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FOREWORD 

Dear Learner, 

The Department of Education is giving equal importance to non-formal education 

through Open Distance Learning (ODL) mode of the lines of formal education. This is the 

first State Open School established in the country in the year 1991 offering courses up to 

Upper primary Level till 2008. From the academic year 2008-2009 SSC Course was 

introduced and Intermediate Course from the year 2010-2011. The qualified learners from the 

Open School are eligible for both higher studies and employment. So far 4,88,853 learners 

were enrolled in the Open Schools and 2,86,663 learners have successfully completed their 

courses. The Open School system is providing a second chance of learning for those who 

could not fulfil their dreams of formal education. 

Government of Telangana is keen in providing quality education by supplying study 

materials along with the text books to enable the learners to take the exam with ease. Highly 

experienced professionals and subject experts are involved in preparing curriculum and study 

material based on subject wise blue prints. The study material for the academic year 2023-24 

is being printed and supplied to all the learners throughout the state. 

Welcome to the Revised Chemistry Course of Telangana Open Schooling System 

(TOSS) based on the National Institute of Open Schooling and the National Common Core 

Curriculum. This Course has four volumes I, II and III consist of theory portion and volume 

IV is a practical manual. The first book is in your hands. This book comprises one lesson of 

module 1 on Some Basic Concepts of Chemistry, three lessons of Module 2 on Atomic 

Structure and Chemical Bonding, five lessons of Module 3 on States of Matter, two lessons of 

Module 4 on Chemical Energetics and five lessons of module 5 on Chemical Dynamics. In 

Module 1 you will learn about the various units used to calculate the number of atoms, 

molecules and ions involved in chemical reactions. Module 2 will enlighten you about what 

lies inside the atoms and the different types of chemical bonds through which atoms combine. 

Module 3 deals with the various aspects of three states of matter viz, solid, liquid and gas. 

You will also learn about the properties of solutions and colloids. Module 4 deals with 

chemical reactions accompanied with energy changes and basic concepts like internal energy, 

enthalpy, entropy and spontaneity. Module 5 highlights on the Characteristics of Chemical 

Dynamics, catalysis inter conversion of Chemical energy into electrical energy in 

electrochemistry, electrochemical cells and fuel cell. We hope you will enjoy the course and 

find it interesting.  

WE wish the learners of Open School make best use of the study material to brighten 

their future opportunities and rise up to the occasion in building Bangaru Telangana.  

Wishing you happy chemistry learning ….      

With best wishes..... 

 

-W R I T E R S 

 



HOW TO USE THE STUDY MATERIAL 

Your learning material has been developed by a team of  chemistry experts in open and distance 
learning. A consistent format has been developed for self-study. The following points will give you an idea 
on how to make best use of the print material.  
Title is an advance organiser and conveys an idea about the contents of the lesson. Reflect on it. 

Introduction highlights the contents of the lesson and correlates it with your prior knowledge as 

well as the natural phenomena in operation in our immediate environment. Read it thoroughly. 

Objectives relate the contents to your desired achievements after you have learnt the lesson. 

Remember these. 

Content of the lesson has been divided into sections and sub-sections depending on thematic 

unity of concepts. Read the text carefully and make notes on the side margin of the page. After 

completing each section, answer intext questions and solve numerical problems yourself. This 

will give you an opportunity to check your understanding. You should continue reading a section 

till such time that you gain mastery over it. At some places you will find some text in italics and 

bold. This indicates that it is important. You must learn them. 

Solved Examples will help you to understand the concepts and fix your ideas. In fact, problem 

solving is an integral part of training in physics. Do them yourself and note the main concept 

being taught through a particular example. 

Activities are simple experiments which you can perform at your home or work placeusing 

readily available (low cost) materials. These will help you to understand physics by doing. Do 

them yourself and correlate your findings with your observations. 

Intext questions are based on the concepts discussed in every section. Answer these questions 

yourself in the space given below the question and then check your answers with the model 

answers given at the end of the lesson. This will help you to judge your progress. If you are not 

satisfied with the quality and authenticity of your answers, turn the pages back and study the 

section again. 

What have you learnt is essentially summary of the learning points for quick recapitulation. 

You may like to add more points in this list.  

Terminal exercises in the form of short, long and numerical question will help you to develop a 

perspective of the subject, if you answer these meticulously. Discuss your responses with your 

peers or counsellors.  

Answers to in text questions: These will help you to know how correctly you have answered 

the intext questions. 

Audio: For understanding difficult or abstract concepts, audio programmes are available on 

certain content areas. You may listen to these on FM Gyanvani or may buy the CDs from Priced 

Publication Unit, NIOS. 

Video: Video programmes on certain elements related to your subject have been made to clarify 

certain concepts. You may watch these at your study centre or may purchase these CDs from 

Priced Publication Unit, NIOS. 

www. These are few selected websites that you can access for extended learning. Studying at a 

distance requires self-motivation, self-discipline and self-regulation. Therefore, you must 

develop regular study habit. Drawing a daily schedule will help you in this endeavour. You 

should earmark a well-ventilated and well-lighted space in your home for your study. However, 

it should not be noisy or distract your concentration from your work. 



CAREER OPPORTUNITIES AFTER STUDYING CHEMISTRY 

Chemical sciences (Chemistry) offer access to a wide range of careers. Chemistry is 

the study of substances, their makeup and applications. In fact, it is the study of all materials 

and is vital to every aspect of our lives. Organic Chemistry, Inorganic Chemistry, Analytical 

chemistry and Biochemistry are the main branches of chemistry. The career options in 

chemistry are practically endless! However, employment options depend on how far the 

education, training and experience taken. A chemistry or biochemistry degree can lead to 

career paths in professions such as Medicine, pharmacology, agriculture, chemical 

engineering, forensic science, etc. Some of the important career opportunities after studying 

chemistry at senior secondary level is as 

 

RATIONALE 

According to present scheme of school education at Senior Secondary stage, 

chemistry emerges out as a separate discipline. It is this stage where major emphasis is to be 

laid on providing suitable conceptual foundation. The present Senior secondary level 

Chemistry (313) course at TOSS has now been revised as per the NIOS (National Institute of 

Open Schooling), Common Core Curriculum developed by COBSE (Council of Boards of 

School Education) and NCERT (National Council for Educational Research and Training) 

making it current and need based.  

The present chemistry course has been developed basically around the themes: Why 

do chemical reactions occur? What is the quantitative relationship among reacting 

constituents in a chemical reaction? How far and how fast will a chemical reaction proceed 



under a given set of conditions? Can we predict whether a chemical reaction will occur or 

not? What is the relation between the structure of a chemical substance and its 

functions/properties? In what way is a chemical reaction relevant for getting new types of 

substances and materials for daily life and chemical industries? Some interdisciplinary 

aspects have also been provided to make the course more meaningful and functional. 

OBJECTIVES OF THE COURSE 

It is expected that a learner will be able to: 

Understand the principles, theories and laws of chemistry responsible for various 

chemical processes/reactions, 

  realise the role of chemistry in production of many elements (metals/non-metals) and 

compounds useful in industries and daily life, 

 appreciate the chemical nature of inorganic and organic substances around him/her, 

choose various vocational, professional and applied courses of his/her choice based on 

knowledge of chemistry gained.  

 Apart from this, the present course also aims at developing the following capacity in 

the learner: 

 perform chemical calculations to know about the chemical reactions and chemical 

compounds, 

 explain chemical reactions, concepts and phenomenon, 

  develop awareness about uses and abuses of chemical substances, 

 develop skills arranging/setting apparatus, handling apparatus and chemicals properly, 

and 

 analyse and synthesise simple compounds. 

SPECIAL FEATURES OF THE COURSE 

The academic standard of the present chemistry course in comparable with the 

chemistry course of any State Education Board or Central Board of Secondary Education. 

The rationale behind the course is that every lesson has a role to play in understanding the 

holistic view of chemistry. The present course provides eight modules and a laboratory 

manual. A student appearing for senior secondary examination is expected to offer all the 

eight modules and practical. 

COURSE STRUCTURE 

The Revised Chemistry Course has three parts, I, II and III consist of theory portion 

and part IV is a practical manual. Part I, II and III of theory portion has eight modules. Part-I 

consists of five modules namely as: Some basic concepts of chemistry, Atomic Structure and 

Chemical Bonding, States of matter, Chemical Energetics, and Chemical Dynamics. Part-II 

consists of three modules namely: Chemistry of Elements and Chemistry of Organic 

Compounds, Part-III consists of two modules namely: Environmental Chemistry and 

Chemistry and Industry. Each module is further divided into different lessons. 
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MOLE CONCEPT  

 

 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 an 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 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 a mole which 

is very large. 

 

Objectives: 

After studying this lesson, you will be able to: 

 State the need for SI units; 

 List base SI units; 

 Explain the relationship between mass and number of particles; 

 Define Avogadro's constant and state its significance; 

 Calculate the molar mass of different elements and compounds and 

 Define the molar volume of gases at STP. 

 

1.1. SI Units (Revisited) 

 Measurement is needed in every walk of life. As you know 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 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 that 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 Systeme Internationaled' 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 Table1.1 
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Table 1.1: SI Base Units 

Physical Quantity Name of the SI Unit Symbol of SI Unit 

Length meter m 

Mass kilogram kg 

Time second s 

Electric Current Ampere A 

Temperature Kelvin K 

Luminous Intensity candela cd 

Amount of Substance mole mol 

 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 Kilometer which is a 

multiple of meters, the base unit of length. Here kilo is the prefix used for the multiple 10
3
. 

Its symbol is k which is prefixed to the symbol of meter, m. Thus, a symbol of a kilometer is 

km and 

1 km = 1.0x 10
3
m = 1000 m 

Similarly, for measuring small lengths we use centimeters (cm) and millimeters (mm) where 

1km = 1.0 x 10
-2 

m = 0.01 m 

1km = 1.0 x 10
-3

 m = 0.001 m 

Some prefixes used with SI units are listed in Table 1.2. 

Table 1.2: Some Prefixes used with SI Units 

Prefix Symbol Meaning Example 

Tera T 10
12

 1Terameter(Tm)=1.0 x 10
12

m 

Giga G 10
9
 1Gigameter(Tm)=1.0 x 10

9
m 

Mega M 10
6
 1Megameter(Tm)=1.0 x 10

6
m 

Kilo k 10
3
 1Kilometer(Tm)=1.0 x 10

3
m 

Hecto h 10
2
 1Hectometer(Tm)=1.0 x 10

2
m 

Deca da 10
1
 1Decameter(Tm)=1.0 x 10

1
m 

Deci d 10
-1

 1Decimeter(Tm)=1.0 x 10
-1

m 

Centi c 10
-2

 1Centimeter(Tm)=1.0 x 10
-2

m 

Milli m 10
-3

 1Millimeter(Tm)=1.0 x 10
-3

m 

Micro  μ 10
-6

 1Micrometer(Tm)=1.0 x 10
-6

m 

Nano n 10
-9

 1Nanometer(Tm)=1.0 x 10
-9

m 

Pico p 10
-12

 1Picometer(Tm)=1.0 x 10
-12

m 

 

Before proceeding further try to answer the following questions: 
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Intext Questions 1.1 

1. Name the SI Unit of mass 
 

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

2. What symbol will represent 1.0 x 10
2
 g? 

 

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

3. Name the prefixes used for (i) 10
2
 and (ii) 10

-9
 

 

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

4. What do the following symbols represent? 

 i) Ms .......................................................................................................................................... 
   

 ii) ms ......................................................................................................................................... 
 

1.2. 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 0.8g, 

he would weigh 400g screws because it is the mass of 500 screws (0.8 x500 = 400g). 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 

labor-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 the springs is found to be 1.5g, we can conclude that mass of each spring 

is 1.5/5000 = 3 x 10
-4

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'. 
 

1.3. 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 in 

more significant than their masses. Let us understand this with the help of the following 

activity. 

Activity 1.1. 

Aim: To study whether during a reaction, the reactants react with each other in a simple ratio 

by mass. 

What is required? 

 China dish, sulfur powder, iron powder, a magnet and a magnifying glass. 

What to do? 

 Mix 1g each of iron and sulfur powders in a China dish and heat them till the reaction 

is complete and the mixture becomes a hard mass. Now break it into small pieces. Repeat the 

procedure with a mixture of 2g of iron and 1g of sulfur powder. 
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What to observe? 

 Pieces obtained from the ‘reaction mixture containing iron and sulfur in 1:1 ratio by 

mass (1g each) when observed through a magnifying glass show some yellowish 

particles of sulfur. When a magnet is brought near them, they are not attracted 

showing that there is no unreacted iron. 

 Pieces obtained from the reaction mixture containing iron and sulfur in 2:1 ratio by 

mass (2g iron and 1g sulfur) do not show yellow particles of unreacted sulfur but are 

attracted by the magnet. This shows the presence of some unreacted iron. 

Conclusion 

 You can conclude that iron and sulfur do not react with each other in a simple mass 

ratio. When taken in 1:1 ratio by mass (Fe:S), some sulfur 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 

sulfur to form 1 molecule of iron(II) sulfide (FeS). It means that if we had taken equal 

number of atoms of iron and sulfur, 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 unitis ‘dozen’, which, as you know, means a 

collection of 12. Other number units that we use are ‘score’ (20) and ‘gross’ (144 or 12 

dozen). 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 10
16

 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 12g 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 is a 

number unit for dealing with bananas or oranges. In the next section you will learn more 

about this number. 
 

1.4. 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 grams 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 
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present in it or vice versa. Now the question arises how many atoms are there in exactly 12g 

of carbon-12.This number is determined experimentally and its currently accepted value is 

6.022045 x 10
23

. Thus 1mol = 6.022045 x 10
23 

entities or particles, or atoms or molecules. 

For all practical purposes this number is rounded off to 6.022 x 10
23

. 

 The basic idea of such a number was first conceived by an Italian scientist Amedeo 

Avogadro. But whenever determined this number it was determined later and is known as 

Avogadro’s constant in his honour. 

 This number was earlier known as Avogadro’s number. This number along with the 

unit that is, 6.022 x 10
23

 mol
-1

 is known as Avogadro constant. It is represented by the symbol 

NA. Here you should be clear that mathematically a number does not have a unit. Avogadro’s 

number 6.022 x 10
23

 will not have any unit but Avogadro’s constant will have unit of mol
-1

. 

Thus Avogadro’s constant, NA =6.022x10
23

 mol
-1

. 

Significance of Avogadro’s Constant 

 You know that 0.012 kg or 12g 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 10
23

 elementary 

entities like atoms, molecules or other particles. When we say one mole of carbon-12, we 

mean 6.022 x 10
23

 atoms of carbon-12 whose mass is exactly 12g. This mass is called the 

molar mass of carbon-12. The molar mass is defined as the mass (in grams) of 1mole of a 

substance. Similarly, a mole of any substance would contain 6.022 x 10
23

 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 exist in atomic form Atom 

2 Elements like O, N, H which exist in molecular form (O2, N2 H2) Molecule 

3 Molecular compounds like NH3, H2O, CH4 Molecule 

4 Ions like Na
+
, Cu

+2
, Ag

+
, Cl

-1
, O

-2
 Ion 

5 Ionic Compounds Like NaCl, NaNO3, K2SO4 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. 

Formula Atoms / ions present in one formula unit 

H2O 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 Cl

-
 ion 

NaNO3 One Na
+
 ion and one NO3 ion 

K2SO4 Two K
+
 ions and one SO4 ion 

Ba3(PO4)2 Three Ba
2+

 ions and two PO4 ions 
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 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   = 6.022 x 10
23

 C atoms 

 1 mole O2   = 6.022 x 10
23

 O2 molecules 

 1 mole H2O   = 6.022 x 10
23

 H2O molecules 

 1 mole NaCl   = 6.022 x 10
23

 formula units of NaCl 

 1 mole Ba
2+

 ions  = 6.022 x 10
23

 Ba
2+

 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 

 1 mole O2  = 1 x (6.022 x 10
23

)  = 6.022 x 10
23

 molecules of O2 

 0.5 mole O2  = 0.5 x (6.022 x 10
23

)  = 3.011 x 10
23

 molecules of O2 

 0.1 mole O2  = 0.1 x (6.022 x 10
23

)  = 6.022 x 10
22

 molecules of O2 
 

Intext Questions 1.2. 

1. A sample of nitrogen gas consists of 4.22 x 10
23

 molecules of nitrogen. How many moles 

of nitrogen gas are there? 

 

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

2. In a metallic piece of magnesium, 8.46 x 10
24

 atoms are present. Calculate the amount of 

magnesium in moles. 

