symbol
consists of the normal chemical symbol of the element surrounded by number of
dots representing the electrons in the valence shell. Since the electrons are
represented by dots, these are called electron-dot structures. The Lewis symbols
of some elements are as:

.Li;'Be.;.B';.C.;:N.;:O';:F.;:Ne:

You may note here that while writing the Lewis symbols, single dots are placed
first on each side of the chemical symbol then they are paired up. The Lewis
structure of a molecule is written in terms of these symbols

In terms of Lewis symbols the ionic bond formation in NaCl can be represented
as

C]
o o +
Na. +°*cle — [Na] [:Cl:]

and the covalent bond formation in HFI is represented as

H. + "F: — H:F:

Sometimes the electrons contributed by different atoms are represented by different
symbols. For example, formation of HF may also be shown as

H« + °F

. — H!F:
In this case the hydrogen electron is shown as a cross while the electrons of
fluorine are represented by dots. There is no difference between electrons; it is

just a presentation for the sake of convenience.
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In terms of Lewis structures the formation of a chlorine molecule from two chlorine
atoms may be represented as

:cC  + "Cly —=  iccc:; —>  iC0—Cl:

Here each chlorine atom with seven valence electrons, contributes one electron
to the shared pair. In the process of bond formation both the chlorine atoms
acquire the electronic configuration of argon. In the same way, the formation of
oxygen molecule involves sharing of two pairs of electrons between the two
oxygen atoms. In this case both the atoms contribute two electrons each and
acquire eight electrons or an octet in their valence shell.

:0° y "0y — 0::0 —/= 0=—0
You may have noticed that in the process of bond formation, the elements of
second period acquire eight electrons in their valence shell. This is called ‘Octet
rule’. You may also note that in case of H, and Cl, the atoms are linked by a
single line while in case of O, the atoms are linked by two lines. These lines
represent bonds. When two atoms are bound by sharing a single pair of electron,
they are said to be joined by a single bond. And when, two pairs of electrons are
shared (as in case of O, ), the two atoms are said to be bound by a double bond.
In nitrogen ( N,) the two atoms are joined by a triple bond as they share three
pairs of electrons.

In a Lewis representation the electrons shown to be involved in the bond formation
are called bonding electrons; the pair of electrons is called ‘bond pair’ and the
pairs of electrons not involved in the bonding process are called ‘lone pairs’. The
nature of the electron pair plays an important role in determining the shapes of
the molecules. This aspect is discussed later in Section 4.4.

4.4.2 Coordinate Covalent Bond

You have learnt that in the formation of a covalent bond between the atoms, each
atom contributes one electron to the shared electron pair, However, in some
cases both the electrons of the shared pair are contributed by only one species
(atom, molecule or ion) A common example is the formation of a bond between
boron trifluoride (BF,) and ammonia (NH,). BF, is an electron deficient molecule
and can accept a pair of electrons. The molecule of ammonia on the other hand is
electron rich. It has a lone pair of electrons on the nitrogen atom and that can be
donated. Electron rich ammonia donates a pair of electrons to electron deficient
BF, Such electron donor-acceptor bonds are called coordinate covalent or dative
bonds.
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A coordinate bond is normally represented by an arrow pointing from a donor
atom to the acceptor atom. A coordinate bond is identical to a covalent bond in
terms of its polarity and strength. The two are different only in the way they are
formed. We cannot distinguish between covalent and coordinate covalent bond,
once these are formed. HNO, and NH,* ion are some more common examples of
formation of a coordinate bond.

+
(0]
l|{ /
H—O—N

INTEXT QUESTION 4.1

1. Define electrovalent bond.

2. Show the formation of a nitrogen molecule from two nitrogen atoms in terms
of Lewis theory.

What do you understand by a polar covalent bond? Give two examples.

4. What is a coordinate covalent bond ? How is it different from a covalent
bond?

4.4.3 Characteristic properties of Covalent Compounds

e  The covalent compounds have low melting and boiling points due to weak
forces of interaction between the molecules.

e The covalent compounds are poor conductors of electricity as these lack
ionic species.

e The covalent compounds are generally insoluble in water and dissolve in
nonpolar solvents like benzene, carbon tetrachloride etc.

4.4.4 Polar Covalent Bond

In a chemical bond the shared electron pair is attracted by the nuclei of both the
atoms. When we write the electron dot formula for a given molecule this shared
electron pair is generally shown in the middle of the two atoms indicating that the
two atoms attract it equally. However, actually different kinds of atoms exert
different degrees of attraction on the shared pair of electrons. A more electro-
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negative atom has greater attraction for the shared pair of electrons in a molecule.
As a consequence in most cases the sharing is not equal and the shared electron
pair lies more towards the atom with a higher electronegativity. For example, in
HCI, the shared pair of electron is attracted more towards more electronegative
chlorine atom. As a result of this unequal sharing of the electron pair , the bond
acquires polarity or partial ionic character.

H :c: H*™ cCl®

In an extreme case, the difference in the electronegativity may be so high that the
electron pair is practically under the influence of a single atom. In other words
the polarization of the bond is complete i.e., we have a case of ionic bonding.
Thus , though the Lewis theory talks about covalent bonding it can account for
the formation of ionic compounds also.

4.4.5 Bond Polarity and Dipole Moment

A covalent bond is formed by sharing of a pair of electrons by the two atoms-
each one of which contributes one electron. If the two atoms have the same
electronegativity, then the sharing of the two bonded atoms is equal, see Fig.
4.1. This situation is encountered when both the atoms are of the same element
as in H,, Cl,, O,, N, etc. Such a bond is pure covalent bond. It is non-polar
in nature. However, if the electronegativities of the two bonded atoms are
different as in HCI, then the shared pair of electrons lies more towards the more
electronegative atom i.e. chlorine. As a result, a small negative charge (§-)
develops on Cl atom and an equal positive charge (§+) develops on H atom.
The covalent bond in HCl is a polar covalent bond. It is not a pure covalent
bond as it has some ionic character.

o+ o-
H:H H:Cl
(a) (b)

Fig. 4.1: Non-polar or pure covalent bond; (b) polar covalent bond

The extent of shift of the shared pair of electrons and hence the magnitude of
ionic character depends upon the difference in electronegativities of the two
bonded atoms. If it is 1.7, then the bond has 50% ionic character. If it is less
than 1.7, then ionic character is less than 50% and if the difference is more than
1.7, then the ionic character is more than 50%.

Dipole Moment

Charge separation in a covalent bond results in the formation of an electrical
dipole (two equal but opposite charges with a small distance between them).
Each electrical dipole is characterized by its dipole moment which is defined
as
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It is commonly measured in the unit ‘debye’, symbol D. The SI unit of dipole
moment is Coulomb-metre (Cm). The two units are related as

ID = 3.336 x 103 cm

The dipole moment depends upon the difference in electronegativities of the two —_—

bonded atoms. It can be seen from the data given below Notes
Bond Electronegativity of halogen atom Dipole moment/D
H-F 4.0 1.90
H-Cl1 3.0 1.04
H-Br 2.8 0.79
H-1 2.5 0.38

Dipole moment is a vector quantity since it has direction and magnitude both.
By convention, the symbol (+—) is used to represent the dipole moment with
tail on the positive centre and the head pointing towards the negative centre.
The dipole moment of HCI is represented as

—>
H-Cl

Like forces, dipole moment vectors can be added and subtracted. By doing so,
the overall dipole moment of a molecule can be calculated. Let us consider some
examples to understand it.

(1) Carbon dioxide, CO,

CO, molecule is a linear triatomic molecule. Each C = O bond is polar with
the oxygen atom having the negative end of the bond dipole

—F +—>

0=C=0

The dipole moments of both the C = O bonds have the same magnitude but
are in opposite directions hence they cancel each other. The net dipole
moment of CO, is zero.

N = /N
H H H I H
Bond dipoles Net dipole

(i) Water, H,O
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covalent bond and has a dipole moment. Although dipole moments of both
the bonds are equal is magnitude, but due to non-linear shape, they do not
cancel each other. The net dipole moment of H,O molecule is 1.85D (or
6.17 x 10739 cm)

Notes (iii) Boron trifluoride, BF;

The net dipole moment for BF; is zero due to its symmetrical planar structure
as shown below, although the B-F bonds are polar.

i F
%B% — + B+ («~—+++—)=0
l]:30nd dipolesF F/ \F

(iv) Ammonia, NH;

NH; has a pyramidal structure which makes the arrangement of three N—
H bonds unsymmetrical. In each N—H bond, nitrogen is the negative centre
and hydrogen is the positive centre. In addition to three N—H bonds, nitrogen
atom has a lone pair of electrons. which also has an orbital dipole moment
in which the electron pair is the negative centre.

or _ ot U

Bond and Net bond dipole Net dipole of
orbital dipoles and orbital dipole the molecule

The net dipole moment of NH; is 1.47D (4.90 x 1073° Cm).
(v) Carbon tetrachloride, CCl,

It has a net zero dipole moment due to its symmetrical tetrahedral shape

Cl
| I Net dipole
C moment = O

(:1//Y (I:! y\\Cl
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4.4.6 Covalent Character of Ionic Bond

In the earlier discussion, we have seen that most of the covalent bonds have
some ionic character. Similarly, ionic bonds also have some covalent character.
The origion of covalent character of an ionic bond lies in the distortion of
electron cloud under the influence of an electric charge. This property of an
electron cloud to get distorted is called its polarizability and the process of
distortion of electron cloud is called polarization. The power of an electric
charge to distort an electron cloud is called its polarizing power. In an ionic
compound cations and anions are formed as a result of loss and gain of electrons,
respectively. Each ion tries to polarize the electron cloud of the other.

Generally, cations have greater polarizing power due to their small size and
hence high charge density. Anions are more easily polarized. Due to their large
size, the electrons in anions are more loosely bound to the nucleus than in
cations. Cation attracts the electron cloud of the anion and this results in its
polarization and the electron cloud spreads out towards cation in between the
two ions. Thus the electron lost by cation does not fully belong to the anion
but partially comes back towards cation and is shared by it. This results in some
covalent character in the ionic bond. The more the polarization, the more is the
covalent character.

Fajan proposed some empiprical rules that deal with the polarization process.
These rules are known as Fajan’s rules which are given below. The following
factors increase the covalent character of an ionic bond

(i) small cation
(i1) large anion
(iii) high positive charge on cation

(iv) cations with electronic configuration (n—1)d*ns® (typically transition metal
cations) as compared to cations with same size and charge but having ns’np®
(noble gas) configuration.

4.4.7 Covalent Bond Parameters

Each covalent bond is characterized by the following parameters which are
called covalent bond parameters.

(1) Bond order

Bond order is the number of bonds present between two atoms in a molecule
or ion. Generally, bond order has an integral value. For example,
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Bond order = 1

Bond order is 1 (one) when there is only one covalent bond (sigma bond)
between the two bonded atoms. H,, Cl,, NH; are some such examples. These
are called single bonds.
H—H C1—Cr: H—if—H
(HZ) (Clz) H (NH3)

In NH; molecule, there are three single N-H bonds.
Bond order = 2

Bond order is 2 (two) when there are two covalent bonds between the two
bonded atoms. Of the two, one is a sigma bond and the other is a pi bond. These
are called double bonds. Examples are as follows.

. .o B /M
O=0: 0=Cc=0 C=C
0,) CO,) / \H
Two C = O bonds (C,Hy)
OneC=C

Bond Order = 3

Bond order is 3 (three) when there are three bonds between the two bonded
atoms. Out of these, one is a sigma bond and two are pi bonds. These are called
triple bonds. Examples are given below.

C=0. H—C=C—H
(CO) (CoHy)

(2) Bond Length

Bond length is the distance between the nuclei of the two bonded atoms. It is
expressed in picometer (pm). Bond length depends upon the sizes of the bonded
atoms and the bond order of the bond linking them. The greater the bond order,
the smaller is the bond length.

Bond Bond Length/pm Bond Bond Length/pm
H-H 74 0=0 121
H-F 92 N=N 109
H-Cl1 127 c-C 154
H-Br 141 Cc=C 134
H-I1 160 C= 120
C=0 122
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(3) Bond Angle

It is the angle between the two bonds in a molecule. Since covalent bonds are
formed through overlapping of orbitals, it may also be defined as the angle
between the two orbitals that contain bonding electrons and overlap with atomic
orbitals of other atoms. Bond angle between two bonds or bonding orbitals is
shown below

B
(Bond,
angle
The bond angle between two O—H bonds in H,O molecule is 104.5°, between
N-H bonds in NH; molecule is 107.3° and between C-H bonds in CH, is
109°28’.

(4) Bond Enthalpy A .H

It is the amount of energy required for breaking one mole of bonds of a particular
type in gaseous molecules. It is also called bond dissociation enthalpy, and is
applicable to simple molecules, containing only one bond of the particular type.
For example, the bond enthalpy of C1-CI bond in Cl, is 243 kJ mol™!, of 0=0
in O, is 498 kJ mol™! and of N=N bond in N, is 946 kJ mol".

A difficulty arises in using this definition in case of molecules that contain more

than one bond of the same type. H,O molecule has two O-H bonds and the
two bonds require different amounts of energies to break.

H,0(g)—— H(g)+OH(g) A H! =502 kJ mol™

OH(g)—— H(g)+0(g) A HS =427 kJ mol ™

Likewise, there are three N-H bonds in NH; and four C—H bonds in CH,. Each
one of these bonds requires a different amount of energy to break. In such cases,
average bond enthalpy is considered. It is defined as the average energy per
bond required to dissociate one mole of bonds in gaseous atoms.

Total energy required to break
all the bonds of a particular type
in one mole of gaseous molecules

Average bond enthalpy =
Total no. of moles of bonds broken.

For example in case of water molecule

502+427 |
Average bond enthalpy of O-H bond = -5 = 464.5 kJ mol~

Some bond enthalpy values are given below:
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Bond Bond Enthalpy/k]J mol”! Bond Bond Enthalpy/kJ mol™!

H-H 436 N=N 946
H-C 414 0=0 498
H-N 391 cC 347
H-O 464 C=C 611
N-N 159 C=C 837
0-0 138 C=N 891
F-F 157 C-l 330

4.5 HYDROGEN BONDING

It is a special type of attraction between a hydrogen atom bonded to a strongly
electronegative atom (like nitrogen, oxygen or fluorine) and the unshared pair of
electrons on another electronegative atom. Hydrogen bond is a weak bond, the
strength being just about 4-25 kJ mol". It is quite small as compared to the
covalent bond, which needs a few hundreds of kJ mol™ of energy to break.
However, it is strong enough to be responsible for the high boiling points of H,O
and HF etc. In fact it is due to hydrogen bonding only that water exists as a
liquid. The low density of ice also can be explained in terms of hydrogen bonding.

~,H
H\ H """" O
00 i
/
H
H \O.—‘
|
H
H—F--- H—F -~ H—F ----H—F

Due to the difference in the electronegativity between hydrogen and the other
electronegative atom, the bond connecting them becomes polar. The hydrogen
atom acquires a partial positive charge while the electronegative atom bears the
partial negative charge. Hydrogen bonding results from the electrostatic interaction
between the positively charged hydrogen atom and the negatively charged
electronegative atom. The second electronegative atom may be a part of the
same molecule or it may belong to a different molecule. Accordingly, there are
two types of hydrogen bonds. If the hydrogen bond is formed between two different
molecules it is called intermolecular hydrogen bond. When the hydrogen bond
exists within the same molecule, it is called intramolecular hydrogen bond.
Salicyldehyde ad o-nitrophenol are two common examples of the molecules
showing intramolecular hydrogen bonding whereas in water, intermolecular
hydrogen bonding exists.
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H- H-
H- .
(@) 0O 0/ (o)
7 ||
A C
A 0 ~H
o-nitrophenol Salicyldehyde

Hydrogen bonding plays an important role in the structure and function of many
biomolecules like proteins and nucleic acids.

4.6 VALENCE SHELL ELECTRON PAIR REPULSION
(VSEPR) THEORY

In a molecule the constituent atoms have definite positions relative to one another
i.e., the molecules have a definite shape. The theories of bonding that we have
discussed so far do not say anything about the shape of the molecules. A simple
theory called VSEPR theory was put forth by Sidgwick and Powell in 1940 to
explain the shapes of molecules. It was later refined and extended by Nyholm and
Gillespie in1957. This theory focuses on the electron pairs present in the valence
shell of the central atom of the molecule and can be stated in terms of two
postulates:

POSTULATE 1

The electron pairs (both bonding and non-bonding) around the central atom
in a molecule arrange themselves in space in such a way that they minimize
their mutual repulsion. In other words, the chemical bonds in the molecule will
be energetically most stable when they are as far apart from each other as possible.
Let us take up some examples.

BeCl, is one of the simple triatomic molecules. In this molecule, the central
atom, beryllium has an electronic configuration of 1s*> 2s%. That is it has two
electrons in its valence shell. In the process of covalent bond formation with two
chlorine atoms two more electrons are contributed (one by each chlorine atom)
to the valence shell. Thus there are a total of 4 valence electrons or two pairs of
valence electrons. According to the postulate given above, these electron pairs
would try to keep as far away as possible. It makes the two electron pairs to be
at an angle of 180° which gives the molecule a linear shape.

180°

lfﬁfl_ Cl— Be — (|
Cl Be Cl linear molecule
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BF, : In boron trifluoride, the central atom, boron has an electronic configuration
of 1s?2s? 2p'. That is, it has three electrons in its valence shell. In the process of
covalent bond formation with three fluorine atoms three more electrons are
contributed (one by each fluorine atom ) to the valence shell. Thus there are a
— total of 6 valence electrons or three pairs of valence electrons. According to the
Notes VSEPR postulate, these electron pairs would try to keep as far apart as possible.
It makes the three electron pairs to be located at an angle of 120° which gives

the molecule a planar trigonal shape.

F F
Planar trigonal shape

Thus different molecules would have different shapes depending on the number
of valence shell electrons involved. The geometric shapes associated with various
numbers of electron pairs surrounding the central atom are given in Table 4.1.

Table 4.1: Geometric arrangements of electron pairs around central atom.

Molecule Number of Predicted Representative Examples
Type electron pairs geometry structure
AX, 2 Linear £A HgCl,, BeCl
AX, 3 Planer BF,, BCI,
trigonal
AX, 4 Tetrahedral CCl, CH,, SiCl,
AX, 5 Trigonal LI PCL, PF,
bipyramidal 54
AX, 6 Octahedral "@” SF,, PF,-
4
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POSTULATE 2

The repulsion of a lone pair of electrons for another lone pair is greater
than that between a bond pair and a lone pair which in turn is greater
than between two bond pairs. The order of repulsive force between different
possibilities is as under.

lone pair - lone pair > lone pair - bond pair > bond pair - bond pair

The shapes of the molecules given in Table 4.1. correspond to the molecules
containing only bond pair electrons. The shapes of molecules containing a
combination of lone pairs and bond pairs would be distorted from the above
mentioned shapes.

Let us take an example of three molecules namely, methane, ammonia and water.
All the three contain a total of 4 electron pairs around their central atom. But the
nature of these is different in the three cases. In methane molecule the central
carbon atom has 4 valence electrons and it shares 4 electrons with four hydrogen
atoms. So there are a total of 4 bond pairs and according to Table 4.1 it should
have a tetrahedral shape. In case of ammonia also there are four pairs of electrons
but their nature is different. Three of these are bond pairs, while one is a lone pair.
Similarly, in case of water again there are four pairs of electrons ; two are bond
pairs, while two are lone pairs. Due to the differences in the mutual repulsion
between bond pair - bond pair and lone pair - bond pair the molecular shape
would be slightly distorted from the expected tetrahedral shape. The number and
nature of electron pairs and the geometries of these three molecules are given in
Table 4.2.

Table 4.2: Molecular geometries of molecules with 4 electron pairs
with different combinations of lone pairs and bond pairs.

Molecule Number of Numberof Molecular Molecular Bond angle
bond pairs lone pairs geometry Shape (in degrees)
H
|
CH 4 0 tetrahedral Cn 109.5
4 H 7 \ H
H
H
. . |
NH, 3 1 trigonal pyramidal /N g 107.3
H :
H
|
H O 2 2 angular or bent O:y 104.5
2 .

We have so far learnt that a chemical bond formation between two atoms can
occur by transfer ( ionic bonding) or sharing (covalent bonding) of electrons.
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The processes of bond formation and the bonding in simple molecules can be
conveniently represented in terms of electron dot structures. Further, the VSEPR
theory provides a good idea of the shapes of the molecules. But have you noticed
that we have been representing electrons as well defined dots i.e., localized
particles. This is in contradiction with the probabilistic (orbital) representation of
the electron that you have learnt in lesson 2. Let us learn how do we explain the
process of bond formation in terms of modern theories that incorporate the wave
mechanical representation of atom.

. INTEXT QUESTION 4.2

1. What are the basic postulates of VSEPR theory?
2. Predict the shape of methane ( CH, ) on the basis of VSEPR theory.

3. It is a molecule the difference between the electro-negativity of two atom
is 1.7. How much % will be ionic and covalent character?

4.7 MODERN THEORIES OF CHEMICAL BONDING

The theories of chemical bonding proposed (in 1916) by Kossel and Lewis are
known as classical theories of bonding. These do not take into account the wave
mechanical or quantum mechanical principles. After the development of quantum
mechanical description of atomic structure two more theories were proposed to
explain the bonding between atoms. These are called modern theories of chemical
bonding. These are Valence Bond Theory (VBT) and Molecular Orbital Theory
(MOT). Let us discuss these theories in brief.

4.7.1 Valence Bond Theory

Valence bond theory was proposed
by Heitler and London in 1927, to
describe the formation of hydrogen
molecule from its atoms. Linus
Pauling and others further developed
it. In this approach the process of
chemical bond formation can be
visualised as the overlapping of
atomic orbitals of the two atoms as
they approach each other. The
strength of the bond depends on the Fig. 4.2 : Formation of hydrogen molecule from
effectiveness or extent of the overlapping of two hydrogen atoms
overlapping. Greater the overlapping

of the orbitals, stronger is the bond formed. Let us take the example of bonding
in hydrogen molecule to understand the VB approach.

