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UNIT 1:  SOME BASIC CONCEPTS OF CHEMISTRY 

Concept Wise Handouts 

Key Concepts 

I.
Classification of Substances

II.
SI Base units & Significant figures

III.
Laws of Chemical Combination

IV.
Mole Concept

V.
Concentration Terms

CONCEPT 1.  Classification of  Substances 

a) 

[image: image2.jpg]



b) 

Mixtures

Matter

Everything that has

mass and occupies

space

Three states: a solid,

a liquid, or a gas.

MIXTURES

PURE  SUBSTANCE

ELEMENT


Substances which have been combined such that

each substance retains its own chemical identity.

May be separated  into pure substances

Pure Substances

The same composition throughout Composition

stays constant during a change of phase (going

from a solid to a liquid to a gas or vice-versa)

Homogeneous    Mixtures

The same  composition  throughout.

Components are  indistinguishable.

Composition can  be varied.

Homogeneous  mixtures are solutions.

Heterogeneous  Mixtures

Not the same composition throughout.

Components are  distinguishable.

Composition can be varied.

Elements

There are 88 naturally occurring elements. There are 118 current elements in the periodic table.

Compounds

Contain two or more elements  combined in  definite proportions

COMPOUND 

Metals

Solids   (except liquid mercury)

Good  conductors of heat and

electricity

Metalloids  Solids

May conduct electricity.

Poor conductors  of heat.

Non-Metals

Some gases, some solids,

one liquid (bromine).

Poor conductors of heat and electricity.


Acids

Turn blue litmus paper red

Neutral  Substances

No effect on  litmus paper

Bases

Turn red  litmus paper  blue 
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CONCEPT 2.    SI Base units & Significant figures 

S I BASE UNITS 

Quantity
Name
Symbol

Length
meter
m

Mass
kilogram
kg

Time
second
s

Thermodynamic

temperature

Amount of Substance




kelvin
K

Mole
Mol

S I DERIVED UNITS 

Derived Quantity
Name
Symbol

Area
square meter
m2

Volume
cubic meter
m3

Speed ,velocity
meter per second
ms-1

acceleration
meter per second square
ms-2

Wave number
reciprocal meter
m-1

Rules for determining the number of significant figures 

i) All non-zero digits are significant 

ii) Zeros preceding the first non-zero digit are not significant iii) Zeros between two non-zero digits are significant. 

iv) Zeros at the end or right of the number are significant provided they are on the 

right side of the decimal point. But, if otherwise, the zeros are not significant. 
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CONCEPT 3. Laws of Chemical Combination 

a) Law of conservation of Mass [ Antoine Lavoisier] 

MassReactant + MassReactant = MassProduct = MassProduct 
MassReactant + MassReactant = MassProduct = MassProduct 

Activity : Melting Ice -

   Place  a glass measuring cup of water, with a chunk of floating in it. 

   Point out the fact that most of the ice sits under the water, and only a small 

amount sticks up, above the surface. 

   Ask the students , what they thought was going to happen to the level of 

water, in the bowl, as the ice melted. 

Would the water level rise, stay the same, or go down ? 

They all will guess the water level would rise. 
    Wait & watch 

   After the ice melts completely   , students can verify the Law of Conservation 

of Mass. 
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b) Law of definite proportion [Joseph Proust] -  A given compound always contains elements    in a certain proportion by mass. 

Investigative activity 

Apparatus 

0.1 M silver nitrate 

0.1 M sodium chloride 

0.1 M lead nitrate 

0.1 M sodium iodide 

0.1 M iron (III) chloride 

0.1 M sodium hydroxide 

9 large test tubes & 3 pipettes 

Reactions to be performed 

   Reaction 1: Prepare three test tubes with 5 ml, 10 ml and 15 ml of silver 

nitrate respectively. Using a clean pipette add 5 ml of sodium chloride to 

each one and observe what happens. 

   Reaction 2: Prepare three test tubes with 5 ml, 10 ml and 15 ml of lead 

nitrate respectively. Using a clean pipette add 5 ml of sodium iodide to each 

one and observe what happens. Write a balanced equation for this reaction. 
    Reaction 3: Prepare three test tubes with 5 ml, 10 ml and 15 ml of sodium 

hydroxide respectively. Add 5 ml of iron(III) chloride to each one and 

observe what happens. 

Observation & Conclusion 

Regardless of the amount of reactants added, the same products, with the same 

compositions, are formed (i.e. the precipitate observed in the reactions). However, 
if the reactants are not added in the correct ratios, there will be unreacted 
reactants that will remain in the final solution, together with the products formed. 

SUDIP BHATTACHARYYA
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iii) Law of Multiple Proportion [ John Dalton ] 

When the same two elements combine to form more than one compound,    the ratios of the mass of one element in the first  compound to its mass in the second compound, (as it combines with the same mass of the other element), can always be expressed as  ratios of small whole numbers( ex: 1:3 or 2:5). 

For example Hydrogen and Oxygen combine to form water H2O and hydrogen peroxide 

H2O2. 

Two atoms of hydrogen combine with one atom of oxygen in the case of water, while two atoms of hydrogen combine with two atoms of oxygen in the case of hydrogen peroxide. The ratio of oxygen atoms combining with a fixed number of hydrogen atoms in these two compounds is 1:2. 

In terms of masses also, every 2.016 g of hydrogen ( g.at. mass of hydrogen is 1.008g) 

combines with 15.999 g of oxygen to form water and 31.998g of oxygen to form hydrogen peroxide. Hence the ratio is 15.999 : 31.998 or 1:2 which is a simple ratio. 

SUDIP BHATTACHARYYA
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iv) Avogadro’s Law  :  “equal volumes of all gases under the same conditions of pressure and temperature contain the same number of molecules." 

At standard temperature and pressure, 1 mole of the gas will occupy 22.4L and will contain 6.022 x 1023 particles of the matter. 

“At STP 6.022 x 1023 particles of any gas will occupy 22.4L” 

The Avogadro constant is named after the early nineteenth century Italian scientist 

Amedeo Avogadro. 

v) Gay Lussac’s  Law 

Gay-Lussac's law is an ideal gas law  where at constant volume, the pressure of anideal gas is directly proportional to its absolute temperature. 

Pi/Ti = Pf/Tf 

where 

Pi = initial pressure 

Ti = initial temperature 

Pf = final pressure 

Tf = final temperature 

The volume of gases taking part in a chemical reaction show simple whole number ratios 
to one another when those volumes are measured at the same temperature and pressure. 