 

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

3. Calculate the number of Cl2 molecules and Cl atoms in 0.25 mol of Cl2 gas. 

 

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

 

1.5. Mole, Mass and Number 

You know that  1 mol          = 6.022 x 10
23

 elementary entities 

and    Molar mass = Mass of 1 mole of substance 

            = mass of 6.022 x 10
23

 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 10
23

 particles (elementary entities). For obtaining the 

molar mass, i.e., mole-mass relationship we have to use atomic mass scale. 

 

1.5.1 Atomic Mass Unit 

 By international 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. 

1 amu = 
mass  of  one  C−12 atom

12
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 Atomic mass unit 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. 

1.5.2  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 is heavier than 1/12
th

 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 

 
 Experiments show that one O-16 atom is 1.333 times as heavy as one C-12 atom. 

Thus Relative atomic mass of O-16 = 1.333 x 12 = 15.996 ∼ 16.0 

 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, H2O. 

Relative molecular mass of water,  

             H2O = (2 x relative atomic mass of H) + (1 x relative atomic mass of O) 

          = (2 x 1) + (1 x 16) = 2 + 16 = 18. 

The relative atomic and molecular masses are just numbers and dimension less, unit-less 

quantities. 
 

1.5.3 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 = 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 of formula unit respectively. Let us 

understand these calculations with the help of following examples. 
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Example 1.1 : Calculate the molecular mass of ammonia, NH3. 

Solution : One molecule of NH3 consists of one N atom and three H atoms. 

Molecular mass of NH3 = (Atomic mass of N) + 3 (Atomic mass of H) 

      = [14 + (3 x 1)] amu 

      = 17 amu 

Example 1.2 : Calculate the formula mass of sodium chloride (NaCl). 

Solution : One formula unit of sodium chloride consists of one Na
+
 ion and one Cl

-
 ion. 

Formula mass of NaCl = (Ionic mass of Na+) + Ionic mass of (Cl
-
) 

    = 25 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 Cl
-
 as 35.5 amu which is the same as the 

atomic mass of Cl
-
 . 

 

1.5.4. 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 10
23

 elementary entities. Thus 

Molar mass = Mass of 6.022 x 10
23

 elementary entities. 

i. Molar mass of an element 

 You know that the relative atomic mass of carbon-12 is 12. A 12 g sample of it would 

contain 6.022 x 10
23

 atoms. Hence the molar mass of C-12 is 12 g mol
-1

. Forgetting the molar 

masses of other elements we can see relative atomic masses. 

 Since the relative atomic mass of oxygen-16 is 16, a 16 g sample of it would contain 

6.022x10
23

 oxygen atoms and would constitute its one mole. Thus, the molar mass of O-16 is 

16g mol
-1

. Relative atomic masses of some common elements have been listed the Table 1.3. 
 

Table 1.3: Relative atomic masses of some elements (up to 1
st
 place of decimal) 

Element 
Relative 

Atomic Mass 

Hydrogen, H 1.0 

Carbon, C 12.0 

Nitrogen, N 14.0 

Oxygen, O 16.0 

Sodium, Na 23.0 

Phosphorus, P 31.0 

Sulphur, S 32.1 

Chlorine, Cl 35.5 

Potassium, K 39.1 

Iron, Fe 55.9 
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ii. Molar mass of a molecular substance 

 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 10
23

 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. 

 Let us take the example of water, H2O. Its relative molecular mass is 18. Therefore, 

18 g of it would contain 6.022 x 10
23

 molecules. Hence, its molar mass is 18g mol
-1

. 

Alternately we can calculate it as: 

Molar mass of water, H2O  = (2 x molar mass of H) + (molar mass of O) 

           = (2 x 1g mol
-1

) + (16g mol
-1

) 

 

Table1.4: Molecular masses and molar masses of some substances 

Element (or) 

Compound 

Molecular 

Mass (amu) 

Molar mass 

(g mol
-1

) 

O2 32.0 32.0 

P4 124.0 124.0 

S8 256.8 256.8 

H2O 18.0 18.0 

NH3 17.0 17.0 

HCl 36.5 36.5 

CH2Cl2 85.0 85.0 

 

iii. Molar masses of ionic compounds 

 Molar mass of an ionic compound is the mass of its 6.022 x 10
23

  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 Cl

-
 

   = (23g mol
-1

) + (35.5g mol
-1

) 

   = 58.5g mol
-1

 

Let us take some more examples of ionic compounds and calculate their molar masses. 

Example 1.3 : Calculate the molar mass of 

 i) K2SO4  ii) Ba3(PO4)2 

Solution : 

i) Molar mass of K2SO4 = (2 x molar mass of K
+
) + (molar mass of SO4

2-
) 

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

     = [(2 x 39.1) + (32.1 + 4 x 16)] g mol
-1

] 

     = (78.2 + 32.1 + 64) g mol
-1

 = 174.3 g mol
-1

 

 

ii) Molar mass of Ba3(PO4)2 = (3 x molar mass of Ba
2+

) + (molar mass of PO4
3-

) 

     = (3 x molar mass of Ba
2+

) + 2 (molar mass of P + 4 x molar mass of O) 
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     = [(3 x 137.3) + 2 (31.0 + 4 x 16.0)] g mol
-1

] 

     = (411.9 + 190.0) g mol
-1

 = 601.9 g mol
-1

 

 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. 

Example1.4: Find out the mass of carbon-12 that would contain 1.0 x 10
19

 carbon-12 atoms. 

Solution: Mass of 6.022 x 10
23

 carbon-12 atoms = 12g 

  
Example 1.5 : How many molecules are present in 100g sample of NH3 ? 

Solution : Molar mass of NH3 = (14 + 3) gm mol
-1

 = 17 g mol
-1

 

 ∴ 17g Sample of NH3 contains 6.022 x 10
23

 molecules 

  
    = 35.42 x 10

23
 molecules 

    = 3.542 x 10
24

 molecules 

Example 1.6: Molar mass of O is 16g mol
-1

. What is the mass of one atom and one molecule 

of oxygen? 

Solution : Mass of 1 mol or 6.022 x 10
23

 atoms of O = 16g. 

   
            = 2.66 x 10

-23
g. 

Since a molecule of oxygen contains two atoms (O2). 

 its mass = 2 x 2.66 x 10
-23

g = 5.32 x 10
-23

g. 

 

Intext Questions 1.3. 

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

 

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

2. Calculate the molar mass of argon atoms, given that the mass of single atom is 6.634 x10
-26

 

kg. 

 

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

3. Calculate the mass of 1.0 mol of potassium nitrate, KNO3 (atomic masses: K=39 amu; 

N=14amu, O=16amu) 

 

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

4. The formula of sodium phosphate is Na3PO4. What is the mass of 0.146 mol of Na3PO4? 

(Atomic masses: Na=23.0 amu, P=31.0 amu; O=16.0 amu) 

 

...................................................................................................................................................... 
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1.6. Mass, Molar Mass and Number of Moles 

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

know what: 

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

 Molar mass of water is 18g mol
-1

. If we have 18g 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 

 

                 
These relations are useful in calculations involving moles of substance. 

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 = 27g mol
-1

 

  Required mass = no. of moles  x  molar mass. 

    = (0.5 mol) x (27g mol
-1

) 

    = 13.5 g 

 

1.7. Molar Volume,Vm 

 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. 

 
 In case of gases, we use their volumes at standard temperature and pressure (STP). 

For the purpose 0
0
C or 273K 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 

liter*. You will study that gases do not behave ideally and therefore their molar volume is not 

exactly 22.7L.  However, it is 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

. 

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

the molar volume of an ideal gas was taken as 22.4L mol
-1

. The difference in the value is due to 

the change in the standard pressure (1bar) which is slightly less than 1atm. 

 

Intext Questions 1.4. 

1. How many moles of Cu atoms are present in 3.05g 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) 

 

......................................................................................................................................................  
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3. In a combustion reaction of an organic compound, 2.5 mol of CO2 were produced. What 

volume would it occupy at STP (273K,1bar)? 
  

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

What You Have Learnt 

 Mole is the amount of a substance which contains as may elementary entities as there are 

atoms present in 0.012 kg or 12g of C-12. Thus mole denotes a number. 

 The number of elementary entities present in one mole of substance is 6.022 x 10
23

. 

 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 expressed as n = m/M 

 

Terminal Exercise 

1. How many atoms are present in a piece of iron that has a mass of 65.0 g / (atomic mass; 

Fe = 55.9 amu). 

2. A piece of phosphorus has a mass of 99.2 g. How many moles of phosphorus, P4 are 

present in it? (atomic mass, P = 31.0 amu) 

3. Mass of 8.46 x 1024 atoms of fluorine is 266.95g. Calculate the atomic mass of fluorine. 

4. A sample of magnesium consists of 1.92 x 10
22

 Mg atoms. What is the mass of the 

sample in grams? (atomic mass - 24.3 amu) 

5. Calculate the molar mass in g mol-1 for each of the following. 

                 i)   Sodium hydroxide, NaOH 

                 ii)  Copper Sulphate CuSO4.5H2O 

                 iii) Sodium Carbonate, Na2CO3.10H2O 

6. For 150 gram sample of phosphorus trichloride (PCl3), calculate each of the following: 

      i)   Mass of one PCl3 molecule. 

      ii)  The number of moles of PCl3 and Cl in the sample. 

      iii) The number of grams of C1 atoms in the sample. 
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      iv) The number of molecules of PC13 in the sample 

7. Find out the mass of carbon-12, that would contain 1 x 10
19

 atoms. 

8. How many atoms are present in 100g sample of C-12 atom? 

9. How many moles of CaCO3 would weigh 5g? 

10. If you require 1.0 x 10
23

 molecules of nitrogen for the reaction N2 + 3H2 → 2NH3. 

     i) What is the mass (in grams) of N2 required? 

     ii) How many moles of NH3 would be formed in the above reaction from 1.0 x 10
23

 

          molecules of N2? 

    iii) What volume would NH3 gas formed in ii) occupy at STP ? 

 

Answers to Intext Questions 

1.1 

1. Kilogram   2. μg   

3.    i) h     ii) n 

4.    i) Megasecond, 106 s   

      ii) millisecond, 10
-3

 s. 

 

1.2 

 
 

 
  

3.  No. of Cl2 molecules in 0.25 mol Cl2  = 0.25 x 6.022 x 10
23

 molecules 

            = 1.5055 x 10
23

 molecules 

       Since each Cl2 molecule has 2 Cl atoms, the number of Cl atoms  

     = 2 x 1.5055 x 10
23

 = 3.011 x 10
23

 atoms. 

 

1.3 

1. Molar mass of hydrogen chloride  =  molar mass of HCl 

     = 1 mol of H + 1 mol of Cl 

     = 1.0 g mol
-1

 + 35.5 g mol
-1

 

     = 36.5 g mol
-1

 

 

2. Molar mass of argon atoms  = mass of 1 mol of argon 

     = mass of 6.022 x 10
23

 atoms of argon. 

     = 6.634 x 10
-26

 kg x 6.022 x 10
23

 mol
-1

 

     = 39.95 x 10
-3

 kg mol
-1

 

     = 39.95 g mol
-1
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3. 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
-1

 in place of amu = 39.1 g + 14.0 g + 3 x 16.0 g 

 ∴ Molar mass of KNO3 = 39.1 g + 14.0 g + 48.0 g = 101.1 g mol
-1

 

 

4. Mass of 1 mol of Na3PO4 = 3 x (mass of 1 mol of Na) + mass of 1 mol of P  + 

       4 x (mass of 1 mol of oxygen) 

     = 3 (23.0 g) + 31.0 g + 4 (16.0) g 

    = 69.0 g + 31.0 g + 64.0 g = 164.0 g 

 ∴ Mass of 0.146 mol of Na3PO4  =  0.146  x 164.0 g  =  23.94 g 
 

1.4 

 



  
Page 15 

 
  

C
h

a
p

t
e
r

 

02 

CHEMICAL ARITHMETICS  

 

 We know that atoms of different elements combine in simple whole- number ratios to 

form molecules. For example, hydrogen and oxygen atoms combine in the mass ratio of 1:8 

and form water, H2O. However, it is impossible to deal with individual atoms because they 

are so tiny we can neither see nor weigh them. Therefore, we must increase the size of these 

quantities to the point where we can see them and weigh them. With the help of mole 

concept it is possible to take a desired number of atoms / molecules by weighing (please refer 

to lesson-1). 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 products formed in the chemical reaction. This 

relationship is known as Stoichiometry. Stoichiometry (derived from the Greek stoicheion = 

element and metron = measure) is the term we use to refer to all the quantitative 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. 
 

Objectives 

After reading this lesson, you will be able to: 

 Define empirical and molecular formulae; 

 Differentiate between empirical and molecular formulae; 

 Calculate percentage by mass of an element in a compound and also workout 

empirical formula from the percentage composition; 

 Establish relationship between mole, mass and volume; 

 Calculate the amount of substances consumed or formed in a chemical reaction using 

a balanced equation and mole concept, and 

 Explain that the amount of limiting reagent present initially limits the amount of the 

products formed. 
 

2.1. Molecular and Empirical Formulae 

 In your previous classes, you have studied how to write chemical formula of a 

substance. For example, water is represented by H2O, carbon dioxide is represented by CO2, 

methane is represented by CH4, dinitrogen penta-oxide is represented by N2O5, and soon. 

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 molecule (subscript 1 is always omitted). Such a 
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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 H2O. 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 formula 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 CH2O (empirical formulae are also called 

simplest formulae). Molecular formula = Xn where X is empirical formula and n is an 

integer). For example molecular formula of glucose is C6H12O6 which is 6 times of 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 C12H22O11 

which is popularly known as cane-sugar. In case of certain elements, a molecule consists of 

several atoms for example P4, S8, etc. In such cases, empirical 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 substances. KCl, NaNO2, MgO are examples of 

empirical formulae as these are all ionic compounds. Table 2.1 provides a few more 

examples. 

Table2.1: Molecular and Empirical Formulae 

Substance Molecular Formula Empirical Formula 

Ammonia NH3 NH3 

Carbon Dioxide CO2 CO2 

Ethane C2H6 C2H6 

Fructose C6H12O6 C6H12O6 

Sulphur S8 S8 

Benzene C6H6 C6H6 

Sodium Chloride --- NaCl 

Calcium Oxide --- CaO 

 

2.2. Chemical Composition and Formulae 

 How much carbon is present in one kilogram of methane whose molecular formula is 

CH4? How much nitrogen is present in one kilogram of ammonia, NH3? 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 
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problems. What is percentage composition? Let us take up this aspect in a little detail and try 

to understand. 
 

2.2.1. 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. Aluminum is obtained from its 

oxide. Al2O3 (Which is found as the ore, bauxite). From the formula we can calculate how 

much aluminum can be obtained, at least in principle, from a given amount of aluminum 

oxide. Calculation is done by making use of the idea of percentage composition. 

Percentage mass of an element in a compound 

 
Let us calculate percentage composition of aluminium oxide, Al2O3 

 
Molar mass of A12O3 = (2 x 27.0) g + (3 x 16.0) g = 102.0 g 

Since 1 mol of A12O3 contains 2 mol of Al atoms, the mass of Al is 2 x 27.0 g = 54.0 g Al 

 
We can calculate percentage of oxygen in the same way. One mole of Al2O3 contains 3 moles 

of O atoms, that is, 3 x 16.0g oxygen therefore 

 
Example 2.1: Butanoic acid, has the formula C4H8O2. What is the elemental analysis of 

butanoic acid? 

Solution: Molecular formula of the butanoic acid is C4H8O2. 

 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 = 4 x 12.0g + 8 x 1.0g + 2 x 16.0g = 88.0g 

Percentage of C by mass = 

Percentage of H by mass =  
8.0 𝑔

88.0 𝑔
  x 100 = 9.1%  

Percentage of O by mass =  
32.0𝑔

88.0 𝑔
  x 100 = 36.4% 

The percentage of O is 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% 
 

2.3. 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 
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compound if we know the percentage composition of 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 100.0g sample of water, then the percentage 

composition tells us that 100.0g of water contains 11.11g of hydrogen atoms and 88.89g of 

oxygen atoms. 

 From the atomic mass table, we find that 1mol of hydrogen atoms has a mass of 1.0g, 

and 1 mol of oxygen atoms has a mass of 16.0g. 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. Since 1 mol of H atoms has a mass of 1.0g we get the 

conversion factor as  

   
1 mol  of  H atoms

1.0g H
 

Therefore 

 11.11 g H = (11.11 g H)  
1 mol  of  H atoms

1.0g H
 = 11.11 mol H atoms 

Similarly conversion factor for oxygen will be 

1 mol of O atoms

16g O
 

Therefore, 88.89 g O = (88.89 g O) 
1 mol  of  O atoms

16g O
 = 5.55 mol O atoms 

Thus in water, the ratio of moles of hydrogen atoms to moles of oxygen atoms is 11.11:5.55. 