Di\tance between the hydrogen nuclei—>

Potential Energy —>

Bond Length
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Suppose that the two hydrogen atoms are at infinite distance from each other.
Their electrons are in their respective ls orbitals and are under the influence
of the corresponding nuclei. As the two atoms approach each other their 1s
orbitals begin to overlap which lead to decrease in energy, Fig. 4.1. At a distance
equal to the bond length the overlapping is maximum and the energy is minimum.
The overlapping can be equated to the sharing of electrons between the atoms.
The electrons occupying the shared region of orbitals are under the influence
of both the nuclei.

This simple approach can be used to explain the bonding in simple diatomic
molecules like HEF, etc.. However, to explain bonding in molecules containing
more than two atoms some additional concepts like excitation and hybridisation
need to be used.

4.7.1.1 Hybridisation

“Hybridisation is the process of forming new orbitals by mixing of atomic
orbitals in a particular atom. The new hybrid orbitals that are formed are all
equivalent orbitals and have the same energy. The phenomenon is know as
hybridisation”. Two main characteristics of hybridisation are:

(i) The number of hybrid orbitals formed is the same as the number of atomic
orbitals undergoing hybridisation.

(i1) All the new hybrid orbitals that are formed are exactly identical in their
shapes and energy.

Let us take up the example of bonding in a triatomic molecule; say, beryllium
hydride (BeH,) to understand the concept of hybridisation of orbitals and the
need for the same. The atomic number of beryllium is 4. Its electronic configuration
is 1s? 2s2. In order to form bonds with two hydrogen atoms the valence electrons
(2s?) of beryllium atom must overlap with the 1s electrons of the two hydrogen
atoms. Since the valence shell of beryllium atom contains both the electrons in
the same orbital (i.e., 2s) it cannot overlap with the 3p orbital of hydrogen atoms
containing one electron.[You know that an orbital can contain a maximum of
two electrons with opposite spin]. Pauling got over this problem by suggesting
that in the process of bond formation an electron from the 2s orbital of beryllium
atom gets momentarily excited to the empty 2p orbital as shown below.

Excitation

. 1 4
Berylim Ao

Is 2s 2p
Beryllium Atom l l
( Excited state) M n ¢

Is 2s 2p
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Now the two valence electrons are in two singly occupied orbitals which can
overlap with the 1s orbitals of the two hydrogen atoms and form two bonds. The
problem is still not over. The two bonds formed by these overlaps would be of
different nature. One of these would involve overlapping of 2s orbital of beryllium
with 3p orbital of chlorine while the other would involve overlapping of 2p orbital
of beryllium with 2p orbital of chlorine. However, experimentally the two bonds
are found to be equivalent.

This problem is solved with the help of a concept called hybridisation of orbitals.
According to this two or more than two non equivalent orbitals (having different
energies and shapes ) of comparable energies mix or hybridize and give rise to an
equal number of equivalent ( same energies and shapes) hybrid orbitals.

In case of BeCl, the two singly occupied orbitals (2s and 2p) hybridize to give
two sp- hybrid orbitals. This is called sp hybridisation. These hybrid orbitals lie
along the z- direction and point in opposite directions.

Beryllium Atom * % Hybridization Beryllium Atom T *
( Excited state) — > ( Hybridized )
Is 2s 2p Is sp 2p
hybridized
orbitals

These hybrid orbitals can now overlap with the 3p orbitals of chlorine atoms to
give the linear molecule of BeCl, as shown below, Fig. 4.3 .

The concept of hybridisation as
illustrated above can be used to

describe the bonding and shapes X X
of different molecules by T Y Y 180°
considering hybridisation of 7 7
suitable orbitals. Let us take up Linear
some more cases involving

s P Sp

hybridisation of s and p orbitals.

Boron trichloride (sp? - >
z
hybridisation) : In boron there ’QL’QQ (>
Iz Be Cl

. C Pz
are five electrons and the
electronic configuration is 1s?, Fig. 4.3 : Formation of BeCl, ; sp
2s%2p'. There are three electrons hybridisation

in the valence shell of boron
atom. In order to form bonds with three chlorine atoms one of the electrons from
the 2s orbital of boron atom is excited to its 2p orbital.
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2s 2p
Boron Atom N
otes
( Excited state) T T
Is 2s

2p

Y

One 2s orbital and two 2p orbitals hybridise to give three sp? hybridized orbitals.
This is called sp” hybridisation.

Boron Atom
( Excited state)

Hybridization

P
>

N [HH] ]

s sp? 2p

hybridized
orbitals

The three hybridized orbitals are coplanar and directed towards the corners of an
equilateral triangle. These hybrid orbitals then form bonds with the p —orbitals
of chlorine atoms as shown below, Fig. 4.4.

Three sp’ hybrid orbitals
Fig. 4.4 : Formation of BCL, ; sp’ hybridisation.

Bonding in Methane (sp? hybridisation) : In case of methane the central atom,
carbon, has an electronic configuration of 1s?, 2s?,2p* In order to form bonds
with four hydrogen atoms one of the electrons from the 2s orbital of carbon atom
is excited to the 2p orbital.
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( Ground state)
Is 25
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!

2p

iwion - catmtom [ ][]}
Is 25

2p

One 2s orbital and three 2p orbitals of the carbon atom then hybridise to give four
sp® hybridised orbitals. This is called sp* hybridisation.

Notes

Caban tam.
1s 2s

T

2p

Excitation Carbon Atom f ¢
—> ( Excited state)

Is

P

Sp?
Hybridised

These four sp? hybrid orbitals are directed towards the corners of a regular
tetrahedron. These hybrid orbitals then form bonds with the 1s orbitals of
hydrogen atoms to give a methane molecule as shown below, Fig. 4.5.

StpAp,tp.

2
H

CH,

Fig. 4.5 : Formation of CH,; sp’ hybridisation.

Phosphorus pentachloride (sp*d hybridisation):

P (ground state)

P (excited state)

118

/

/

/

/

/

11

sp3d hybridisation
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Five sp*d hybrid orbitals are formed which are directed towards the corners of a
trigonal bipyramid (Fig. 4.5a). These orbitals overlap with singly filled p-orbitals
of five chlorine atoms and five 6 bonds are formed. Thus PCl; molecule has a
trigonal bipyramidal geometry. Three P-CI bonds (equatorial) make an angle of
120° with each other and lie in one plane. The other two P—Cl bonds (axial) are at
90° to the equatorial plane, one lying above and the other lying below the plane.

SF (sp°d* hybridisation):

s (ground state) KRR
s (excited state) 111 1 1 1

sp3d? hybridisation

Six sp*d” hybrid orbitals are formed which are directed towards the corners of a
regular octahedron. These orbitals overlap with singly filled orbitals of six F atoms
and form ¢ bonds giving a regular octahedral geometry (Fig. 4.5 b)

F
F F
Cl } Cl S
P
F F
Cl
F

Fig. 4.5 (a) : Trigonal bipyramidal geometry  Fig. 4.5 (b) : Octahedral geometry of SF,

ofPCl5 molecule. molecule

4.7.1.2 Hybridisation and Multiple Bonds

So far we have discussed the bonding in those molecules in which the orbitals on
a single central atom are hybridized. Let us see how does the concept of
hybridisation help us in understanding bonding between pairs of such atoms. In
the case of bonding in ethane (C,H,), two carbon atoms are bonded to each other
and each carbon atom is bonded to three hydrogen atoms. You would recall that
in the case of methane the valence orbitals of carbon atom undergo sp?
hybridisation. In ethane each carbon atom undergoes sp’ hybridisation to give
four sp’ hybridized orbitals. The two carbon atoms form a carbon — carbon bond
by sp? - sp®overlapping. The remaining six sp’ hybridized orbitals overlap with
Ls orbitals of hydrogen atoms to give a molecule of ethane, C,H, as shown in Fig.
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4.6. The C-C bond so formed is along
the internuclear axis. Such a bond is
called a 6 bond.

Bonding in ethene: In case of ethene,
the relevant orbitals of the carbon
atoms undergo sp? hybridisation.
Here, only two of the three p orbitals
of the carbon atoms hybridize with
the 25 orbital to form three sp? hybrid Fig. 4.6 : Formation of ethane molecule
orbitals each. The remaining p-

orbitals (one on each carbon atom) do not take part in hybridisation. A carbon —
carbon bond is formed by overlapping of sp? orbital on the two carbon atoms
[Fig. 4.7(a)]. The remaining four sp? hybridized orbitals overlap with the 1s
orbitals of hydrogen atoms to give the basic skeleton of the molecule. This leaves
an un-hybridized p orbital each on both the carbon atoms[Fig. 4.7(b)]. These are
perpendicular to the molecular plane and undergo sideways overlap to give an
electron cloud in the plane above and below the molecule [Fig. 4.7(b and c)].
This is called a - bond. In ethene there are two bonds between the carbon atoms
(one sigma and one pi bond).

(d) (e)
Fig. 4.7 : Formation of ethylene molecule: (a) formation of the basic skeleton of the
molecule (b) sideways overlapping of the unhybridized p orbitals and (c) a - bond (d) and
(e) complete picture of ethylene molecule.
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Bonding in ethyne ( acetylene): In case of acetylene the bonding can be explained
in terms of sp-hybridisation in carbon atoms. One 2s and one 2p orbitals hybridize
to give two sp-hybridized orbitals. This leaves two mutually perpendicular
unhybridised p orbitals each on both the carbon atoms. The carbon — carbon
bond is formed by sp - sp overlapping with each other. The remaining sp orbital
on each carbon overlaps with the 1s orbital of hydrogen to give C-H bonds (Fig.
4.8). The unhybridised p orbitals each on both the carbon atoms overlap sideways
to give two m-bonds.

Fig. 4.8 : Formation of acetylene molecule : (a) formation of the basic skeleton of the
molecule (b) sideways overlapping of two pairs of un-hybridized p orbitals and (c) two

mutually perpendicular - bonds.

4.7.1.3 Resonance

Some times it is possible to write more than one Lewis structure of a compound
that agree with the electronic requirements. For example, we can write two
Lewis structures for ozone molecules, Os.

s\ o N
0 O O O

Both of these structures satisfy the octet rule and have a double bond on one
side and single bond on the other side of the central oxygen. According to these
structures one oxygen-oxygen bond (O=0) would be shorter than the other (O—
O). However, this is not the case. Experimentally both the oxygen-oxygen bonds
are found to have the same bond length (128 pm) which is in between the bond
lengths of a (O=0) double bond (121 pm) and a (O-O) single bond (148 pm).

These experimental observations can be explained with the help of the concept
of resonance. The alternate Lewis structures are called canonical structures.
These are separated by a double headed arrow(<>) All canonical structures must
have similar positions of nuclei, similar number of bonding and non-bonding
electrons and similar energy. The actual structure is the resonance hybrid of
all the contributing canonical or resonating structures. The structure of Os
molecule is represented as
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// A / \\
0. O 0 o

Resonance does not mean that the molecule constantly changes from one
canonical structure to the other. The structure is stable and the bond lengths
and energies have values which are intermediate between those of single and
double bonds. The concept of the resonance is necessary because of the
limitations in the way we write the structures. Some times the structure of a
resonance hybrid is shown with help of representation of bonds by broken lines
or dashes. The structure of resonance hybrid of O5 is shown below:

e e o
//O\ > /O\\ or //,—\\
QO 0 9 o O

In molecules or ions containing more than two atoms and having double bonds
or triple bonds, there are pi () bonds. The electrons involved in m-bonds are
not localized between two atoms, but are spread over the entire structure (or
the portion of the structure) which has only sigma-(c) bonds. This spreading
of m-electrons is known as the delocalization of the electrons. Broken lines or
dashes depict the region of delocalization of the m-electrons. Delocalization
results in stabilizing the structure. Therefore, the resonance hybrid is more stable
than the contributing canonical structures.

Some examples of resonance structures:

(1) Carbonate i0n(CO§_)

The three possible canonical structures of carbonate ion are

C C C
./ N\ 7 \ \
‘0. 0 0/ 0 o \O

(2) Sulphur dioxide (SO,)

The two canonical structures of sulphur dioxide are shown below
3Q/S§Q- o -Q-/S\\Q:

(3) Dinitrogen oxide (N,0)

The three canonical structure of dinitrogen oxide are shown below

N=N=0—>N=N—QO«—> N—N=O
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INTEXT QUESTION 4.3

What do you understand by the term, ‘hybridisation’?
How would you explain the shape of ammonia molecule on the basis of
hybridisation?

Draw the canonical structures of CO?; and SO,.

4.7.2 Molecular Orbital Theory

You have just learnt about valence bond theory. It describes bond formation as a
result of overlapping of the atomic orbitals belonging to the constituent atoms.
The overlapping region responsible for bonding is situated between the two atoms
i.e., it is localised. Molecular orbital theory (MOT) was developed by F.Hund
and R.S.Mulliken in 1932. In contrast to the localized bonding in VBT, the
molecular orbital theory visualises the bonding to be delocalised in nature i.e.,
spread over the whole molecule. According to MOT, in the process of bond

formation

e The atomic orbitals of the constituent atoms combine to generate new
types of orbitals (called molecular orbitals). These are spread over the
whole molecule i.e., they are delocalised. In other words these new orbitals,
do not “belong” to any one atom but extend over the entire region of the
bonded atoms.

e These molecular orbitals are created by Linear Combination of Atomic
Orbitals (LCAOQ) approach in which, the atomic orbitals of comparable
energies and of suitable symmetry combine to give rise to an equal
number of molecular orbitals.

e The available electrons then fill these orbitals in the order of increasing
energy as in the Aufbau principle used in the electron configurations of
atoms.

N Molelcﬂllar orbital . - . —» ol
' LI ' + L +‘ .+
Atqmlc cls Atqmlc Is Is o*ls
orbital orbital . . . L
atomic atomic antibonding sigma

2 orbital orbital molecular orbital

2

H +

i ¥y & v

cls Is Is ols
atomic atomic i i
orbital orbital  Proleciar orbial

Fig. 4.9 : Formation of bonding (o) and anti bonding (06*) molecular orbitals
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Let us take the example of hydrogen molecule to understand the molecular orbital
approach to chemical bonding. The two hydrogen atoms have one electron each
in their respective 1s orbitals. In the process of bond formation the atomic orbitals
of two hydrogen atoms can combine in two possible ways. In one, the MO
wavefunction is obtained by addition of the two atomic wave functions whereas
in the other the MO is obtained by subtraction of the wave function. The
combination of the 1s orbitals on the two hydrogen atoms are shown in Fig. 4.9.

The molecular orbital obtained by the addition of atomic orbitals is of lower
energy than that of the atomic orbitals and is called a bonding orbital. On the
other hand, the orbital obtained by subtraction of atomic orbitals is of higher
energy and is called an anti-bonding orbital. You can note here that the molecular
orbitals obtained here are symmetric around the bond axis (the line joining the
two nuclei). Such molecular orbitals are called sigma (o) molecular orbitals.
The bonding orbital obtained above is denoted as c1s while the anti- bonding
orbital is denoted as 6" 1s. Here & indicates the type of molecular orbital; 1s tells
about the atomic orbital involved and * is indicative of the anti-bonding nature of
the MO. There are a total of 2 electrons in a hydrogen molecule; according to
Aufbau principle these are filled into 6, orbital. Since the 6, orbital is a bonding
orbital, its getting filled leads to stability or the bond formation.

Like electronic configuration of atoms we write MO electronic configuration for
molecules. The MO configuration of hydrogen molecule is given as (c1s)*. The
molecular orbital energy level diagram is given in Fig. 4.10(a).

\
Antibonding Antibonding
MO MO

E x E
N C'1s N
E * Atomic E N Atomic
R * orbitals R orbitals
$ 1s 1s $ 1s

. Bonding Bonding

c1s2 MO c1s2 MO

(a) (b)

Fig. 4.10 : Molecular orbital energy level diagram for a) H, and b) He, molecules

Bond Order: we may define a new parameter called bond order as
Bond order = (b.o.) =%2(n, - n)

Where, n, and n_refer to the number of electrons present in bonding and
antibonding molecular orbitals, respectively. For hydrogen molecule the bond
order will be ¥2(2-0) = 1, i.e., there is a single bond between two hydrogen
atoms.
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Helium (He,) molecule

In case of He, also, there will be linear combination of 1s orbitals leading to the
formation of G1sand 6*1s orbitals. The four electrons would be distributed as per
the MO electronic configuration : (cls)* (6°1s)* . The molecular orbital
energy level diagram is given in Fig. 4.10 (b) .This gives a bond order of %2(2-2)
= 0, that is there is no bond between two helium atoms. In other words He,
molecule does not exist.

Li2 and Be2 molecules

The bonding in Li, and Be, can be explained by combining the 1s and 2s orbitals
to give appropriate MO’s. The molecular orbital diagrams for Li, and Be, are
givenin Fig. 4.11.

A

]

c"2s
2s 2s 2s
o 2s

<@AmMZm

ol1s

(a) (b)

Fig. 4.11: Molecular orbital energy level diagram for a) Li, and b) Be, molecules

4.7.2.1 Molecular Orbital Bonding in Diatomic Molecules of Second
Period

So far we have talked about bonding in the elements in which the MO’s were
obtained from the linear combination of s orbitals. In case of the atoms of second
period (beyond Be) elements both s and p orbitals are involved in the formation
of molecular orbitals. In such a case a number of different molecular orbitals are
obtained depending on the type and symmetry of the atomic orbitals involved in
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the process. Let us try to understand the nature of MO’s obtained in this case.

Here also the Is and 2s orbitals of the two atoms would combine to give
corresponding bonding and anti-bonding molecular orbital as shown in Fig. 4.11
(b). Let us learn about the formation of MO’s from the combination of p orbitals

As mentioned above, in LCAO, the atomic orbitals of comparable energies and
of suitable symmetry combine to give molecular orbitals. A suitable symmetry
means that the combining orbitals should have same symmetry about the molecular
axis. It is nomally assumed that the bond formation takes place along the z-
direction. You have learnt in the first unit that the three p orbitals are directed
towards three mutually perpendicular directions namely the x, y and z directions.
Therefore the p_ orbitals of the two atoms would combine along the bond axis to
give two molecular orbitals as shown below Fig. 4.12. Since these molecular
orbitals are symmetric around the molecular axis these are called ¢ orbitals. The
designation of the orbitals would be 0, and c5*2pZ .

Antibonding sigma
molecular orbital

o2p,
Bonding sigma
molecular orbital

Energy

(a) (b)

Fig. 4.12: Overlapping of two 2p_orbitals to give molecular orbitals

Combination of a p_-orbital with either ap_or a P, orbital would not lead to
any bonding. On the other hand a p_orbital will combine with a p_and the P,
with a p, as shown in Fig. 4.13.

Antibonding pi

Molecular molecular orbital

2P 72p,
Bonding pi
molecular orbital

(c)

Fig. 4.13 : Formation of molecular orbitals from two 2p_atomic orbtials.
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You may note here that these orbitals combine in a lateral fashion and the resulting
molecular orbitals are not symmetric around the bond axis. These MO’s are called
1- molecular orbitals. These have large electron density above and below the
internuclear axis. The anti-bonding 7 orbital, ° 2p_(or " 2py) have a node (a
region of zero electron density) between the nuclei.

The molecular orbitals obtained as a result of combination of respective AO’s of
two atoms can be represented in the form of following energy level diagram,
Fig. 4.14(a) . The MQO’s obtained from the combination of 1s orbitals are not
shown.(these belong to the inner core and are completely filled ) The electrons in
these molecular orbitals are filled in accordance with Aufbau principle and Hund’s
rule.

Molecular Orbitals Molecular Orbitals

e
Atomic Orbitals ' T »Atomic Orbitals Atomic Orbitals Atomic Orbitals
C ERO[E=R
:
02pz .

B 0"125~ N

(a) (b)

Fig. 4.14: Molecular orbital energy level diagrams a) for O, and F, and b) for diatomic
molecules of lighter elements Li, Be, B, C and N

However, this energy level diagram is valid for the diatomic molecules O, and F,
only; For the diatomic molecules of the lighter elements like, B, C and N this
energy level diagram is somewhat modified. It is so because in case of lighter
elements the difference in the energy of 2s and 2p orbitals is very low and s and p
orbitals on the two atoms get mixed up. In place of normal pure 25-2s or 2p-2p
combinations we may have s-p combinations; for example 2sorbital of first atom
can have a reasonable overlapping with 2p orbital of the second atom and vice
versa. The modified energy level diagram is given in Fig. 4.14 (b).

4.7.2.2 MO Electronic Configuration and Properties of a Molecule

The MO energy level diagram discussed above can be used to find out the MO
electronic configuration of a molecule. This in turn provides the information about
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some properties of the molecule. Let us take the example of nitrogen molecule.
An atom of nitrogen has five valence electrons; since there are two atoms, we
have a total of ten valence electrons that need to be filled in the MO’s. Using Fig.
4.14 , the MO electronic configuration can be written as 62s% 6°2s% 7 2p %, Tt
2py2, o2p/}

Bond order : %2 [n—n ] = "2 [8-2] = %2 [6 ]= 3 ; this means that in nitrogen
molecule, a triple bond exists between the two nitrogen atoms.

Magnetic nature: molecules show magnetic behaviour depending on their MO
electronic configuration. If all the MO’s are doubly occupied the substance shows
diamagnetic behaviour. In case one or more MQO’s are singly occupied, the
substance shows paramagnetic behaviour. The MO electronic configuration of
O, (with 12 valence electrons) is 62s% 6°2s%, 62p % ,m2p >, T 2py2, n2pl,
2py1 ; Since it contains unpaired electrons, oxygen shows paramagnetic behaviour.
This has been found to be so experimentally also. In fact, the explanation of the
paramagnetic behaviour of oxygen is an achievement of MOT.

The bond order and the magnetic behaviour of the diatomic molecular cations
and anions can also be obtained in the same way. In such cases we add one
electron for every negative charge and for every +ve charge we subtract an electron.
For example, O,’—( oxygen molecule dianion) would have a total of 14 valence
electrons ( 12 + 2) while oxygen molecule cation O," would have 12—-1 = 11
valence electrons.