SUDIP BHATTACHARYYA
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CONCEPT 4. Mole Concept 

The mole (mol) is the amount of a substance that contains as many elementary entities as there are atoms in exactly 12.00 grams of 12C 

I MOLE ≡ 6.O22 x 10 23 particles 

Substance   >   Element
║        Compound

Particles
>   Atom
║     Molecule

Ex. >
ELEMENT - SODIUM  - Na

I MOLE > 23 u / 23g   / 6.O22 x 10 23  atoms of sodium

Ex. >       COMPOUND- WATER - H2O

I MOLE >  18 u    / 18 g   / 6.O22 x 10 23  molecules of water

S.No.
Symbol / formula of atom
Atomic /
1mole
Avogadro no.
Molar mass

/ molecule
molecular mass
( in g)
( g mol -1)

( u)

1.
O
16 u
16 g
6.022 x 1023 atoms
16 g mol -1

2.
N2
28 u
28 g
6.022 x 1023 molecules
28 g mol -1

3.
HCl
36.5 u
36.5 g
6.022 x 1023 molecules
36.5 g mol -

1 
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GRAM  MOLECULAR  MASS 

Gram molecular mass is the mass in grams of one mole of a molecular substance. Ex: The molecular mass of N2 is 28, so the gram molecular mass of N2 is 28 g. 

ATOMIC MASS UNIT 

An atomic mass unit or amu is one twelfth of the mass of an unbound atom of carbon-12.  It is a unit of mass used to express atomic masses and    molecular masses. 

Also Known As: Unified Atomic Mass Unit (u). 

Ex: i)    Convert 35 g of Al into mol. 

MASS

Molarmass   / 1mol




1mol / Molar mass

MOLE


A:
Molar mass of Al= 27 g

27 g = 1mol

1mol

= 35 g  x

27 g

= 1.3 mol of Al

ii)  How many grams of SiO2 are 

present  in 0.8  mol ?

A:
Molar mass of SiO2 = 60.1 g

1 mol = 60.1 g

60.1g of SiO2

= 0.8 mol of SiO2    x   ----------

1mol of SiO2 

=  48.1 g SiO2 
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MOLE 

Ex . How many mol of CO2 are 

present    in 55.5 L ?

1mol / 22.4 L

22.4 L   / 1mol

VOLUME AT STP

MOLE

1mol / 6.02 X 10 23

particles

6.02 X 10 23 particles /

1mol

Number of

representative paticles




A:
22.4 L = 1mol

1mol

= 55.5 L  x -----

22.4 L

= 2.48    mol of CO2.

Ex Calculate number of molecules 

in 200 g of N2O.

Molar mass of N2O = 44 g

i ) to find number of moles:-

44 g = 1 mol

1mol

= 200 g  x   -------

44.0  g

=  4.55 mol of N2O

ii)     to find number of molecules 

1 mol =6.02 x 1023 molecules

6.02 x 1023 molecules N2O 
=

1/ 4.55

=
2.74  x 1024 molecules N2O 
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CONCEPT 5. Concentration terms 

MOLARITY tells us the number of moles of solute in exactly one liter of a solution. (Note that molarity is spelled with an "r" and is represented by a capital M.) 

We need two pieces of information to calculate the molarity of a solute in a solution: 

    The moles of solute present in the solution. 

    The volume of solution (in liters) containing the solute. To calculate molarity we use the equation: 

MOLALITY is the number of moles of solute dissolved in each kilogram of solvent.  The unit for molality is a lower case m.  Molality is used when the temperature varies during an experiment.  Molarity will change slightly as the temperature changes because volume changes with temperature.  The mass and moles in molality do not change with 
temperature.  The equation for molality is: 

MOLE FRACTION is the number of moles of one component divided by the total number of moles in solution.  This concentration is similar to pph, but is based on moles instead of grams.  There is no unit for mole fraction.  The equation for mole fraction is : 

SUDIP BHATTACHARYYA
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UNIT 2  :  STRUCTURE OF ATOM 

CONCEPT WISE HANDOUTS 

KEY CONCEPTS
:

1.  Dalton’s Atomic Theory 

2.  Characteristics of Electrons , Protons 

3.  Thomson Atomic Model 

4.  Rutherford Atomic Model 

5.  Neutrons , Atomic Mass & Atomic Numbers 

6.  Photoelectric effect    and features of atomic spectra; 

7.  Bohr Atomic Model 

8.  De Broglie relation and Heisenberg uncertainty principle 

9.  Orbitals & Quantum Numbers 

10. Electronic configurations    of atoms. 

INTRODUCTION 

This is the Greek philosopher Democritus who began the search for a description of matter 
more than 2400 years ago. DEMOCRITUS named the smallest piece of matter “atomos” 

meaning “not to be cut.” 

The word ATOM is derived from the Greek ATMOS meaning “uncut” or “indivisible.” 460 -
370 B.C. Democritus uses the term “atomos” as a proponent of the discontinuous matter 

concept. 

SUDIP BHATTACHARYYA
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Concept 1. DALTON’S ATOMIC THEORY 

In the early 1800s, the English Chemist JOHN DALTON led to the acceptance of the idea of atoms as neutral , tiny & indivisible 
particles . 

The main postulates of his theory: 

  Elements are made of tiny particles called atoms.   All atoms of a given element are identical. 

  The atoms of a given element are different from those of any       other element.   Atoms of one element can combine with atoms of other    elements to form 

compounds. 5.  A given compound always has  the same relative numbers and 

types of atoms. 

  Atoms are indivisible in chemical processes. That is, atoms are not created or 

destroyed    in chemical reactions. 

  A chemical reaction simply changes the way the atoms are  grouped together. Drawbacks / Limitations 

  An atom can be further subdivided into protons, neutrons and electrons. However 

an atom is the smallest particle, which takes part in chemical reactions. 
  Atoms of some elements vary in their mass and density. Chlorine has two isotopes 

having mass numbers 35 a.m.u and 37 a.m.u. Argon and Calcium atoms  have the 

same atomic mass of 40 & are called isobars. 

  Simple whole number ratio is not seen in complex organic compounds like sugar 

C12H22O11. 

  The theory completely fails to explain the existence of allotropes 

Merits of Dalton's atomic theory 

It has enabled us to explain the laws of chemical combination. 

Dalton was the first person to recognize a workable distinction between the 
ultimate particle of an element (atom) and that of a compound (molecule). 

SUDIP BHATTACHARYYA
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Concept 2. CHARACTERISTICS OF ELECTRONS & PROTONS 

a)  ELECTRONS       The first atomic particle to be discovered was the electron. 

The electron was discovered by J J Thomson during the studies of the 

passage of electricity through gases at extremely low pressures. Under 

ordinary conditions , gases are poor conductors of electricity. However, 

when a high voltage is applied to them at very low pressures, the gases 

become conductors and electricity begins to flow in the form of rays. These 
rays are called cathode rays. 

Characteristics of an electron 

Mass 

The mass of an electron is 1/1837 of the mass of a hydrogen atom. Since the mass of hydrogen atom is 1 amu., the relative mass of an electron is 1/1840 amu. The absolute mass is 9 x 10-28gram. 

Charge 

An electron is found to carry 1.6 x 10-19 coulomb of negative charge. Since this is the 
smallest negative charge carried by any particle, it is taken as unit negative charge. 