 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 is 11.1:5.55. Now 

by dividing each by the smaller of the two numbers we can convert both numbers to integers. 

    
11.11

5.55
 = 2   and   

5.55

5.55
 = 1 

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

is H2O. 
 

Intext Questions 2.1 

1. For the compound Fe3O4, calculate percentage of Fe and O. 
 

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

2. State percent composition for each of the following : 

 (a) C in SrCO3  b) SO3 in H2SO4 
 

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

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

formulae?  H2O2, C6H12, Li2CO3, C2H4O2, S8, H2O, B2H6, O3, S3O9, N2O3 
 

...................................................................................................................................................... 
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4. A compound is composed of atoms of only two elements, carbon and oxygen. If the 

compound contains 53.1% carbon, what is its empirical formula 
 

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

2.4. 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)  +  3O2(g) → 2Fe2O3(s)    ...... (2.1) 

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. 

ii) Macroscopic quantities, namely, moles, masses and volumes (in case of gaseous 

substances) of reactants and products. 

Now let us again take the reaction (2.1) given earlier and get the quantitative information out 

of it. 
 

2.4.1 Microscopic Quantitative Information 

The reaction (2.1) 

   4Fe(s) + 3O2(g) → 2Fe2O3(s)      ...... (2.1) 

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)       +          3O2(g)          →           2Fe2O3(s)   ...... (2.1) 
  4 atoms of Fe                3 molecules of O2                  2 formula units of Fe2O3 
 

2.4.2 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, NA  

     4Fe(s)         +          3O2(g)     →   2Fe2O3(s)   ...... (2.1) 

 4 atoms of Fe          3 molecules of O2      2 formula units of Fe2O3 
 

4 x NA atoms of Fe     3 x NA molecules of O2  2 x NA formula units of Fe2O3(s) 

      4 mol of Fe     3 mol of O2     2 mol of Fe2O3 
 

We may rewrite the above equation as 
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 4Fe(s)            +           3O2(g)   →   2Fe2O3(s)   ...... (2.1b) 

         4 mol of Fe           3 mol of O2               2 mol of Fe2O3 

 The above equation (2.1b) gives us the mole relationship between reactants and 

products. Here 4mol of Fe react with 3mol of O2 and produce 2mol of Fe2O3. 

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 

i. Molar mass of Fe = 55.8 g mol
-1

 

ii. Molar mass of O2 = 2 × 16.0 = 32 g mol
-1

 

iii. Molar mass of Fe2O3 = (2 × 55.8 + 3×16.0) g mol
-1

 

     = 159.6 g mol
-1

 

 Using these molar masses we can convert the mole relationship given by equation 

2.1b into mass relationship as given below: 

  4Fe(s)  +    3O2(g)  →     2Fe2O3(s) 

 4 mol Fe   3 mol O2    2 mol Fe2O3 

        (4 x 55.8) g Fe              (3 x 32) g O2  →     (2 x 159.6) g Fe2O3 

 223.2 g Fe   96 g O2    319.2 g FeO3 

 Thus 223.2g iron would react with 96g oxygen and produce 319.2g ironoxide, We 

may rewrite the above equation as: 

  4Fe(s)        +              3O2(g)             → 2Fe2O3(s) 

          223.2g Fe                      96g O2                       319.2g Fe2O3 

c) Volume Relationships 

 We know that one mole of any gas occupies a volume of 22.7L at STP (standard 

temperature and pressure 0
0
C and 1 bar pressure). We can use this information to arrive at 

volume relationships between gaseous substances. The reaction that we are considering 

involves only one gaseous substance, O2. We may rewrite the equation (2.1b) as 

 4Fe(s)   +  3O2(g)   →  2Fe2O3(s)    ...... (2.1) 

            4 mol    3 mol      2 mol 

(3 x 22.7) L at STP 

68.1 L at STP 

 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 involving 2 or more 

gaseous substances). 

 We can express microscopic as well macroscopic quantitative relationships involved 

in the above reaction as shown below. 

   4Fe(s)      +    3O2(g)  →     2Fe2O3(s) 

 4 atoms  3 molecules   2 formula units 

   4 mol      3 mol         2 mol 

   223.2 g       96 g        319.2 g 

   68.1 L at STP  
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 We may use even mixed relations. For example, we may say 4mol of iron would react 

with 68.1L (at STP) of oxygen to produce 319.2g of ironoxide. 

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 the 

manufacture of ammonia by Haber’s process. 

Microscopic relationship  N2 (g)   +  3H2 (g)  →  2NH3 (g) ......(2.2) 

Microscopic relationships  1 Molecules  3 Molecules   2 Molecules 

i) Moles    1 mol    3 mol    2 mol 

ii) Mass    28 g    (3x2.0) = 6.0g   (2x17.0) = 34 g 

iii) Volume    1 x 22.7 L   (3 x 22.7)   (2 x 22.7) 

            = 22.7 L             = 68.1 L           = 45.4 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 : 

2C4H10 (g)   +  13O2 (g)  →  8CO2 (g)  +  10H2O (g) 

2 molecues    13 molecules   8 molecules   10 molecules 

2 mol     13 mol   8 mol    10 mol 

2x(4x12+10x1g)   (13x32) g   8x(12+2x16) g  10x(2x1+16)g 

116g     416g    352 g    180g 

2x22.7=45.4L    13x22.7=295.1 L  8x22.7=181.6 L  10x22.7=227 L 

2 vol     13 vol    8 vol    10 vol 
 

Now let us use the mole, mass and volume relationships to make some calculations. 

Example 2.2: In the manufacture of ammonia by Haber process, nitrogen reacts with 

hydrogen at high temperature and high pressure in the presence of a catalyst and gives 

ammonia. 

N2(g)  +  3H2(g)  → 2NH3(s) 

How much hydrogen would be needed to produce one metric ton of ammonia? 

Solution: We should first find out the mass relationships for the reaction. 

    N2 (g)   +  3H2 (g)  →  2NH3(s) 

   1 mol    3 mol    2 mol 

   1x28g = 28 g   3x2g = 6.0 g   2x17g = 34 g 

We know that: 

 1 metric ton = 1000 kg = 103 kg = 106 g 

 From the mass relationship 34 g NH3 requires 6.0 g H2 for its manufacture. 

 ∴ 10
6 

g NH3 would require 
6.0 𝑥 106

34
 g = 1.76 x 10

5
 g of H2. 

Thus 1 metric ton of ammonia will be obtained by using 1.176 x 10
5
g of Hydrogen. 

Example 2.3: In a rocket motor fuelled by butane, C4H10, how many kg of O2 should be 

provided with each kg of butane to provide for complete combustion? 

Solution: The combustion reaction of butane is 

2C4H10 (g)  +  13O2 (g)  →  8CO2    + 10H2O(s) 

2 mol    13 mol 

2 x 58 = 116 g  13 x 32 = 416 g 
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Thus, to completely burn 116g butane, Oxygen required is 416 g. 

Therefore, to completely burn 1 kg (1000 g) butane, oxygen required will be 

   
  = 3586 g O2  

= 3.586 kg O2  ~ 3.59 kg O2 
 

Example 2.4: When lead sulphide; PbS and lead oxide, PbO, are heated together the product 

are lead metal and sulphur dioxide, SO2. 

 
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 

 
Now formula mass of PbO = (207.0 + 16.0) = 223.0 amu 

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

Therefore, 14.0 g of PbO is 
 

= 6.28 x 10
-2

 mol PbO 

 

a) The balanced equation show that 2 mol of PbO form 3 mol of Pb. Therefore, 6.28 x 10
-2

 

mol of PbO form 

6.28 x 10
-2

 mol PbO  x 
 
= 9.42 x 10

-2
 mol Pb 

 

b) The atomic mass of Pb is 207.0; this tells us that one mol of lead has a mass 207.0g. 

Thus, 9.42 x 10
-2

 mol of Pb has a mass of 

9.42 x 10
-2

 mol Pb  x 
 
= 19.5 g Pb 

 

c) 9.42 x 10
-2

 mol of Pb is 

9.42 x 10
-2

 mol of Pb x 6.022 x 10
23

 atoms mol
-1

 = 5.67 x 10
22

 Pb atoms 

d) The balanced equation shows that 2 mol of PbO form 1 mol of SO2. 

6.28 x 10
-2

 mol PbO x 
 

= 3.14 x 10
-2

 mol SO2 

 

Now the relative molecular mass of SO2 = 32.1 + 2 (16.0) = 64.1 

Molar mass of SO2 = 64.1 g mol
-1

 

Therefore, 3.41 x 10
-2

 moles of SO2 molecules have a mass of  

3.14 x 10
-2

 mol x 64.1 mol
-1

   =   2.01 g 

Intext Questions 2.2 

1. How many grams of NH3 can be made according to the reaction 

                     N2 (g) + 3H2 (g) → 2NH3(s) 

            from (a) 0.207 mol of N2 (b) 22.6 g of H2 

 
...................................................................................................................................................... 
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2 
2. In reaction  C2H4 (g) + 3O2 (g) → 2CO2 (g) + 2H2O(l) 

How many (a) moles of O2 are consumed and (b) moles of H2O are formed when 4.16 x 10
-2

 

mol of C2H4 react? 

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

2.5. Limiting Reagents 

We generally find that substances which react with each other are not present in 

exactly the same proportion a reaction mixture as stated by a balanced chemical 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. 

  2H2  +  O2  →  2H2O 

     2 mol  1mol  2mol 

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. The amount of hydrogen present initially limits the 

amount of product that is formed. 
 

Example2.5: 3mol of Sulphur dioxide (SO2) is mixed with 2 mole of O2, and after reaction is 

over SO3 is obtained? 

i) Which is the limiting reagent? 

ii) What is the maximum amount of SO3 that can be formed? 

Solution: i) we must first write the balanced equation 

2SO2    +   O2      →  2SO3 

According to the above equation 

a) 2mol of SO3 that can be formed from 3 mol of SO2. 

Amount of SO3 that can be formed from 3 mol of SO2 

= (3 mol SO2) x 
 

= 3 mol SO3 

b) 2 mol of SO3 can be formed from 1 mol of O2. Therefore, the amount of SO3 that can be 

formed from 2 mol of O2. 

= (2 mol O2) x 
 

= 4 mol SO3 

According to the definition, the limiting reactant is that reactant which gives the 

smallest amount. 

In this case SO2 is the limiting reactant. 

(ii) The maximum amount of product that can be obtained is the amount formed by 

the limiting reagent. Thus the maximum amount of SO3 that can be obtained is 3 mol. 
 

Example 2.6: 2.3 g of sodium metal is introduced into a 2L flask filled with chlorine gas at 

STP (273 K, 1 bar). After reaction is over, find: 

i) What is the limiting reagent in this reaction? 

ii) How many moles of sodium chloride are formed? 
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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: 

2 Na (s)  +  Cl2 (g)   →  2NaCl 

2 mol    1 mol    2 mol 

or     22.7 L at STP 

i) Moles of sodium introduced = 
 

= 0.1 mol 

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

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 

From equation: 1 mol Cl2 can produce 2 mol NaCl 

Therefore 0.088 mol Cl2 can produce  2 x 0.088 =  0.176 mol NaCl. 

ii) 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 Cl2 

Therefore 0.1 mol NaCl is produced from = 0.05 mol Cl2 

Initial moles of Cl2 = 0.088 mol 

Moles of Cl2 left unconsumed   =   (0.088 - 0.05) mol    =   0.038 mol 

Therefore, mass of Cl2 left unconsumed   =  0.038 g  x  71.0 g mol
-1

 =  2.698 g 

(because molar mass of Cl2 = 2 x 35.5 = 71.0 g mol
-1

) 

iv) Moles of Cl2 consumed = 0.05 mol out of 0.088 mol 

∴ Percent of Cl2 consumed and converted into NaCl = x 100 = 56.8% 
 

Example 2.7: 2.0 g mixture of MgCO3 and CaCO3 are heated till no further loss of weight 

takes place. The residue weighs 1.04g. Find the percentage composition of the mixture. 

(Mg = 24,  Ca = 40,  C = 12,  O = 16) 

Solution: Mixture of MgCO3 and CaCO3 taken = 2.0 g 

Let the mass of MgCO3 be  =  x g 

Therefore the mass of CaCO3  =  (2.0 - x) g 

The decomposition reactions are 

MgCO3 (g)   →   MgO (s)  +  CO2 (g)  (i) 

(24+12+48) g     (24+16) g 

       84 g            40 g (Residue) 

 

CaCO3 (g)   →   CaO (s)  +  CO2 (g)  (ii) 

          (40+12+48) g              (40+16) g 

    100 g           56 g (Residue) 
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Form the equation (i) 

84 g  MgCO3 leave a residue      = 40 g 

 x g  MgCO3 will leave residue  =  
40𝑥

84
  g 

Form the equation (ii) 

100 g   CaCO3 leave a residue       = 56 g 

(2.0 - x) g  CaCO3 will leave residue   = 
56(2.0−𝑥)

100
  g 

 

Total mass of the residue = 
40𝑥

84
 + 

56(2.0−𝑥)

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 

Therefore, mass of MgCO3 in the mixture = x =  
672

704
 = 0.96 g 

Therefore, percentage of MgCO3 =  
0.96

2.0
 x 100 = 48% 

and percentage of CaCO3 = 100 - 48 = 52% 

 

What You Have Learnt 

• A chemical formula is used not only to represent the name of a compound but also to 

indicate its composition in terms (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 compounds 

(compound or formula stoichiometry) and of the substances consumed and formed in 

chemical reactions (reaction or equation stoichiometry). 

• Chemical equations specify not only the identities of substances consumed and formed in 

a reaction, but also 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. 

• The stoichiometric rations among the moles of reactants shown in a balanced equation are 

useful for determining which substance is entirely consumed and which substance(s) is 

(are) left over. 



  
Page 26 

 
  

 

Terminal Exercise 

1. Write empirical formulae of the following compounds: CO, Na2SO3, C4H10, H2O2, 

KCl 

 

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

2. The empirical formula of glucose is CH2O which has a formula mass of 30 amu. If the 

molecular mass of glucose is 180 amu. Determine the molecular formula of glucose. 

 

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

3. What is ratio of masses of oxygen that are combined with 1.0 gram of nitrogen in the 

compound NO and N2O3? 

 

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

4. A compound containing sulphur and oxygen on analysis reveals that it contains 50.1% 

sulphur and 49.9% oxygen by mass. What is simplest formula of the compound? 

 

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

5. 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 CO2 

and 0.0845 g of H2O. Determine the percentage of these elements in the hydrocarbon. 

 

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

6. On combustion 2.4g of a compound of carbon, hydrogen and oxygen gave 3.52 of 

CO2 and 1.44 g of H2O. 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? 

 

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

7. (i) What mass of oxygen is required to react completely with 24g of CH4 in the 

following reaction? 

C2H4 (g) + 2O2 (g) → CO2 (g) + 2H2O (l) 

 

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

(ii) How much mass of CH4 would react with 96 g of oxygen. 

 

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

8. In the reaction H2 + Cl2 → 2HCl 

How many grams of chlorine, Cl2 are needed to react completely with 0.245 g of hydrogen, 

H2, to give hydrogen chloride, HCl? How much HCl is formed? 
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...................................................................................................................................................... 

9. 3.65 g of H2 and 26.7 g of O2 are mixed and reacted. How many grams of H2O are 

formed? 

 

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

10. Cuastic soda NaOH can be commercially prepared by the reaction of Na2CO3 with 

slaked lime, Ca(OH)2. How many grams of NaOH can be obtained by treating 2.0 kg of 

Na2CO3 with Ca(OH)2 ? 

 

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

11. A potable hydrogen generator utilizes the reaction 

CaH2 + H2O → Ca(OH)2 + 2H2 

How many grams of H2 can be produced by a 100 g cartridge of CaH2? 

 

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

12. The reaction 2Al + 3MnO → Al2O3 + 3Mn proceeds till the limiting substance is 

consumed. A mixture of 220g Al and 400g MnO was heated to initiate the reaction. Which 

initial substance remained in excess and by how much? (Al = 27, Mn = 55). 

 

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

13. KClO4 may be prepared by means of following series of reactions 

                Cl2 + 2KOH → KCl + KClO + H2O 

                3KClO → 2KCl + KClO3 

                4KClO3 → 3KClO4 + KCl 

How much Cl2 is needed to prepare 400 g KClO4 by the above sequence? 

     (K = 39, Cl = 35.5, O = 16, H = 1) 

 

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

14. 2.0 g of mixture of Na2CO3 and NaHCO3 was heated when its weight reduced to 

1.876 g. Determine the percentage composition of the mixture. 