. INTEXT QUESTION 4.4

1. What is the basic difference between the valence bond and molecular orbital
theories?

2. Calculate the bond orders for Li, and Be, molecules using the molecular
orbital diagrams given in Fig. 4.12.

3. Predict the magnetic behaviour of O,.

@ WHAT YOU HAVE LEARNT

e Achemical bond may be visualised as an effect that leads to the decrease in
the energy of the combination of two atoms when they come closer.

e The atoms combine in such a way so as to attain stable electronic
configuration of noble gases.

e According to Kossel, transfer of an electron from one atom to the other
achieves the stable configuration. This leads to formation of ions, which are
held together by electrostatic interactions called ionic bond.
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e  According to Lewis, the stable configuration is achieved by sharing of electron Chemical Bonding

pairs between the bonding atoms. This leads to the formation of a covalent
bond.

e Bonding in simple molecules can be conveniently represented in terms of
Lewis electron-dot structures.

e Insome covalently bound atoms the shared pair of electron is more towards
the atom with greater electronegativity and leads to partial ionic character in Notes
the molecule.

e  Valence shell electron pair repulsion (VSEPR) theory is very helpful in
predicting the shapes of simple molecules. It is based on the interactions
between the electron pairs around the central atom in the molecule.

e  Valence bond theory (VBT) and Molecular orbital theory (MOT) are two
modern theories of chemical bonding. These are based on the wave
mechanical model of atom.

e  According to the valence bond theory the process of chemical bond formation
can be visualised as the overlapping of atomic orbitals of the two atoms as
they approach each other. The overlap increases the electron charge density
in the inter-nuclear region.

e In order to explain bonding in molecules containing more than two atoms,
Pauling proposed the concept of hybridisation. In hybridisation, the atomic
orbitals of the valence shell of the central atom ‘ hybridise’ or merge and give
newer orbitals with proper orientations, which explain the shape of the
molecule.

e  According to the Molecular orbital theory the atomic orbitals of comparable
energies and of suitable symmetry combine to give rise to an equal number
of molecular orbitals. These molecular orbitals extend over the entire region
of the molecule i.e., these are delocalised over the whole molecule.

e  When two atomic orbitals combine it gives a pair of molecular orbitals; one
is called bonding molecular orbital of lower energy and the other of higher
energy is called anti-bonding orbital.

e  The electrons present in the molecule are filled in these orbitals in the order
of increasing energy (Aufbau principle) to give the MO electronic
configuration.

e The number of bonds between the two atoms is called bond order and is
defined as Bond order = b.o.=%2(n, -n)

e  The MO electronic configuration can be used to predict the magnetic nature
of the molecule. If all the MO’s are doubly occupied the substance shows
diamagnetic behaviour and if one or more MO’s are singly occupied the
substance shows paramagnetic behaviour.
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Chemical Bonding
1.  What do you understand by a chemical bond?

2. Explain the process of bond formation as a decrease in energy.
Notes 3. What do you understand by the term, ‘bond length’ ?
4

Describe the two possible ways in which the noble gas electronic
configuration is achieved in the process of bond formation.

5.  What are Lewis electron dot symbols ? Show the formation of MgCl, in
terms of Lewis symbols.

6. Define a coordinate bond and give some examples.
7. Whatis VSEPR theory ? predict the shape of SF, molecule using this theory.

8.  Why do we need the concept of hybridisation ? How does it help in explaining
the shape of methane ?

9. Give the salient features of molecular orbital theory.
10. Be, molecule does not exist. Explain on the basis of molecular orbital theory.

11. Write down the molecular orbital electronic configuration of the following
species and compute their bond orders.

0,;0,:;0,;0,”
12. BF3 is a polar molecule but it does not show dipole moment. Why?

13. Atom A and B combine to form AB molecule. If the difference in the
electronegativity between A and B is 1.7. What type of bond do you expect
in AB molecule?

14. Write down the resonating structures of N,O, SO42‘, CO32‘ and BF;.

‘ﬁ‘ ANSWERS TO INTEXT QUESTIONS

4.1

1. Anelectrovalent bond is formed when one or more electrons are transferred
from one atom to another atom or atoms.
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4.2

tN" + *N: —»:IN::N: —— :N=N:

In a covalent bond the shared pair of electrons is closer to the more
electronegative atom. This leads to charge separation in the molecule and
the bond becomes polar

A bond in which both the bonding electrons are contributed by one atom
only.

The two postulates of VSEPR theory are

1) The electron pairs (both bonding and non-bonding) around the central
atom in a molecule arrange themselves in space in such a way that
they minimize their mutual repulsion

ii) The repulsion of a lone pair of electrons for another lone pair is greater
than that between a bond pair and a lone pair which in turn is stronger
than that between two bond pairs The order of repulsive force between
different possibilities is as under.

lone pair - lone pair > lone pair - bond pair > bond pair - bond pair

In methane the central carbon atom would have four pairs of electrons in its
valence shell. According to VSEPR theory these would be placed
tetrahedrally around the carbon atom. Hence the methane molecule would
have a tetrahedral shape.

50% ionic and 50% covalent character.

Hybridisation is a concept which is quite useful in explaining the shapes of
molecules. According to this two or more than two non equivalent orbitals
with comparable energies and different shapes mix and give rise to an equal
number of equivalent hybrid orbitals in an atom. The hybrid orbitals have
identical energies and shapes.

In ammonia the 2s and three 2p orbitals hybridize to give four sp* hybridized
orbitals. Three of these overlap with the Is orbitals of hydrogen and one
remains nonbonding containing a lone pair. The sp?® hybridized orbitals are
directed towards the corners of a regular tetrahedron. But due to the
difference in the repulsion between lone pair - bond pair and bond pair -
bond pair the ammonia molecule has a distorted tetrahedral shape which is
some what like a trigonal pyramid.
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— Sulphur dioxide is as—
Notes

SN T o\
0 -0 QO

4.4

1. Valence bond theory visualises the bond formation to be localized whereas
according to MOT it is delocalised.

2. Bondorder = b.o.=%2(n —n)
for Li,; Bond order=%2[4 -2] =% [2] = 1
for Be, ; Bond order =%2[4-4] =12 [0] =0

3. MO configuration of O, is 6 2s*, 6* 2%, 62p *, m2p > =1 2p ’
¥ 2p1x = ¥ 2p1y

Due to 2 unpaired electrons O, molecule is paramagnetic.
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THE GASEOUS AND LIQUID
STATE

We know that matter exist in three* different states namely solid, liquid and gas.
The most familiar example to show these different states of matter is water. Water
exists as a solid (ice), a liquid (water) and a gas (steam) under different conditions
of temperture and pressure. The difference between these three states of matter
is due to the difference in their intermolecular distances and intermolecular forces.
In addition to these, temperture and pressure also play an important role in deciding
the states of matter.

In this lesson we shall first discuss the differences in properties of the solid, liquid
and gaseous state and the factors due to which these differences arise. We shall
also study the effect of pressure and temperature on the volume of the given
amount of gas. These are governed by the gas laws namely Boyles’ law, Charles’
law and Avogadros’ law.

You are familiar with gases, liquids and solids in your daily life. You are aware
that water can exist as a liquid, a solid (ice) or as a gas (vapour). These are called
three states of matter. The properties of gaseous state can be explained in terms
of large separation of molecules and very weak intermolecular forces. In this
lesson, we shall also study about the intermolecular forces in liquids and see how
their properties can be explained in terms of these forces.

After reading this lesson, you will be able to:

e differentiate between the three states of matter - solid, liquid and gas;

* There is fourth state of matter called Plasma. In this state matter exists as ionised gas. This
occur at very high temperature. For example matter in the sun is in the Plasma State.
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describe various intermolecular interactions;
list the characteristic properties of gases;

state the gas laws (Boyle’s law, Charle’s law, Gay Lussac's law and Avogadro’s
law) and express these mathematically;

draw the p-V, p-1/V, p-pV and V-T graphs;

interpret the effect of temperature and pressure on the volume of a gas from
the graph;

derive the ideal gas equation from the gas laws;
state the Dalton’s law of partial pressure and explain its significance;
state Graham’s law of diffusion;

explain the role of Gay Lussac's law of combining volumes and Avogtadso's
law in developing the concept of molecule;

state the postulates of Kinetic Molecular Theory of gases;

explain the Maxwell’s distribution of velocities; and effect of temperature
and molar mass of gas on it.

differentiate betweenu ,u andu ;
rms Wlp av

explain the deviation of real gases from ideal behaviour in term of
compressibility factor;

state the van der Waal's equation and explain the significance of van der Waals
constants and

explain the liquifaction of gases with the help of Andrews curves.

explain the properties of liquids in terms of their structure (molecular
arrangement and intermolecular forces);

differentiate between evaporation and boiling;

define vapour pressure of a liquid and correlate it with its boiling point;
define surface tension and explain the effect of various factors on it;
explain the consequences of surface tension and

define viscosity of a liquid and correlate it with intermolecular forces.

5.1 THE THREE STATES OF MATTER

At any given conditions of temperature and pressure, matter exists in one of the
three states namely solid, liquid and gas. The characteristic properties of solid,
liquid and gaseous state are listed in Table 5.1.
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Table 5.1 : Properties of different states of matter

Property Solid Liquid Gas
Shape Definite Indefinite; takes up the | Indefinite
shape of the vessel.
Volume Definite Definite Indefinite (fills the
container completely)
Density High Less than solids but Low
much higher than gases.
Compressibility | Incompressible largely incompressible Highly compressible

The different characteristics of the three states of matter as listed above depend
upon the relative closeness of particles that make up the substance. In solid state,
the particles are held close together in a regular pattern by strong intermolecular
forces. In liquid state, intermolecular forces are weak as compared to solid state
hence the particles are less tightly held and allow them to move away from each
other. In the gaseous state, the molecules are farthest apart as compared to solid
and liquid states and the intermolecular forces are negligible so the particles move
randomly. A simplified picture of particles in solid, liquid and gaseous states is
represented in Fig. 5.1.

(a) (b) (©

Fig. 5.1 : A simplified picture of particles in solid, liquid and gaseous state

5.2 INTERMOLECULAR INTERACTIONS

Intermolecular interactions are the interactions or forces that operate between
the constituent particles of a substance, which may be atoms, molecules or ions.
These forces are very weak as compared to intramolecular forces—the forces
that operate within a molecule i.e. covalent and ionic bonds. These forces,
though weak, are responsible for the existence of condensed phases, namely,
liquids and solids.

5.2.1 Types of Intermolecular Interactions

There are four types of intermolecular interactions or forces: (i) London forces;
(i1) Dipole — dipole forces; (iii) Dipole — induced dipole forces and (iv) Hydrogen
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bonding. Out of these four, the first three are collectively called van der Waals
forces. Hydrogen bonding is a type of strong dipole — dipole forces and is not
included in van der Waals forces. Let us now learn about these forces.

(i) London forces.

Normally we assume that electrons are evenly distributed around nucleus (Fig.
5.2(a)). However, since electrons constantly move around the nucleus, at a
particular instant, the distribution of electrons may become uneven around the
nucleus (Fig. 5.2 (b)) and result in generation of a dipole with a slight negative
charge on one side and an equal positive charge on the opposite side. Thus,
an ordinarily non-polar species like an atom of a noble gas like argon or neon
becomes a polar species for an instant. This instantaneous dipole would induce
dipoles in its neighbours. (Fig 5.3). These dipoles attract each other as their
oppositely charged poles are near each other. The very next instant of time, this
dipole disappears as the electronic distribution once again becomes symmetrical
in this particular atom or molecule. With this, all the induced dipoles also
disappear. However, a new instantaneous dipole appears in some other atom
or molecule which induces dipoles in its neighbours.

Figure 5.2: Development of instantaneous dipole

5:(H) &

Induced Instantaneous Induced
depole dipole dipole

Fig. 5.3: Induced dipoles in neighbours of an atom or a molecule
with instantaneous dipole.

This phenomenon continues for ever. At any given instant, a large number of
such atoms or molecules distributed randomly develop instantaneous dipoles
which induce dipoles in their neighbours. This results in the presence of weak
interactions in the substance.

These forces are named after the Germany born physicist Fritz London. London
forces are the weakest of all intermolecular forces and operate at extremely short
distances. These are also called dispersion forces. These are the only forces
that are present in atoms or non-polar molecules and are responsible for the
existence of their condensed phases. These forces are present universally in all
types of molecules, polar or non-polar and contribute majorly toward
intermolecular forces present in them.
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(ii) Dipole — Dipole Forces

If molecules of a substance are polar in nature, the positive (d+) end of one dipole

attracts the negative (3—) end of the other (Fig. 5.4) Magnitude of these forces

depends upon the dipole moment of the substance. These interactions are quite

strong as compared to London forces and increase the melting and boiling points

of polar compounds (such as ethers) as compared to those of similar non-polar

compounds (such as hydrocarbons) that have nearly the same molar mass Notes

Fig. 5.4: Dipole-dipole forces

Compound Molar Mass Melting | Boiling
/(g mol™!) | Point/K | point/K

n-Butane (non-polar) | C,H;, 58 135.2 272.6

Propanone (polar) (CH3),C =0 | 58 179.4 329.3

In addition to the dipole-dipole forces, London or dispersion forces also operate
between polar molecules.

(iii) Dipole — Induced Dipole Forces

This type of forces operate in mixtures (solutions) of two substances, out of
which one is polar in nature and the other is non-polar. The polar molecules
induce a dipole in the neighbouring non-polar molecules and an electrostatic
force of attraction starts operating between them (Fig 5.5). Magnitude of these

forces depend upon two factors
(a)
(b) ..
Fig. 5.5 Dipole-induced dipole forces: (a) A pair of polar and a non-polar molecules
(b) Induced dipole in the non-polar molecule

(a) Dipole moment of the polar molecule. Greater the dipole moment, stronger
is the attractive force.
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(b) Polarizability of the non-polar molecule. More polarizable is the non-polar
molecule, greater is the dipole moment of the induced dipole and stronger
is the attractive force.

Dispersion or London forces also operate between polar and non-polar
molecules and they experience the cumulative effect of both types of forces.

(iv) Hydrogen Bonding

Hydrogen boding is responsible for abnormally high melting and boiling points
of water, ethanol, ammonia, hydrogen fluoride etc. The following table gives
the boiling points of hydrides of group 14, 15, 16, and 17 elements. In each
group the boiling point of hydrides is increasing with molar mass from top to
bottom. The trend is clearly seen in hydrides of group 14. In other groups, the
trend can be seen in all the hydrides, except that of the first element in each
group i.e. NH; (Group 15), H,O(Group 16) and HF (Group 17) respectively.
Their boiling points are exceptionally high due to the presence of hydrogen
bonding in these hydrides.

Boiling Points of some Hydrides

Group 14 Group 15 Group 16 Group 17

Hydride B. P./K |Hydride B.P/K |Hydride B.P/K |Hydride B.P/K
CH, 109 | NH; 240 | H,O 373 | HF 293
SiH, 161 | PH; 183 | H,S 212 | HCl 188
GeH, 183 | AsH; 218 | H,Se 232 | HBr 207
SnH, 221 | SbH; 255 | H,Te 271 HI 238

Hydrogen bonding is responsible for some unusual properties of water, like its
existence in liquid state over a wide range of one hundred degrees (273 K to
373 K), high heats of fusion and vaporization and its solid form (ice) being lighter
than liquid water. Hydrogen bonding plays a crucial role in the structure of DNA
by holding together the two helical nucleic acid chains.

5.3 GENERAL BEHAVIOUR OF GASES: THE GAS LAWS

The volume of a given mass of a gas depends upon the temperature and pressure
under which the gas exists. It is, therefore, possible to describe the behaviour of
gases in terms of the four variables: temperature, 7' ; pressure p; volume V and amount
(number of moles, ). For a given amount of gas the volume of gas changes with
change in variables such as temperture and pressure. The relationship between
any two of the variables is studied, keeping the other variable constant by various
laws which are described below.
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5.3.1 Effect of Pressure on the Volume of the Gas (Boyle’s law)

The effects of pressure on the volume of gas for a given amount of gas at constant
temperture was studied by Robert Boyle in 1662 for different gases. He observed
that if the volume of gas is doubled the pressure is halved and vice versa. Boyle’s
law states that at constant temperature, the volume of a given amount of a gas is
inversely proportional to its pressure.

Mathematically Boyle’s law is expressed as shown below:

V o (at constant T and n)

1
p
or p, VvV, =p,V,

1

when the pressure of the gas, p is plotted against volume of the gas, V the
exponential curve is obtained (Fig. 5.6). However when the pressure, p of the gas
is plotted against é a straight line is obtained (Fig. 5.7). If the product of pressure
and volume (pV) is plotted against pressure (p) a straight line parellel to x-axis

(pressure is axis) is obtained (Fig. 5.8).

T, n = contant T = contant
) )
St _
v |
Fig. 5.6 : A graph of p versues V Fig. 5.7 : A graph of p versues (vj

T n = contant

pV

Pressure (p)
Fig. 5.8 : A graph of pV versues p
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Example 5.1 : The volume occupied by a given mass of a gas at 298 K is 24 mL.
at 1 atmospheric pressure. Calculate the volume of the gas if the pressure is
increased to 1.25 atmosphere keeping temperature constant.

Solution : Given that
V, =25mL p, =l atm
v, =7 p,=1.25 atm

According to Boyle’s Law, p V, =p, V,

substituting the values of p,, V| and p, in the above expression we get

_p vV, _ (latm)(25mL)

Vz
D, (1.25 atm)

=20 mL

The volume occupied by the gas is 20 mL at 298 K and 1.25 atm pressure.
Example 5.2 : The volume of a certain amount of a gas is decreased to one fifth
of its initial volume at a constant temperature. What is the final pressure?
Solution : Let

Initial volume =V, Initial pressure = p,

Final volume V, =V /5 Final pressure = p,

By Boyle’s law, we know that at constant temperature

PV, =p,V,
_ Vi XV
p2 - V2 - \[1 _5p1

) 1 . .
Thus when volume is decreased to gth of its initial volume, the pressure is

increased by 5 times of the initial voluem.

5.3.2 Effect of Temperature on the Volume of Gas (Charles’ Law)

The effects of temperature on the volume of the gas was studied by Jacques
Charles in 1787 and Gay Lussac in 1802 at constant pressure for different gases.
Their conclusion can be given as Charles’ law which states that at a constant
pressure, the volume of a given amount of gas is directly proportional to the
absolute temperature.

So, according to Charles” Law, the volume of a gas increases as its absolute
temperature is being raised, if its absolute temperature is lowered, its volume will
consequently decrease. Mathematically, Charles’ Law is expressed as shown below:

V «t (at constant p and n)
V =k.t (k is a constant)
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Therefore, V. /it =V /i,

Graphical representation of Charles’ Law is a straight line pointing away from
the origin of the graph as shown in Fig. 5.9.

Here graph of the volume of a gas (V) plotted against its temperature at constant
pressure and amount (in moles). Notice that the graph is a straight line with a

positive gradient (slope).
Notes

P, n = constant

-273°C Temperature T
Fig. 5.9 : A graph of V versues T

Mathematically volume of a gas at temperature 7 is given as

t 273 +¢
vt=v0+v—0><t:"o(1+_]=vo[ )

273 273 273
Thus at t =-273°C
, [273—273] o
Vi =00 273

This means that at —273°C, the volume of the gas is reduced to zero i.e., the gas
ceases to exist. Thus this temperature (—273°C) at which the gas hypothetically
ceases to exist is called Absolute zero. It is represented by zero K.

This is the theoretically lowest possible temperature. In actual practice, we cannot
reduce the temperature of the gas to zero kelvin.

Kelvin Scale of Temperatue

The scale of temperature which has —273°C as zero is called Kelvin Scale. Degree
celsius is converted to Kelvin by adding 273. Thus

t1°C +273 =T/K
where T =temperature in Kelvin
t =temperature in celcius

For example 15°C can be converted in K by adding 273 to 15.
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5.3.3 Effect of Temperature on Pressure (Gay-Lussac's Law)

This law states that.

Pressure of given amount of a gas at constant volume is directly proportional
to its absolute temperature.

po T
p =kT

Example 5.3 : A given amount of a gas is maintained at constant pressure and
occupies a volume of 2 litres at 1000°C. What would be volume if gas is cooled
to 0°C keeping pressure constant.

Solution : Given that,

Initial volume V =2L T, =1000 +273 = 1273 K
Final volume V,=? T, =0+273=273K

Now using Charle’sLaw  V /T =V /T orV, =(V /T)XT,
On substituting the values we get
V,=(V/T)XxT,=2L/1273 K) x 273 K=0.4291 L

5.3.4 Avogadros’ Law

The Italian physicist Amadeo Avogadro was the first to propose, in 1811, a
relationship between the volume of a gas and the number of molecules present in
it. This, relationship is known as Avogadros’ Law. It states that :

Equal volumes of all gases at the same temperature and pressure contain equal
number of molecules.

Mathematically, Avogadros’ law is expressed as :
V o N (at constant temperature and pressure)
Where V and N are volume and number of molecules respectively.

At a given temperature and pressure, the number of molecules present in the gas
is directly proportional to the number of moles.

therefore, N o<n

Where n is the number of moles

V oc N
1%
or ; = constant
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i W
Also — =

n U
He also found that the number of molecules present in 1 mole of any substance
(22.4 litre of any gas at 273 K temperature and 1 atmosphere pressure) is 6.022
x 10% molecules. This number is known as Avogadros’ number.

It is the number of molecules (6.022 x 10*) of any gas present in a volume of
22.4 L (at 273 K and 1 atm) and it is the same for the lightest gas (hydrogen) as
for a heavy gas such as carbon dioxide or bromine.

Example 5.4 : 0.965 mol of a gas occupies a volume of 5.0 L at 298 K temperature
and 1 atm pressure. What would be the volume of 1.80 mol of the gas at the same
temperature and pressure?

Solution : Vin, =V, n

_ Vijy  (5.0L) (1.8 mol)
T om (0965 mol)

2

V, = 933L

Example 5.5 : Compare the volumes of 16 g of oxygen and 14 g nitrogen at the
same temperature and pressure.