 SUDIP BHATTACHARYYA
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b) PROTON 

Atom is electrically neutral. The emission of negatively charged electrons 
from the atoms of the gases  in the discharge tube suggest that some 

positively charged particles must also be present in them. In 1886, 

E.Goldstein discovered that in addition to cathode rays, a new kind of 

rays streaming behind the cathode in discharge tube .These rays traveled in opposite direction to the cathode rays. These rays consist of positively charged particles and are named anode rays. 

Mass 

A proton  is 1837 times heavier than  an electron. 

Mass of proton is 1.0072766 a.m.u. or 1.6726 x 10-27 kg which is same as that of a hydrogen atom. 

Charge 

Charge of proton is 1.6022 x 10-19 coulomb. 

Since this is the smallest positive charge carried by a particle, so this is taken as the unit of 

positive charge and we say that the relative charge of a proton is + 1. 

The free proton (a proton not bound to nucleons or electrons) is a stable particle that has 

not been observed to break down spontaneously to other particles. 

SUDIP BHATTACHARYYA
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Concept 3. THOMSON’S ATOMIC MODEL 

J.J Thomson in 1898, proposed that an atom possesses a spherical shape in which positive charge is uniformly distributed. The electrons are embedded into it in such a manner as to give the most stable electrostatic arrangement. Many different names are given to this model, for e.g. plum pudding, raisin pudding or watermelon. 

POSTULATES: 

  An atom consists of a sphere of positive charge with negatively charged electron 

embedded in it, 

  The positive and the negative charges in an atom are equal in magnitude, due to 

which an atom is electrically neutral. It has no over all negative or positive charge. 
  For Thomson’s atomic theory model he was awarded noble prize in 1906. 

SUDIP BHATTACHARYYA
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Concept 4 . RUTHERFORD’S ATOMIC MODEL 

Rutherford bombarded very thin gold foil with alpha particles. A stream of high energy α-
particles from a radioactive source was directed at a thin foil of gold metal coated with zinc sulphide screen around it. When α - particles struck the screen a tiny flash of light 
produced at that point. 

Observations: 

   Most of the α - particles passed through the gold 

foil undeflected. 

   A small fraction of α - particles was deflected by 

small angles. 

   A very few α - particles bounced back, i.e. were 

deflected by nearly 180o. 

On the basis of these observations, Rutherford drew following conclusions:-

   Atom has large empty space as most of the α -

particles  passed through the gold foil undeflected. 

   In the centre of the atom, there is positive charge as a 

few +vely charged α - particles were deflected. 
   The small +vely charged particle occupies very little 

space as a very few α - particles bounced back. 

SUDIP BHATTACHARYYA 
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Concept 5 . NEUTRONS , ATOMIC MASS & ATOMIC NUMBER

NEUTRONS

Until 1920 an atom was supposed to consist of only 2 fundamental particles i.e. electrons and protons. Since electrons have negligible mass, the entire mass of the atom was 
regarded as the mass of the proton only. 

Each proton has a mass of 1.67x 10-24 g which is taken as 1 unit mass. In 1920, Rutherford found that except for the hydrogen atom, the atomic masses of no other atom could be explained by protons and electrons only. 

For eg. Helium atom has 2 protons in the nucleus and 2 electrons in the extra nuclear part. Therefore the mass of the Helium atom must be twice the mass of proton. 
But its mass was actually found to be 4 times the mass of proton. 

To solve this problem, Rutherford predicted that presence of some neutral particle in the nucleus of the atom which has a mass equal to that of proton but has no charge on it. According to him the nucleus of Helium atom has 2 such neutral particles. 

These neutral particles were discovered by Chadwick in 1932 when he bombarded a thin foil of Beryllium metal with fast moving alpha particles. Each particle was found to carry a mass of 1.675x10-24 g which is nearly the same as that of proton but no charge. These particles were named as neutrons. 

ATOMIC NUMBER:-  It is defined as the serial number of an atom of an element. It is denoted by letter “Z”. 

Atomic number (Z) = number of protons in the nucleus of an atom = number of electrons in a neutral atom 

MASS NUMBER:- it is defined as sum of number of protons and neutrons present in the    nucleus if the atom. It is denoted by the letter “A”. 

Mass number (A) =      number of protons (Z) + number of neutrons (n) 

ISOTOPES, ISOBARS AND ISOTONES: 

Isotopes:- These are the atoms of an element which have same atomic number but different mass number. 1 H1 , 2H1 , 3H1 

Isobars:- These are the atoms of elements which have same mass number but different atomic number. 40Ar18 , 40K19 , 40Ca20 

Isotones:- These are atoms of elements which have same number 

of Neutrons.
6
14C , 715N, 816O
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Concept 6 .  PHOTOELECTRIC EFFECT    AND FEATURES OF ATOMIC SPECTRA 

PHOTOELECTRIC EFFECT:- The phenomenon of ejection of electrons from the surface of a metal when light of suitable frequency falls on it is called photoelectric effect. The emitted electrons are called photo electrons. 

ELECTROMAGNETIC SPECTRUM:-

Different types of electromagnetic waves differ with respect to wavelength and 

frequency. Since the product of these i.e.velocity of light is constant, this means that 

greater the wavelength smaller will be the frequency and vice versa.The wavelength of the electromagnetic waves increase in the order:-

Cosmic rays < γ-rays < X-rays < Ultra violet rays < Visible < Infrared < Microwaves < Radiowaves 

The complete range of the electromagnetic waves is known as electromagnetic spectrum. It may be defined as :- The arrangement of different electromagnetic radiations in order of increasing wavelength or decreasing  frequency. 

SUDIP BHATTACHARYYA 
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Concept 7  .  BOHR ATOMIC MODEL 

Niels Bohr proposed the Bohr Model of the Atom in 1915. rd-Bohr Model. 

1.  The Bohr Model is a planetary model in which the negatively-

charged electrons orbit a small, positively-charged nucleus similar to the planets orbiting the Sun. 

2.  Electrons revolve around the nucleus of atom in circular orbits in which 

energy of electrons is constant.    These circular paths are known as "energy 
 levels" or "stationary states". As long as an electron remains in its orbit,    it neither 

absorbs nor radiates energy. 

3. 
If an electron jumps form higher energy level to a lower energy level, it radiates a 

definite amount of    energy. If an electron jumps from lower energy level to a 

higher energy level, it absorbs a definite amount of    energy 

4.  Energy released or absorbed by an electron is equal to the difference of energy of 

two energy levels. ∆E = E2-E1=h√ 

5.  Angular momentum of an electron is given by mvr=nh/2π 

h = Planck's consrant ( 6.6256 x 10-34 j.s); √ =Frequency of radiant light 

Limitations of Bohr’s Model:-

Bohr’s theory was quite successful to explain the atomic spectrum of Hydrogen atom and many other one electron species like He1+ and Li2+ ions. It also enabled to calculate the energy of hydrogen electron in the different energy levels. However the theory suffered from certain limitations which are described as follows: 

1. The theory could not explain the atomic spectra of the atoms containing more than one electron or multi-electron atoms. 