 

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

15. Calculate the weight of 60% sulphuric acid is required to decompose 150g of chalk 

(calcium carbonate). (Given Ca = 40, C = 12, O = 16, S= 32) 

 

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

 

 

 

 

 

 

 



  
Page 28 

 
  

 

Answers to Intext Questions 
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03 

ATOMIC STRUCTURE  

 

 Chemistry has been defined as the study of matter in terms of its structure, 

composition, and 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 (600-400 BC) Indian and Greek philosophers. At that time there was 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 at 

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 is structure and properties. You would learn 

about these in the later lessons. 
 

Objectives 

After reading this lesson you will be able to: 

 Recognize the fundamental particles of atom; 

 Describe Rutherford’s experiment and explain its results; 

 Define electromagnetic radiation; 

 List and define the characteristic parameters of electromagnetic radiation; 

 Discuss line spectrum of hydrogen; 

 Explain Bohr’s postulates and discuss his model; 

 Draw energy level diagram of a  hydrogen atom showing different series of 

lines in its spectrum; 

 Explain wave particle duality of matter and radiation; 

 Formulate Heisenberg’s uncertainty principle; 

 Explain the need for quantum mechanical model; 

 Draw probability pictures of an electron in an atom; 

 List quantum numbers and discuss their significance; 

 Draw the shapes of s,p, and d orbitals; 

 Recognize nodal plane; 

 Explain Pauli’s exclusion principle; 

 Define Aufbau principle and 

 Explain Hund’s rule of maximum multiplicity.  
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 Explain wave particle duality of matter and radiation; 

 Formulate Heisenberg’s uncertainty principle; 

 Explain the need for quantum mechanical model; 

 Draw probability pictures of an electron in an atom; 

 List quantum numbers and discuss their significance; 

 Draw the shapes of s, p, and d orbitals; 

 Recognize nodal plane; 

 Explain Pauli’s exclusion principle; 

 Define Aufbau principle and 

 Explain Hund’s rule of maximum multiplicity. 
 

3.1   Fundamental Particles of Atom 

 In 1897 J.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 a 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 discovered this neutral particle and called it neutron subsequently in 1932. 

Thus we may conclude that atoms are not indivisible but are made up of three fundamental 

particles whose characteristics are given in Table 3.1. 
 

Table 3.1 Fundamental particles and their characteristics 

Particle Symbol Mass / kg Actual Charge / C Relative charge 

Electron e 9.109 389 x 10-31 - 1.602 177 x 10-19 -1 

Proton p 1.672 623 x 10-27 + 1.602 177 x 10-19 +1 

Neutron n 1.674 928 x 10-27 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 the atom. 
 

Intext Questions 3.1   

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? 
 

................................................................................................................................. 
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3.2 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 for the internal 

structure of the atom. The first attempt to describe the structure of an atom in terms of a 

model was made by J.J. Thomson. 
 

3.2.1 Thomson’s Model 

 On the basis of his experiments on discharge tubes. Thomson proposed that atoms can 

be considered as a large positively charged body with a number of small negatively charged 

electrons scattered throughout it. This model (Fig. 3.1) was called as plum pudding 

model of the atom. 

 
Fig 3.1 : 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 (1871-1937)                              Ernest Rutherford (1856-1940) 

         Won Nobel Prize in Physics in 1906           Won Nobel Prize in Chemistry in 1908 
 

3.2.1 Rutherford’s Experiment 

 Ernest Rutherford performed an experiment called the ‘ Gold Foil Experiment’ or ‘a- 

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 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. 3.2) were quite surprising. It was observed that 

most of the - 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 - particles suffered a rebound. 
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Fig. 3.2:  Schematic representation of 

Rutheford’s α-particle scattering experiment. 

Fig. 3.3: Schematic representation of   

 of Rutherford’s model 
 

These results led Rutherford to conclude that: 

 the atom contained some dense and positively charged region located at the center 

of the atom that he called as nucleus. 

 all the positive charge of the atom and most of its mass was contained in the 

nucleus. 

 the rest of the atom must be empty space which contains the much smaller and 

negatively charged electrons (Fig. 3.3). 

 The model proposed by Rutherford explained the observation in the –ray scattering 

experiments as shown below in Fig. 3.4. 

  

Fig. 3.4 Explanation of the results of 

α-ray  scattering experiment 
Fig. 3.5: Failure of Rutherford’s model 

 However, there was a problem with the Rutherford’s model. According to the 

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. 3.5) 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 atoms was made by Neils Bohr-a student of 

Rutherford. This model used the concept of quantization ofthe  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 Questions 3.2 

1. List the three constituent particles of an atom. 

 

................................................................................................................................... 
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2. What was the aim of Rutherford’s α-particle scattering experiment?  
 

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

3. Briefly describe Rutherford’s model of an atom. 
 

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

4. On what basis was the Rutherford’s model rejected? 
 

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

3.3    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 the examples 

of electromagnetic radradiationccording to the Maxwell’s theory, an electromagnetic 

radiation can be visualized as oscillating electric and magnetic fields. These travel as waves 

in the planes perpendicular to each other and also the direction of propagation. (Fig. 3.6 (a)) 

These radiations travel with the velocity of light (3.0 x 108 ms-1). 

  
(a) (b) 

Fig. 3.6 : (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 
 

3.3.1 Characteristic Parameters of Electromagnetic Radiations 

 The electromagnetic radiation is characterized by a number of parameters.  

These are 

Amplitude: This is 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. 3.6(b). It is represented by the Greek letter lambda (λ) and 

is expressed in terms of m, cm, nm or Angstrom (1A
0 = 10

-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-1 (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 (nu bar) 

and is equal to the reciprocal of the wavelength. The SI of is m
-1 (meter inverse). However, 

sometimes it is also expressed as cm
-1 (centimeter inverse). 

           .... (3.1) 

Velocity: it is defined as the linear distance traveled by the wave in one second.  
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The velocity in meters per second can be obtained by multiplying frequency in Hertz (s
-1

) 

with wavelength in meters. 

c = v λ (or)                                                              …….(3.2) 

The velocity of radiation depends on the medium. In a vacuum, the velocity is 

equal to 3.00 x 10
8
 ms

-1
. 

Electromagnetic radiations also show the characteristics of particles. These are 

called 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                                                             ………(3.3) 

The energy of the quantum can also be related to the wavelength or wave number as 

              .... (3.4) 

The energy of photon can be readily calculated from these equations if we know the 

frequency, wavelength, or wave number. 

Example 3.1: A microwave radiation has a frequency of 12 gigahertz. Calculate the energy 

of the photon corresponding to this radiation. (h = 6.626 x 10
-34 Js and 1 gigahertz = 10

9
 Hz.) 

Solution: The energy is given by the expression,  E = hv   

                 Substituting the values we get,  

 E = 6.626 x 10
-34 Js x 1.2 x 10

10
 s

-1
 = 7.95 x 10

-24
 J 

Example 3.2: The green light has a wavelength of 535 nm. Calculate the energy of a 

photon of green light. 

Solution:  We know that 

 
3.3.2 Electromagnetic Spectrum 

 Depending on their characteristics (wavelength, frequency and wave 

number) electromagnetic radiation is of many types and constitute what is called as 

an electromagnetic spectrum. (Fig. 3.7) The part of the spectrum that we can see is called 

visible spectrum and is a very small part of the overall spectrum. 

 
Fig. 3.7: The electromagnetic spectrum 
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Intext Questions 3.3 

1. What is an electromagnetic radiation? 
 

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

2. List any three characteristics of electromagnetic radiation. 
 

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

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

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

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

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

3.4 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 a rainbow). This is 

called a continuous spectrum because the wavelengths of the light varies continuously, due 

to splitting of the white light into constituent colors which is known as dispersion of light, 

that is without any break. Let us take another example. You are 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 line spectrum. Fig. 3.8 differentiates between a continuous and a line spectrum. 

                   
Fig. 3.8: (a) a Continuous spectrum b) a Line spectrum 

 

3.4.1 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. 3.9). 

  

Johann Balmer 

(1825-1898) 

Fig. 3.9: A schematic diagram showing line spectrum of hydrogen in the visible range 
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 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: 

 
Where n1 and n2 are positive integers (n1 < n2) and RH is called Rydberg’s constant. 

The different sets of lines observed in the hydrogen atom spectrum, their discoveries and the 

values of n1 and n2 are given in the Table 3.2.  

Table 3.2: Summary of the emission lines observed in hydrogen spectrum 

Series n1 n2 Region of spectrum 

Lyman 1 2,3,4.... Ultraviolet 

Balmer 2 3,4,5.... Visible 

Paschen 3 4,5,6.... Infrared 

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

Pfund 5 6,7,8.... Infrared 

The line Spectrum of hydrogen atom was explained by Bohr’s model, which is discussed in 

section 3.5 

Example 3.3: Calculate the wavelength of the Balmer line corresponding to n2 = 3. 

Solution: According to Balmer series =  

Where RH = 109,677 cm
-1

 

 

  

          
3.4.1.a Planck’s Quantam Theory 

The wave nature of light could explain the phenomenon of diffraction and 

interference. However, following are some of the observations which could not be explained 

with the help of electromagnetic theory. (called classical physics) 

• The nature of emission of radiation from hot bodies. 

• Reflection of electrons from metal surface when radiation strikes it. 

• Variation of heat capacity of solids as a function of Temperature. 

• Line spectra of atoms with special reference to hydrogen. 

The First concrete explanation for the above observations was given by Max Planck in 1900. 

According to his theory light is emitted or absorbed in small packets of energy called 

photons. Each photon has a definite amount of energy associated with it. 

The photons travel with a velocity, equal to velocity of light. The Energy of radiation (E) is 
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proportional to its frequency (ν). 

                                                        Ε α ν;     Ε = hν 

                                            h is called the plank's constant. 

                               h = 6.6256 x 10
-34

 Js = 6.6256 x 10
-27

 erg.s 

Planck’s theory successfully explains the emission of 

radiation from a hot body (black body radiations). When 

solids are heated they emit radiation over a wide range of 

wavelengths. 

Example: When iron rod is heated in a furnace, it first 

turns to dull red and then becomes more and more red as 

the temperature increases. As this is heated further, the 

radiation emitted becomes white, then blue. In terms of 

frequency, it means that the radiation emitted goes from a 

lower frequency to a higher frequency region of 

electromagnetic spectrum. The ideal body, which emits and 

absorbs all frequencies, is called a black body and the 

radiation emitted by such a body is called black body 

radiation. A hollow sphere coated inside with platinum black 

and having a small hole in its wall acts as a near black 

body. 

 
Fig. 3.9.a Radiations emitted by a 

black body at different 

temperatures 

 The exact frequency distribution of the emitted radiation i.e intensity of the radiation versus 

frequency gives curves. Such curves obtained at different temperatures of the black body are shown in 

Fig. 3.4.1(a). 

 The study of the curves shows that the nature of the radiation depends on the temperature of 

the black body. If the energy emitted is continuous the curve should be as shown by the dotted lines, 

but it is not so. 

The following conclusions are drawn from the study of the shape of the curves. 

 At a given temperature, the intensity of the radiant energy increases with the wave 

length, reaches a maximum, and then decreases. 

 As the temperature increases, the peak of the curve shifts to lower wavelength. 

 The above experimental results could not be explained satisfactorily on the basis of the wave 

theory of light. The salient features of Planck’s theory are 

* The oscillating particle in the black body does not emit energy continuously. 

* Radiation is emitted only in discrete quantities, Planck gave the name QUANTUM to the 

smallest quantity that can be emitted or absorbed in the form of electromagnetic radiation. 

* The phenomenon of wave propagation of radiant energy in the form of quanta is called 

quantization of energy. 

* Energy is emitted or absorbed in simple integral multiples of a quantum. It cannot be in 

fractional values. 

* E = n.hν; where n = an integer. 
 

3.4.1.b Explanation of Photo Electric Effect 

 When a clean surface of an alkali metal (Ex: Potassium, Rubidium etc) is exposed to a 

beam of light, ejection of electrons from the metal surface takes place. Only if the frequency 
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of incident light is greater than a certain minimum value, characteristic of the metal. This 

phenomenon is known as photo electric effect. It is observed that violet light is able to eject 

electrons from potassium but red light which is of lower frequency has no effect. The 

explanation for the frequency dependence of the photoelectric effect is given by ALBERT 

EINSTEIN. He could explain the photoelectric effect using Planck’s quantum theory of 

electromagnetic radiation as a starting point. Einstein argued that the wave model of light 

cannot explain the observed facts. However, if light is regarded as consisting of particles 

(called photons) such that the energy (E) of a photon is related to the frequency (v) by the 

relation.  

E = hν; where h = Planck’s constant. It is easy to understand photoelectric effect. 

 
Fig. 3.9.b  Equipment for studying the photoelectric effect. Light of a particular frequency 

strikes a clean metal surface inside a vaccum chamber. Electrons are ejected from the metal 

and are counted by a detector that measures their kinetic energy. 

 When photon of sufficient energy strikes an electron in the atom of the metal, 

it transfers its energy instantaneously to the electron during the collision and 

the electron is ejected without any timelog or delay. 

 Greater the energy possessed by the photon, greater will be the transfer of 

energy to the electron and greater the kinetic energy of the ejected electron. 

 When a photon strikes the surface of the metal, the energy (hν) of the photon 

is absorbed by the electron in the metal and a part of this energy is used to set 

free the electron from the attractive forces in the metal. The remaining energy 

of the photon appears in the form of the kinetic energy of the released 

electron. 

       Thus we can write hν = W+K.E     where, hν = Energy of the photon. 

       W = Energy required to overcome the attractive forces on the electron in the  

               Metal and also called work function 

      K.E = Kinetic energy of emitted electron. 

         ∴  hν = hνο + 1/2 meV
2
 

Me = mass of electron; ν = velocity of ejected electron. 

ν0 = Threshold frequency. 
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3.5 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 path around the nucleus (Fig. 3.10). 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 

refered to as stationary orbits or stationary states or non radiating orbits. 

  

Fig. 3.10 : 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 evergy. An electron at a 

lower (initial) state of energy, Ei can go to a (final) higher state of energy, Ef by absorbing 

(Fig 3.11) a single photon of energy given by  

E = hv = Ef  - Ei                                                                                             …………    (3.6) 

 Similarly, when electron changes its orbit from a higher initial state of energy Ei 

to a lower final state of energy Ef, a single photon of energy hl is released. 

 
Fig. 3.11 : Absorption and emission of photon causes the 

electron to change its energy level. 

3. The angular momentum of an electron of mass me   moving in a circular orbit of 

radius r and velocity is an integral multiple of h/2. 

     

where n 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. 
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 The negative sign in the energy expression means that the 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 increase 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. 
 

3.5.1 Bohr’s Theory of Hydrogen Atom: 

 Hydrogen atom contains a single proton in its nucleus with +e. An electron with –e 

revolve round the nucleus in a circular orbit of radius ‘r’. As per coulomb’s law, electrostatic 

force of attraction between the nucleus and the electron is given by 

Attractive force = -e
2
/r

2
 

This is columbic force of attraction of the electron towards the nucleus. For the atom to be 

stable an equal centrifugal force must act away from the nucleus. 

This centrifugal force arises as a result of the electron revolving around the nucleus in the 

circular orbit. It is equal to 
mv 2

r
 where m is mass of electron revolving around the nucleus in 

the circular orbit and 'r' is the radius of the orbit. 

Therefore alternative force of the electron revolving round the nucleus in a stationary 

orbit 

 
As per Bohr’s quantum condition 

 

 
 

Substitute the value of V2 in equation (1) above 

 
If  r is represented as rn for n

th
 orbit  
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Substitute the values of h = 6.256 x 10
-27

 erg.sec  

π = 3.14 

(Mass of electron) m = 9.1 x 10-28 g 

(Charge on electron) e = 4.802 x 10
-10

 e.s.u in equation (3) 

We get Radius of nth orbit (rn) = 0.529 x 10
-8

 n
2
 cm  

If    n = 1 Bohr’s orbit (r) = 0.529 x 10-8 cm = 0.529 A0. 

Since ‘n’ can have values 1,2,3…... a simple integer. It is obvious that orbits of only 

certain finite radii are possible and electrons could occupy possibly only these permitted 

orbits. These simple whole numbers denoted by ‘n’ are called Principal Quantum numbers. 

Energy of electron: 

The total energy of electron revolving in an orbit is obtained by summing up its 

kinetic energy and potential energy. 