Solution :Number of moles of O,= 16 g/32 g mol™! = 0.5 mol
Number of moles of N, =14 g/28 g mol™' = 0.5 mol

Since the two gases are at the same temperature and pressure, and contain equal
number of mole, hence according to the Avogadro’s Law they should also occupy
the same volume.

. INTEXT QUESTION 5.1

1. The density of a gas is usually less than that of the liquid. Explain.

2. Calculate the pressure (atm) required to compress S00 mL of gas at 0.20 atm
into a volume of 10 mL.

3. Equal volumes of oxygen gas and an unknown gas weigh 2.00 and 1.75 g
respectively under the same experimental conditions. What is the molar mass
of the unknown gas?

4. What type of intermolecular interactions are present in (a) Ne gas (b) Carbon
monoxide.
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5.3 THE IDEAL GAS EQUATION

Boyle’s Law, Charles’ Law and Avogadro’s Law can be combined to give a single
equation which represents the relation between the pressure, volume and kelvin
temperature of a given amount of a gas under different conditions. Thus

Ve 1/p at constant temperature (Boyles’ Law)
VT at constant pressure (Charles’ Law)
Ven at constant temperature and pressure (Avogadros’ Law)

All the three expressions can be combined into a single expression
Ve nT/PorpVoenT
or pV=constantxn T

The constant in this equation is called ‘universal gas constant’ or ‘molar gas
constant’, represented by R. Thus we can write for 1 mole of a gas

pV =RT
Correspondingly, for n moles of a gas we have
pV =nRT

This is known as the ideal gas equation because it holds only when gases are
behaving as ‘ideal’ gases.

Since for a given mass of gas we can write
pV/T = a constant, we have
pVJIT, = p,VJT,

Where p,, V, and T refer to one set of conditions and p,, V, and T, refer to a
different set of conditions.

The numerical value of R can be found by substituting experimental quantities in
the equation. At STP, 7= 273.15 K, p =1 bar (10° Pa) and for 1 mol of gas (n =
1), V=22.711 L. Consequently,

R = pV/nT = (10° Pa) (22.711 x 102 m?) / (1 mol) (273.15K)
= 8.314 T K! mol!

At STP conditions used earlier (0°C and 1 atom pressure) the volume occupied
by 1 mol of gas is 22.414 L

The value of R depends on the units adopted for the quantities in the equation
pV =nRT. The various values are:
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R = 8.314 J K*' mol!

R = 0.082057 L atm K-'mol™" (for calculation purpose the value is
taken as 0.0821 L atm K~ mol™)

R = 8.314 x 107 erg K-' mol!
R = 1.987 cal K-'mol™!

Example 5.6 : At 273 K, 10 mol of a gas is confined in container of volume
224 L. Calculate the pressure of the gas. R =0.0821 L atm mol™" K-'.

Solution : The ideal gas equation pV = nRT will be used here
n=10mol, R =0.0821 atm L K-'mol™!

V=224L T=273K p="7

On substituting these values in the above equation we get

p =nRT/V = (10 mol x 0.0821 atm L mol™' K-! x 273K) / 224L = 0.99998 atm
=1 atm

5.4 DALTONS’ LAW OF PARTIAL PRESSURE

The behaviour observed when two or more non-reacting gases are placed in the
same container is given by Dalton’s Law of partial pressures. Dalton’s Law states
that.

The total pressure exerted by a mixture of non-reacting gases is equal to the sum
of the partial pressures of the various gases present in the mixture.

The partial pressure is defined as the pressure the gas would exert if it was alone
in the container. Suppose a sample of hydrogen is pumped into a one litre box
and its pressure is found to be 0.065 atm. Suppose, further a sample or argon is
pumped into a second one litre box and its pressure is found to be 0.027 atm. If
both samples are now transferred to a third one litre box, the pressure is observed
to be 0.092 atm. For the general case, Daltons’ Law can be written as

ptotal :pA + pB + pC+""

Where p,, py, P are the partial pressure of gases A, B, C, .... respectively.
This gas laws provide a simple way of calculating the partial pressure of each
component, given the composition of the mixture and the total pressure. First we
introduce the mole fractions X, and X,. These are defined as

U )
X, = . and X, = "y
Where n, and n are the number of moles of gas A and B respectively andn =n,

+ ng.
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Since py =n,RT/V, p,=n, RT/Vand p=nRT/V,
it follows that
p, =X,pandp,=X,p

This is an exceptionally useful (and simple) way of calculating at partial pressures
when the composition and total (measured) pressure of a mixture of gas is known.

Example 5.7 : Atmosphere is often considered mainly as a mixture of nitrogen
and oxygen: 76.8% by mass of nitrogen and 23.2% by mass of oxygen. Calculate
the partial pressure of each gas when the total pressure is 1 atm.

Solution : The number of moles of each component is
py, =76.8 g/28 gmol™' =2.74 mol

Po, =23.2g/32 gmol™" =0.725 mol

The mole fractions of the components are therefore

274 0.725

X == = ° X == =
N T 2744 0.725 07915 Xo, 2.74 +0.725 0.209

The partial pressures are therefore given by

Py, =0.791 x 1 atm =0.791 atm
Po, =0.209 x 1 atm = 0.209 atm

5.5 GRAHAM’S LAW OF DIFFUSION

If we open a bottle of perfume in one corner of a room or burn an incense stick
we can feel the smell of the perfume or the incense stick all over the room also.
The smell of perfume or incense stick spreads from one point of the room to the
other by mixing with air. This free intermingling of gases when placed in contact
with each other is known as diffusion.

Diffusion occurs in liquids as well as in gases. Effusion is the escape of a gas
through a small hole, as in case of a puncture in a tyre.

The experimental observation of the rate of effusion of gases through a small
hole in the side led Graham (1829) to formulate the following law:

At constant temperature and pressure, the rate of diffusion of a gas is inversely
proportional to the square root of its density. Graham’s law is applicable to both
diffusion and effusion.

If the time for a given volume of gas A to escape is ¢,, while the time for the same
volume of gas B to escape is ¢, it follows, that,
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t,/t, = (rate),/ (rate), = \Jp, /p, where p, and p, are the densities of gases A and

B respectively.

The ratio of the densities of the gases is the same as the ratio of the molecular
masses of the gases at the same temperature and pressure.

hence, t,/t, = (rate), / (rate), = p, / p, = w/M /My where M, and M, are the
molecular masses of gases A and B respectively. —

Notes
. INTEXT QUESTIONS 5.2

1. What is the difference between diffusion and effusion.

2. Explain why Daltons’ law is not applicable to a system of ammonia and
hydrogen chloride gas.

3. The rates of diffusion of CO2 and O3 were found to be 0.29 and 0.271. What
is the molecular mass of O3 if the molecular mass of CO2 is 44.

4. Calculate the pressure exerted by 5.0 mol of carbon dioxide in a 1 litre flask
at 47°C using ideal gas equation.

5.6 GAY LUSSAC’S LAW OF COMBINING VOLUMES

One of the laws of chemical bomination is Gay Lussac's law of combining
volumes.

This law states that in any chemical reaction involving gases the volumes of
gaseous reactants and products (if any) bear a simple ratio to one another, when
measured under similar conditions of pressure and temperature in the reaction

N,(g) + 3H,(g) — 2NHj(g)

1 vol 3 vol 2 vol

The ratio of volumes of nitrogen, hydrogen and ammonia is 1 : 3 : 2 when their
volumes are measured at the same temperature and pressure. Similarly, in the
reaction

2H,(g) + Oy(g) — 2H,0()

2 vol 1 vol
hydrogen and oxygen always react in the ratio 2 : 1 by volume.

This law is nothing but the law of definite proportions stated in terms of volume.
Gay Lussac's law when combined with gas laws led to the concept of molecules.

Gay Lussac’s Law and the concept of molecule

Prior to the Avogadro’s law, a similar hypothesis was put forward by Berzelius.
“Equal volumes of all gases, under similar conditions of temperature and
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pressure contain equal number of atoms.” This hypothesis, when combined with
the Gay-Lussac’s law led to conclusions which contradicted Dalton’s atomic
theory. For example consider the gas phase reaction between hydrogen and
chlorine to form hydrogen chloride

Hydrogen(g) + Chlorine(g) —— Hydrogen chloride(g)
1 vol 1 vol 2 vol (same T and P)

Gay Lussac’s law (experimental result)

Berzelius x number of x number of 2x number of
hypothesised  hydrogen atoms  chlorine atoms  compound atoms
of hydrogen chloride

Divided by x 1 atom of 1 atom of 2 compound atoms
hydrogen chlorine of hydrogen chloride

Divided by 2 Eatom of Eatom of 1 compound atom
hydrogen chlorine of hydrogen chloride

('‘Compound atom' was the term used by Dalton for the smallest particle of
compounds before of molecule was developed)

Thus, one compound atom of hydrogen chloride contains one-half atom of each
of hydrogen and chlorine. This contradicts the Dalton’s atomic theory according

to which atoms are indivisible. Therefore fractional atoms (E atom each of H

and CI) cannot be present in hydrogen chloride. Due to this contradiction
Avogadro modified the Berzelius hypothesis by replacing the term ‘atom’ by
‘molecule’. According to Avogadro’s law, equal volumes of all gases, under
similar conditions of temperature and pressure contain equal number of
molecules”. This law when applied to the same reaction as earlier, modifies the
conclusion.

Hydrogen (g) + Chlorine (g) —— Hydrogen chloride (g)

1 vol 1 vol 2 vol

Gay Lussac’s Law

Avogadros law ‘x’ molecules ‘x” molecules “2x’ molecules of
of hydrogen of chlorine hydrogen chloride
Divide by 2x ) molecule 3 molecule 1 molecule of
of hydrogen of chlorine hydrogen chloride

Thus, now, one molecule of hydrogen chloride, is made from one-half molecule
each of hydrogen and chlorine. ‘Molecule’ was accepted as the smallest stable
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particle of matter (element or compound) which has the same properties as the
bulk of the matter. Further, it was suggested that each molecule of an element
may contain more than one atom of the element. Later studies showed that both,
hydrogen and chlorine molecules are diatomic and contain two atoms each. Their
chemical formulae are H, and Cl, respectively; one-half molecule, now, would
mean one atom of H or Cl. Thus one molecule (rather than compound atom)
of hydrogen chloride would be formed by one atom each of hydrogen and
chlorine and its formula becomes HCI. Now we may write the reaction as

H,(2) + Cly(2) — 2HCl(g)
1 vol 1 vol 2 vol
‘x” molecules ‘x” molecules ‘2x’ molecules

1 1
5 molecule 5 molecule 1 molecule
1 atom 1 atom 1 molecule

Thus Gay-Lussac’s law and Avogadro’s Law led to the concept of ‘molecule’.

5.7 KINETIC MOLECULAR THEOY OF GASES

(ACCOUNTING FOR THE GAS LAWS)

To explain the behaviour of the gases theoretically, Clausius, Maxwell and
Boltzmann made the following assumptions:

(1) Gases consist of large number of tiny particles called molecules.

(2) The gas molecules are so small and so far apart that the total volume of the
molecules is a negligible fraction of the total volume occupied by the gas.

(3) The molecules are in a state of constant, rapid and random motion colliding
with one another and with the walls of the container.

(4) There are no attractive or repulsive forces between the molecules of the gas.

(5) The collisions of the molecules among themselves and with the walls of the
containing vessel are perfectly elastic, so that there is no loss of energy
during collisions.

(6) The pressure exerted by a gas is due to the bombardment of the molecules
on the walls of the containing vessel.

(7) The kinetic energy of a gas is a directly proportional to the absolute
temperature of the gas.

On the basis of this model, it is possible to derive the following expression for a
gas:

1 _
pV = 3m NC?

Where p is pressure, V denotes volume, m is the mass of a gas molecule, Nis the total

number of molecules, and C is the root mean square velocity of the gas molecules.
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5.7.1 Root Mean Square Velocity

Root mean square velocity is the square root of the average of the squares of all
the molecular velocities. Mathematically,

RMS Velocity = \/(Cf +C) +..4+Cy, )/N
where C , C,.... C the molecular velocities.

Notes .
5.7.2 Average Velocities

This is defined as

w iy F oty

av N
and is given by the expression

u

8 RT

u
av TtM

5.8 DISTRIBUTION OF MOLECULAR SPEEDS

According to Maxwell in a gas all the molecules are in a state of constant rapid
random motion and they collide with one another and with the walls of the vessel.
During collision the resdistribution of the energy takes place. As a result their
speed and the kinetic energy changes. Therefore at any instant different molecules
have different speed and hence different kinetic energy. At the given temperature
even though the speed of the individual molecule constinuously changes, the
fraction of the molecules having the same speed remains constant and this is
known as Maxwell-Bolttzmann Distribution Law.

dN
At the given temperature this fraction is denoted by N where dN is number of

molecules having the same velocity and N is the total number of the molecules
present in the gas. At the given temperature this fraction of the molecule is plotted
against the molecular speed as shown as figure 5.10.

™~

T = Constant

>

Fraction of molecules
dN
N

C C,y C

mp “Yav “rms

Fig. 5.10: Maxwells distribution of speeds of molecules at a constant temperature
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In the above Fig. 5.10, the maximum in the distribution curve corresponds to
the speed possessed by the highest fraction of molecules. This is known as the
most probable speed c,,,. Also shown in the figure are the average speed,
¢,, and the root mean square (rms) speed c,,,, These types of speeds are
related to the temperatures, T and the molar mass, M of the gas by the following
relations

_|2RT
Cmp e
8RT
Cav = TEM
3RT
c = 211
rms M
The relative values of these speeds are
Cmp © Cay © Crms
1:1.13:1.22
Or 0.82:092:1

From any of the above relations it can be seen that these speeds are related to
the temperature and molar mass of the gas.

Dependence of molecular speeds on temperature

The temperature dependence of molecular speeds is shown in Fig. 5.11. On
increasing the temperature the fraction of molecules with higher speeds increases
and with somes speeds decreases. The maxima shifts to higher velocity side but
its height decreases.

|

Fig. 5.11: Effect of temperature on distribution of velocities.

Velocity —
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Dependence of molecular speeds on molar mass of the gas

At a constant temperature any of the three types of speeds is inversely
proportional to the square root of the molar mass of the gas, that is,

1
Cmp o< M
Hence, at the same temperature, the most probable speed of a lighter gas would
be more than that of a heavier gas. Figure 5.12 a shows the distribution curves

of H, and N, gases.

T = Constant

—>

r N\ N2

Fraction of molecules
dN
N

Molecular speed C ——

Fig. 5.12 A: Effect of molar mass of the gas on distribution of speeds.

5.9 DEVIATION FROM IDEAL GAS BAHAVIOUR

The gas laws mentioned above are strictly valid for an ideal gas under all conditions
of temperature and pressure. Real gases show deviations from these laws at low
temperature and high pressure. These deviations can be shown clearly by plotting
v .

’/5;7 as a function of pressure at constant temperature,

P 14 Vobserved T

= =7 (compressibility factor)

nRT Videal P Y

Such a plot is shown in Fig. 5.13 for an ideal gas and a few real gases. you may

Vv
note that for in ideal gas pV = nRT hence rf;fT =z = 1. Thus a straight line
obtained for ideal gas in this plot, but for real gases diferent curves are obtained.

Gases deviate from ideal behaviour due to the following faulty assumptions of
kinetic theory :

1. Volume of the molecules of a gas is negligibly small in comparison to the
space occupied by the gas.

2. There is no force of attraction between the molecules of a gas.
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Contrary to assumption(1), the volume occupied by the molecules of a gas becomes
significant at high pressures. If nb is the volume occupied by the molecules, the actual
volume of the gas is (V — nb). Assumption (2) too doesn’t hold good as at high
pressures molecular interactions start operating. Molecules are dragged back by other

molecules which affects the pressure exerted by them on the walls of the container.
p p an2
= + —
ideal real V2
Cll’lz
(P, 1s observed pressure and V7 1s correction term)

In view of the corrections for pressure and volume, ideal gas equation can be
rewritten as

an®
p +7 (V—nb) =nRT

This is known as van der Waals' equation

dxoge‘“

Wy

Ammonia,

Volume

Idealgas

Pressure

I I I I I
200 400 600 800 1000

Fig. 5.13 : The plot volume versus P for real gases

5.10 LIQUEFACTION OF GAS

Any gas can be liquified at atmospheric pressure if it is cooled sufficiently. Many
gases (but not all) can be liquified at ordinary temperature by compressing them.

The conditions of temperature and pressure under which gases liquify were first
investigated by Andrews in 1869.

Andrews subjected CO, to various pressures at different temperatures and plotted
the effect of pressure on volume (Fig. 5.14). The curve obtained at a given
temperature is called an isotherm. As can be seen in the figure, at 321 K the
volume of the gas decreased with the increased pressure approximately in
accordance with the Boyle’s Law. At 294 K, however, the volume first decreases
in accordance with Boyle’s Law until the pressure was increased to about 60
atm. At this pressure there was a sudden break in the curve and liquid carbon
dioxide appeared. The pressure remained constant until all the gas had been
converted into liquid. Subsequent increase of pressure caused practically no change
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in volume. In accordance with the general rule that extremely high pressures are
required to compress liquids appreciably.

Liquefaction of Gases

Notes

Pressure ———

/ .. \

¢ Liquid and GaS\\

4 \

/ Gas
\

/ ) 286 K
Volume ———

Figure 5.14: Isotherms of carbon dioxide

Similar changes took place when the isotherms were constructed for temperatures
below 294 K, except that the pressure required to liquify the gas became smaller
as the temperature decreased. Andrews found that liquifaction could be brought
about at all temperatures below 304.1 K. But above this temperature no liquifaction
occured no matter how much pressure was increased. This temperature was
therefore called the critical temperature for CO,. The pressure required to liquify
the gas at the critical temperature was called critical pressure, and the volume
of 1 mole of the substance at the critical temperature and pressure, the critical
volume.

The temperature above which a gas cannot be liquified, however large the
pressure may be is known as critical temperature.

Table 5.2 list values of the critical temperature and pressure critical volume for
some common substances.

Table 5.2 : Critical temperatures and critical pressures

Substance Critical Critical
Temperature (K) Pressure (atm)
Water, H,0O 647 217.7
Sulphur dioxide, SO, 430 7.7
Ammonia, NH, 406 112.5
Hydrogen Chloride, HC1 324 81.6
Carbon dioxide, CO, 304 73.0
Oxygen, O, 154 49.7
Nitrogen, N, 126 33.5
Hydrogen, H, 33 12.8

156 CHEMISTRY




MODULE -
States of Matter
. INTEXT QUESTIONS 5.3

1. What are the conditions under which real gases behave as ideal gas.
2. Which term in van der waals equation accounts for the molecular volume.

3. Calculate the root mean square velocity of ozone kept in a closed vessel at =
20°C and 1 atm pressure. Notes

4. What is compressibility factor.

S5.11 NATURE OF LIQUIDS

Look at Figure 5.1 in which the molecular arrangement has been shown in the
three states of matter. What do you notice?

In figure 5.1a, you would find that the molecules
are far apart. A gaseous state can be represented
by this arrangement. In liquid state (figure 5.1b),
molecules are closer as compared to gaseous
state. You would notice that they have very
little spaces between them. However, there is

no order in arrangement of molecules. Further

we say that, these molecules can move about,
but with lesser speeds than those in gases. They
can still collide with one another as in the gaseous
state. You would recall that the molecules in
gases have very little attraction between them.
But in liquid state the attraction between the
molecules is comparatively much stronger as
compared to thatin the gaseous state. The
attractions are strong enough to keep the
molecules in aggregation. Contrary to this, in
solids (Fig. 5.1a) you notice that the molecules
are arranged at the closest possible distance.

Solid state is a well ordered state and has very

strong intermolecular forces. You would learn Cf

more about solids in lesson 8. Fig, 5.15 :\ Ammg ement of
molecuels in (a) solids;

We would say, in a gas there is complete chaos (b) liquids and (c) gases

due to very weak intermolecular forces, whereas

in solids there is a complete order due to strong forces. Liquids fall between
gases and solids. Liquid molecules have some freedom of gases state and some
order of solid state. Intermolecular forces in liquids are strong enough to keep
the molecules close to one another but not strong enough to keep them in perfect
order.
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5.12 PROPERTIES OF LIQUIDS

In this section you would learn how the properties of liquids can be explained in
terms of molecular arrangement and intermolecular forces. Let us consider a few
properties of liquids as examples.

5.12.1 Volume and Shape

You would recall that the liquids (for example water) take the shape of the
container in which they are kept. However, they have a definite volume. How can
you explain the properties of definite volume and variable shape? In liquids, the
attractive forces are strong enough to keep the molecules moving within a definite
boundary. Thus, they maintain a definite volume. These intermolecular forces are
not strong enough to keep them in definite positions. The molecules can, therefore,
move around and take the shape of the container in which they are kept.

5.12.2 Compressibility

Compressibility of a substance is its ability to be squeezed when a force is applied on
it. Let us study the compressibility of liquids with the help of the following activity.

i \ ACTIVITY 5.1

Aim: To study the compressibility of water.

What is required?

A 5 mL syringe and water.

What to do?
(i) Take the syringe and fill it with water by pulling out the plunger.

(i1) Note the volume of water.

(iii) Press the plunger while blocking the nozzle of the syringe with a finger.

What to observe?

Observe the volume of water in the syringe while pressing the plunger. Does the volume
of water change by pressing the plunger? You would observe that it does not change.

The above activity clearly shows that liquids are largely incompressible. It is
because there is very little empty space between the molecules. In contrast, the
gases are highly compressible because of large empty spaces between their
molecules.
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The large difference in the free space in gaseous and liquid states becomes
evident from the fact that the volume occupied by a given amount of a
substance in liquid state is /00-1000 times less than that in the gaseous state.

5.12.3 Diffusion

Diffusion is the process of spreading of a substance from a region of higher
concentration to a region of lower concentration. Let us study the phenomenon
of diffusion in liquids with the help of the following activity.

é \ ACTIVITY 5.2

Aim : To study the phenomenon of diffusion through water.

What is required?

A glass, water, blue ink and a dropper.
What to do?

(i) Take some water in the glass.

(i)) Add a few drops of blue ink into water with the help of a dropper.

What to observe?

Observe the water and ink in the beaker.