2. Bohr’s theory predicts only one spectral line for the electronic transition between two 
energy levels. However if examined carefully, certain single lines are found to contain a 
number of finer lines. Bohr’s theory failed to explain the fine structure of the spectral lines. 

3.
This theory could not explain Zeeman effect and Stark effect.

4.
Bohr’s theory failed to explain the shapes of molecules formed by the combination of

atoms.

5.
Bohr’s Theory could not explain de-Broglie’s relationship and Heisenberg’s

Uncertainty Principle.

SUDIP BHATTACHARYYA 
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Concept 8 .    de Broglie relation and Heisenberg Uncertainty Principle de- Broglie’s Equation:-

Louis de- Broglie, a French physicist in 1924 gave the idea by stating that all moving 
material particles have dual nature i.e. Wave and Particle nature. He co- related the 2 
characters in the form of an equation known as de- Broglie’s equation after his name. 

ʎ = h/mv 

Heisenberg’s Uncertainty Principle:-

Werner Heisenberg a German physicist in 1927, stated uncertainty principle which is the 
consequence of dual behavior of matter and radiation. It states that it is impossible to 
determine simultaneously, the exact position and exact momentum (or velocity) of an 
electron. 

Heisenberg's uncertainty principle is one of the basic principles of wave mechanics and has to be taken note of while dealing with small particles in motion . If the uncertainty in the determination of the position of a small particle is given by  x and the uncertainty in its momentum is p then , 

∆x . ∆p ≥ h / 4π 

( where n = 1,2,3,4,... 
..) 

At any particular instant , we need to know the distance of electron from the nucleus as well as its momentum . 

SUDIP BHATTACHARYYA
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Concept 9 .      ORBITALS & QUANTUM NUMBERS 

Orbitals  are regions around the atom where the electron has a high probability of being found. Orbitals of electrons in atoms differ in size shape and orientation. 

The state of an electron in any atom is defined by certain permissible values of energy and angular momentum, which describe its location with respect to its nucleus and its energy level. These permissible states are called orbitals and are expressed by a set of four 
numbers 'n', 'l', 'm' and 's' called quantum numbers. These numbers serve as the signature of the electrons, uniquely describing its position in the atom. 

s orbitals 

p orbitals 

d orbitals
f orbitals

SUDIP BHATTACHARYYA 
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Principal quantum number 

This quantum number determines the main energy shell or energy level in which the electron is present. The principal quantum number gives the average distance of the electron from the nucleus and energy associated with it. 

Azimuthal quantum number or angular quantum number 

The Azimuthal quantum number determines the angular momentum of the electron, 

denoted by the letter 'l'. The value of 'l' gives the sub level or sub shell in a given principal energy shell to which the electron belongs. It can have only positive integral values from zero to (n-1) where 'n' is the principal quantum number. The various sub shell values of l are also designated by the letters s, p, d, f,…… For any main energy level, the energies of the sub shell follow the order s > p > d > f. 

Magnetic quantum number 

The magnetic quantum number describes the behaviour of electron in a magnetic field. In 
the absence of external magnetic field electrons / orbitals having same values of 'n' and 'l' 
but different values on 'm' have the same energies. They are called degenerate orbitals. 

The number of orbitals in each sub shell are given below: 

s sub shell l = 0 m = 0 only one orientation one orbital 

p sub shell l = 1 m = +1,0, -1 three orientations three orbitals 
d sub shell l = 2 m = +2,+1,0,-1,-2 five orientations five orbitals 

Spin quantum number 

The orientation of spin of an electron is designated by its spin quantum number 's'. The spin orientation is an intrinsic characteristic of the electron connected more with its 
magnetic behaviour rather than rotation of an electron about its own axis. This number can have only two values corresponding to clockwise and anticlockwise spins i.e., +½ and -
½. The clockwise spin is represented by an arrow (h) pointing upwards. The anti clockwise spin is represented by an arrow (i) pointing downwards. Each orbital can accommodate a maximum of two electrons provided they have opposite spins. 
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s (ℓ = 0)
p (ℓ = 1)
d (ℓ = 2)
f (ℓ = 3)

m = 0
m = 0
m = ±1
m = 0
m = ±1
m = ±2
m = 0
m = ±1
m = ±2
m = ±3

s
pz
px
py
dz2
dxz
dyz
dxy
dx2−y2
fz3
fxz2
fyz2
fxyz
fz(x2−y2)
fx(x2−3y2)
fy(3x2−y2)

n = 1 

n = 2 

n = 3 

n = 4 

n = 5 

n = 6 

n = 7 

Ameeta K. PGT Chemistry , ZIET Chandigarh 
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Concept 10. ELECTRONIC CONFIGURATION 

Valance shell electronic configuration is the representation of the participation of 

electrons in orbits of atom. The electrons in an atom are filled by the three basic principles: 

1. AufBau Principle: 

As per AufBau’s principle, the electrons will be filled first in orbital’s with lower energy like 1s will be filled first before 2s and 2s will be filled before 2p. 

2. Pauli Exclusion Principle 

As per Pauli’s exclusion principle, no two electrons within a particular atom can have identical can have identical quantum numbers. In similar meaning it says that two electrons occupy the same orbital must have opposite spins. 

3. Hund’s Rule 

As per Hund’s rule, when an electron come to an atom, and has to choose between two or more orbital’s of same energy, then the preference will be given to empty orbital rather than the occupied one. As more electrons will be occupied, they tend to follow half-filled and fully filled rule. 

· 
The order of filling of the electrons in an atom will be like this : 

1s,2s,2p,3s,3p,4s,3d,49,5s,4d,5p,6s,4f,5d,6p,7s,5f,6d,7p 
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UNIT 3 :  CLASSIFICATION OF  ELEMENTS & PERIODICITY IN PROPERTIES 

CONCEPT WISE HANDOUTS 

KEY CONCEPTS
:

1.  Periodic Classification of elements 

2.  Characteristics  of s block elements 

3.  Characteristics  of p block elements 

4.  Characteristics  of  d block elements 

5.  Characteristics  of  f  block elements 

6.  Atomic & Ionic  radius 

7.  Ionization Enthalpy 

8.  Electron Gain Enthalpy & Electronegavity 

Concept 1.  PERIODIC CLASSIFICATION OF ELEMENTS 

A well organized & tabulated classification of elements helps to locate, identify and Characterize the element and its properties. 