Kinetic energy due to motion of an electron = 
𝟏

𝟐
 mv

2
 

(m is the mass of electron and v is its velocity) 

Potential energy of electron due to position = -e
2 

/ r 

 

 

 

 
Except of 'n' all the other terms in the above equation are constant we can write 

 
Substituting the values of m,e,h and π we have 

 
Thus, we can conclude that the energy of an electron (E) can have only certain discrete 

restricted values depending upon the value of ‘n’. This is termed as quantization of energy of the 

electron. An electron revolves only in certain orbits of fixed radii and also it has only certain 

allowed energy levels. These orbits are also termed as main energy levels or the principal quantum 

states. 

In the equation energy of an electron En =
−K

n2   

the energy of an electron is inversely proportional to the square of the principle quantum number n. 

As the value of n increases, radius of the orbit increase and the absolute value of energy of an electron 

also increase effectively. 
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As the value of n decrease, the radius of the orbit as well as the absolute value of its energy 

decreases. This increases the stability of the atom. When the electron of a hydrogen atom revolves in 

the first orbit, energy is at its lowest possible value and hence confers maximum stability to the 

hydrogen atom. This is termed as ground state of the hydrogen atom. 

When the electron is free from the influence of the nucleus the energy is taken as zero. The 

electron in this situation is associated with the stationary state of principle quantum number. 

(n) = ∞ and is called as ionized hydrogen atom. When the electron is attracted by the 

nucleus and is present in orbit n the energy is emitted and its energy is lowered. This is the reason for 

the presence of negative sign in the equation for energy and depicts its stability relative to the 

reference state of zero energy and n =1 
 

3.5.1 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 Ei to a final stationary state of energy 

Ef is given as hν = Ei - Ef . Substituting the expressions for energy from Eq. 1.8 we can get 

the formula given in eg. 3.5. Thus Bohr’s model provides an explanation for the observed 

line spectrum of hydrogen as summarized in Table 3.2 Fig. 3.12 shows the energy level 

diagram for hydrozen atom and the transitions responsible for the observed line spectrum. 

 
Fig. 3.12: Energy level diagram for H-atom, showing various transitions responsible 

for the observed line spectrum. 

Intext Questions 3.4 

1. What is the difference between a line spectrum and a continuous spectrum? 
 

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

2. What are the main postulates of Bohr’s model? 

 

................................................................................................................................... 
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3. How does the energy of a Bohr orbit vary with the principle quantum number ‘n’?. 
 

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

4. What is ‘Quantum’? 
 

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

5. Give the value of Planck’s constant in S.I. system? 
 

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

6. State photoelectric effect. 
 

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

7. Define threshold energy. 
 

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

3.6 Wave - Particle Duality 

 In section 3.3 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 based on 

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 other conditions behave as a wave. 

 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 posses 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, e 

(sometimes called de Broglie wavelength) given by the formula; 

 
 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 h 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 3.4: Calculate the de Broglie wavelength associated with a cricket ball weighing 

380g thrown at a speed of 140 km per hour. 

Solution: Mass of the cricket ball = 380 g 

                   =380 x 10
-3 kg=0.38 kg 

Speed or Velocity = 140 km/hr 

            = (140 x 1000) / 3600 = 38.89 m s
-1

 

The wavelength associated with the cricket ball will be 

 
= 4.48 x 10

-35
 m (J = kg m2 s

-2
) 

 
Dr-Broglie (1892-1987) 

de-Broglie proposed the theory of wave-particle 

dualism as a part of his PhD thesis in 1924. He 

got the physics Nobel Prize in 1929 
 

 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. Davidson 
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demonstrated the diffraction of electron waves by the crystal lattice of nikel (Fig. 3.13). Thus 

electrons also show a dual nature. That is, sometimes this show particle nature while at some 

other times they show wave nature. 

  

Fig. 3.13 : Electron diffraction 

pattern from nickel crystal 

Werner Heisenberg (1901-1976) 

Heisenberg got the phys. 

Nobel Prize in 1932 
 

3.7 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. 

 
Where Δx and Δp are the uncertainties in the measurements of position and 

momentum respectively. If the position of an object is known exactly (i.e., Δx = 0), then 

the uncertainly 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 certainly. Due to the small value of Planck’s constant, h (6.626 x 10
-34

 J s) this 

principle is not relevant while making measurements of large objects like car, bus or 

aeroplane etc. It is 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 or Wave Mechanical Model of the atom discussed in the next section. 
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Intext Questions 3.5 

1. What do you understand by wave-particle duality? 
 

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

2. Name the experiment that established the wave nature of electron. 
 

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

3. Compute the de-Broglie wavelength associated with an electron moving which a velocity 

of 100 km / second? (me = 9.1 x 10
-31

 kg) 
 

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

4. State Heisenberg’s Uncertainty Principle? 
 

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

3.8 Wave Mechanical Model of atom 

 Wave Mechanical Model of atom was proposed by Erwin Schrodinger - an Austrian 

physicist in 1926. This model is basically 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 the atom could be described in 

terms of a mathematical function called, wave function,φ (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 the Schrodinger wave equation (SWE). The square of 

the wave function φ
2
 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., 

 Principal quantum number, n  

 Azimuthal quantum number, l 

 Magnetic quantum number, ml 

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 an atomic orbital or simply orbital. 
 

3.8.1 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 follow from the 

Schrodinger wave equation but is introduced to account for electron spin. The fourth 

quantum number thus helps 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. n can have only positive non zero integral values (i.e., n = 

1,2,3,4.....). This means that in an atom, the electron can have only certain energies. 
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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. 

Each principal shell can accommodate a maximum of 2n
2
 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, l 

The azimuthal quantum number, l is related to the geometrical shape of the orbital. The 

value of l may be zero or a positive integer less than or equal to n-1 (n is the principal 

quantum number), i.e., l = 0,1,2,3....... (n-1). Different values of l correspond to different types 

of subshells and each subshell contains orbitals of a given shape. 
 

l = 0 
Corresponds to s-subshell and contains the orbital with spherical shape called 

as s-orbital. 

l = 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. 

l = 2 
Corresponds to d-subshell and contains the orbitals with a clover leaf shape 

called as d-orbitals. There are five d-orbitals in each p-subshell. 

l = 3 
Corresponds to f-subshell and contain f orbitals. There are seven f-orbitals in 

each f- shubshell. 

 

The shapes of s, p, and d orbitals will be discussed in the next subsection. 

Magnetic quantum number, ml 

The quantum number, ml describes the direction or orientation of the orbital in space. 

The quantum number ml may have any integral value from - l to + l. For example, for l = 1; 

ml can have the values as -1,0 and 1. 

Magnetic quantum number, ms  

The quantum number, ms describes the spin of the electron i.e., whether it is clockwise or 

anticlockwise. The quantum number, ms does not arise while solving SWE. The clockwise 

and anticlockwise direction of electron spin has arbitrarily been assigned the value 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 as s-subshell (l = 0) or a p-subshell (l = 1) or a d-subshell (l = 2). If it 

happens to be in a p-shell it may be in any of the three possible p-orbitals (corresponding 

to m1 = -1, 0 + 1 directed along x, y or z - axis. And within the orbital it may have clockwise 

(ms = + 
1

2
 ) or anti-clockwise (ms = - 

1

2
 ) direction of electron spin. The possible values of 

different quantum numbers for an electron belonging to the third shell are given in Table 3.3. 
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Table 3.3: The quantum numbers for an electron belonging to the third shell 

Principal quantum 

number, n 

Azimuthal quantum 

number, l 

Magnetic quantum 

number, ml 

Magnetic spin quantum 

number, ms 

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 Questions 3.6 

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? 

 

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

 

3.8.1 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”. Lets us try to 

understand the meaning of an orbital by taking the example of 1s orbital (n = 1 ; l = 0). This 
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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. 3.14 (a)) shows that the probability of finding the 

electron in 1s orbital increase 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.  

 
(a) 

 
(b) 

Fig. 3.14:  (a) Radial probability curve for 1s orbital  

                     (b) Boundary surface diagram for 1s orbital 

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. 3.14 (b). Thus the 1s orbital is represented as a sphere. 

 
(a) 

 
(b) 

Fig. 3.15 : (a) Radial probability curve for 2s orbital 

(b) Boundary surface diagram for 2s orbital 

Similarly, the Fig 3.15 (a) gives the radial probability curve for a 2s orbital while the 

Fig 3.15 (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 maxima then it decreases and comes close to zero. It 
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increases again and decreases as we 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-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; l = 1) we get a shape as shown 

in the Fig. 3.16. This picture shows the shape of one of the three possible p orbitals which is 

directed towards the z-axis; Pz. You may note that the probability picture for a Pz 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. 3.17 

 
 

Fig. 3.16: A p-orbital surface 

diagrams (shapes) 

Fig. 3.17 : The boundary showing a nodal plane of 

the p-orbitals 

The Fig. 3.18 gives 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. 3.18 : The boundary surface diagrams (shapes) of the five d-orbitals 
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Intext Questions 3.7 

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 1s orbital? 

 

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

3. What do you understand by 

i) a spherical node ? 

ii) a nodal plane ? 

 

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

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

 

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

3.8 Electronic Configuration of Atoms 

 You have so far learn 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 ml. 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. 
 

3.9.1 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 l. 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 + l) rules. 

Rule 1 : An orbital with a lower value for (n + l) has lower energy. For example, the 4s 

orbital (n + l = 4 + 0 = 4) will fill before a 3d orbital (n + l = 3 + 2 = 5). 

Rule 2 : If the value of (n + l) is same for two orbitals then the orbital with lower value 

of n will be filled first. For example, the 3d orbital (n + l = 3 + 2 = 5) will fill before a 4p 

orbital (n + l = 4 + 1 = 5). 

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

1s < 2s < 2p < 3s < 3p < 4s < 3d < 4p < 5s < 4d < 5p < 6s 
 

3.9.1 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. 
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For example, if a given electron in an atom has the set of four quantum numbers as n = 2, l 

= 1, ml = 1 and ms = +1/2 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, ms. 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. 
 

3.9.1 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
2
 2s

2
 2p

1
x 2p

1
y 2p

0
z    and not as    1s

2
 2s

2
 2p

2
x 2p

0
y 2p

0
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
2
 2s

2
 2p

1
x  2p

1
y 2p

1
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 

 Electronic configuration 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 

 Li   [He] 2s
1
 

 Na   [Ne] 2s
1
 

The electrons in the noble gas configuration are termed as core electrons while the 

ones in the outer shell are called valence electrons. 
 

Intext Questions 3.8 

1. What do you understand by the electronic configuration of an atom? 

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

2. What is Pauli’s exclusion principle? 

 
...................................................................................................................................................... 
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3. What is Aufbau principle? What are (n + l) rules? 

 

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

4. Which of the following orbitals will be filled first? 

 a) 2p or 3s   b) 3d or 4s 

 

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

 

What You Have Learnt 

 Atoms are made up of three fundamental particles namely, electrons, protons and 

neutrons. 

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 

much smaller and 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. 

 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 (= hν) 

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 wave length, is given by the 

formula; 

 

 This was experimentally verified by Thomson and Davisson by diffraction of electron 

waves by 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 φ. This wave 

function contains all the information about the system and can be found by solving a wave 
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equation called Schrodinger wave equation. 

 The square of the wave function, 𝛙2 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, l is related to the shape of the orbital. The 

magnetic quantum number m1 describes the direction or orientation of the orbital in space. 

 An additional quantum number, ms 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 eight lobed shape. 

 The distribution of elections in the shells and subshells is called Electronic 

Configuration. If 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 + 1) 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. The 

photons travel with a velocity equal to the velocity of light. The energy of radiation (E) is 

proportional to its frequency (v)  

E = hv   where h is a Planck’s constant h = 6.6256 x 10
-34

 JS 

 The phenomenon of ejection of electrons from the metal surface when light is exposed 

on it is called photo electric effect. 

 

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? 

3. What experimental evidence shows the dual nature of light? 

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

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

4. In what way was the Bohr’s model better than the Rutherford’s model? 

5. What are the drawbacks of Bohr’s Model? 

6. What led to the development of Wave Mechanical Model of the atom? 

7. What do you understand by an orbital? Draw the shapes of s and p-orbitals. 

8. Explain the Hund’s rule of maximum multiplicity with the help of an example. 
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9. Explain Planck’s Quantum theory. 

10. The threshold energy (work function) of a metal is 4.2 ev. If radiation of 2000 A
0 falls 

on the metal, what is the kinetic energy of the fastest photoelectron? 

 

Answers to Intext Questions 

3.1 

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

        
   = 1836 

2. Main constituent particles like proton, neutron and electron etc. present in the atom 

come in the category of fundamental particles. 

3. Neutron 

3.2 

1. Electron, proton and neutron 

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

3. 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. 

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

3.3 

1. 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. 

2. The different characteristics of electromagnetic radiation are 

i) Amplitude 

ii) Wavelength, 

iii) Frequency, 

iv) Wave number and 

v) Velocity 

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. 

3.4 

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., wavelengths of the radiation varies continuously. 

2. The main postulates of Bohr’s model are: 

i) The electrons move in a definite circular path called as stationary orbits or stationary 

state around a central stationary nucleus. 

ii) The electrons can change their orbits by absorbing or emitting a photon of energy (= hν) 

equal to the difference of the energies of the orbits. 

iii) The angular momentum of the electron is quantized. 
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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. 

4. The smallest packet of energy is called quantum. 

5. 6.625 x 10
-34

 Joules – second 

6. When light is exposed to clean metallic surface, electrons are ejected from the 

surface. This effect is called as photo electric effect. 

7. The minimum energy required for emission of photo electrons is called threshold 

energy. 

3.5 

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 10
-31

 kg Speed or Velocity = 100 km s
-1

 = 105 m s
-1

 

Using equation, the wavelength associated with the electron will be 

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 certainty. More accurately 

we measure a particle’s position, the less accurately we are able to measure it’s momentum 

and vice versa. 

3.6 

1. It is 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 wave functions. 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 

ii. Azimuthal quantum number, l and 

iii. The magnetic quantum number m1 

4. The principal quantum number, n is concerned with the energy of the electron in a 

shell. The quantum number l is related to the geometrical shape of the orbital and the 

quantum, number, ml describes the orientation of the orbital in space. 

3.7 

1. s-orbital : 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 1s orbital and 

secondly, it contains a spherical node. 



 
 

Page 57 
 

  

3. i) It is a spherical region of zero probability in an s orbital (other than 1s). 

             ii) It is a planar region in an orbital (other than s orbitals) where the probability 

or   finding the electron is zero. 

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

3.8 

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

Electronic Configuration. 

2. Pauli’s principle states that 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 + l) rules. 

4. There are two (n + l) rules. These are 

An orbital with a lower value for (n + l) is filled first. 

If the value of (n + l) is the same for two orbitals then the orbital with lower value of 

n will be filled first. 

4. i) 2p: (n + l) for 2p = 2 + 1 = 3; for 3s (n + l) = 3 + 0 = 3 ; Rule 2  

            ii) 4s : (n + l) for 4s = 4 + 0 = 4; for 3d (n + l) = 3 + 2 = 5 ; Rule 1 
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04 

PERIODIC TABLE AND ATOMIC 

PROPERTIES  

 

We have seen different heaps of onions & potatoes at vegetable shop. Imagine, they 

are lying mixed and you want to buy 1kg of onion. What will happen? You will have to wait 

for long to sort that and then weight 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 eatables 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. 
 

Objectives 

After reading this lesson you will be able to: 

 recognise the need for classification of elements; 

 recall the earlier attempts on classification of elements; 

 define modern periodic law; 

 name the elements with atomic number greater than 100 according to IUPAC 

nomenclature; 

 corelate the sequence of arrangement of elements in the periodic table with the 

electronic configuration of the elements. 

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

 locate the classification of elements into s-, p-, d- and f- blocks of the periodic table 

and  

 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) chemical reactivity f) anamolous behavior 
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4.1 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 two elements in the 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 are 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 properties showed a periodic trend. 
 

4.2  Mendeleev’s Periodic Table 

In 1869, Mendeleev’s a Russain Chemist made a thorough study of the relation 

between the atomic weights of the elements and their physical and chemical 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 elements had properties similar to that of the first 

element. Thus, there was a periodic occurrence of elements with similar properties. 

One of the most striking applications of Mendeleev’s classification of elements was 

that in his periodic table (Table 4.1) 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. 

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 re-occurrence of properties (periodicity of 

properties) and even the properties of some elements were listed much before their discovery. 

Mendeleev’s periodic Table (Table 4.1) was quite useful till the discovery of atomic number 

there existed certain inherent defects which opposed the system. 
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Table 4.1 Mendeleev’s Table of 1871 

 
4.3 Modern Approach 

Atomic number was discovered in 1913 by a team lead by Moseley. 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. 
 