Initially the ink does not mix with water. After some time it starts spreading
slowly. After a few hours the whole of water in the glass becomes coloured due
to diffusion of ink through water.

The above activity demonstrates that diffusion occurs in liquids. Why does it
happen? Because the molecules of both the liquids are moving and help in the
diffusion process.

5.12.4 Evaporation

You know that water left in an open pan evaporates slowly until the pan becomes
dry. Evaporation is the process by which a liquid changes into vapour. It occurs
at all temperatures from freezing point to boiling point of the liquid.

In a liquid, at any temperature, a small fraction of the molecules is moving with
relatively high velocity. Such molecules have high kinetic energy. These can
overcome the intermolecular attractive forces and escape through the surface of
the liquid.

Rate of evaporation of a liquid depends on a number of factors. For example,
more is the surface area, faster will be the evaporation. For faster drying, we
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increase the surface area by spreading the wet clothes. If we supply heat to the
liquid, evaporation is faster. The wet clothes dry faster in the sun. The increase in
temperature increases the kinetic energy of the molecules of the liquid and the
liquid evaporates at a faster rate. We feel cool after the bath. Why do we feel so? It
is because during evaporation water takes the heat from our body and we feel cold.

Now let us compare the rate of evaporation of two liquids, for example, water and
alcohol. Which of these two liquids evaporates faster? You must have experienced
that alcohol evaporates faster. Why does this happen? The number of molecules
escaping from a liquid depends upon the attractive forces. When these forces are
stronger, fewer molecule escape. In alcohol, these attractive forces are weaker than
those in the water. Hence, alcohol evaporates faster than water.

5.13 VAPOUR PRESSURE AND BOILING POINT

In the previous section you have learnt that liquids evaporate when kept in an
open vessel. Different liquids evaporate to different extent under similar conditions.
The extent of evaporation of a liquid is measured with the help of vapour
pressure of a liquid. In this section, you will study about it and also about the
boiling point of a liquid.

5.13.1 Vapour Pressure of a Liquid

You know that a liquid placed in an open vessel evaporates completely. If,
however, the liquid is allowed to evaporate in a closed vessel, say in stoppered
bottle or a bell jar, evaporation occurs, but after sometime the level of the liquid
does not change any further and becomes constant. Let us understand how does
it happen. In the closed vessel, the molecules evaporating from the liquid surface
are confined to a limited space. These molecules may collide among themselves
or with the molecules of air and some of them may start moving towards the
surface of the liquid and enter into it. This is known as condensation. In the

o] (o] L]

Initially molecules After some time At equilibrium the rates of
evaporate condensation begins eavporation and condensation
become equal

Fig. 5.16 : Establishing (vapour liquid) equilibrium under a evacuated jar
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beginning, rate of evaporation is greater than the rate of condensation. But as
more and more molecules accumulate in the space above the liquid, rate of
condensation gradually increases. After some time, rate of evaporation becomes
equal to the rate of condensation and an equilibrium state is reached
(Fig. 5.16). The number of molecules in the vapour above the liquid becomes
constant. These molecules exert certain pressure over the surface of the liquid.
This pressure is known as equilibrium vapour pressure, saturated vapour
pressure or simply as vapour pressure. The vapour pressure of a liquid has a
characteristic value at a given temperature. For example, vapour pressure of
water is 17.5 Torr and that of benzene is 75.00 Torr at 20° C. The vapour
pressure of a liquid increases with increase in temperature. It is so because at a
higher temperature more molecules have sufficiently high energy to overcome
the forces of attraction and escape to form vapour. A plot of vapour pressure as
a function of temperature is called vapour pressure curve. Figure 5.17 depicts
the vapour pressure curves of some liquids.

Diethyl
ether

-
~
[*))
(e

Vapour Pressure/torr

Temperature / °C —

Fig. 5.17 : Vapour pressure curves of some liquids.

What would happen if we remove some of the vapour from the closed vessel.
Would the vapour pressure of the liquid increase, decrease or remain constant?
Vapour pressure of the liquid would remain constant at that temperature. In the
beginning, the vapour pressure would decrease after the removal of the vapour,
but soon more liquid would evaporate to maintain the equilibrium and the
original vapour pressure would be restored. So the vapour pressure of a liquid
has a definite value at a particular temperature.

5.13.2 Boiling

You must have seen the formation of bubbles at the base of a vessel, in which a
liquid is heated. The rate of formation of bubbles increases with increse in heat
supplied. What are the bubbles made up of? The first bubbles that you see are of
the air, which is driven out of the liquid by increase in temperature. After some

CHEMISTRY

MODULE - 3

States of Matter

Notes

161



MODULE - 3

States of Matter

162

Notes

The Gaseous and Liquid State

time, bubbles of the liquid are formed throughout vapour. These bubbles rise to
the surface and break. When this happens, we say that the liquid is boiling. The
bubbles in the liquid the liquid rise and break form only if its vapour pressure is
equal to the atmospheric pressure.

The temperature at which boiling occurs is called the boiling point of the liquid.
At this temperature the vapour pressure of the liquid is equal to the atmospheric
pressure. The boiling point, therefore, depends upon the atmospheric pressure.
For example, water boils at 100°C at 760 Torr and at 97.7°C at 700 Torr.

The normal boiling point of a liquid is defined as the temperature at which
the vapour pressure of a liquid is equal to one atmosphere or 760 Torr.

The boiling point of a liquid depends upon its nature. A more volatile liquid
would boil at a lower temperature than a less volatile liquid. You can again refer
to figure 5.3 and note that diethyl ether boils at a much lower temperature than
water, because it is highly volatile liquid. The boiling point of ethanol lies in
between those of diethyl ether and water. Vapour pressures or boiling points of
liquids give us an idea of the strength of attractive forces between molecules in
liquids. Liquids having lower boiling points have weaker attractive forces in
comparison to those having higher boiling points.

You can make a liquid boil at temperature other than its normal boiling point.
How? Simply alter the pressure above the liquid. If you increase this pressure,
you can increase the boiling point and if you can decrease this pressure you
decrease the boiling point. On the mountains, the atmospheric pressure decreases
and therefore boiling point of water also decreases. People living on hills face
problem in cooking their meals. They, therefore, use pressure cooker. How food
is cooked faster in it? The lid of pressure cooker does not allow water vapours to
escape. On heating the water vapours accumulate and the inside pressure
increases. This makes the water boil at a higher temperature and the food is
cooked faster.

5.13.3 Evaporation and Boiling

Evaporation and boiling, both involve conversion of a liquid into vapour and
appear to be similar. However, they differ from each other in some aspects.
Evaporation occurs at all temperatures from freezing point of a liquid to its
boiling point, while boiling occurs at a definite temperature only i.e, at its boiling
point. Evaporation occurs slowly while boiling is a fast process. Evaporation of a
liquid occurs at its surface alone while boiling occurs throughout the liquid.
These differences between evaporation and boiling have been summarized in
Table 5.3.
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Table 5.3 : Differences between evaporation and boiling

the liquid.

S.No. Evaporation Boiling

1. It takes place at all temperatures. It takes place at a definite temperature.
2. It is a slow process. It is a fast process

3. It occurs only at the surface of It occurs throughout the liquid.

. INTEXT QUESTIONS 5.1

1. Match the following.

(1)

(ii)

(iif)

Column I

Liquids have a definite
volume.

Liquids acquire the shape of

their container.

Liquids are largely
incompressible.

Column I1

(A) The molecules in a liquid can
move about.

(B) The molecules in liquids are
close and have very little free
space.

(C) The inter molecular forces
liquids strong enough to keep
the molecules moving with in
a definite space.

2. When a liquid is heated till it starts boiling.

(1)

(ii)

3. Liquids A, B and C boil at 65°C, 120°C and 90°C respectively. Arrange them

What are the small bubbles that appears initially at the bottom and
sides of the vessel made up of?

What are the large bubbles that form in the boiling liquid made up

of?

in the decreasing order of the strength of intermolecular forces.

5.14 SURFACE TENSION

Liquids show the effects of inter molecular forces most dramatically in another
property, namely, surface tension. Any molecule in the interior of liquid is
equally attracted by neighbour molecules from all sides and it does not experience
any ‘net’ force. On the other hand, any molecule at the surface of a liquid is
attracted by other molecules at the surface of the liquid or below it. Due to the
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imbalance of forces, any molecule at the surface experiences a net inward pull
(Figure 5.18). As a result, the surface is under tension as if the liquid were
covered with a tight skin (or stretched membrane). The phenomenon is called
surface tension. Quantitatively, the surface tension is defined as the force
acting on an imaginary line of unit length drawn on the surface of the liquid and
acting perpendicular to it towards the liquid side as shown in Figure 5.5. It is
represented by the Greek letter gamma, y. Its SI unit is newton per metre (N m-
) and CGS unit is dyne per centimetre (dyne cm™). The two units are related as
: 1 Nm'=10°dyne cm™

~

Fig. 5.18 : Forces acting on molecules, at the surface and in bulk of liquids

Surface molecules of a liquid experience a constant inward force. Therefore they
have a higher energy than the molecules in the bulk of the liquid. Due to this
reason liquids tend to have minimum number of molecules at their surface. This is
achieved by minimising the surface area. In order to increase the surface area
more molecules must come to the surface. This can happen only if some energy is
supplied or work is done. The energy supplied (or work done) for increasing the
surface area of a liquid by a unit amount is known as its surface energy. Its
units are joule per square metre J m= or N m™ (since 1J = IN m). Thus
dimensionally, the surface tension and surface energy are similar quantities and
they have the same numerical value.

~

Fig. 5.19 : Surface tension force acting on the surface of a liquid.
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Effect of Temperature

On raising the temperature surface tension of a liquid decreases. It completely
vanishes at the critical temperature. This happens due to the following two
factors:

(i) On heating, the liquids expand. This increases the intermolecular distances.

(1) On heating, the average kinetic energy of molecules and hence their chaotic
motion increases.

Due to both of these factors, the intermolcular forces become weak and the
surface tension decreases.

Effect of Adding Surface Active Solutes

The solutes which get more concentrated on the surface of the liquid than in the
bulk are called surface active solutes or surfactants. Alcohols are examples of
such substances. Their addition to a liquid lowers its surface tension. The
cleaning action of soaps and detergents is based on this fact.

Some Effects of Surface Tension

Surface tension results in many interesting and important properties of liquids.
Let us now study some of them.

(i) Spherical Shape of liquid drops non-wetting

L wetting
You have already learnt that liquids tend to liquid

have a minimum surface area. For a given
volume, the geometrical shape having

o . Fig. 5.20 : Wetting and non-wetting
minimum surface area is a sphere. Hence, liquids on the surface of a solid.
liquids have a natural tendency to form

spherical drops, when no external force acts on them. Rain drops are distorted

spheres and the distortion is due to the friction of air.

(ii) Wetting and Non-wetting properties

When a drop of liquid is placed on a solid surface, the force of gravity should
cause it to spread out and form a thin layer (Fig. 5.20). Such a liquid is called a
wetting liquid. This happens in case of most of the liquids. For example, drops
of water or alcohol spread out on the surface of glass. Some liquids behave
differently. When a drop of mercury is placed on the surface of glass, it does not
spread out (Fig. 5.20). Such liquids are called non-wetting liquids.
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Wetting or non-wetting nature of a liquid depends upon two types of forces. The

intermolecular attractive forces between molecules of a liquid are called cohesive

force while those between the molecules of the liquid and the solid (whose

surface is in contact with the liquid) are called adhesive forces. If adhesive

forces are stronger than cohesive forces, the liquid would be wetting in nature

and when cohesive forces are stronger than adhesive forces it would be non-
Notes wetting in nature on the surface of a particular solid.

(iii) Capillary Action

Let us carry out the following activity.

g \ ACTIVITY 5.3

Aim : To study the capillary action.

What is required?

Glass capillary tubes, water, mercury and two petri dishes.
What to do?

(i) Take some water in a petri dish

(i)) Dip one end of a 3-4 cm long capillary in it.

(ii1)) Take some mercury in another petri dish.

(iv) Dip one end of another 3-4 cm long capillary in it.

What to observe?

Observe the levels of water and mercury in the capillaries. Is it below or above
the levels of the liquids in petri dishes?

(a) (b)
Fig. 5.21 : Capillary Action

You would observe that when one end of a capillary tube is dipped in water, it
rises in the capillary as shown in Fig. 5.21(a). On the other hand when one end of
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a capillary tube is dipped in mercury, its level falls in the capillary as in Fig.
5.21(b).

The phenomenon of rise or fall of a liquid in a capillary is known as capillary
action. The rise of water in the glass capillary is due to its wetting nature as the
adhesive forces are stronger than cohesive forces. Water tends to increase the
area of contact with glass wall of the capillary by rising in it. Mercury being non-
wetting with respect of glass (its cohesive forces are stronger than adhesive
forces) tends to minimise the area of contact by depressing inside the capillary

(iv) Curved meniscus

When a wetting liquid such as water is taken in a glass tube, the liquid tends to
rise slightly along the walls of the tube for increasing its area of contact with
glass. The surface of the liquid (meniscus) becomes curved. It is concave in shape
[Fig. 5.22(a)]. When a non-wetting liquid like mercury is taken a glass tube, it
tends to decrease its area of contact and depresses along the walls of the glass
tube. The meniscus is convex in shape in this case [Fig. 5.22(b)].

—

(a) Congave (b) Convex
meniscus meniscus

Fig. 5.22 : Curved meniscus of liquids

5.15 VISCOSITY

Every liquid has the ability to flow. It is due to the fact that molecules in a liquid
move freely, although within a limited space. Water flows down a hill under
gravitational force or through pipes when forced by a pump. Some external
force is always required for a liquid to flow. Some liquids like glycerol or honey
flow slowly while others like water and alcohol flow rapidly. This difference is
due to the internal resistance to flow which is called viscosity. The liquids with
higher viscosity flow slowly and are more viscous in nature like glycerol or
honey. Water and alcohol have lower viscosity and are less viscous in nature.
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They flow more rapidly.

‘ v V Vv V

Surface of a solid

Fig. 5.23 : Flow of different layers of a liquid

The viscosity is related to the intermolecular forces. Stronger the intermolecular
forces more viscous are the liquids. Let us understand this with the help of Figure
5.9. When a liquid flows steadily, it flows in different layers with one layer sliding
over the other. Such a flow is known as laminar flow. Consider a liquid flowing
steadily on a plane surface. The layer closest to it is almost stationary due to
adhesive forces. As the distance of the layer from the surface increases, is
velocity increases. Thus different layers move with different velocities. Due to
intermolecular forces (cohesive forces) each layer experiences a force of friction
from its adjacent layers. This force of friction, f between two layers depends
upon:

(i) area of contact between them A.
(i1) distance between the layers, dx.
(u11) difference in velocity between the layers, du.

These quantities are related as

du
f=17AE

d
Here n (Greek letter ‘eeta’) is called the coefficient of viscosity and d—z is the

velocity gradient between the layers.

IfA=1cm? du=1cms'anddx =1 cm, then

f=n
Thus, coefficient of viscosity is the force of friction between two parallel layer of
the liquid which have lcm? area of contact, are separated by 1cm and have a
velocity difference of 1cm s~'. It may be noted that fis also equal to the external
force which is required to overcome the force of friction and maintain the steady

flow between two parallel layers having A area of contact, and which are dx
distance apart and moving with a velocity difference of du.
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CGS unit of viscosity is dyne cms. This unit is also known as poise (P). The SI
unit of viscosity is N m~s or Pa s. The two units are related as :

1Pas=10P

The unit poise is found to be too large and its submultiples centipoise (1 cP= 10"
2 P) and milli poise (1 mP = 10~ P) are used for liquids and micropoise (UP = 10~

°P) is used for gases. Notes

Effect of Temperature

Viscosity of a liquid decreases on raising the temperature. It is due to decrease in
intermolecular forces on heating as discussed in previous section (Section 5.4).

. INTEXT QUESTIONS 5.5

1. Fill in the blanks.

(i) A molecule at the surface of a liquid has ............... energy than the
one within the liquid.

(i1)) Surface tension of liquid .................... on cooling.
(ili) Meniscus of a non-wetting liquid is ............... in shape while that of
a wetting liquid 1S ....cccceevveennnns in shape.

(iv) When one end of a glass capillary tube was dipped in a liquid, the
level of liquid inside the capillary was observed to fall. The adhesive
forces in this liquid are ................. than the cohesive forces between
the liquid and glass.

(v) Liquid X is more viscous than liquid Y. The intermolecular forces in
Y are ..oooceeeennenn. than in X.

2. What are the SI units of
(1) Surface tension.
(i1) Coefficient of viscosity

3. Why do liquids have a tendency to acquire minimum surface area?

@ WHAT YOU HAVE LEARNT

e Matter exists in three states, namely, solid, liquid and gas.

e The three states of matter differ in the relative closeness of the molecules
constituting them.
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Intermolecular interactions present depend upon the nature of the substance.
Various types of interactions are London or dispersion forces, dipole-dipole
dipode induced dipole forces and hydrogen bonding.

There exists a definite relationship between the pressure, volume, temperature
and number of moles of a gas and they are given by Boyle’s law, Charle’s law
and Avogadro’s law.

The gases obeying gas laws are known as ideal gases.

Dalton’s law give the relationship between partial pressures exerted by the
non-reacting gases to the total pressure.

Gay Lussac's law of combining volume and Avogadre's law led to the concept
of molecule.

Most of the gases deviate from the ideal behaviour. The deviations of gases
from ideal behaviour is due to the wrong assumptions of kinetic molecular
theory.

Real gases can be liquified under appropriate conditions.

In liquids the intermolecular force are quite strong as compared to gases but
weak enough to allow the molecules to move within a limited space and the
intermolecular distance is short.

Liquids have definite volume but no definite shape, are almost incompressible
and can diffuse.

Liquids evaporate and exert a definite vapour pressure at specified temperature.

Boiling point is the temperature at which the vapour pressure of the liquid
becomes equal to the external pressure.

Surface tension is the force acting on an imaginary line of unit length drawn
on the surface of the liquid and acting perpendicular to it towards the liquid
side.

Due to surface tension, liquids tend to have minimum surface area and show
the phenomena of capillary rise or fall and curved meniscus.

Viscosity is the internal force of friction to the flow of liquid.

@
TERMINAL EXERCISE

1.

Draw the graphs of the following :
a) p vs V at constant 7 and n

b) 1/V vs p at constant T and n

c¢) T vs V at constant p
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10.
11.

12.
13.
14.
15.
16.
17.
18.
19.

20.
21.
22.

23.

24.
25.
26.

. . States of Matter
What is the volume occupied by one mole of a gas at STP (0°C, 1 bar pressure)?

The volume of a sample of a gas is 500 mL at a pressure of 1.5 atm. If the
temperature is kept constant, what will be the volume of that gas at
(1) 1 atm. (i1) 5.0 atm.

List the wrong assumptions of kinetic theory of gases which led to van der

Waal's equation. —
Notes

What is the standard temperature and pressure?

What is the lowest possible temperature?

CO, can not be liquefied at 35°C, however large the pressure may be, Why?

A sample of nitrogen gas weighing 9.3 g at a pressure 0.99 atm occupies a
volume of 12.4 litres when its temperature is S5K. What will be its volume
when the temperature is 220 K? Assume pressure is kept constant.

Calculate the volume of one mole of oxygen at 27°C and 2 atm pressure,
given that the volume of oxygen at STP is 22.4 litres.

What is the Maxwell-Boltzmann Law?
Explain the following properties of liquids on the basis of their structure:
(i) Volume (ii) Shape (iii) Compressibility  (iv) Ability to flow
Why diffusion can occur in liquids. Explain.
Define (i) vapour pressure and (ii) boiling point.
Differentiate between evaporation and boiling.
Explain the effect of temperature on vapour pressure of a liquid.
Define surface tension and give its CGS and SI units.
What is surface energy?
Why is energy required to increase the surface area of a liquid?

What is the effect of addition of a surface active substance on the surface
tension of a liquid.

Why are liquid drops spherical in shape?
What are wetting and non-wetting liquids?

The cohesive forces acting in liquids A and B are C, and C, respectively and
C, > C, Which of them would have higher surface tension.

Liquid A rises in glass capillary tube. If one drop of it is put on a plane glass
surface, would it spread out or not. Explain.

A liquid forms a convex meniscus in glass tube. Comment on its nature.
Define viscosity.

What is coefficient of viscosity?
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27. Give CGS and SI units of coefficient of viscosity.

28. What is the effect of temperature on (i) vapour pressure (ii) surface tension
and (iii) viscosity of a liquid?

ﬁ" ANSWERS TO INTEXT QUESTIONS

1. Due to more intermolecular distances in gaseous molecule compared to liquid.

2. Boyle Law equation is
vV, =p,V,
(.20 atm) (500 mL) =p, (10 mL)
(0.20 atm) (500 ml)
Py = 10 ml
p, =10 atm.

3. By Avogadro’s Law
moles of O, = moles of unknown gas

200¢g 1.75¢g
32gmole” ~ Molecular weight of unknown gas
1.75%32
Molar mass of unknown gas = 200 28 g mol™

Molar mass of unknown gas is 28.
4. (a)Dispersion or London Forces (b) dipole-dipole interactions and dispersion
forces.

5.2
1. Movement of gas molecules through another gas is called diffusion.

When gas escapes from a container through a very small opening it is called
effusion.