VARIOUS ATTEMPTS OF THE CLASSIFICATION 
:-

Johann Dobereiner’ s Triads  , German Chemist (1829) 

Element
Atomic
Element
Atomic

Weight
Weight

Li
7
Ca
40

Na
23
Sr
88

K
39
Ba
137

John Alexander Newland’s law of Octaves (1865)

Element
Li
Be
B
C
N
O
F

At.weight
7
9
11
12
14
16
19

Element
Na
Mg
Al
Si
P
S
Cl

At.weight
23
24
27
29
31
32
35.5
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Dmitry Mendeleev’s periodic law  (1869) 

“The chemical and physical properties of elements are a 

periodic function of their atomic  Masses”. 

Main features of Mendeleev’s periodic table 

   Elements are arranged in tabular form in rows and columns. 
   The horizontal rows (7)  present in the periodic table are called 

periods. 

   Properties of elements in a particular period show regular gradation 

(i.e. increase or decrease) from left to right. 

   The vertical columns present in it are called groups (9). 

   All  the  elements  in  a  particular  group  are  chemically  similar  in 

nature. They show regular gradation in their physical properties and 

chemical reactivity. 

Defects in Mendeleev’s periodic classification 

1. Position of hydrogen which could neither be placed with alkali metals (group I ) nor 

with halogens (group 17 ). 

2. Position of isotopes. 

3. Arrangements of Anomalous pairs of elements was not justified. 

4. Mendeleev's table was unable to explain the cause of periodicity among elements. 

Merits of  Mendeleev’s periodic  table 

1. Left gaps for the elements yet to be discovered. 

2. Predicted the properties of those yet to be discovered elements .and all these elements 

were discovered later & did have the properties similar to those predicted by 

Mendeleev. 

MODERN CLASSIFICATION  by  Henry Moseley (1913) 

The Modern Periodic Law states “The chemical and physical properties of 

elements are a periodic function of their atomic numbers” 

   Many versions of this periodic table are in use but the one which 

is most commonly used is the Long Form of Modern Periodic Table.    There are 18 vertical columns (GROUPS) in the periodic table. The 

groups have been numbered from 1 to 18 (in Arabic numerals) 

from left to right. 

     There are 7 horizontal rows  called  PERIODS. 

The recurrence of similar properties of the elements when they are arranged in the order of increasing atomic number, after certain regular intervals, is called periodicity. 

Ameeta K. PGT Chemistry , ZIET Chandigarh 

[image: image28.jpg]



Group

Period 

1

2

3

4

5

6

7




1

1

H

3

Li

11

Na

19

K

37

Rb

55

Cs

87

Fr




2
3
4
5

4

Be

12

Mg

20
21
22
23

Ca
Sc
Ti
V

38
39
40
41

Sr
Y
Zr
Nb

56
57-71
72
73

Ba
Hf
Ta

88
89-103
104
105

Ra
Rf
Db

57
58
59

La
Ce
Pr

89
90
91

Ac
Th
Pa




6
7
8
9

24
25
26
27

Cr
Mn
Fe
Co

42
43
44
45

Mo
Tc
Ru
Rh

74
75
76
77

W
Re
Os
Ir

106
107
108
109

Sg
Bh
Hs
Mt

60
61
62
63

Nd
Pm
Sm
Eu

92
93
94
95

U
Np
Pu
Am




10
11
12
13

5

B

13

Al

28
29
30
31

Ni
Cu
Zn
Ga

46
47
48
49

Pd
Ag
Cd
In

78
79
80
81

Pt
Au
Hg
Tl

110
111
112
113

Ds
Rg
Cn
Uut

64
65
66
67

Gd
Tb
Dy
Ho

96
97
98
99

Cm
Bk
Cf
Es




14
15
16
17

6
7
8
9

C
N
O
F

14
15
16
17

Si
P
S
Cl

32
33
34
35

Ge
As
Se
Br

50
51
52
53

Sn
Sb
Te
I

82
83
84
85

Pb
Bi
Po
At

114
115
116
117

Fl
Uup
Lv
Uus

68
69
70
71

Er
Tm
Yb
Lu

100
101
102
103

Fm
Md
No
Lr




18

2

He

10

Ne

18

Ar

36

Kr

54

Xe

86

Rn

118

Uuo

X

Synthetic 
Elements




X
Alkali
Alkaline

Liquids or
Metals
Earth

melt at
X
X
Metals

close to
Solids
Gases

room

temp.




Transition
Other
Metalloids Other

Metals
Metals
non

metals
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Concept 2.  CHARACTERISTICS  OF  s- BLOCK  ELEMENTS 

General Configuration : ns1-2

Group 1

alkali metals

1s1-2


Group 2

alkaline earth 

metals

2s1-2 

Except H all elements of s-Block elements are active metals. 

The general outer electronic configurations of 's' block 
elements are ns1-2 as all inner shells are already full. 

They have +1/ +2 oxidation state. 

They form basic oxides 

They impart characteristic colour to the flame 

Generally they form ionic salts with nonmetals. 

They have low ionization potentials. 

They have very small electron gain enthalpies. 

They are solids at room temperature (Cs is liquid at about at 35oC) 

Their hydroxides are basic in nature. 

They are soft and have a low melting and boiling point. 

Being highly electropositive, these elements lose electrons readily and are strong reducing agents. 

They mostly form ionic compounds like NaCl, KCl, CaCl2 etc. 
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Concept 3 .  CHARACTERISTICS  OF  p- BLOCK  ELEMENTS 

General Configuration : ns2np1-6 

Since the p-sub-shell can have a maximum of six electrons, there are six groups in the p-
block ( 13 to 18). These are named as   :

Group 13
Boron Family




Group 16

ns2np1




Oxygen Family
ns2np4

Group 14
Carbon  Family


Group 17

ns2np2


Halogen  Family
ns2np5

Group 15
Nitrogen Family


Group 18

ns2np3


Noble Gases
ns2np6 

Most of p-Block elements are non-metals. They have variable oxidation states. 
They form acidic oxides 

They impart no characteristic colour to the flame 
Generally they form covalent compounds. 
They have high ionization potentials. 
They have very large electron gain enthalpies. 

They are solids/liquids/gases at room temperature (Br is liquid) The aqueous solutions their oxides are acidic in nature.

Boron is not a very

frequent element 

and is found in

nature only in

compounds

together with

oxygen.




It appears as
Colorless nitrogen

though carbon is
gas makes up 78%

poised to become
of the atmosphere,

the wonder
but here we see it in

element of
liquid form at -

The Nano Age.
196DegreeC.




Liquid oxygen —

Halogens are

used in the
Noble gases glow

aerospace,
some of the most
when excited in

submarine and
volatile and
gas discharge

gas industries — 
reactive elements
tubes.

found in nature.

is one of the

physical forms of

elemental

oxygen. 
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Concept 4 .  CHARACTERISTICS  OF  d - BLOCK  ELEMENTS 

General electronic configuration of d-block elements is (n-1)d1-10 ns1-2. 

The elements that lie in between s-block and p-block are the d-block elements. These elements are called transition elements as they show transitional properties between s and p-block elements. 