4.4 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. An atom loses electrons from or gains electrons in the outermost shell of an atom during 

a chemical reaction. 

ii. 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 

configuration should possess similar physical and chemical properties and therefore they 

should be placed together for an easy and systematic study. 
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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 4.2 
 

4.5 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. 

ii. There are seven horizontal rows. These rows are called PERIODS. Thus the periodic 

table has seven periods, numbered from 1 to 7. 

iii. 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 Manmade Elements, but you will find 

the term specifically applied to transuranic elements (elements listed after uranium) 

only. 

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 similarly 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. 
 

4.6 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 elements 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. 

i. 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. 

ii. 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 lathanoids and actinoids are metals. 
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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. 
 

Intext Questions 4.1 

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

2. Compare the metallic character of aluminium and potassium. 

3.  Name the group number for the following types of elements. i) Alkaline earth metals 

ii) Alkali metals iii) Transition metals  iv) Halogens    v) Noble gases. 

4. Name five man made elements. 

 

Electronic configurations of elements and the periodic table 

 An electron in an atom is characterised by a set of four quantum numbers, and the 

principal quantum number (n ) defines the main energy level known as shell. The filling of 

electrons into different subshells, also referred to as orbitals (s, p, d, f ) in an atom. The 

distribution of electrons into orbitals of an atom is called its electronic configuration. An 

element’s location in the Periodic Table reflects the quantum numbers of the last orbital 

filled. In this section we will observe a direct connection between the electronic 

configurations of the elements and the long form of the Periodic Table. 

(a) Electronic Configurations in Periods: The period indicates the value of n for the 

outermost or valence shell. In other words, successive period in the Periodic Table is 

associated with the filling of the next higher principal energy level (n = 1, n = 2, etc.). It can 

be readily seen that the number of elements in each period is twice the number of atomic 

orbitals available in the energy level that is being filled. 

The first period (n = 1) starts with the filling of the lowest level (1s) and therefore has two 

elements — hydrogen (1s
1
 ) and helium (1s

2
 ) when the first shell (K) is completed.  

The second period (n = 2) starts with lithium and the third electron enters the 2s orbital. The 

next element, beryllium has four electrons and has the electronic configuration 1s
2
 2s

2
. 

Starting from the next element boron, the 2p orbitals are filled with electrons when the L 

shell is completed at neon (2s
2
 2p

6
 ). Thus there are 8 elements in the second period.  

The third period (n = 3) begins at sodium, and the added electron enters a 3s orbital. 

Successive filling of 3s and 3p orbitals gives rise to the third period of 8 elements from 

sodium to argon.  

The fourth period (n = 4) starts at potassium, and the added electrons fill up the 4s orbital. 

Now you may note that before the 4p orbital is filled, filling up of 3d orbitals becomes 

energetically favourable and we come across the so called 3d transition series of elements. 

This starts from scandium (Z = 21) which has the electronic configuration 3d
1
 4s

2
 . The 3d 

orbitals are filled at zinc (Z=30) with electronic configuration 3d 104s 2 . The fourth period 

ends at krypton with the filling up of the 4p orbitals. Altogether we have 18 elements in this 

fourth period.  

The fifth period (n = 5) beginning with rubidium is similar to the fourth period and contains 

the 4d transition series starting at yttrium (Z = 39). This period ends at xenon with the filling 

up of the 5p orbitals. 
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The sixth period (n = 6) contains 32 elements and successive electrons enter 6s, 4f, 5d and 6p 

orbitals, in the order — filling up of the 4f orbitals begins with cerium (Z = 58) and ends at 

lutetium (Z = 71) to give the 4f-inner transition series which is called the lanthanoid series. 

The seventh period (n = 7) is similar to the sixth period with the successive filling up of the 

7s, 5f, 6d and 7p orbitals and includes most of the man-made radioactive elements. This 

period will end at the element with atomic number 118 which would belong to the noble gas 

family. 

 Filling up of the 5f orbitals after actinium (Z = 89) gives the 5f-inner transition series 

known as the actinoid series. The 4fand 5f-inner transition series of elements are placed 

separately in the Periodic Table to maintain its structure and to preserve the principle of 

classification by keeping elements with similar properties in a single column. 

(b) GroupWise Electronic Configurations Elements in the same vertical column or group 

have similar valence shell electronic configurations, the same number of electrons in the 

outer orbitals, and similar properties. For example, the Group 1 elements (alkali metals) all 

have ns 1 valence shell electronic configuration as shown below.  

 

Table : Types of elements: Electronic configuration of alkali metals 

Atomic 

Number 
Symbol Electronic Configuration 

3 Li 1s2 2s1 or [He] 2s1 

11 Na 1s2 2s2 2p6 3s1or [Ne] 3s1 

19 K 1s2 2s2 2p6 3s2 3p6  4s1 or [Ar] 4s1 

37 Rb 
1s2 2s2 2p6 3s2 3p6  4s2 3d10 4p6 5s1 

or [Kr] 5s1 

55 Cs 
1s2 2s2 2p6 3s2 3p6  4s2 3d10 4p6 5s2 

4d10 5p6 6s1 or [Xe] 6s1 
 

4.7 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-subshells of an atom, then the elements comprising all such atoms will belong to 

d-block. 

The salient features of the four types of elements marked in the Periodic Table: 

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

discussed earlier. 
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i. s-block elements : All alkali metals and, alkaline earth metals. 

ii. p-block elements : All elements of group no. 13 to group no. 18. 

iii. d-block elements : All elements from group no. 3 to group no. 12.  

                          (Except Lanthanoids and Actinoides) 

iv. f-block elements : Lanthanoids (at no 58 to 71) and Actinoids (at no. 90 to 103) 

 

 
Blockwise categorization of elements 

i) s-Block Elements:   

 The elements of Group 1 (alkali metals) and Group 2 (alkaline earth metals) which 

have ns1 and ns2 outermost electronic configuration belong to the s-Block Elements.   

 They are all reactive metals with low ionization enthalpies. 

 They lose the outermost electron(s) readily to form 1+ ion (in the case of alkali 

metals) or 2+ ion (in the case of alkaline earth metals).  The metallic character and 

the reactivity increases as we go down the group. Because of  high reactivity they are 

never found pure in nature.  

 The compounds of the s-block elements, with the exception of those of lithium and 

beryllium are predominantly ionic. 

 

ii) The p-Block Elements: The p-Block Elements comprise those belonging to Group 13 to 

18 and these together with the s-Block Elements are called the Representative Elements or 

Main Group Elements.  

 The outermost electronic configuration varies from ns
2
np

1 
to ns

2
np

6 
in each period. non-

metals. 
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 At the end of each period is a noble gas element with a closed valence shell ns
2
np

6
 

configuration.  All the orbitals in the valence shell of the noble gases are completely 

filled by electrons and it is very difficult to alter this stable arrangement by the addition 

or removal of electrons.   

 The noble gases thus exhibit very low chemical reactivity. 

 Preceding the noble gas family are two chemically important groups of non-metals. 

 They are the halogens of Group 17 and the chalcogens of Group 16. 

 These two groups of elements have highly negative electron gain enthalpies and readily 

add one or two electrons respectively to attain the stable noble gas configuration.   

 The non-metallic character increases as we move from left to right across a period and 

metallic character increases as we go down the group. 

 

iii) The d-Block Elements also known as the Transition Elements:  These are the elements 

of Group 3 to group 12 in the centre of the Periodic Table. 

 These are characterized by the filling of inner d orbitals by electrons and are therefore  

referred to as d-Block Elements.   

 These elements have the general outer electronic configuration (n-1)d
1-10

 ns
0-2

. They are 

all metals. 

 They mostly exhibit variable valence (oxidation states) and form coloured ions in 

solution.  These show paramagnetism and are often used as catalysts.  

 However, Zn, Cd and Hg which have the electronic configuration, (n-1)d
10

ns
2 

do not 

show most of the properties of transition elements.  

  In a way, transition metals form a bridge between the chemically active metals of s-

block elements and the less active elements of Groups 13 and 14 and thus take their 

familiar name “Transition Elements”.  

 

(iv) The f-Block Elements - Inner-Transition Elements:  The two rows of elements at the 

bottom of the periodic table, called Lanthanides,  Ce(Z = 58) – Lu(Z = 71) and Actinides, 

Th(Z = 90) – Lr (Z = 103).   

 These are characterized by the outer electronic configuration (n-2)f
1-14

 (n-1)d 
0–1

 ns
2
 .   

 The last electron added to each element is filled in f-orbital.   

 These two series of elements are hence called the Inner-Transition Elements (f-Block 

Elements) and these are all metals.   

 Within each series, the properties of the elements are quite similar.  The chemistry of 

the early actinides is more complicated than the corresponding lanthanides, due to the 

large number of oxidation states possible for the actinide elements. 

 Actinide elements are radioactive and many of the actinide elements have been made 

only in nanogram quantities or even less by nuclear reactions and their chemistry is not 

fully studied. The elements after Uranium are called Transuranium Elements. 

 

There are minor exceptions in Mn and Zn configurations. You will study more about the 

reasons for such exceptions in Lesson 23. 
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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 IUPAC. But due to certain disputes that arose 

over the original discoverer of some of the elements of atomic numbers greater than 104, the 

IUPAC in 1994 appointed a Commission on Nomenclature of Inorganic Chemistry (CNIC). 

After consultation with the Commission and the chemists around the world, the IUPAC in 

1997 recommended a nomenclature to be followed for naming the new elements with atomic 

numbers greater than 103 until their names are fully recognised. The names are derived 

directly from the atomic number of the element using the following numerical roots for 0 and 

number 1-9. 

0 = nil 3 = tri 6 = hex 9 = enn 

1 = un 4 = quad 7 = sept  

2 = bi 5 = pent 8 = oct  

 The roots are put together in the order of the digits which make up the atomic number 

and ‘ium’ is added at the end. 

 Names, thus derives, and the IUPAC approved names of some elements with atomic 

numbers greater than 103 are listed in Table 4.3 

Table 4.3 Nomenclature of elements with atomic numbers greater than 103 

Atomic 

Numbe

r 

Name Symbol IUPAC 

approved 

Name 

IUPA

C 

Symb

ol 
104 Unnilquadiu

m 

Unq Rutherfordium Rf 

105 Unnilpentiu

m 

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 Ununquadiu

m 

Uuq   

115 Ununpentium Uup   

 

4.8  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 

particular direction will show steady increase or decrease of a said property. 
 

4.9  Atomic Size 

 In homonuclear diatomic molecules the distance from the centre of one nucleus to the 

centre of another nucleus gives the bond length and half of this bond length is atomic radius. 
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(Fig. 4.2). The first number 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. 4.3. However there may be some exceptions 

and there will be other reasons to explain them. 

 
Fig. 4.2 : Atomic radium = 1/2 d AA = r 

 
Fig. 4.3 : From left to right, size of atoms decrease in the periodic table 

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

increases at each step. 

 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. 
 

4.9.a  Types of atomic radius 

 The atomic radius cannot be determined exactly. But the inter-nuclear distance of the 

bonded atoms can be measured using x-ray diffraction or other methods. 

The  atomic radius depends on many factors like the number of bonds formed by the atom, 

nature of bonding, oxidation state etc. 

The types of atomic radius are considered based on nature of bonding. They are 

 1.  Crystal radius or Atomic radius 

 2.  Vander Waal's radius. 

 3.  Covalent radius . 
 

Crystalline Radius : 

This type of radius is applicable for metal atoms. 

Half of the distance between the centres of the nuclei of two adjacent metal atoms in the 

metallic crystal is called crystal radius or atomic radius. 

 It is measured in 1A
0
 = 10

-8
  cm = 10

-10
 m = 0.1 m  

 1 nm = 10
-9

 m 

Example :  The distance between two Na Atoms = 3.72 A
0
 

  Crystal radius of  Na = 3.72/2 = 1.86 A
0
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Vander Waal's radius : 

 This type of radius is used only for molecular substances present in the solid state. 

 ‘Vander Waal's radius is distance between the centres of two atoms of different 

molecules which are closest to each other. 

 These atoms which approach closest to one another do not form chemical bond. But 

remain together due to Vander Waal's forces of attractions. 

 For example the distance between two adjacent Chlorine atoms of different molecules 

is 3.6A
0
 – Then the Vander Waal's radius of Chlorine is 3.6/2 = 1.80 A

0
 

 Vander Waal forces of attraction are weak so it is found that Vander Waal's radius is 

40% more than half of the distance between two nuclei of chemically bonded atoms. 
 

Covalent radius : 

 This radius is generally used while referring to non-metals. 

 It is half of the distance between the nuclei of two atoms held together by a covalent 

bond. 

 For Example the inter nuclear distance between Chlorine atoms in a molecule is 

1.98A. The covalent radius of chlorine is one half of the inter nuclear distance. 

   ie. 1.98/2 = 0.99A
0
 

 
Vander Waal and Covalent radii in chlorine. 

  Vander Waal's radius  = AC = A
1
C = r = 1.8A

0
 

  Covalent radius  = AB = r = 0.99 A
0
 

  The inter nuclear distance = AA
1
 distance = 3.6A

0
 

  Vander Waal's radius  = AA
1
 1/2 = 3.6/2 = 1.80 A

0
 

 

Intext Questions 4.2 

1. Give the order of penetration of orbitals toward, nucleus for a given principal quantum 

number. 
 

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

2. Define shielding effect. 
 

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

3. Define covalent radius of elements. 

 

.............................................................................................................................................. 
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4.10 Ionic Size 

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

 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 out weights 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, Cl

-
  is bigger than Cl. 

 In the main groups, the ionic radii increase on descending the group e.g., Li
+
 = 0.76 

A
o
, Na

+
 = 1.02 A

o
, K

+
 = 1.38 A

o
, etc. it is due to the addition of extra shell at each 

step. 

 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. Na
+
 = 1.02 A

o
, Mg

2+
  = 0.72 A

o
, Al

3+
 = 0.535 A

o
, 

etc. It is due to the increase in the number of charges on the nucles and also due to the 

increase in the charge on the ion. 

 The ionic radii of the negative ions, also decrease on moving from left to right across 

a period. e.g. O
2-

 = 1.40 A
o
, F

-
 = 1.33 A

o
, etc. This is partly due to increase in the 

number of charges on the nucleus and also due to the decreasing change on the ion. 

 

Intext Questions 4.3 

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

IUPAC nomenclature. 
 

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

2. Arrange the following in the order of increasing size. Na
+
, Al

3+
, O

2-
, F

-
 

 

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

3. How does the size of atoms vary from left to right in a period and on descending a 

group in the periodic table? 
 

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

4.11    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
-1

 (kilo joules per mole) 

M(g)   +   IE             M+(g)   +  e
-
 

 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. 
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 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 4.4 

Table 4.4: First ionization enthalpies of the elements (in kJ mol
-1

) 

 
 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 f) 

i. 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. 

ii. 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 a 

result 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. 

iii. Since the orbitals (s, p, d and f) have different shapes, the ionization enthalpy depends 

on the types of electrons removed. e.g. an electron in an s orbital is more tightly 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. Similarly 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 in the order s > p > d > f. 

      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 these factors thus 
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determines 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. 4.4. 

 
Fig. 4.4 : Variation of ionization enthalpy of elements. 

 

It is clear from Fig. 4.4 that 

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

their respective periods. 

ii. The noble gases (He, Ne, Ar, Kr, Ze 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. 

 

 The first ionization enthalpies of Be and Mg are higher than those of their preceding 

elements because the electrons are removed from the fully filled s-orbitals. 

 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. 
 

Factors effecting Ionization energy 

The magnitude of Ionization potential of an atom depends on the following factors : 

1. Atomic radius 

2. Nuclear Charge 
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3. Screening or shielding effect on the outer electrons 

4. Extent of penetration of orbitals of valence electrons. 

5. The nature of sub shells; Whether half filled or completely filled with electrons or not. 
 

1. Atomic radius: As the atomic size increases valence electrons move farther from the 

nucleus and so are held by weak nuclear attraction. So less energy is enough for the 

removal of the outer most electron of an atom. Hence, as the atomic radius increases, the 

Ionization energy decreases. 

2. Nuclear Charge: The Number of electronic shells remain same, as the nuclear charge 

increase, the outer electrons are more strongly held by the nucleus due to attractive forces 

As a result, the energy required to remove the most loosely held electron from the atom is 

more. Hence IP increases, as the nuclear charge increases. 

Element Li Be C N F 

Nuclear Charge 3 4 6 7 9 

Ionization Potential ev
-
 5.39 9.32 11.25 14.52 17.42 

3. Screening effect: In an atom having more than one electron, the valance electrons are 

attracted by the nucleus and at the same time repelled by the inner core of electrons. The 

electrons present in the inner orbits screen the electrons present in the outer most orbit 

from being attracted by the nucleus. Hence, the nuclear attraction on the outer most 

electron decreases. This influence of the inner core of electrons on the attraction of the 

nucleus towards outer electrons is referred screening effect.  