2. Ammonia and hydrogen chloride gases are reacting gases and Dalton’s Law
is applicable to mixture of non-reacting gases.

r03 ( COZ\]/Z
3. — = |5,
Tco, M03 J
172
0271 [ 44)
0.290 LMOJ
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Squaring both sides
(0.271)? 44
(0.290)* =~ M,
44x%0.29%0.29
M T0271x0071 =504

3 = 0.271x0.27

Molecular mass of O, = 50.4
4. By ideal gas equation
pV =nRT
p*x 1.0 =(5.0mol) (0.0821 L atm K-' mol™") 320 K

b = (5.0 mol) (0.0821 L atm K™ mol™") 320K

1.0L
p =131.3 atm.
53
1. Low pressure and high temperature.
2. b
3RT
3. s = A
3(8.314Jk ' mol™) (293 K)
- (0.048 kg mol ™)
(8.314 Kg m?*s™ K™ mol™) (293 K)
- 0.048 Kg mol ™!
= 390.3 ms™!
4. Z= 2V _ here V. = mol 1
. Z="pp =where V= molar volume

Z is compressibility factor.
54
1. ()C; ()A; (ii)B
2. ()Air (i) Liquid.
3. B>C>A
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1. (i) more
(i1) increases
(iii) convex; concave
— (iv) stronger
Notes
(v) weaker

2. @)Nm'; (i) Nm?s

3. Molecules in the surface of a liquid have higher energy due to an inward force
on them. Therefore liquids tend to have minimum number of molecules in the
surface or have minimum surface area.
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You are aware that the matter exists in three different states viz., solid, liquid and
gas. In these, the constituent particles (atoms, molecules or ions) are held together
by different forces of attraction between them. However, the nature and magnitude
of the forces varies. In the first two lessons of this module you have learnt about
the gaseous and the liquid states of matter. In this lesson you would learn about
solid state- a compact state of matter. The solids are distinguished from a liquid
or gas in terms of their rigidity which makes them occupy definite volume and
have a well defined shape. In solid state, the constituent particles are in close
contact and have strong forces of attraction between them. Here, you would
learn about structure, classification and properties of solids.

After reading this lesson, you should be able to:

e explain the nature of solid state;

e explain the properties of solids in terms of packing of particles and intermo-
lecular attractions;

e differentiate between crystalline and amorphous solids;
e explain the melting point of a solid;

e classify the crystalline solids according to the forces operating between the
constituent particles;

e define the terms crystal lattice and unit cell;
e describe different types of two dimensional and three dimensional unit cells;
e explain different types of packing in the solids;

e define coordination number;
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e calculate the number of particles in simple cubic, face-centrad cubic and
body centered cubic unit cells;

e relate the density of a solid to the properties of its unit cell;

e calculate the packing efficiency of simple cubic body central cubic and CCP/
HCP lattices;

e define radius ratio;

e correlate the radius ratio with the structure of solids;

e explain the structure of simple ionic compounds;

e explain Frenkel and Schottky defects;

e classify solids on the basis of their electrical and magnetic properties; and

e explain the effect of doping of semiconductors by electron deficit and electron
rich impurities.

6.1 NATURE OF SOLID STATE

You have learnt in lesson 6 that according to Kinetic Molecular Theory, the
gases consist of a large number of molecules, which are in constant random mo-
tion in all directions in the available space. These molecules have very weak or
negligible forces of attraction between them. A sample of gas can be compressed,
as there is a lot of free space between the molecules Fig. 6.1(a) In liquids Fig.
6.1(b) on the other hand the molecules are also in constant motion but this mo-
tion is relatively restricted. Since there is very little free space available between
the molecules the liquids are relatively incompressible.

©
| ©

(a) (b) (c)

Fig. 6.1: A pictorial representation of the three states of matter: (a) gas
(b) liguid and (c) solid state.

In solid state the constituent particles are arranged in a closely packed ordered
arrangement Fig. 6.1 (c) with almost no free space. They can just vibrate about
their fixed positions. These are in close contact and cannot move around like the
molecules of a gas or a liquid. As a consequence, the solids are incompressible,
rigid and have a definite shape. Like liquids, the volume of a solid is independent
of the size or the shape of the container in which it is kept.
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6.2 CLASSIFICATION OF SOLIDS

On the basis of nature of arrangements of the constituent particles the solids
are classified into amorphous and crystalline solids.

6.2.1 Amorphous and Crystalline Solids

In crystalline solids the constituent particles are arranged in a regular and peri-
odic pattern and give a well defined shape to it. The term ‘crystal’ comes from the
Greek word, krustallos meaning ice. The regular pattern extends throughout the
solid and such solids are said to have long range order. On the other hand, some
solids have only a short range of order. This means that the particles are ar-
ranged regularly in only some regions of the solid and are relatively disordered in
other regions. Such solids are called amorphous solids. In Greek, a means
without and morph means form. Thus the word amorphous means without
form. Sodium chloride and sucrose are common examples of crystalline solids
while glass, fused silica, rubber and high molecular mass polymers are some ex-
amples of amorphous solids.

An important difference between the amorphous and crystalline solids is that
while amorphous solids are isotropic in nature (i.e., these exhibit same value of
some physical properties in all directions) the crystalline solids are anisotropic
(i.e., the values of some physical properties are different in different directions).
Refractive index and coefficient of thermal expansion are typical physical proper-
ties, which have different values when measured along different directions of a
given crystal. Another difference between amorphous and crystalline solids is
that while crystalline solids have a sharp or definite melting point, whereas the
amorphous solids do not have definite melting point, these melt over a range of
temperature.

The crystalline solids can be further classified on the basis of nature of interac-
tion between the constituent particles as discussed below.

6.2.2 Classification of Crystalline Solids

In crystalline solids the constituent particles are arranged in an ordered arrange-
ment and are held together by different types of attractive forces. These forces
could be coulombic or electrostatic, covalent, metallic bonding or weak intermo-
lecular in nature. The differences in the observed properties of the solids are due
to the differences in the type of forces between the constituting particles. The
types of forces binding the constituent particles can be used as a basis for classi-
fication of crystalline solids. On this basis, the crystalline solids can be classified
into four different types- ionic, molecular, covalent and metallic solids. The char-
acteristics and the properties of different types of solids are compiled in Table
6.1.
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Table 6.1: Characteristics and properties of different types of solids.

Type of | Constituent | Nature of Appearance| Melting Examples
Solid Particles interaction Point
between the
particles
Tonic Tons Coulombic Hard and High Sodium chloride,
brittle zinc sulphide, etc

Molecular | Molecules

Non polar van der Waals Soft low Iodine, naphthalene
Polar Dipole-dipole brittle water carbon dioxide.
Covalent | Atoms Covalent bond- | Hard Very high | Diamond, graphite,
ing silica, etc.
Metallic | Atoms Metallic bonding | Hard and Variable | Copper, silver, etc.
malleable

Sodium chloride is an example of an ionic solid because in this case the sodium
ions and chloride ions are attracted to each other by electrostatic interactions.
Iodine on the other hand is an example of a molecular solid because in this the
molecules are held together by weak van der Waals forces. Diamond, with strong
covalent bonds between the constituent carbon atoms is an example of covalent
solids while in metals a large number of positive cores of the atoms are held
together by a sea of electrons.

6.3 PROPERTIES OF CRYSTALLINE SOLIDS

You are familiar with the following properties of solids on the basis of han-
dling solids in day to day work.

e Solids are rigid in nature and have well defined shapes

e Solids have a definite volume irrespective of the size and shape of the
container in which they are placed

e Solids are almost incompressible.

You are familiar with a number of crystalline solids like sugar, rock salt, alum,
gem stones, etc. You must have noticed that such solids have smooth surfaces.
These are called ‘faces’ of the crystal. These faces are developed in the process of
crystal formation by ordered arrangements of the constituent particles. It is gen-
erally observed that the faces of crystals are developed unequally. The internal
angle between a pair of faces is called interfacial angle and is defined as the
angle between the normals to the intersecting faces. An important characteristic
of crystalline solids is that irrespective of the size and shape of the crystal of a
given substance, the interfacial angle between a pair of faces is always the same.
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This fact was stated by Steno as the law of constancy of interfacial angles (Fig.

OO

Fig. 6.2 The constancy of interfacial angles Notes

6.3.1 Melting Point of a Solid

What is the effect of heat on a solid? You would have observed that when a solid
is heated it becomes hot and eventually gets converted into a liquid. This process
of conversion of a solid to a liquid on heating is called melting. You would also
have observed that different solids need to be heated to different extents to con-
vert them to liquids. The temperature at which a solid melts to give a liquid is
called its melting point. Every solid is characterized by a definite melting point.
This in fact is a test of the purity of the solid. The melting point of a solid gives
us an idea about the nature of binding forces between constituent particles of the
solid. Solids like sodium chloride ( m.p = 1077 K') have very high melting points
due to strong coulombic forces between the ions constituting it. On the other
hand molecular solids like naphthalene ( m.p. = 353 K) have low melting points.

The effect of heat on a solid can be understood in terms of energy and motion of
the constituent particles. You are aware that in a solid the constituent particles
just vibrate about their mean position. As the heat is supplied to the solid, the
constituent particles gain energy and start vibrating more vigorously about their
equilibrium positions. As more and more heat is supplied, the energy keeps on
increasing and eventually it becomes greater than the binding forces between
them. As a consequence the solid is converted into a liquid.

. INTEXT QUESTIONS 6.1

a) Differentiate between solid, liquid and gaseous state.
b) How are solids classified on the basis of the intermolecular forces.

¢) What is Steno’s law of constancy of interfacial angles?

6.4 CRYSTAL LATTICE AND UNIT CELLS

You know, the crystalline solids have long-range order and the closely packed
constituent particles are arranged in an ordered three dimensional pattern. The
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structure of the crystalline solids can be represented as an ordered three dimensional

arrangement of points. Here each point represents the location of a constituent
particle and is known as lattice point and such an arrangement is called a crystal
lattice or space lattice or simply a lattice.

6.4.1 Two Dimensional Lattice and Unit Cells

Notes To understand the meaning of the term lattice, let us first start with a two
dimensional lattice. A two dimensional lattice has a set of points arranged in
a regular pattern on a plane or a surface (in two dimensions). One such lattice
is shown in Figure 6.4(a). The arrangement of lattice points is as shown in Fig.
6.4(a). When these lattice points are joined, the geometry of the lattice becomes
clear (Fig. 6.4(b). The entire pattern can be generated by repeating a set of four
points. On joining these points we get a unit cell of the lattice (shown in dark).
The unit cell of a two dimensional lattice is a parallelogram which is defined
in terms of two sides a and b and the angle between them y. Only five types
of unit cells are possible in two dimensional lattice. These are shown in Fig.
6.4(b).

=2

(@ (b)

Fig. 6.3 (a) A two dimensional lattice (b) and its unit cell

a b a
[190°
2 [190° azh
y =90° aib y # 90°
y =90°
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Fig. 6.4: Five types of two dimensional unit cells

6.4.2 Three Dimensional Lattice and Unit Cells

In three dimensions, the crystal structure of a solid is represented as a three
dimensional array of lattice points. Remember that the lattice points represent the
positions of the constituent particles of the solid (Fig. 6.5(a)).

a1 1 |
M;[Aagﬂ
Ay
[ A
J.frn__ P A
Ay ‘/

(a) (b)

Fig. 6.5: Schematic representation of a three dimensional crystal lattice.

In a crystal lattice we can select a group of points which can be used to generate
the whole lattice. Such a group is called repeat unit or the unit cell of the crystal
lattice. The shaded region in the Fig. 6.5(a) represents a unit cell of the crystal
lattice. The unit cell is characterized by three distances along the three edges of
the lattice (a, b and ¢) and the angles between them (., § and y) as shown in the
Fig. 6.5(b). We can generate the whole crystal lattice by repeating the unit cell in
the three directions.

On the basis of the external appearance the known crystals can be classified into
seven types. These are called crystal systems. In terms of the internal structure
also the crystal lattices contain only seven types of unit cells. The seven crystal
systems and the definition of their unit cells in terms of their unit distances and
the angles are compiled in Table 6.2. The seven simple unit cells are given in Fig.
6.6.
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Table 6.2: The seven crystal systems and their possible lattice types.

Systems Axes Angles Possible lattice
types
Cubic a=b=c a= B=y=90° P F 1
Tetragonal a=b#c a= PB=y=90° P 1
_— Orthorhombic azb=c a= B=y=90° PE IC

Notes Rhombohedral a=b=c a= f=y # 90° P
Hexagonal a=b#c a= p=90° y=120° P
Monoclinic azb=c a= y=90° PB#90° P I
Triclinic azb#c az PB#y#90° P

* P= primitive, I= body centered, F= face centered and C= side centered

The unit cell shown in Fig. 6.5 and the ones given in Fig..6.5 have the lattice
points at the corners only.

3 a b 120°a‘a
a

Cubic Orthorhombic Hexagonal

’.’ ¢
il a
a a
Triclinic Monoclinic Tetragonal Rhombohedral

Fig. 6.6 : The primitive unit cells; the relative dimensions of the three repeat distances (a, b
and c¢) and the angles between them (a, B and y) are given in Table 6.2.

Such unit cells are called primitive (P) unit cells. Sometimes, the unit cell of a
crystal contains lattice point(s) in addition to the ones at the corners. A unit cell
containing a lattice point each at the centers of its faces in addition to the lattice
points at the corners is called a face centered (F) unit cell. On the other hand a
unit cell with lattice points at the center of the unit cell and at the corners is
called a body centered unit cell (I). In some cases, in addition to the lattice
points at the corners there are two lattice points located at the centers of any two
opposite faces. These are called as end centered (C) unit cells. The possible
lattice types in different crystal systems are also indicated in Table 6.2. The seven
crystal systems when combined with these possibilities give rise to 14 lattice
types. These are called Bravais lattices.
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6.5 NUMBER OF ATOMS IN CUBIC UNIT CELLS

Of the seven crystal systems, let us discuss unit cells belonging to the cubic crys-

tal system in somewhat details. As you can see from Table 6.2 that in the cubic

crystal system the three repeat distances are equal and all the three angles are

right angles. The unit cells of three possible lattice types viz., primitive or simple

cubic, body centered cubic and the face centered cubic, belonging to cubic crys- =
tal system are shown in Figure 6.7. Notes

(a) (b)

Fig. 6.7: (a) primitive or simple (b) body centered and (c) face centered
cubic unit cells.

Number of atoms per unit cell

As you know that in unit cells the atoms can be on the corners, in the body
center and on face centers. All the atoms do not belong to a single unit cell.
These are shared amongst different unit cells. It is important to know the number
of atoms per unit cell. Let us learn how to compute these for different cubic unit
cells.

(a) Simple Cubic Unit Cell

The simple or primitive unit cell has the atoms
at the corners of the cube (Fig. 6.7 (a)). A lattice
point at the corner of the unit cell is shared by
eight unit cells as you can see from the encircled
atom in the Fig. 6.8. Therefore, the contribution
of an atom at the corner to the unit cell will be
1/8. The number of atoms per unit cell can be

calculated as follows:
Fig. 6.8: A corner lattice point is
Number of corner atoms = 8 shared by eight unit cells
. 1
Contribution of each corner atom = g

1
The number of atoms in a simple cubic unit cell = 8 x 3 1

(b) Body Centered Cubic Unit Cell

A body centered cubic (bcc) unit cell has lattice points not only at the corners but
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also at the center of the cube( Fig. 6.7 (b)). The atom in the center of the cube
belongs entirely to the unit cell, i.e., it is not shared by other unit cells. Each
corner atom, on the other hand, as in the case of simple cubic unit cell, is shared
by eight unit cells. Thus the number of atoms per unit cell can be calculated as

Number of corner atoms =8

1
Contribution of each corner atom = g

=1

0 | —

.. Contribution of all the corner atoms to the unit cell = 8 x
Number of atoms at the center of the cube = 1
Contribution to the unit cell = 1 ( as it is not shared)

The number of atoms in a body centered cubic unitcell= 1+ 1=2
(c) Face Centered Cubic Unit Cell

A face centered cubic ( fcc) unit cell has atoms not only at the corners but also at
the center of each face. Thus it has eight lattice points at the corners and six at
the face centers (Fig. 6.7 (c)). A face centered lattice point is shared by two unit
cells, as shown in Fig. 6.9.

Fig. 6.9: A face centered lattice point is shared by two unit cells

Number of corner atoms = §

0| —

Contribution of each corner atom =

0 | —
Il
—_

Contribution of all the corner atoms to the unit cell = 8 x

Number of atoms at the face center =6

|~

Contribution of each atom at the face centre =

=3

| =

Contribution of all the face centered atoms to the unit cell = 6 x

The number of atoms points in a face centered cubic unitcell= 1+3 =4
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The number of atoms per unit cell in different types of cubic unit cells is given in

Table 6.3.
Table. 6.3: Number of atoms per unit cell
S.No. Type of unit cell No. of atoms per unit cell
Simple cubic 1
2. Body centered cubic 2 Notes
3. Face centered cubic
6.6 CALCULATION OF DENSITY OF UNIT CELL
Densit Mass
ensity =
y Volume

(i) Volume of Unit cell
If the edge length of the cubic unit cell is ‘@’ its volume is @’
(i1)) Mass of the Unit cell

Let the molar mass of substance = M

M
Mass of one atom or molecule = —
A

Where N, = Avogadro’s constant.
Let the number of atoms or molecules of the substance present per unit cell = z

(See table 6.3 for values of z for different type of cubic unit cells)

Mass of unit cell = (number of atoms/molecules present per unit cell)

X(mass of one atom/molecule)

(iii) Density
Mass of one unit cell

Density =
y Volume of one unit cell
M
d= 3
a - NA

Density of the unit of cell of a substance is the same as the density of the
substance. In case of ionic substances, the formula unit is taken as one particle.
(For example, formula unit of NaCl = INa* + 1CI ions; of Na,SO, = 2Na*
+ 150, ions).
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The above relation can be used to calculate z and hence the nature of cubic lattice
if d and M are known or M if d and z are known

Example. The unit cell of a metallic element is face centred cubic and the side
of the cube is 540.2 pm. Calculate the density of the metal in gcm™ if its relative
atomic mass is 202.4.

Solution

Given:

Side of the cube = a = 540.2 pm = 540.2 x 10710 cm

Number of atoms per unit cell of a face-centred cubic unit cell = z = 4
Molar mass of the element, M = 202.4 g mol™!

Putting these values in the above relation

Je 4x%202.4 g mol™!
(540.2x107%¢m)? x (6.022x107 > mol ™)

=853¢ cm™

6.7 CLOSE PACKED STRUCTURES OF SOLIDS

In the process of the formation of a crystal the constituent particles get packed
quite closely. The crystal structures of the solids can be described in terms of a
close packing of identical spheres as shown in Fig. 6.10. These are held together
by forces of attraction. Let us learn about the possible close packed structures of
solids and their significance.

O00000

Fig. 6.10 : Arrangement of identical spheres in one dimension

A linear horizontal arrangement of identical spheres in one dimension forms a
row (Fig. 6.10). A two dimensional close packed structure can be obtained by
arranging a number of such rows to form a layer. This can be done in two pos-
sible ways. In one of these, we can place these rows in such a way that these are
aligned as shown in (Fig. 6.11 (a)). In such an arrangement each sphere is in
contact with four other spheres. This arrangement in two dimensions is called
square close packing.
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(a) (b)
Fig. 6.11 : (a) Square close packing and (b) hexagonal close packing of identical

spheres in two dimensions

In the other way we can place the spheres of the second row in the depressions
of the first row and so on and so forth (Fig. 6.11(b)). You may notice that
in such an arrangement each sphere is in contact with six other spheres. Such
an arrangement in two dimensions is called hexagonal close packing. In such
a packing, the spheres of the third row are aligned with the first row. You may
also have noticed that in the hexagonal close packed the spheres are more
efficiently packed. In Fig. 6.11 an equal number of identical spheres are arranged
in two different types of packing.

A three dimensional structure can be generated by placing such two dimensional
layers on top of each other. Before we move on to the three dimensional packing
let us look at the hexagonal close packed layer some what more closely (Fig.
6.12).

You may note from Fig. 6.12 that in a hexagonal close packed layer there are
some unoccupied spaces or voids. These are triangular in shape and are called
trigonal voids. You can further note that there are two types of triangular voids,
one with the apex pointing upwards and the other with the apex pointing down-
wards. Let us call these as X type and Y type voids respectively as marked in the
Fig. 6.12.

<«— [lIrd row

<«—— [Ind row

V
.I.I.A. — Tstrow

Fig. 6.12 : A hexagonal Close Packed layer showing two types of triangular voids.
Close Packed Structures in three dimensions
Let us take a hexagonal close packed layer and call it A layer and place another

hexagonal close-packed layer (called the B layer) on it. There are two possibilities.
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1. In one, we can place the second layer in such a way that the spheres of the
second layer come exactly on top of the first layer.

2. In other, the spheres of the second layer are in such a way that these are on
the depressions of the first layer. The first possibility is similar to square
close packing discussed above and is accompanied by wastage of space. In
the second possibility when we place the second layer into the voids of the
first layer, the spheres of the second layer can occupy either the X or Y type
trigonal voids but not both. You may verify this by using coins of same
denomination. You would observe that when you place a coin on the trigonal
void of a given type, the other type of void becomes unavailable for placing
the next coin (Fig. 6.13).

Fig. 6.13 : Two layers of close packed spheres , the second layer occupies only one
type (either X or Y ) of triangular voids in the first layer.

In this process, the sphere of second layer covers the trigonal voids of the first
layer. It results into voids with four spheres around it, as shown in Fig. 6.14(a).
Such a void is called a tetrahedral void since the four spheres surrounding it are
arranged on the corners of a regular tetrahedron, Fig. 6.14(b). Similarly, the trigonal
voids of the second layer will be placed over the spheres of the first layer and give
rise to tetrahedral voids.

(a) (b)
Fig. 6.14 : A tetrahedral void

In a yet another possibility, the trigonal voids of the first layer have another
trigonal void of the opposite type (X type over Y and Y type over X type) from
the second layer over it. This generates a void which is surrounded by six spheres,
Fig..6.15 (a). Such a void is called an octahedral void because the six spheres
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surrounding the void lie at the corners of a regular octahedron, Fig..6.15 (b).

Notes
(a) (b)
Fig. 6.15 :  An octahedral void

A closer look at the second layer reveals that it has a series of regularly placed
tetrahedral and octahedral voids marked as ‘t’ and ‘o’ respectively in Fig. 6.16.

Fig. 6.16 : The top view of the second layer showing the tetrahedral
and octahedral voids.