Nearly all transition elements have typical metallic properties such as high tensile strength, ductility, malleability, high thermal and electrical conductivity and 
metallic luster. 

They have high melting and boiling points and have higher heats of vaporization than non transitional elements. 

Transition elements have very high densities as compared to s block metals. Most of them have colored compounds. 

They have good tendencies to form complexes. They exhibit several oxidation states. 
They form alloys with other metals. 

They form interstitial compounds with elements such as hydrogen, boron, carbon 
etc. 

Most of the transition metals such as Mn, Ni, Cr, V, Pt, etc., and their compounds have been used as good catalyst. 

The first transition series : Scandium (Sc) through Copper (Cu): 

3d subshell is filling. 

The second transition series : Yttrium (Y) through Silver (Ag 

4d subshell is filling. 

The third transition series : Lanthanum (La) to Hafnium (Hf) through Gold (Au)): 

5d subshell is filling. 

The forth transition series which is incomplete : Actinium (Ac) to element 104 . 6d 

subshell is filling. 
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Concept 5 .  CHARACTERISTICS  OF  f - BLOCK  ELEMENTS 

The f-block elements are also called INNER TRANSITION ELEMENTS 

The f-block consists of the two series, lanthanides (the fourteen elements following lanthanum) and actinides (the fourteen elements following actinium). 
LANTHANIDES [ [Xe] 54 4f1-14 5d1 6s2 ] 

Relatively Soft & Silvery-white metals that tarnish when exposed to air,    forming their oxides. 

Relatively soft metals. Hardness increases somewhat with higher atomic number. Moving from left to right across the period ,the radius of each lanthanide 3+ ion steadily decreases. This is referred to as 'lanthanide contraction'. 
High melting points and boiling points. 

Very reactive & Burn easily in air. 

They are strong reducing agents. 

Their compounds are generally ionic. 

At elevated temperatures, many rare earths ignite and burn vigorously. Most rare earth compounds are strongly paramagnetic. 

ACTINIDES [[Xe] 54 5f1-14 6d1 7s2] 

All are radioactive due to instability. 

All have a silvery or silvery-white luster in metallic form. 

All have the ability to form stable complexes with ligands, such as chloride, sulfate, carbonate and acetate. 

Many of the actinides occur in nature as sea water or minerals. 

The emission of radioactivity, toxicity, pyrophoricity, and nuclear criticality are properties that make them hazardous to handle. 

Nuclear Criticality: If fissionable materials are combined, a chain reaction could occur resulting in lethal doses of radioactivity, but it depends on chemical form, isotopic composition, geometry, size of surroundings, etc. 

The interaction of Actinides when radioactive with different types of phosphors will produce pulses of light. 
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Concept 6 .    ATOMIC  & IONIC  RADIUS 

The atomic radius is the distance from the center of an atom to the outside of its electron cloud. 

Types of Radius with Respect to Types of Bonds 

Covalent Radius 

The covalent radius, rcov , is a measure of the size of an atom that forms part of one covalent bond. It is usually measured either in picometres (pm) or angstroms (Å), with 1 Å = 100 pm. 

It is defined as half the covalent bond length when the two atoms bonded are homonuclear. 

Ionic Radius 

Ionic radius, rion, is the radius of an atom's ion.Ionic radii are difficult to measure 
with any degree of certainty, and vary according to the environment of the ion. 

Van-der-Waals Radius 

van der Waals radii are established from contact distances between non-bonding 

atoms in touching molecules or atoms. 
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Radius : Periodic Trends 

Atomic Radius 

Atomic radii decrease from left to right across a period, and they increase from top to bottom along a group. 

Ionic Radius 

Similarly charged ions tend to decrease in size across a period (row) and increase in 

size down a group (column). 
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Concept 7 . IONISATION  ENTHALPY 

The ionization enthalpy   (IE) of an atom or molecule describes the enthalpy change 
involved to remove an outermost electron from the atom or molecule in the gaseous 
state. 

H(g)  H+(g) + e-

Ionization Enthaly Trends in the Periodic Table 

Ionization enthalpy increases  moving from left to right across a period (decreasing atomic radius). 

Ionization enthalpy decreases moving down a group (increasing atomic radius). 

Group I elements have low Ionization enthalpy because the loss of an electron forms a stable octet. It becomes harder to remove an electron as the atomic radius 
decreases because the electrons are generally closer to the nucleus, which is also more positively charged. 

Ionization Enthaly depends upon-
   Charge in the nucleus 

   Atomic radius 

   Completely and partially filled in shells 
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Concept  8 . ELECTRON GAIN ENTHALPY  &  ELECTRONEGAVITY 

ELECTRON GAIN ENTHALPY 

Electron Gain Enthalpy is defined as the enthalpy change taking place when an 
isolated gaseous atom accepts an electron to form a monovalent gaseous anion. 

X(g) + e-  X- (g) 

Variation across a period − Tends to become more negative as we go from left to right across a period. From left to right across a period, tendency of the element to accept the electron increases hence a large amount of energy is released or electron gain enthalpy becomes more negative. 

For example fluorine has more negative electron gain enthalpy as compared to boron present in same period. 

Variation down a group − Becomes less negative on going down the group. On going 

down the group, element's tendency to accept an electron decreases. 

For example, iodine has less negative electron gain enthalpy than fluorine present in the same group. 

The important factors upon which electron gain enthalpy depends are 

i)  Atomic size       ii)      Nuclear charge 
iii) Symmetry of electronic configuration 

ELECTRONEGAVITY 

" The  electronegativity of a bonded atom is defined as its relative tendency (or 

ability) to attract the shared electron pair towards itself”.

The important factors upon which
electronegativity
depends are

i) Nuclear charge       ii) Atomic size    iii)Screening effect or shielding effect 
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UNIT 4 : CHEMICAL BONDING & MOLECULAR STRUCTURE 

CONCEPT WISE HANDOUTS 

KEY CONCEPTS
:

1.  Kossel-Lewis Approach to chemical Bonding & Formal  Charge 

2.  Bond Parameters 

3.  VSEPR Theory 

4.  Resonance 

5.  Valence Bond Theory 

6.  Hybridisation 

7.  Molecular Orbital Theory 

Concept 1.     Kossel -Lewis Approach to Chemical Bonding & Formal Charge 

WALTHER KOSSEL
G.N. LEWIS

G.N. Lewis, an American chemist introduced simple notations ( LEWIS SYMBOLS)  to represent valence electrons in an atom. 

G. N. Lewis and Kossel studied the electronic 

configuration of noble gases and observed that the inertness of noble gases is due to their 
complete octet or duplet in case of Helium which has 2 electrons in its last shell and  gave 
a generalization which states, "the atoms of different elements combine with each other in 
order to complete their octets or duplets ( in case of H, Li and Be ) to attain stable electronic 
configuration". 

Significance of Lewis Symbols   : 

   The number of dots around the symbol represents the number of valence electrons. 