 
The screening efficiency of orbitals falls off in the order s > p > d > f 

4. Extent of penetration of Orbitals of valence electrons: For a given quantum number the s-

orbital penetrates more towards nucleus because of its spherical and symmetrical shape. So an 

electron of an s-orbital requires large amount of energy to be removed. In the same shell P- 

electrons require less energy to remove. Hence the Ionization energy follows the sequence of 

the extent of penetration of the orbitals s > p > d > f. 

5. Completely filled or half filled sub shells: Completely filled or half filled electronic sub 

energy levels impart greater stability to the atom i.e. the element. Such atoms required more 

energy for Ionization. Hence, they have more Ionization energy values. 
 

4.12   Electron Gain Enthalpy 

Every atom, in general, has a tendency to gain or lose electrons in order to acquire a 

noble gas configuration. The atoms which have five, six or seven electrons in their outer most 

shell, shows 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 (E) for this process is called electron gain enthalpy of that atom. 

Electron gain enthalpy is the energy released or adsorbed for one mole of neutral 

atoms in a gaseous state when electron is accepted by each atom. 

X (g)  +      e
-
      →   X

-
 (g) 

Where X represents an atom 

  Cl (g)   +      e
-
     →    Cl

-
 (g);      ΔE = -349 kJ mol

-1
 



  
Page 74 

 
  

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 E. Thus electron 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 4.5, 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 near to the 

small F atom, it experiences repulsion from other electrons. 

Table 4.5: Electron gain enthalpy in kJ mol
-1

 

 
 

4.13 Electro negativity 

It is an indicator of the extent of attraction by which electrons of the bond pair are 

attract by an atom linked by this bond. The value of electro negativity is assigned arbitrarily 

to one atom such as hydrogen. Then the value of electro negativity is assigned to all other 

atoms with respect to hydrogen. One such scale is the Pasuling Scale of electro negativity 

(Table 4.6). 

Electro negativity is defined as a measure of the ability of an atom to attract the 

electron pair in a covalent bond to itself. 

In a homonuclear diatomic molecule such as hydrogen (H2) or fluorine (F2), 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 HCl the bond pair of 
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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 electro negativities of the two atoms indicates highly ionic 

character of the bond between them. For example, Cs
+
F

-
. On the other hand, zero difference 

in the electro negativities between the two atoms indicates that the percentage ionic character 

is zero. Therefore the molecule is purely covalent e.g. H2, Cl2, N2 etc. 

Table 4.6: Electro negativities of elements on Pauling Scale 

Li Be B C N O 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 electro negativity decreases as we go 

down in any group and increases from left to right in the period. Thus fluorine is the most 

electronegative and cesium is the least electronegative element. (We have not considered 

Francium being radioactive). 
 

Intext Questions 4.4 

1. What is the correlation between atomic size and ionization enthalpy? 

 

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

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

i) 3Li, 11Na   ii) 7N, 15P  iii) 20Ca, 12Mg  iv) 13Al, 14Si 

v) 17Cl, 18Ar   vi) 18Ar and 9K vii) 13Al, 14C 

 

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

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

Mg to Al. 

 

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

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

 

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

5. Name the most electronegative element. 

 

................................................................................................................................... 
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Periodic Trends in Chemical Properties 

Most of the trends in chemical properties of elements, such as diagonal relationships, 

inert pair effect, effects of lanthanide contraction etc. will be dealt with along the discussion 

of each group in later units. In this section we shall study the periodicity of the valence state 

shown by elements and the anomalous properties of the second period elements (from lithium 

to fluorine). 

Periodicity of Valence or Oxidation States 

The valence is the most characteristic property of the elements and can be understood 

in terms of their electronic configurations. The valence of representative elements is usually 

(though not necessarily) equal to the number of electrons in the outermost orbitals and / or 

equal to eight minus the number of outermost electrons as shown below.  

Nowadays the term oxidation state is frequently used for valence. Consider the two 

oxygen containing compounds: OF2 and Na2O. The order of electro negativity of the three 

elements involved in these compounds is F > O > Na. Each of the atoms of fluorine, with 

outer electronic configuration 2s
2
2p

5
, shares one electron with oxygen in the OF2 molecule. 

Being highest electronegative element, fluorine is given oxidation state –1. Since there are 

two fluorine atoms in this molecule, oxygen with outer electronic configuration 2s
2
2p

4
 shares 

two electrons with fluorine atoms and thereby exhibits oxidation state +2.  

In Na2O, oxygen being more electronegative accepts two electrons, one from each of 

the two sodium atoms and, thus, shows oxidation state –2. On the other hand sodium with 

electronic configuration 3s1 loses one electron to oxygen and is given oxidation state +1. 

Thus, the oxidation state of an element in a particular compound can be defined as the charge 

acquired by its atom on the basis of electronegative consideration from other atoms in the 

molecule. 

Table 4.7: Periodic Trends in Valence of Elements as shown by the Formulas of Their 

Compounds 

 
Anomalous Properties of Second Period Elements 

The first element of each of the groups 1 (lithium) and 2 (beryllium) and groups 13-17 

(boron to fluorine) differs in many respects from the other members of their respective group. 

For example, lithium unlike other alkali metals, and beryllium unlike other alkaline earth 

metals, form compounds with pronounced covalent character; the other members of these 

groups predominantly form ionic compounds. In fact the behaviour of lithium and beryllium 
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is more similar with the second element of the following group i.e., magnesium and 

aluminium, respectively.  

This sort of similarity is commonly referred to as diagonal relationship in the periodic 

properties. What are the reasons for the different chemical behaviour of the first member of a 

group of elements in the s- and p-blocks compared to that of the subsequent members in the 

same group?  

The anomalous behaviour is attributed to their small size, large charge/ radius ratio 

and high electro negativity of the elements. In addition, the first member of group has only 

four valence orbitals (2s and 2p) available for bonding, whereas the second member of the 

groups have nine valence orbitals (3s, 3p, 3d). As a consequence of this, the maximum 

covalency of the first member of each group is 4 (e.g., boron can only form [BF4]
-
,   whereas 

the other members of the groups can expand their valence shell to accommodate more than 

four pairs of electrons e.g., aluminium forms [AlF6]
-3

 Furthermore, the first member of p-

block elements displays greater ability to form pπ – pπ multiple bonds to itself (e.g., C = C, C 

≡ C, N = N, N ≡ Ν) and to other second period elements (e.g., C = O, C = N, C ≡ N, N = O) 

compared to subsequent members of the same group. 

Periodic Trends and Chemical Reactivity 

The atomic and ionic radii, as we know, generally decrease in a period from left to 

right. As a consequence, the ionization enthalpies generally increase and electron gain 

enthalpies become more negative across a period. In other words, the ionization enthalpy of 

the extreme left element in a period is the least and the electron gain enthalpy of the element 

on the extreme right is the highest negative (note: noble gases having completely filled shells 

have rather positive electron gain enthalpy values).  

This results into high chemical reactivity at the two extremes and the lowest in the 

centre. Thus, the maximum chemical reactivity at the extreme left (among alkali metals) is 

exhibited by the loss of an electron leading to the formation of a cation and at the extreme 

right (among halogens) shown by the gain of an electron forming an anion.  

This property can be related with the reducing and oxidizing behaviour of the 

elements which you will learn later. However, here it can be directly related to the metallic 

and non-metallic character of elements. Thus, the metallic character of an element, which is 

highest at the extremely left decreases and the non-metallic character increases while moving 

from, left to right across the period.  

The chemical reactivity of an element can be best shown by its reactions with oxygen 

and halogens. Here, we shall consider the reaction of the elements with oxygen only. 

Elements on two extremes of a period easily combine with oxygen to form oxides. 

The normal oxide formed by the element on extreme left is the most basic (e.g., 

Na2O), whereas that formed by the element on extreme right is the most acidic (e.g., Cl2O7). 

Oxides of elements in the centre are amphoteric (e.g., Al2O3, As2O3) or neutral (e.g., CO, NO, 

N2O). Amphoteric oxides behave as acidic with bases and as basic with acids, whereas 

neutral oxides have no acidic or basic properties.  

Among transition metals (3d series), the change in atomic radii is much smaller as 

compared to those of representative elements across the period. The change in atomic radii is 

still smaller among inner-transition metals (4f series). The ionization enthalpies are 
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intermediate between those of s- and p-blocks. As a consequence, they are less 

electropositive than group 1 and 2 metals. 

In a group, the increase in atomic and ionic radii with increase in atomic number 

generally results in a gradual decrease in ionization enthalpies and a regular decrease (with 

exception in some third period elements) in electron gain enthalpies in the case of main group 

elements. Thus, the metallic character increases down the group and non-metallic character 

decreases. In the case of transition elements, however, a reverse trend is observed. This can 

be explained in terms of atomic size and ionization enthalpy. 

 

What You Have Learnt 

 The classification of elements makes their systematic. 

 The arrangement of elements in the long form of the periodic table depends on their 

electronic configuration. 

 The properties of the elements are 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 form of the periodic table. 

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

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 and 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 electro 

negativity show regular trends along a group and a period. 

 Various type of atoms radius possible for atoms 

 Factors which effect the Ionization potential of different atoms. 

 

Terminal Exercise 

1. Define modern periodic law. 

2. Refer the periodic table in Table 4.2 and answer the following questions.  

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

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

            iii) The general configuration for halogens is……….............. 

iv) Name a p-block elements which is a gas other than a noble gas or a halogen.  

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

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

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

                   to be full ? 

3. Describe the variation of Electron Affinity and Ionization Enthalpy in the periodic table.  

4. Define the following: 

a) Electron gain enthalpy b) Ionization enthalpy  

c) Ionic radius   d) Electro negativity 

5. What is electro negativity?  How is it related to the type of bond formed? 
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6. Why is the electron gain enthalpy of Cl more in negative value as compared to that of F? 

7. Name the different types of atomic radius 

8. What is shielding effect? 

9. Explain 3 factors which influence the Ionization energy. 
 

Answers to Intext Questions 

4.1 

1.       Metals                          Non metals                  Metalliods 

Sn, Pb                          C                                   Si, Ge 

Sb, Bi                           N, P                              As 

Te, Po                          O, S                              Se 

2.      Potassium is more metalic than aluminum. 

3.      i) 2                      ii) 2                     iii) 3-12              iv) 17                  v) 18 

4.      Np,                      Lw,                     No,                      Rf,                       Hs. 
 

4.2 

1) s > p > d > f 

2) Protection of outer electrons from nuclear attraction by electrons present in inner shells of 

an atom. 

3) Covalent radius is half of the distance between the nuclei of two atoms held together by a 

covalent bond. 
 

4.3 

1.  i) Unnilpentium       ii) Unnilennium       iii) Ununbium     iv) Unnunpentium  

2.   Al3+, Na+, F
-
, O

2-
 

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

the group. 

i) s>p>d>f 

ii) Protection of outer electrons from nuclear attraction by electrons present in inner 

shells of an atom. 

iii) Covalent radius is half of the distance between the nuclei of two atoms held 

together by a covalent bond. 
 

4.4 

1. Ionization enthalpy decreases with increase in atomic size and vice-versa. 

2      i) 3Li  ii) 7N     iii) 12Mg     iv) 14Si v) 12Ar  vi) 18Ar  vii) 6C 

3. The electronic configuration of Be is 1s2 2s2 whereas that of B is 1s2 2s2 2p1. 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. 

4. The noble gases have fully filled and are stable. Hence, they have the highest ionization 

enthalpies in their respective periods. 

5. Fluorine. 
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CHEMICAL BONDING  

 

 In lesson 1 you have learnt about the structure of atom while in the lesson 2 you 

studied about the classification of elements and the variation in atomic 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 different 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. 

 

Objectives 

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 charateristics of ionic compounds; 

 define covalent bond and cite some examples; 

 list the characteristics of covalent compounds; 

 state valence shell electron pair repulsion (VSEPR) theory; 

 predict the geometry of molecules with the help of VSEPR thoery; 

 explain the hybridization of atomic orbitals involving s, p and d orbitals and illustrate 

with examples; 

 tabulate the geometry of some molecules showing sp, sp
2
, sp

3
, dsp

2
 and dsp

3
 

hybridization; 

 explain the formation of and bonds in CH4, CH2H4 and C2H2; 

 explain molecular orbital theory; 

 write the molecular orbital configuration of H2, N2, O2 and F2  molecules; 

 define bond length and bond order and relate them and 

 explain hydrogen bonding with the help of examples. 
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5.1 What is a Chemical bond 

 A Chemical bond may be visualized 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 consituent atoms. 

 A question arises, “How do atoms achieve the decrease in energy to form the bond.” 

The answer lies in the electronic configuration. The formation of a bond between two atoms 

may be visualized 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. 

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, 

 Ionic or electrovalent bond 

 Covalent bond 

 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. 

Kössel and Lewis approach to chemical bonding  

 In order to explain the formation of chemical bond in terms of electrons, a number of 

attempts were made, but it was only in 1916 when Kössel and Lewis succeeded 

independently in giving a satisfactory explanation. They were the first to provide some 

logical explanation of valence which was based on the inertness of noble gas. 

 Lewis pictured the atom in terms of a positively charged Kernel (the nucleus plus the 

inner electrons) and the outer shell that could accommodate a maximum of eight electrons. 

He further assumed that these eight electrons occupy the corners of a cube which surround 

the Kernel. Thus the single outer shell electron of sodium would occupy one corner of the 

cube, while in the case of a noble gas all the eight corners would be occupied.  

This octet of electrons represents a particularly stable electronic arrangement. 

Lewis postulated that atoms achieve the stable octet when they are linked by chemical bonds. 

  In the case of sodium and chlorine, this can happen by the transfer of an electron 

from sodium to chlorine thereby giving the Na and CI ions. In the case of other molecules 

like Cl2. F2 etc., the bond is formed by the sharing of a pair of electrons between the atoms. 

In the process each atom attains a stable outer octet of electrons. 

Octet rule: Kossel and Lewis in 1916 developed an important theory of chemical 

combination between atoms known as electronic theory of chemical bonding. According to 

this, atoms prefer to have eight electrons in their outermost orbit by losing, gaining or sharing 

electrons, in order to have an octet in their valence shell. This is known as Octet rule. 

Lewis Symbols: In the formation of a molecule, only the outer shell electrons take part in 

chemical combination and they are known as valence electrons. The inner shell electrons are 

well protected and are generally not involved in the combination process. GN. Lewis, an 

American chemist introduced simple notations to represent valence electrons in an atom. 

These notations are called Lewis symbols. For example, the Lewis symbols for the elements 

of second period are as under 
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Significance of Lewis Symbols: The number of dots and the symbol represents the number 

of valence electrons, which is useful to calculate the common or group valence of the 

element. The group valence of an element is generally either equal number of dots in Lewis 

symbols or the number of dots or valence electrons. 

Kössel, in relation to chemical bonding drew attention to the following 

 In the periodic table. There exist highly electronegative halogens and highly 

electropositive alkali metals. 

 The formation of a negative ion from a halogen atom and a positive ion from an  

alkali metal atom are associated with gain and loss of an electron by the respective 

atoms: 

 The negative and positive ions attain stable noble gas electronic configurations. The 

noble gases (with the exception of helium which has doublet of electrons) have a 

particularly stable outer shell configuration of eight (octet) electrons ns
2
 np

6
 

 The negative and positive ions are brought together by electrostatic attraction between 

them. 

Let us discuss about different types of bonds, their formation and the properties of the 

compounds so formed. 

Ionic Bond formation 

 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 configuation of the 

nearest noble gas (neon) atom. It becomes a positively charged sodium cation (Na
+
) in the 

process 

 Na                        Na
+
  + e

- 
 ΔH = 493.8 k J mol

-1
 

         2,8,1        2,8   (ΔH is enthalpy change) 

On the other hand, a chlorine atom (electronic configuration: 2, 8, 7) requries one electron to 

acquire the stable electronic arrangement of an argon atom. It becomes a negatively charged 

chloride anion (Cl
-
) in the process. 

 Cl  + e
-
                Cl

-
      ΔH = 397.5 k J mol

-1
   

          2,8,7               2,8,8 

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. 
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 Na       +       Cl          Na
+
   +   Cl

-
 

           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. 

Factors favour the Ionic bond formation: 

a) Cation formation 

1) Lower ionization energy: Lower the ionization energy of an atom, greater is the case of 

formation of cation. 

The IP of sodium is 519.82 kJ. mol
-1

 and that of Potassium is 495.57 kj. mol
-1

 so K
+
 ion  can 

readily form than Na
+
 ion. 

2) Large size of the atom: Large atom can easily lose the valence electrons. If the size is 

large, the distance between the nucleus and the valence electrons is more and therefore 

nuclear attraction is less. Therefore the electron can be removed easily from the atom forming 

cation. 