Now, when we place the third layer over the second layer, again there are two
possibilities i.e., either the tetrahedral or the octahedral voids of the second layer
are occupied. Let us take these two possibilities. If the tetrahedral voids of the
second layer are occupied then the spheres in the third layer would be exactly on
top (i.e., vertically aligned) of the first or A layer The next layer ( 4" layer)
which is then placed would align with the B layer. In other words, every alternate
layer will be vertically aligned. This is called AB AB .... pattern or AB AB ....
repeat. On the other hand if the octahedral voids of the second layer are occu-
pied, the third layer is different from both the first as well as the second layer. It
is called the C layer. In this case the next layer, i.e., the fourth layer, howsoever
itis placed will be aligned with the first layer. This is called ABC ABC .... pattern
or ABCABC.. .... repeat. In three dimensional set up the AB AB .... pattern or
repeat is called hexagonal closed packing ( hcp) (Fig. 6.10 (c) ) while the ABC
ABC .... pattern or repeat is called cubic closed packing (ccp) (Fig. 6.17 (a)).

CHEMISTRY 189




MODULE - 3

States of Matter

190

The Solid State

A Layer

C Layer

B Layer

B Layer
A Layer

o A Layer

(a) (b) (©

Fig. 6.17 : (a) Cubic closed packing (ccp) as a result of ABC pattern of close packed spheres;
(b) the layers in (a) tilted and brought closer to show fcc arrangement
(c) hexagonal closed packing (hcp) as a result of ABAB pattern of close packed
spheres.

This process continues to generate the overall three dimensional packed struc-
ture. These three dimensional structures contain a large number of tetrahedral
and octahedral voids. In general there is one octahedral and two tetrahedral voids
per atom in the close packed structure. These voids are also called as interstices.
As mentioned earlier, the identical spheres represent the positions of only one
kind of atoms or ions in a crystal structure. Other kind of atoms or ions occupy
these interstices or voids.

In the close packed structures (hcp and ccp) discussed above, each sphere is in
contact with six spheres in its own layer ( as shown in Fig. 6.12) and is in contact
with three spheres each of the layer immediately above and immediately below it.
That is, each sphere is in contact with a total of twelve spheres. This number of
nearest neighbor is called its coordination number. The particles occupying the
interstices or the voids will have a coordination number depending on the nature
of the void. For example an ion in a tetrahedral void will be in contact with four
neighbors 1.e., would have a coordination number of four. Similarly the atom or
ion in an octahedral void would have a coordination number of six.

INTEXT QUESTIONS 6.2

(a) Whatis the difference between the square close packed and hexagonal close
packed structures?

(b) Which of the above two, is more efficient way of packing?

(c) Clearly differentiate between, trigonal, tetrahedral and octahedral voids.
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6.8 PACKING EFFICIENCY

In all closed packed structures there are always some voids or empty spaces.
The percentage of the total space that is filled by the constituent particles is
called the packing efficiency. It is calculated from the following relation:

filled space %100%

Packing efficiency =
total space Notes

It depends upon the nature of crystal lattice. For the three types of cubic lattices,
the calculations are given below:

(1) Packing Efficiency of Simple Cubic Lattice

In simple cubic lattice, the constituent particles occupy only the corner positions
of the cubic unit cell. These particles touch one another along the edge of the
cube as shown in the Figure 6.18. Let a be the edge length of the cube and
r the radius of the particle then

Fig. 6.18: Simple cubic unit cell

The volume of the cube = (edge length/side)3 =a’=2r)3=8"

No. of constituent particles present in each unit cell = 1

4
The volume of the filled space = volume of 1 particle = gﬂr3

filled space «

Packing efficiency = 100

total space

4
=

—x100= T 100
8r 6

= 52.36% = 52.4%
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(2) Packing Efficiency of Body Centred Cubic Lattice

G

/ B
_ rd
Notes ¢ C/
F b C
E a D

Fig. 6.19. Body centred cubic until cell.

The body centred cubic unit cell has constitutent particles present at all its
corners as well as at its body centre. The particle at the body-centre touches
the particle at corner positions. Thus, the particles are in contact along the body-
diagonal of the cube. Consider the body-diagonal AF along which the contact
between the central particles with those at corners A and F has been shown in
Fig. 6.19.

.. Length of body-diagonal AF =c=4r (6.1)

(Whole of the central particle (2r) and one-half of each of the two corner particle
(r + r) occupy the body-diagonal)

Length of the body-diagonal
In the triangle EFD on the face CDEF, EF 1 ED.

FD? = EF? + ED?

b? =a® +a° =2a*
Where a is the edge-length or side of the cube.

In the triangle AFD, AD 1 FD
AF? = AD? + FD?
2 =a’+b* =a’+2a% =3a>

¢=Ba (6.2)

But ¢ = 4r
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4r

a :ﬁ (6.3)

The number of constituent particles in a body-centred cubic unit cell = 2

Volume of filled space = 2><iﬂ'r3 (6.4)
3
Notes
3
Volume of the cubic unit cell = > = (ﬂj (6.5)
\/g .
4
filled space 2% 3 wr’
Packing efficiency = ————x100= —3><100
total space 4r
J3
8
237 100=33 100 = 68.0%
64 3 8

,
33
(3) Packing Efficiency of CCP and HCP Lattices

Cubic close packed or face centred cubic (FCC) and hexagonal close packed
lattices have equal packing efficiency. Packing efficiency of face centred cubic
(FCC) or cubic close packing (CCP) unit cell can be calculated with the help
of Figure 6.20. Let the edge length or the side of the cubic unit cell be a and

its face diagonal AC be b. In the triangle ABC, AB 1 BC, therefore,
AC? = AB? + BC?
b? =a* +a* = 24>
or b=+2a. (6.6)

G B

: e

E D

Fig. 6.20: Face centred cubic or cubic close packing unit cell
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Unit cell of fcc (or ccp) lattice has constituent particles at all the corners and

at the centre of each face.

The particle of face-centre touches the particles occupying the corner positions
of the same face.

Length of the face diagonal AC =b =4r (6.7)

Notes ) ) ) . .
Where r is the radius of the constitutent particle (whole of central particle, 2r,

and one-half of each of the two corner particles, r + r)

From equations 1 and 2

b=4r=+/2a
4r
or a=—==22r (6.8)

V2

The number of constituent particles in a face centred cubic unit cell = 4

The Volume of filled space = 4><§7zr3

Volume of the cubic unit cell = (side)3 =a’ = (2\/§r)3

43
filled space 4x 3
Packing efficiency = —— %100 = ———=—x100
total space 2\2r)?

16
XIOO =——==T74%

16J— \/—

Packing efficiencies of the three types of cubic lattices are summarized in the

table 6.4.
Table 6.4: Packing efficiency of cubic unit cells
S.No. Lattice Packing Efficiency %
1. Simple Cubic 52.4%
2. Body Centred Cubic 68.0%
3. Face Centred Cubic or 74.0%
Cubic close packing
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6.9 STRUCTURES OF IONIC SOLIDS

In case of ionic solids that consist of ions of different sizes, we need to specify
the positions of both the cations as well as the anions in the crystal lattice. There-
fore, structure adopted by an ionic solid depends on the relative sizes of the two
ions. In fact it depends on the ratios of their radii (r+/r-) called radius ratio. Here
r+ is the radius of the cation and r- is that of the anion. The radius ratios and the
corresponding structures are compiled in Table 6.5.

Table 6.5 : The radius ratios (r + /r-) and the corresponding structures

Radius ratio (r+/r-) | Coordination number Structure adopted

0.225 - 0.414 4 Tetrahedral

0.414 — 0.732 6 Octahedral

0.732 - 0.91 8 Body centered cubic

>=1.00 12 Cubic Close Packed structure

The common ionic compounds have the general formulae as MX, MX,, and
MX;, where M represents the metal ion and X denotes the anion. We would
discuss the structures of some ionic compounds of MX and MX, types.

6.9.1 Structures of the Ionic Compounds of MX Type

For the MX type of ionic compounds three types of structures are commonly
observed. These are sodium chloride, zinc sulphide and caesium chloride struc-
tures. Let us discuss these in some details.

(a) Caesium Chloride Structure

In CsCl the cation and the anions are

of comparable sizes (the radius ratio

= 0.93) and has a bcc structure in

which each ion is surrounded by 8 . Caesium Ion
ions of opposite type. The Cs* ions
is in the body center position and
eight CI” ions are located at the
corners (Fig. 6.21) of the cube. Thus
it has a coordination number of 8. Fig. 6.21: Caesium chloride structure

Chloride Ions

(b) Sodium Chloride Structure

In case of NaCl the anion (CI7) is much larger than the cation (Na*). It has a
radius ratio of 0.52. According to Table 3.3 it should have an octahedral ar-
rangement. In sodium chloride the( C17) form a ccp (or fcc) structure and the
sodium ion occupy the octahedral voids. You may visualise the structure having
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chloride ions at the corners and the face centers and the sodium ions at the edge
centers and in the middle of the cube (Fig. 6.22).

Notes

Fig. 6.22 : Sodium chloride structure.
(¢) Zinc Sulphide Structure

In case of zinc sulphide the radius ratio is just = 0.40. According to Table 3.3
it should have an tetrahedral arrangement. In Zinc sulphide structure, the
sulphide ions are arranged in a ccp structure. The zinc ions are located at the
corners of a tetrahedron, which lies inside the cube as shown in the Fig. 6.23.
These occupy alternate tetrahedral voids.

Fig. 6.23 : Zinc Sulphide structure.

6.9.2 Structure of Ionic Compounds of MX, type

(a) Calcium fluoride or fluorite structure

In this structure the Ca>* ions form a fcc arrangement and the fluoride ions are
located in the tetrahedral voids (Fig. 6.24).
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Fig. 6.24 : Calcium fluoride or Fluorite structure; calcium ions occupy the corners of the
cube and face centers The F~ ions are on the corners of the smaller cube which

dipict the positions of tetrahedral void.

(b) Antifluorite Structure

Some of the ionic compounds like Na,O have antifluorite structure. In this struc-
ture the positions of cations and the anions in fluorite structures are interchanged.
That is why it is called antifluorite structure. In Na,O the oxide ions form the
ccp and the sodium ions occupy the tetrahedral voids (Fig. 6.25).

Fig. 6.25: Antifluorite structure adopted by Na,O; The oxide ions occupy the corners
of the cube and face centers and the Na* ions ( shown in black ) are on

the corners of the smaller cube.

6.10 DEFECTS IN IONIC CRYSTALS

You have learnt that in a crystalline solid the constituent particles are ar-
ranged in a ordered three dimensional network. However, in actual crystals
such a perfect order is not there. Every crystal has some deviations from the
perfect order. These deviations are called imperfections or defects. These
defects can be broadly grouped into two types. These are stoichiometric and
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non-stoichiometric defects depending on whether or not these disturb the
stoichiometry of the crystalline material. Here, we would deal only with sto-
ichiometric defects. In such compounds the number of positive and negative
ions are in stoichiometric proportions. There are two kinds of stoichiometric
defects, these are

e Schottky defects
e Frenkel defects

(a) Schottky defects : This type of defect are due to the absence of some
positive and negative ions from their positions. These unoccupied lattice sites
are called holes. Such defects are found in ionic compounds in which the
positive and negative ions are of similar size e.g., NaCl and CsCI. The num-
ber of missing positive and negative ions is equal. The presence of Schottky
defects decreases the density of the crystal [Fig. 6.26(a)].

(b) Frenkel defects : This type of defect arise when some ions move from
their lattice positions and occupy interstitial sites. The interstitial sites refer
to the positions in between the ions. When the ion leaves its lattice site a hole
is created there. ZnS and AgBr are examples of ionic compounds showing
Frenkel defects. In these ionic compounds the positive and negative ions are
of quite different sizes. Generally the positive ions leave their lattice posi-
tions, as these are smaller and can accommodate themselves in the interstitial
sites. The Frenkel defects do not change the density of the solids [Fig. 6.26(b)].

(a) (b)
Fig. 6.26: Stoichiometric defects a) Schottky and b) Frenkel defects

These defects cause the crystal to conduct electricity to some extent. The
conduction is due to the movement of ions into the holes. When an ion moves
into a hole it creates a new hole, which in turn is occupied by another ion, and the
process continues.
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. INTEXT QUESTIONS 6.3

(a) What do you understand by crystal lattice?
b) What is a unit cell ?

c¢) How many atoms are there in a fcc unit cell?

6.11 ELECTRICAL PROPERTIES

Conductance of electricity is an important property of a substance. Solids show
a very wide range of conductivities from a high of 107 to a low of 10720 sm~
!, thus spanning 27 orders of magnitude. Based upon their ability to conduct
electricity, solids may be classified into three categories; conductors, insulators

and semiconductors.

6.11.1 Conductors' Insulators and Semiconductors

(i) Conductors

These are the solids with conductivities ranging from 10* to 10’ S m~!. Metals
conduct electricity through movement of their electrons and are called electronic
conductors. lonic solids conduct electricity when in molten state or dissolved
in water, through movement of their ions. They are called electrolytic conductors.

(ii) Insulators

These are the solids with extremely low conductivities ranging from 1072 to
107'9S m~!. Insulators are used to provide protective covering on conductors.

(iii) Semiconductors

These are the solids with intermediate conductivities ranging from 107 to 10*
S m!. Although semiconductors have low conductivities, they find vide
applications in solid state devices like diodes and transistors. Their conductivities
can be modified by introduction of a suitable impurity.

6.11.2 Conduction of Electricity in Metals

Metals conduct electricity through movement of their electrons. In unit 5 you
have learnt that when two atoms come closer, their atomic orbitals overlap and
they form an equal number of molecular orbitals. One-half of these have lower
energy while the other half have higher energy than the energy of the atomic
orbitals. As the number of molecular orbitals increases, the energy-separation
between them decreases.
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In a piece of metal, the number of metal atoms is very large and so is the number
of their valence orbitals. This results in formation of an equally large number
of molecular orbitals which are so close to one-another that they form a
continuous band. The band in which the valence electrons are present is called
valence band. Electrons present in this band are strongly bound to the nucleus
and cannot conduct electricity. The band formed by vacant molecular orbitals
of higher energy is called conduction band. When electrons reach conduction
band from valence band on excitation, they become loosely bound to the nucleus
and can conduct electricity by moving under the influence of an electric field.
Such electrons are also called free electrons. Conductivity of a solid depends
upon how easy or difficult it is for the valence electrons to jump to the
conduction band. See figure 6.27.

Conduction band

Empty
band

Empty
band

Forbidden band )
(Large energy gap)

A

Small energy gap

Emergy ——»

Filled
band
Partially Overlapping
filled bands
band
Metal Insulator Semiconductor

(@) (b) ()

Fig. 6.27: Valence and conduction bands in (a) metals, (b) insulators and
(c) semi conductors.

(i) In conductors either the valence band is only partially filled or it overlaps
a vacant conduction band of slightly higher energy. In both the cases its
electrons can easily flow under the influence of electric field and the solid
behaves as a conductor (Fig. 6.27(a))

(i) In insulators the gap between the valence band and conduction band is
large. Due to this the valence electrons cannot jump to the conduction band
and conduct electricity (Fig. 6.27(b))

(iii)) In semiconductors the gap between the valence band and nearest
conduction band is small (Fig. 6.27(c)). On applying the electric field, some
electrons can jump to the conduction band and provide low conductivity.
On increasing the temperature more electrons can jump to the conduction
band and the conductivity increases. Silicon and germanium show this type
of behaviour. They are called intrinsic semiconductors.

CHEMISTRY




The Solid State

6.11.3 Doping of Semiconductors

Conductivities of silicon and germanium are too low to be put to any practical
use. Their conductivities can be improved by introduction of controlled
quantities of impurities which are either electron-rich or electron-deficit with
respect to these elements. This process is known as doping.

(a) Doping with electron—rich impurities

Silicon and germanium both belong to group 14 of the periodic table and have
4 valence electrons each. In their crystal lattice each silicon (or germanium) atom
forms four covalent bonds with its neighbours (Fig. 6.23(a)) when it is doped
with a group 15 element like As or P, whose each atom carries 5 valence electrons
which is one more than Si. After sharing its four electrons with four neighbouring
Si atoms, it has 9 electrons in its valence shell (Fig. 6.28(b)) which is highly
unstable electronic configuration. The ninth electron being highly unstable roams
freely in the whole of the crystal lattice randomly. In the presence of an electric
field this electron (mobile electron) moves from negative to positive terminal and
increases the conductivity of Si (or Ge). Since the increased conductivity of Si
(or Ge) is due to negatively charged mobile electrons, the Si doped with electron
rich impurity becomes a n-type semiconductor.

) Positive hole
Silicon atom Mobile electron (no electron)

Perfect crystal n-type p-type
(a) (b) (©

Fig. 6.28: Creation of n-type and p-type semiconductors

(b) Doping with electron-deficit impurities. When Si (or Ge) is doped with
a group 13 element like B or Al containing 3 valence electrons (1 electron less
than Si/Ge), this results in creation of one-electron vacancy in the structure
which is called an electron hole (Fig. 6.28(c)). An electron from its neightbouring
atom can come and occupy it, leaving a hole at its original position. Electrons
can randomly occupy holes and the hole would appear to move randomly. On
applying an electric field, the electrons move from negative to positive terminal
and the hole would appear move in the opposite direction, i.e., from positive
to negative terminal and would behave as if it is positively charged. Such
semiconductors are called p-type semiconductors. The movement of electrons
and the hole increases the conductivity of Si. Semiconductors like Si, doped
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with electron-deficit or electron-rich impurities are called extrinsic
semiconductors.

Applications of n-type and p-type semiconductors

Due to their special properties, n-and p-type semiconductors find several
applications.

(i) Diodes: Diode is a combination of a n-type and a p-type semiconductor.
Diodes are used as rectifier to convert an AC signal to a DC signal.

(i1) Transistors. Transistors are made by combination of 3 layers of
semiconductors. Transistor of n-p-n type is made by sandwiching a layer
of p-type semiconductor between two layers of n-type semiconductors and
of p-n-p type by sandwiching a layer of n-type semiconductors between
two layers of p-type semiconductor. Transistors are used as detectors and
amplifiers of radio or audio frequency signals. They are used in circuits of
solid state devices.

(iii) Solar cells. Solar cells are photo diodes which have a special property of
emitting electrons when sunlight falls on them. They are used to convert
solar energy into electricity.

6.12 MAGNETIC PROPERTIES

All substances are affected (attracted or repelled) by a magnetic field. Magnetic
properties present in any substance are due to the electrons present in it. Each
electron in an atom behaves like a tiny magnet. Electrons are negatively charged
particles. When an electron revolves around nucleus and spins about its own
axis, two types of magnetic moments are created — orbital magnetic moment
due to its revolution around the nucleus and spin magnetic moment due to its
spin. Overall magnetic properties of a substance depend upon the orientation
of these tiny magnets.

On the basis of magnetic properties, all substances can be classified into five
categories:

(i) paramagnetic, (ii) diamagnetic, (iii) ferromagnetic, (iv) antiferromagnetic and
(v) ferrimagnetic

6.12.1 Paramagnetic Substances

On placing these substances in a magnetic field, these are weakly attracted by
it. O,, Cu®*, Fe** and Cr*' are some examples of paramagnetic substances
Paramagnetism is due to the presence of one or more unpaired electrons in an
atom, molecule or ion.
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6.12.2 Diamagnetic Substances

When placed in a magnetic field, diamagnetic substances are weakly repelled
by it. H,O, NaCl and C¢Hg are some examples of such substances. Diamagnetism
is shown by substances in which all the electrons are paired.

6.12.3 Ferromagnetic Substances

When placed in a magnetic field, ferromagnetic substances are strongly attracted
by it. Fe, Ni, Co, Gd, MnAs, CrBr; and CrO, are such substances. These
substances can be permanently magnetized. In solid state, the metal ions of
ferromagnetic substances are grouped together into small regions called
domains. In each domain, the individual magnetic moments of the metal ions
are directed in the same direction and they add up. As a result, each domain
acts as a tiny magnet. Ordinarily, these domains are randomly oriented which
cancels out their magnetic moment. When

(a)
(b)

(c)

QOO
OO0
OO
OO
OO0
OO

Fig. 6.29 Arrangement of magnetic moments of domains in (a) ferromagnetic, (b) anti
ferromagnetic and (c) ferrimagnetic substances

placed in a magnetic field, all the domains get oriented in the direction of the
magnetic field. This adds up their magnetic moments and makes them strong
magnets (Fig. 6.29(a)). They lose their ferromagnetism on being given mechanical
jerks or on heating above a certain temperature, called Curie temperature they
become paramagnetic.

6.12.4 Antiferromagnetic Substances

Some substance that have domains in them like ferromagnetic substances but
their domains are oppositely oriented and cancel out the magnetic moments of
each other (Fig. 6.29 (b)) are caled antiferro magnetic substances. FeO, MnCl,,
MnO, Mn,05 and MnO, are examples of antiferromagnetic substances. They
also become paramagnetic on heating above a certain temperature.

6.12.5 Ferrimagnetic Substances.

Some substances like Fe;O0, (magnetite) and ferrites (MFe,O, where M is a
bivalent cation like Cu?*, Zn2+) show an intermediate behavior between that
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of ferromagnetic and antiferromagnetic substances. These substances are quite
strongly attracted by magnetic field as compared to paramagnetic substances
but weakly as compared to ferromagnetic substances. Their domains are aligned
in parallel and antiparallel directions in unequal numbers (Fig. 6.29(c)). They
also become paramagnetic on heating above a certain temperature.