   This number of valence electrons helps to calculate the common or group valence of the 

element. 
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According to Kossel - Lewis approach, the atoms of different elements take part in 

chemical  combination in order to complete their octet (to have eight electrons in the 

outermost valence shell) or duplet (to have two valence electrons in some cases such as H, 
Li, Be etc, or to attain the nearest noble gas configuration. This is known as OCTET RULE. 

Ionic Bond:  Ionic bond is a bond is formed by the complete transference of a certain number of electrons from one atom to another atom, so that both acquire stable electronic configuration". 

Elements of group 1 and group 2 on combining with halogens, oxygen and sulphur generally form ionic bonds. 

Conditions necessary for the formation of an ionic bond 

1. Atoms forming positive (Cat) ions should have: (Usually Metals) 

Low Ionization Energy
Low electron affinity

Low electro negativity
High Lattice Energy

2. Atoms forming negative (An) ions should have (Usually Non-Metals) 

High Electron affinity
High Electro negativity

High ionization energy         High Lattice energy 

An ionic or electrovalent bond has the following characteristics: 

   An ionic bond is formed due to the columbic attraction between the positively and 

negatively charged ions. 

   An ionic bond is non-directional i.e., the strength of interaction between two ions 

depend upon distance, but not on the direction. 

   An ionic bond gets broken when the substance is dissolved in a polar solvent or 

when the substance is melted. 
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Covalent Bond 

A covalent bond is formed when the atoms of same or different elements combine by mutual sharing of electrons". The compound, thus formed, is known as a Covalent 
Compound. 

Such chemical bonds are formed by sharing of electrons, eg. formation of O2 molecule. 

Conditions necessary for the formation of covalent bonds: 

   A bond formed by mutual sharing of electrons 

   Formed between two or more non-metals - difference in electro negativity should 

not be high. 

   A single bond represents 2 electrons 

   They satisfy the octet rule by sharing of electrons    These molecules have a definite shape 
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Polar Covalent Bond 

A bond in which      electrons are  shared between elements having a difference of electro negativity of between 0.5 & 2.0. 

Dipole Moment 

Dipole moment is defined as the product of the magnitude of charge on anyone of the atoms and the distance between them. 

Dipole moment is represented by a Greek letter 'µ'. It can be expressed mathematically, 
as: 

µ = e × d 

Where, e = charge on anyone of the atoms 

d = distance between the atoms. 
 Its unit in CGS system is debye (D). 
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Formal Charge 

The formal charge is a hypothetical charge assigned from the dot structure. The formal charges     is the electrical charge difference between the valence electrons in an isolated atom and the number of electrons assigned to that atom in a Lewis Structure. 
Formal  Charge =  [Number    of valence  electrons on atom]  -  [non-bonded electrons  + number of bonds]. 

For Example BH4 

    The number of valence electrons for boron is 3. 
    The number of non-bonded electrons is zero. 
    The number of bonds around boron is 4. 

So formal charge = 3 - (0 + 4)   = 3 - 4   = -1 

Limitations of Octet Rule 

(a) The rule failed to predict the shape and relative stability of molecules. 

(b) It is based upon the inert nature of noble gases. However, some noble gases like xenon and krypton form compounds such as XeF2 , KrF2 etc. 

(c) The octet rule cannot be applied to the elements in and beyond the third period of the periodic table. The elements present in these periods have more than eight valence electrons around the central atom. For example: PF5 , SF6 , etc. 

(d) The octet rule is not satisfied for all atoms in a molecule having an odd number of electrons. For example, NO and NO2 do not satisfy the octet rule. 

(e) This rule cannot be applied to those compounds in which the number of electrons surrounding 
the central atom is less than eight. For example, LiCl, BeH2, AlCl3 etc. do not obey the octet rule. 
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Concept 2.     BOND PARAMETERS 

 BOND LENGTH 

Bond length is the average distance between the centres of the nuclei of two bonded atoms in a molecule. It is expressed in Angstrom units (Å) or picometers (pm). 
1Å = 10-10m and 1pm = 10-12 m. It is determined with the help of X-rays diffraction and other spectroscopic methods. 

Bond length depends upon the following factors: 

Bond Multiplicity Bond length decreases with increase in bond multiplicity. 

CC bond length is shorter than C=C bond which in turn is shorter than C-C. 

Size of the Atom The bond length increases with increase in the size of the atom. From the above values it is clear that the bond lengths for a given family increase with increase in atomic number. For example : C-C < Si-Si < Ge-Ge 

This is because with the increase in size of the atom, the distance of the electrons from the nucleus increases successively with the addition of a new shell. Therefore the average distance between the bonding nuclei (bond length) increases. 

 BOND ANGLE 

It is defined as the average angle between the orbitals of the central atom containing the bonding electron pairs in the molecule. It is expressed in degree/minute/second. This gives an idea about the distribution of orbitals around the central atom in a molecule. Therefore bond angle determines the shape of a molecule. 

For example, the H-O-H bond angle in H2O is 104.5° and H-N-H bond angle is NH3 107°. 
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 BOND DISSOCIATION ENTHALPY 

It is defined as the enthalpy change involved to break one mole of bonds of a particular 
type between the atoms of a molecule in the gaseous state. It is expressed in terms of kJ 
mol-1. When a bond is formed between the atoms, energy is released and the bonded 
atoms have lesser energy than the separated individual atoms. Then, same amount of 
energy will be needed to form the bond. This energy is called the bond dissociation energy and is a measure of bond strength. Larger the bond dissociation energy, stronger will be 
the bond in the molecule. 

Bond Dissociation Enthalpy depends upon: 

   Size of Bonded Atoms 

   Bond Length 

   Bond Polarity 

 BOND ORDER 

Bond order is a measurement of the number of electrons involved in bonds between two atoms in a molecule. 

Most of the time, bond order is equal to the number of bonds between two atoms. Exceptions occur when the molecule contains antibonding orbitals. 

Bond order is calculated by the equation: 

Bond order = (number of bonding electrons - number of antibonding electrons) / 2 

If bond order = 0, the two atoms are not bonded. 

Examples: 

The bond order between the two carbons in acetylene is equal to 3. 

The bond order between the carbon and hydrogen atoms is equal to 1. 
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Concept 3 .     Valence Shell Electron Pair Repulsion theory [VSEPR] 

There is no direct relationship between the formula of a compound and the shape of its molecules. The shapes of these molecules can be predicted from their Lewis structures, however, with a model developed about 30 years ago, known as the valence-shell 
electron-pair repulsion (VSEPR) theory. 

The VSEPR theory assumes that each atom in a molecule will achieve a geometry that 

minimizes the repulsion between electrons in the valence shell of that atom. The five 

compounds shown in the figure below can be used to demonstrate how the VSEPR theory can be applied to simple molecule. 