3) Ion with lower change: Small magnitude of the charge favours the formation of ions 

easily. eg. : The ease of ion formation increases in the order Na
+
  > Mg

+2
  > Al

+3
. 

4) Cations with inert gas configuration: Ions pocessing electronic configuration similar to 

zero group elements are more stable than those ions which do not have such configuration. 

e.g. Ca
+2

 (2,8,8) in more stable than Zn+2 (2,8,18) because Ca
+2

 has inert gas configuration. 

b) Anion formation: 

1) High Electron affinity: If the electron affinity of an element is high its anion can be easily 

formed. 

  e.g.   Cl
-
    >  O

2-
    >  N

3-
 

2) Smaller size of atom: Smaller the atom lesser is the distance between the nucleus and the 

valance orbit. Hence the nuclear attraction on incoming electron is more So the anion is 

readily formed. 

3) Lower change: Ions with lower change are more readily formed than those with higher 

charges. (like O
-2

 and N
-3

). 

  Cl  + e
-
             Cl

-
    >  O

2-
    >  N

3-
 

c) Electro Negativity Values: 

 If the two bonded atoms differ by more than 1.70 in their EN values, the bond 

between them is ionic in nature. 

 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) ;   ΔH = 108.7 kJ mol-1 

b) Ionization of gaseous sodium atom to give sodium ion. 

 Na(s)   Na
+
(g)  + e

-
 ;  ΔH = 493.8 kJ mol-1  

c) Dissociation of gaseous chlorine molecule into chlorine atoms  
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1

2
 Cl2(g)   Cl(g) ;   ΔH =  -120.9 kJ mol-1  

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

 Cl(g)  +  e-  Cl-(g) ;   ΔH =  -379.5 kJ mol-1  

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

 Na+(g)  +  Cl-(g) Na+ Cl-(s) ;  ΔH =  -754.8 kJ mol-1 

The energy released in this step is lattice energy. 

 Lattice energy, U, is defined as the enthalpy required to dissociate one mole of 

crystalline solid in its standard state into the gaseous ions of which it is composed. 

The net reaction would be  

 Na(s)  +  
1

2
 Cl  (g)  Na+ Cl(s) ;      H =  -4109. kJ mol-1 

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

 ΔH = (180.7 + 493.8 + 120.9 - 379.5 - 754.8) = -410.9 kJ mol-1 
 

 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. 

 Of the five different types of energies involved, two (sublimation and dissociation 

energies) 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 configuration the basis of the above discussion we can say that the formation of anion 

compound formed by 

 i.   Low ionisation energy of the metal, 

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

 iii. High lattice energy 

 

5.2.2 Characteristic Properties of Ionic Compounds 

 These exist as crystalline solids in which the ions are arranged in regular three 

dimensional structures. The ionic compounds are generally hard and brittle in nature. 

 These compounds have high melting and boiling points due to strong electrostatic 

interactions between the ions. 

 These are generally soluble in water and less soluble in non-polar solvents like ether, 

alcohol, etc. 

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

 Kossel’s theory explain bonding quite well but only for a small class of solids 

composed of electropositive elements of Group 1 and 2 with highly eletronegative elements. 

Secondly, this theory is incapable of explaining the formation of compounds like, SO2 or O2, 

etc. For example in case of O2, 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. 

Properties of ionic compounds: 

1) Physical State: Due to close packing of ions, ionic compounds are crystalline solids. 

2) Melting and Boiling points: In ionic crystals the oppositely charged ions are bound 

by strong electrostatic force of attraction. To overcome these attractive force between 
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ions, more thermal energy is required. Hence the melting and boiling points of ionic 

compounds are high. 

3) Solubility: Ionic compounds are soluble in polar solvents like water, liquid ammonia 

etc. But are insoluble in non-polar solvents like benzene, carbon disulphide etc. 

4) Reactivity: Reaction between ionic compounds in aqueous solution is very fast due to 

strong attraction among ions. 

e.g. When AgNO3 solution is added to NaCl solution, a white precipitate of AgCl is formed. 

  Ag
+
  +  NO

-
3+Na

+
Cl

-
                 AgCl  + Na

+ 
NO

-
3 

5) Isomerism: Ionic bond is non directional so ionic compounds cannot exhibit 

isomersim. 

6) Electrical conductivity: Ionic substances conduct electricity in molten state and in 

aqueous solution. The ionic compounds are, therefore, electrolytes. 
 

5.3 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 pair of electrons” 

between the two atoms. Both the 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 shows 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.  

and the covalent bond formation in HF is represented as 

 
Sometimes, the electrons contributed by different atoms are represented by different 

symbols. For example, formation of HF may also be shown as 

 
In this case the hydrogen electron is shown as a cross while the electrons of fluorine 

are represented by dots. There is no differece between electrons; it is just a presentation for 

the sake of convenience. 

In terms of Lewis structures the formation of a chlorine molecule from two chlorine 

atoms may be represented as 

 
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. 
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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 5.4. 
 

5.3.1 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 the 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 electronegative 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 HCl, the shared pair of electron is attracted more toward more electronegative 

chlorine atom. As a result of this unequal sharing of the electron pair, the bond acquires 

polarity or partial ionic character. 

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. 

5.3.2 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 (BF3) and ammonia 

(NH3).BF3 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 electron on the nitrogen 

atom and that can be donated. Electron rich ammonia donates a pair of electron to electron 

deficient BF3. Such electron donor-acceptor bonds are called coordinate covalent or dative 

bonds. 

 
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 polairty 

and strength. The two are different only in the way they are formed. We cannot distinguish 
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between covalent and coordinate covalent bond, once these are formed. HNO3 and NH4
+
 ion 

are some more common example of formation of a coordinate bond. 

    
Formal Charge 

Lewis dot structures, in general, do not represent the actual shapes of the molecules. 

In case of polyatomic ions, the net charge is possessed by the ion as a whole and not by a 

particular atom. It is, however, feasible to assign a formal charge on each atom. The formal 

charge of an atom in a polyatomic molecule or lon may be defined as the difference between 

the number of valence electrons of that atom in an isolated or freestate and the number of 

electrons assigned to that atom in the Lewis structure. 

Formal charge (F.C) 

on an atom in a 

Lewis structure 

= 

Number of 

valence electrons 

in the Free atom 
- 

Number of 

unshared electrons 

on the atom 
- 

number of 

bonds around 

the atom 

Generally the lowest energy structure is the one with the smallest formal charge on 

the atoms. The formal charge is a factor based on a pure covalent view of bonding in which 

electron pairs are shared equally by neighboring atoms. 

 
Limitations of Octet Rule: 

             The octet rule, though useful, is not universal. It is quite useful for understanding the 

structures of most of the organic compounds and it applies mainly to elements in the second 

period of the periodic table. there are three types of exceptions to the octet rule as given 

below 

The incomplete octet of the central atom 
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In some compounds, the number of electrons surrounding the central atom is less than 

eight. This is especially the case with elements having less than four electrons. Examples are 

LiCl, BeH2 and BCl3. 

      
Odd electron Molecules 

In molecules with an odd number of electrons like Nitric Oxide, NO and Nitrogen 

Dioxide NO2, the octet rule is not satisfied for all atoms. 

 

             
The expanded Octet: 

Elements in and beyond the third period of the periodic table have apart from ns and 

np orbitals. n or (n-1) d orbitals are also available for bonding, in a number of compounds of 

these compounds there are more than eight valence elctrons around the central atom. this is 

termed as expanded octet.   Examples: PF3, SF6, H2SO3 

          

 

Intext Questions 5.1 

1. Define, electrovalent bond. 

 

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

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

 

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

3. What do you understand by a polar covalent bond? Give two example. 

 

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

4. What is a coordinate covalent bond? How is it different from a covalent bond? 

 

................................................................................................................................... 
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5. What are the factors which favour the formation of cation. 

 

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

6. Ionic compounds do not exhibit isomerism why? 

 

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

5.3.3 Characteristic Properties of Covalent Compounds 

 The covalent compounds have low melting and boiling points due to weak forces of 

interaction between the molecules. 

 The covalent compounds are poor conductors of electricity as these lack ionic species. 

 The covalent compounds are generally insoluble in water and dissolve in nonpolar 

solvents like benzene, carbon tetrachloride etc. 

5.3.4 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
-1

. It is quite small as compared to the covalent bond, which needs a few hundreds 

of kJ mol
-1

 of energy to break. However, it is strong enough to be responsible for the high 

boiling points of H2O 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. 

 
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 positive charge while the electronegative atom bears the 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 bonding. Salicyldehyde and 

o-nitrophenol are two common examples of the moelcules showing intramolecular hydrogen 

bonding whereas in water, intermolecular hydrogen bonding exists. 
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 Hydrogen bonding plays an important role in the structure and function of many 

biomolecule like proteins and nucleic acids. 

 

Effects of Hydrogen bond on some properties with example: 

Ring formation or chelation through intramolecular H-bonding results in greater 

volatility lower boiling points and lower solubility in water. These properties can be utilized 

in the separation of the compounds with intramolecular hydrogen bonding. 

The solubility of lower alcohols (ex. CH3OH ; C2H5OH etc.) is due to H-bonding 

between molecules of alcohols and the molecules of water. 

Intermolecular H-bonding has striking effect on the physical properties like metling 

points, boiling points, enthalpies of vapourization and sublimation. 

Comparison of boiling points of NH3 and HCl: NH3 has higher boiling points has HCl 

even though nitrogen and chlorine have nearly same electronegatie values. NH3 forms H- 

bonds while HCl does not. This is because of smaller size of Nitrogen atom compared to the 

chlorine atom. 

 
NH3 as associated molecule 

 

Comparison of boiling points of H2O and HF: 

The boiling point of H2O is higher than that of HF even though both the compounds 

form associated molecules through intermolecular hydrogen bonding. They differ in the 

number of hydrogen atoms. The number of hydrogen bonds, are more in case of water due to 

the presence of two hydrogen atoms. But HF exists as (HF)6 even in vapour state while water 

molecules exist as simple H2O molecules in vapour state. 

It means energy is not utilized to break the H-bonding in HF. But H-bonds in H2O 

consume energy for their cleave. Hence, the boiling point of water is higher than that of 

hydrogen flouride. 
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5.4 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 in 1957. This theory focuses on the electron 

pairs present in the valence shell of the central atom of the molecule and can be started 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. 

BeCl2 is one of the simple triatomic molecules. In this molecules, the central atom, beryllium 

has an electronic configuration of 1s
2
 2s

2
. 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
0
 which gives the molecule a linear shape. 

      
Other molecules of this type would also have a similar shape. 

BF3: In boron trifluoride, the central atom, boron has an electronic configuration of 1s
2
 2s

2
 

2p
1
. 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 VSEPR postulate, these electron pairs would try to 
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keep as far apart as possible. It makes the three electron pairs to be located at an angle of 120
0
 

which gives the molecule a 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 5.1. 

Table 5.1: Geometric arrangements of electron pairs around central atom 

 
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 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 

The shapes of the molecules given in Table 5.1 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 above mentioned shapes. 
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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 5.1 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 5.2. 
 

Table 5.2: Molecular geometries of molecules with 4 electron pairs with different 

combinations of Ione pairs and bond pairs 

 
 

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. 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 3. Let us learn, how we explain 

the process of bond formation in terms of modern theories that incorporate the wave 

mechanical representation of atom. 
 

Intext Questions 5.2 

1. What are the basic postulates of VSEPR theory? 

 

................................................................................................................................... 
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2. Predict the shape of methane (CH4) on the basis of VSEPR theory? 

 

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

3. What is the effect of Hydrogen bond on boiling points? 

 

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

 

5.5    Modern Theories of Chemical Bonding 

The theories of chemical bonding proposed (in 1916) by Kossel and Lewis are called 

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. 
 

5.5.1 Valence Bond Theory 

VSEPR theory gives the geometry of simple molecules but it does not explain them. 

Also it has limited applications. To overcome these limitations, the Valence Bond Theory 

(VBT) and the Molecular Orbital Theory (MOT) are introduced. Both the theories are based 

on quantum mechanical principles. 

Many attempts were made to apply this theory for the formation of covalent bonds. One 

such theory, valence bond theory (VBT) was postulated by Heitler and London. This was 

extended later by pauling and slater to explain the shapes of the molecules as well as the 

directions of the bonds in them. The important postulates of this theory are as follows: 

1) A covalent bond is formed by the overlap of two atomic orbitals. 

2) The overlapping orbitals contain unpaired electrons of opposite spins. 

3) Each of the bonded atoms retains its own atomic orbitals. But the electron pair in the 

overlapping orbitals is shared by both atoms. 

4) Greater the extent of over of orbitals, stronger is the bond formed. 

5) As the atomic orbitals are directional in nature (except ‘s’ orbitals) the bonds that 

result due to the overlap of orbitals are also directional. This gives the definite 

geometry to the covalent molecule. 

6) The increased electron density due to the overlap of atomic orbitals of the two 

combining atoms is along the internuclear axis and keeps two atoms attracted to each 

other. This gives stability to the molecule. 

Examples: 

i) Formation of H2 molecules: Hydrogen molecule is formed due to overlapping of s-s 

orbitals. When two hydrogen atoms come together, 1s orbitals of the Hydrogen atoms overlap 

to form a strong “σ” bond this is σs-s. 

 
Formation of H2 
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ii) Formation of Cl2 molecule: The electronic configuration of chlorine atom is 1s
2
 2s

2
 2p

6
 

3s
2
 3p

2
 x 3p

2
y 3p

1
z. It has one half filled 3pz orbital. The Pz orbital of one chlorine atom 

overlaps the Pz orbital of the chlorine atom and the two electrons of opposite spins pair up to 

form covalent bond. As the overlap along inter nuclear axis is maximum a strong bond is 

formed. The bond is formed due to σ P-P overlap. 

 

 
 

Formation of Cl2 

iii) Formation of O2 molecule: The electronic configuration of oxygen atom is 1s
2
 2s

2
 2p

2
x 

2p
1

y 2p
1

z. It has two half filled 2p orbitals i.e., 2py and 2pz. 

The Py orbital of one atom overlaps the Py orbital of the second atom to form a ‘σ’ 

bond σ Py - Py. 

The Pz orbital in the two atoms will be at right angles to the internuclear axis. These 

two have lateral overlap. The electron density of the bonded pair is distributed in two banana 

like regions lying on either side of the internuclear axis. Thus the oxygen molecule has a 

double bond. The molecule has one σ P-P and one π P-P between the two atoms. 

 
The electronic configuration of chlorine atom is 1s

2
 2s

2
 2p

6
 3s

2
 3px 3py 3pz. It has one half 

filled 3pz orbital. The 3Pz orbital of chlorine overlaps 1s orbital of hydrogen atom and two 

electrons of opposite spins pair up to form covalant bond. As overlap along the internuclear 

axis is maximum a strong bond is formed. The bond is formed due to σ s-p overlap. 

 
Suppose that the two hydrogen atoms are at infinite distance from each other. Their electrons 

are in their respective 1s 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.5.1. 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. 
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Fig. 5.1: Formation of hydrogen molecule from overlapping of two hydrogen atoms 

This simple approach can be used to explain the bonding in simple diatomic 

molecules like HF, F2 etc. However, to explain bonding in molecules containing more than 

two atoms some additional concepts like excitation and hybridization need to be used. 
 

5.5.1.1 Hybridisation 

Let us take up the example of bonding in a diatomic molecule; say beryllium hydride 

(BeH2) to understand the concept of hybridization of orbitals and the need for the same. The 

atomic number of beryllium is 4. Its electronic configuration is 1s
2
 2s

2
. In order to form 

bonds with the 1s electrons of the two hydrogen atoms the valence electrons (2s
2
) 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 1s 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. 

 
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 1s orbital of hydrogen while the 

other would involve overlapping of 2p orbital of beryllium with 1s orbital of hydrogen. 

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 BeCl2 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. 
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These hybrid orbitals can now overlap with the 1s orbitals of hydrogen atoms to give 

the linear molecule of BeCl2 as shown below, Fig.5.2. 

The concept of hybridisation as illustrated above can be used to describe the bonding 

and shapes of different molecules by considering hybridization of suitable orbitals. Let us 

take up some more cases involving hybridization of s and p orbitals. 

 
Fig. 5.2: Formation of BeCl2; sp hybridization 

 

Boron trichloride (Sp
2
 hybridisation) : In boron there are five electrons and the electronic 

configuration is 1s
2
, 2s

2
, 2p

1
. There are three electrons 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. 

 
One 2s orbital and two 2p orbitals hybridise to give three sp2 hybridized orbitals. This is 

called sp2 - hybridisation. 

 
 The three hyrbidized 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. 5.3 
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