Notes

@ WHAT YOU HAVE LEARNT

e In solid state the constituent particles are arranged in a closely packed or-
dered arrangement with almost no free space. These are held together by
strong forces of attraction and vibrate about their fixed positions. Solids are
incompressible and rigid and have definite shapes.

e Solids are classified into amorphous and crystalline solids. The crystalline
solids have long range order while amorphous solids have only short range
order.

e The crystalline solids can be classified into four different types- ionic, mo-
lecular, covalent and metallic solids on the basis of nature of forces of
attraction between the constituent particles.

e The temperature at which a solid melts to give a liquid is called its melting
point.

e The three dimensional internal structure of a crystalline solid can be repre-
sented in terms of a crystal lattice in which the location of each constituent
particle is indicated by a point.

e The whole crystal lattice can be generated by moving the unit cell in the
three directions.

e The crystal structures of the solids can be described in terms of a close-
packing of identical spheres.

e In three dimensions there are two ways of packing identical spheres. These
are hexagonal closed packing (hcp) and cubic closed packing (ccp). The hep
arrangement is obtained by ABAB repeat of the two dimensional layers
whereas the ccp arrangement is obtained by ABCABC repeat.

e On the basis of the external appearance the known crystals can be classified
into seven types called crystal systems.

e Theunitcells of cubic crystal system has three possible lattice types. These
are simple cubic, body centered cubic and the face centered cubic.

e The atoms at the corner of a cubic unit cell is shared by eight unit cells while
a face centered atom is shared by two unit cells. The atom at the body center,
on the other hand is exclusive to the unit cell as it is not shared.
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e  The number of atoms per unit cell for the simple cubic, bcc and fcc unit cells

are 1,2 and 4 respectively.

e The structure adopted by an ionic solid depends on the ratios of their radii
(r+/r-), called radius ratio.

e The structures of some simple ionic solids can be described in terms of ccp
of one type of ions and the other ions occupying the voids. =

e Actual crystals have some kind of imperfections in their internal structure. Notes
These are called defects.

e There are two types of defects called stoichiometric and non-stoichiometric
defects depending on whether or not these disturb the stoichiometry of the
crystalline material.

e There are two kinds of stoichiometric defects, these are called Schottky
defects and Frenkel defects.

e Solid can be classified as conductors, insulators and semiconductors on the
basis of their electrical conductivities.

e Electrical properties of solids can be explained with the help of band theory.

e On the basis of their interaction with external magnetic field, solids can be
classified as paramagnetic, diamagnetic, ferromagnetic, ferrimagnetic and
antiferromagnetic substances.

TERMINAL EXERCISES

1. Outline the differences between a crystalline and an amorphous solid.

2. How can you classify solids on the basis of the nature of the forces between
the constituent particles?

3.  What do you understand by the melting point of a solid ? What information
does it provide about the nature of interaction between the constituent particles
of the solids?

4. What do you understand by coordination number? What would be the coor-
dination number of an ion occupying an octahedral void.?

5. Explain the following with the help of suitable examples.
(a) Schottky defect
(b) Frankel defect

6. Explain why a particular solid behaves as conductor or semiconductor or
insulator on the basis of band theory.

7. Whatare (i) paramagnetic (ii) diamagnetic and (iii) ferromagnetic substances?
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Solids have definite shape and definite volume.
Notes Liquids have indefinite shape but define volume.
Gases have indefinite shape and indefinite volume.

2. Coulombic forces, dipole-dipole attractions, covalent bonding and metallic
bonding.

3. [Irrespective of the size and shape of the crystal of a substance, the interfacial
angle between a pair of faces is always the same

1. Refer to section 6.7.
2. Hexagonal close packed.

3. Refer to sections 6.7.

1. Ordered three dimensional arrangement of points representing the location
of constituent particles.

2. A select group of points which can be used generate the whole lattice. Unit
cell is characterised by three edges of the lattice and angles between them.

3. Four.
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SOLUTIONS

You know that when sugar or salt is added to water, it dissolves. The resulting
mixture is called a solution. Solutions play an important role in our life. In industry,
solutions of various substances are used to carry out a large number of chemical
reactions.

Study of solutions of various substances is very interesting.

In this lesson, let us learn about the various components of a solution and the ways in
which concentration of solutions is expressed. We shall also learn about some properties
of solutions which are dependent only on the number of solute particles. (you will learn
about solute in this lesson)

After reading this lesson, you will be able to:

e identify the components of different types of solution;

e express the concentration of solutions in different ways;

e listdifferent types of solutions;

e state Henry’s law;

e define vapour pressure;

e state and explain Raoult’s law for solutions;

e define ideal solutions;

e givereasons for non-ideal behaviour of solutions;

e state reasons for positive and negative deviations from ideal behaviour;

e explain the significance of colligative properties;
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e  statereasons for the elevation of boiling point and depression in freezing point of
solutions;

e  explain the abnormal colligative properties;
e  define osmosis and osmotic pressure;
e  define Van’t Hoff factor;
correlate the degree of dissociation of solute and

e  solve numerical problems.

7.1 COMPONENTS OF A SOLUTION

When we put sugar into water, it dissolves to form a solution. We do not see any more
sugar in it. Like sugar, a large number of other substances such as common salt , urea,
potassium chloride etc dissolve in water forming solution . In all such solutions , water
is the solvent and substances which dissolve are the solutes .

Thus, solute and solvent are the components of a solution . Whenever a solute mixes
homogeneously with a solvent, a solution is formed

solute + solvent — solution
A solution is a homogeneous mixture of two or more substances .

Solvent is that component of a solution that has the same physical state as the
solution itself.

Solute is the substance that is dissolved in a solvent to form a solution.

7.1.1 The Concentration of a Solution

Some of the properties of solutions , e.g.. the sweetness of a sugar solution or the
colour of a dye solution , depend on the amount of solute compared to that of the
solvent in it. This is called the solution concentration . There are several ways
for describing concentration of solution . They include molarity, molality,
normality, mole fraction and mass percentage.

Molarity: Molarity is defined as the number of moles of solute dissolved per
litre of solution and is usually denoted by M. It is expressed as :

M=
v

Where n is the number of moles of solute and V is the volume of the solution in
litres. A 2.0 molar solution of sulphuric acid would be labelled as 2.0 M H,SO,.
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It is prepared by adding 2.0 mol of H,SO, to water to make a litre of solution.

Molarity of a solution changes with temperature because of expansion or
contraction of the solution.

Molality : It is defined as the number of moles of solute dissolved per kilogram
of solvent.

Itis designated by the symbol m. The label 2.0 m H,SO, is read “2 molal sulphuric Not E—
acid” and is prepared by adding 2.0 mol of H, SO, to 1 kg of solvent. Molality is otes
expressed as:

10001
=

m

where n, is the number of moles of the solute and W, is the mass in grams of
solvent. The molality of a solution does not change with temperature.

Example 7.1 : Find out the molarity of the solution which contains 32.0 g of
methyl alcohol (CH,OH) in 200 mL solution.

Solution : Molar mass of CHLOH=12+1x3 + 16 + 1 =32 g mol™

32¢g

—— =1 mol
32¢g mol ™!

Number of moles of CHSOH =

Volume of the solution = 200 mL = 0.2 litre

No. of moles of solut
o.of moles of solute _sM

Molarit !
olarity = -
y Volume of solution in litres 0.2

Example 7.2 : What is the molality of a sulphuric acid solution of density 1.20
g/cm® containing 50% sulphuric acid by mass.

Solution : Mass of 1cm? of H.SO, solution = 1.20 g
Mass of 1 litre (1000 cm’) of H,SO, solution = 1.20 x 1000 = 1200 g
Mass of H,SO, in 100 g solution of H,SO, =50 g

50
Mass of H,SO, in 1200 g solution of H,SO, = 100 X 1200 =600 g

.. Mass of water in the solution = 1200 — 600 = 600 g

Molar mass of H,SO, = 98 g mol
Mass in grams 600 g

No. of moles of H SO, = =
27 Molar mass 98 g mol™!
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No. of moles of H,SO,

Molarity = Mass of water in grams x 1000
600 1
:g X @ x 1000 = 6.8 m

—_— Normality : Normality is another concentration unit. It is defined as the number
Notes of gram equivalent weights of solute dissolved per litre of the solution.

The number of parts by weight of a substance (element or compound) that
will combine with or displace, directly or indirectly 1.008 parts by weight of
hydrogen, 8 parts by weight of oxygen and 35.5 parts by weight of chlorine
is known as equivalent weight. Like atomic weight and molecular weight,
equivalent weight is also a number and hence no units are used to express
it. However, when equivalent weight is expressed in grams, it is known as
gram equivalent weight of the substance.

. . Atomi lecul igh
Equivalent weight = tomic or molecular weight

Valency

Molecular weight

Equivalent weight of an acid = —
Basicity

Molecular weight
Acidity

Equivalent weight of a base =

Molecular weight

Equaivalent weight of a salt =
quarvy welght ot asalt = il valency of the metal atom

oxidising and reducing agents may have different equivalent weights if they
react to give different products under different conditions. Thus, the equivalent
weight of such substances can be calculated from the reactions in which they
take part.

Normality is denoted by the symbol N.

No. of gram equivalent weights of the solute

.. Normalit =
y ) volume of the solution in litres

Mass of the solute in grams y 1
Equivalent weight of the solute ~ volume of the solution in litres

Strength of solution in grams/litre

Equivalent weight of the solute

The label 0.5 N KMnO, is read “0.5 normal” and represents a solution which
contains 0.5 gram equivalent of KMnO, per litre of solution.

210 CHEMISTRY




MODULE -3

. . . . . . States of matter
Mole Fraction : The mole fraction of a component in a solution is the ratio of its

number of moles to the total number of moles of all the components in the solution.
If a solution contains 2 mol of alcohol and 3 mol of water, the mole fraction of

2 3
alcohol is 5 and that of water 5 The sum of mole fractions of all the components

of a solution is equal to one. The mole fraction (x,) of a component A in solution
with B is : Notes

N
na +ng

Xp =

Where n, and n, are the number of the moles of A and B respectively.

Mass Percentage : Mass percentage is the mass of solute present in 100 g of
solution. Thus 5% solution of KMnO, in water means that 5 g of KMnO, is
present in 100 g of the aqueous solution of KMnO,.

Example 7.3 : A solution contains 36.0 g water and 46.0 g ethyl alcohol
(C,H,OH). Determine the mole fraction of each component in the solution.

Solution : Molar mass of water = 18 g mol™

Molar mass of C H.OH =46 g mol!

36g

No. of moles of water = Semoll — 2.0 mol

46 g
No. of moles of CszOH = W = 1.0 mol

Total number of moles in the solution =2.0 + 1.0 =3.0

No. of moles of water 2.0

Mole fraction of water = Total no. of moles in the solution - % =0.67

Mole frac fCHOH= No. of moles of C,H;OH 1o 0.33
ole traction OF &8 = T otal no. of moles in the solution . 3.0

Example 7.4 : Calculate the normality of a solution of NaOH if 0.4 g of NaOH
is dissolved in 100 ml of the solution.

Solution : Mass of NaOH present in 100 mL of the solution =0.4 g

0.4
.. Mass of NaOH present in 1000 mL of the solution = 00 % 1000=4.0g
Mol. wt. of NaOH =23 + 16 + 1 =40 amu
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Mol. Wt. 4.0
Eq. wt. of NaOH = acidity dity =1 40
N y Strength in g/litre 4 1 N
~. Normality = Eq. wt. =010

1
Hence, the normality of the solution = 10 Nor0O.1 N

INTEXT QUESTIONS 7.1

1. List the various methods of expressing the concentration of a solution?
2. Define the following
(1) Molarity (i) Molality (i11)) Normality

7.2 TYPES OF SOLUTIONS

Solutions can be solid, liquid or gaseous. Depending upon the physical state of
the solute and the solvent, there are nine possible types of solutions consisting of
two components (binary solutions) Different types of solutions are given in Table
7.1.

Table 7.1 Different Types of Solutions

SOLUTE SOLVENT SOLUTION

Gas Gas Air

Gas Liquid Soda water

Gas Solid Hydrogen in palladium

Liquid Gas Humidity in air

Liquid Liquid Alcohol in water

Liquid Solid Mercury in gold

Solid Gas Campbhor in air

Solid Liquid Sugar in water

Solid Solid Alloys such as brass (zinc in copper)
and bronze (tin in copper)

Generally, we come across only the following three types of solutions:

(a) Liquids in Liquids: In the solution of liquids in liquids such as alcohol in
water, the constituent present in smaller amounts is designated as solute
and the constituent present in larger amounts is called the solvent. When
two liquids are mixed, three different situations may arise:
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(i) Boththe liquids are completely miscible, i.e., when, two liquids are mixed,
they dissolve in each other in all proportions, e.g., alcohol and water,
benzene and toluene.

@) The liquids are partially miscible, i.e., they dissolve in each other only to
a certain extent, e.g., water and phenol.

@ii) The liquids are immiscible, i.e., they do not dissolve in each other, e.g.,
water and benzene, water and toluene.

The solubility of liquids in liquids generally increases with rise in temperature.

(b) Gases in Liquids: Gases are generally soluble in liquids. Oxygen is sufficiently
soluble in water, which allows the survival of aquatic life in ponds, rivers and
oceans. Gases like CO, and NH, are highly soluble in water. The solubility of a
gas in a liquid depends on the pressure, temperature and the nature of the gas
and the solvent. These factors are discussed below in detail :

(i) Effectof Pressure: The variation of solubility of a gas in a liquid with pressure
is governed by Henry’s law. Henry’s law states that

The mass or mole fraction, of a gas dissolved in a solvent is directly proportional
to the partial pressure of the gas.

Henry’s law is represented by

x=Kp
where K is a constant, p is the partial pressure of the gas and x is the mole fraction of

the gas in the solution. Let us now see what are the conditions for the validity of
Henry’s law.

(i) Conditions for validity of Henry’s law: It is found that gases obey Henry’s
law under the following conditions.

(1) the pressure is not too high.
(i) the temperature is not too low.

(i) the gas does not dissociate, associate or enter into any chemical reaction
with the solvent.

(ii) Effect of temperature: The solubility of a gas in a liquid at constant pressure
decreases with rise in temperature. For example, the solubility of CO, in water
at 20°C is 0.88 cm? per cm? of water, where as it is 0.53 cm? per cm? of
water at 40°C. This happens because on heating a solution, containing a
dissolved gas, some gas is usually expelled from the solution.

(iii) Effect of the nature of the gas and the solvent: Gases like CO,, HCI and,
NH; are highly soluble in water where as H,, O, and N,, are sparingly soluble.
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(¢) Solids in liquids: When a solid is dissolved in a liquid, the solid is referred as the
solute and the liquid as the solvent. For example, in a solution of sodium chloride
in water, the solute is sodium chloride and water is the solvent. Different substances
dissolve to different extent in the same solvent.

7.3 VAPOUR PRESSURE

If we keep an inverted beaker over a small beaker containing a pure liquid, it is found
that the molecules of the liquid start evaporating in the form of vapours and fill the
empty space above the beaker containing the liquid. A time comes when the number
of molecules evaporating per unit time is equal to the number of molecules condensing
during that time (Fig. 7.1). An equilibrium is thus established between the vapour and
the liquid phase. The pressure exerted by the vapour of the liquid in such a case is
called the vapour pressure of the liquid.

Fig.7.1 : Vapour pressure of a liquid

74 RAOULT’S LAW FOR SOLUTIONS

Did you ever think that if you mix two miscible volatile liquids A and B, what would be
the vapour pressure of the resulting solution? The relationship between vapour pressure
of aliquid and its mole fraction is given by Raoult’s law.

Raoult’s law states that for a solution of volatile liquids, the partial vapour pressure of
each liquid in the solution is directly proportional to its mole fraction.

Raoult’s law is applicable only if the liquids are miscible. The vapour phase now consists
of vapours of both the liquids A and B. The partial vapour pressure of each liquid will
depend upon its mole fraction in the solution. Let the mole fractions of the liquids A
and B be X, and X, respectively. Also, if P, and P, are the partial vapour pressures of
Aand B respectively, then

P, < X, orP, =P" X,
Similarly, P, =p’, X,

where p} and pJ represent the vapour pressures of pure liquids A and B respectively.
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If the values of P, and P, are plotted against the values of X, and X, for a solution,

two straight lines are obtained as shown in Fig. 7.2 the total vapour pressure P of the
solution is given by the sum of partial vapour pressures P, and P,.

Thus,
P =P +P,

or p = po X, + po X _—
AT T Notes
The total vapour pressure (P) of a solution is represented by the line joining p9

and p’,. The solutions which obey Raoult’s law are known as ideal solutions.

A solution which obeys Raoult’s law over the entire range of concentration
at all temperatures is called an ideal solution.

Ps’
—p,.t Pe
" P 'lp*\ Ps
A
5
2 |
[0) [
S o > Pa
T I
g cnl p - pA pB
X, f 1 Mole fraction X, =0
Xg=0 Xy =1

Fig. 7.2 : Relationship between vapour pressure and mole fraction in a solution

. INTEXT QUESTIONS 7.2

1. State Raoult’s law.

2. State Henry’s law and list the conditions necessary for the validity of Henry’s
law

7.5 RAOULT’S LAW FOR SOLUTIONS CONTAINING

NON-VOLATILE SOLUTE

If we have an aqueous solution containing a non-volatile solute, such as sugar or
salt, what do you think about the vapour pressure exerted by such a solution?
The vapour phase of such a solution consists of vapours of solvent (A) only
because the solute is non-volatile. Since the mole fraction of the solvent in solution
is less than one, therefore according to Raoult’s law, the vapour pressure of the
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solution will be less than the vapour pressure of the pure solvent. If the total vapour
pressure of the solution is P, then

P, =pA0 X, (7.1
for a binary mixture
X, +X, =1
therefore,
X, =1-X,

Substituting the value of X, in equation (7.1) we get
P, =p’(1-X,)

Pa
Pg =1- XB
0
Pa —Pa
therefore, P,g =X,

. 0 .
In the above equation, (P°, — P, ) represents the lowering of the vapour pressure

O_

and is called the relative lowering of the vapour pressure of the solution.

Py
An alternative statement of Raoult’s law for solutions of non-volatile solute is :

The relative lowering of vapour pressure for a solution is equal to the mole
fraction of the solute, when only the solvent is volatile.

7.6 IDEAL AND NON-IDEAL SOLUTIONS

Ideal solutions obey Raoults Law and during their formation there is no
change in heat and volume.

Non-ideal solutions are those solutions which do not obey Raoult’s law and
whose formation is accompanied by changes of heat and volume.

Most of the real solutions are non-ideal. They show considerable deviation from
the ideal behaviour. Generally deviations are of two types;

(i) Positive deviation: Positive deviations are shown by liquid pairs for which the
A-B molecular interactions are weaker than the A-A and or B-B molecular interactions.
The total vapour pressure for such solutions is greater than predicted by Raoults law.
The total vapour pressure for such a solution will be maximum for a particular
intermediate composition (Fig. 7.3)

Examples of non-ideal solutions showing positive deviation from the ideal
behaviour are mixtures of liquids such as water-propanol, ethanol-chloroform,
acetone- carbon disulfide, ethanol-cyclohexane etc.
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Fig. 7.3 : Positive deviation for a liquid pair

Ps

0
1

(ii) Negative Deviation: Negative deviations are shown by liquid pairs for which the
A-B molecular interactions-are stronger than A-A or B-B molecular interactions. The
total vapour pressure for such solutions is less than that predicted by Raoult’s law. For
a particular intermediate composition, the total vapour pressure of such a solution will
be minimum (Fig. 7.4). Examples of such liquid pairs are chloroform acetone, water-
sulphuric acid, phenol-aniline, water- HCI etc.

=)

o
>

Vapour pressure

Mole fraction

Fig. 7.4 : Negative deviation for a liquid pair

7.7 COLLIGATIVE PROPERTIES

Do you know that there are certain properties of dilute solutions which depend only
on the number of particles of solute and not on the nature of the solvent and the solute?
Such properties are called colligative properties. There are four colligative properties
: relative lowering of vapour pressure, elevation in boiling point, depression in freezing
point and osmotic pressure.

0

P

We shall discuss these colligative properties in detail in the following sections.
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7.7.1 Relative Lowering of Vapour Pressure

According to Raoult’s law for solutions containing non- volatile solute

PL —Py . .
PO = X, (see section 7.5) (1)
A
ng
Also X, = 7y + g

In a dilute solution n, << n, Therefore the term n, can be neglected in the
denominator.

W
ng _ M Wy .M
Hence, X = _BZW_B =584
Boony A W,.M;
M,
Therefore equation (i) can be written as
0
PQ T BT W,.Mg

The above expression can be used to determine the molecular mass of the solute
B, provided the relative lowering of vapour pressure of a solution of known
concentration and molecular mass of the solvent are known. However, the
determination of molecular mass by this method is often difficult because the
accurate determination of lowering of vapour pressure is difficult.

Example 7.5: The relative lowering of vapour pressure produced by dissolving
7.2 g of a substance in 100g water is 0.00715. What is the molecular mass of the
substance?

Solution: We know that

0
1)A_PA WB XMA

Py - Mg W,
Substituting the values we get
7.2%18 7.2%18
0.00715 =3 700 ©F My =1000715%100

Molecular mass of the substance = 181.26 amu
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7.7.2 Elevation of Boiling Point

Boiling point of a liquid is the temperature at which the vapour pressure of the liquid
becomes equal to the atmospheric pressure.

As you know, the vapour pressure of a pure solvent is always higher than that of its

solution. So, the boiling point of the solution is always higher than that of the pure

solvent. If you see the vapour pressure curves for the solvent and the solution (Fig. —
7.5), you will find that there is an elevation in the boiling point of the solution. Notes

1 Atmosphere

Vapour pressure

|
I
I
I
| AT, —
I

I

Temperature K B.P. of B.P. of
solvent solution

Fig. 7.5 : Vapour pressure curves for solvent and solution

Now let AT, be the elevation in boiling point and Ap be the lowering in vapour pressure.
Then,

AT, oo Ap oo X, or AT, = K X, @)

K is the proportionality constant

ng

As you know Xe= 0 +n
A B

In a dilute solution, n, << n, and thus the term n,, is neglected in the denominator.

Ws
Thus X:n—B:&:&xﬂ:nx&
’ Bop, Wi Mg T W, BT Wy
M,

Substituting the value of X, in the equation (i) we get

M

A
ATb: K><nB>< W,
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If we take the mass of the solvent W, in kilograms the term \;lV_B 1s molality m. Thus
A

ATb:KMA.m:KBm

The constant K, is called the molal elevation constant for the solvent. K, may be
defined as the elevation in boiling point when one mole of a solute is dissolved
in one Kkilogram of the solvent. K, is expressed in degree per molality.

7.7.3 Depression in Freezing Point

Freezing point is the temperature at which the solid and the liquid forms have the same
vapour pressure

The freezing point of the solution is always less than that of the pure solvent. Thus,
there is a depression in the freezing point of the solution This is because the vapour
pressure of the solution is always less than that of the pure solvent.

Vapour pressure
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