This theory was proposed for the first time by Sidgwick and Powell in 1940 and developed by Gillespie and Nyholm in 1957. According to this theory 

“The shape of a given species (molecule or ion) depends on the number and nature of electron pairs surrounding the central atom/ion of the species.” 

Possible Arrangement of Electrons About A Central Metal Atom 
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SOME MOLECULAR SHAPES 

SF2 

BENT 

BeCl2 

LINEAR 

BF3 

TRIGONAL PLANER 

CH4 

TETRAHEDRAL 

NH3 

TRIGONAL PYRAMIDAL 

PCl5 

TRIGONAL BIPYRAMIDAL 

SF 6 

OCTAHEDRAL 
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Concept 4.     RESONANCE 

Resonance is a method of describing the delocalized electrons in some molecules where the bonding cannot be explicitly expressed by a single Lewis structure. 
Each individual Lewis structure is called a contributing structure of the target molecule or ion. Contributing structures are not isomers of the target molecule or ion, since they only differ by the position of delocalized electrons. 

Resonance is a key component of valence bond theory and arises when no single 

conventional model using only single, double or triple bonds can account for all the observed properties of the molecule. 

SO3 

NO2− 

CO32− 
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Concept 5.     VALENCE BOND THEORY 

Valence Bond theory assumes that electrons occupy atomic orbitals of individual atoms within a molecule, and that the electrons of one atom are attracted to the nucleus of another atom. This attraction increases as the atoms approach one another until the atoms reach a minimum distance where the electron density begins to cause repulsion between the two atoms. This electron density at the minimum distance between the two atoms is where the lowest potential energy is acquired, and it can be considered to be what holds the two atoms together in a chemical bond. 

The overlap of atomic orbitals is given by the following postulates: 


The atoms which unite to form a molecule completely retain their identities in the resulting

molecule.


The formation of a covalent bond is due to overlap of atomic orbitals .


If the two atoms, each having on unpaired electron, come together, the AO’s

accommodating these unpaired electrons overlap (i.e, electron waves interact) and the

spins of the two electrons get mutually neutralized, resulting in the formation of covalent

bond which is localized between the two atoms.


If the electrons present in the AO’s have parallel spins, no bond formation will occur, and

no molecule will be formed.

 
If the AO’s possess more than one unpaired electrons, more than one bond can be formed. 

Thus, in N2 molecule there are three bonds, since N atom has three unpaired electrons. N = 

2s2, 2px1, 2py1, 2pz1 

 
Electrons already paired in the valence shell cannot take part in the bond formation. They 

can only take part in the bond formation if they can be unpaired with the use of lot of 

energy. This is seen in the case of Phosphorus, which forms PF5 by sharing 5 electrons(three 

from the three unpaired P electrons and two from paired s). 

 
The strength of the covalent bond is related to the extent of overlapping of the atomic 

orbitals. The more the two bonding orbitals overlap, The more the bonding electrons are 

concentrated between the nuclei where they can minimize the nuclear repulsion and 

maximize the attractive forces between themselves and both nuclei jointly. 

Thus, greater the overlap of the atomic orbitals, the greater will be the strength of the 

resulting covalent bond. 
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Types of Overlap 

Depending upon the type of atomic orbitals involved in bonding, different types of overlap can be seen. Thus, there may be σ or a π covalent bond 

Sigma bond: A covalent bond resulting from the formation of a molecular orbital by the end-to-end overlap of atomic orbitals   , denoted by the symbol σ. 

Pi bond: A covalent bond resulting from the formation of a molecular orbital by side-to-
side overlap of atomic orbitals along a plane perpendicular to a line connecting the nuclei of the atoms, denoted by the symbol π. 
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Concept 6.     HYBRIDISATION 

According to the valence bond theory, a covalent bond resulting from the overlap of atomic orbitals requires the presence of unpaired electron in the overlapping atomic orbital of an atom. Thus carbon, with four electrons in the valence shell would have only two unpaired p electrons.      C = 2s2, 2px1, 2py1 

To account for the third and fourth valency, it is believed that the ‘s’ electron in the same main level, gets unpaired and occupies the Pz which is empty, thus creating four unpaired levels for the incoming electrons to occupy. 

The arrangement of electrons in the atom obtained after the promotion of electrons is sometimes referred to as an excited valence state of the atom. 

C*(excited state) = 2s1, 2px1, 2py1, 2pz1 

Hybridization 

1.  In order to account for the equivalence of the four C-H sigma bonds in CH4 molecule 

we assume that the four orbitals of C* atom, 2s, 2px, 2pyand 2pz are mixed together 

or hybridized to form four orbitals of equal energy called as the hybrid orbitals. 

2.  The mixing of pure atomic orbitals to give equal number of hybrid orbitals is referred 

to as Hybridization. 

3.  The carbon atom in methane is sp3 hybridized, because one s and three p orbitals are 

involved in hybridization. 

Hybridization Rules 

1.  Only orbitals of similar energies belonging to the same atom or ion can hybridize 

together. 

2.  Number of hybrid orbitals produced is equal to the number of orbitals undergoing 

hybridization. Hybrid bonds are stronger than the single- non- hybridized bonds of 

comparable energy. 
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3.  Most of the hybrid orbitals are similar but they are not necessarily identical in shape. 

They differ from one another in their orientation in space. 

4.  For equivalent hybrids the orientation in space is determined by: the number of 

orbitals mixed and consequently the number of hybrids obtained and which of x, y and z axis are preferred by the orbitals when pure. 

5.  From the type of hybridization one can predict the geometry and bond angles of a 

molecule. 

6.  An orbital which has been used to build up a hybrid orbital is no longer available to 

hold electron in its pure form 

sp3hybridisation 

sp2 hybridisation 

sp hybridisation 
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Concept 6.MOLECULAR ORBITAL THEORY 

An approach to bonding in which orbitals encompass the entire molecule, rather than 

being localized between atoms. 

Molecular Orbital (MO) theory predicts the actual properties of molecules better than VB theory depicting electron transitions because of the differences in the energy levels of orbitals in the molecule. 

Molecular orbitals are formed when the atomic orbitals of two (or more) different atoms are joined together. The orbitals are then spread across all of the atoms that contributed the atomic orbitals. 

The same number of molecular orbitals are formed as there were atomic orbitals joined together, and their net energy is the same. 

  Bonding molecular orbitals 

-have electron density between the atom 

-are lower in energy than the original atomic orbitals 

-when these orbitals are occupied by electrons, it holds the atoms together, forming a bond 

  Nonbonding molecular orbitals 

-may occur when three or more atomic orbitals are combined -have the same energy as the original atomic orbitals 

-electrons occupying these orbitals do not stabilize or destabilize the molecule 

  Antibonding molecular orbitals 

-have electron density which is not between the atoms (there is a node between the atoms) -are higher in energy than the original atomic orbitals 

-if these orbitals are occupied by electrons, it pulls the atoms away from each other and weakens or prevents bonding. 
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The relative energies of molecular orbitals depend upon the following two factors: 

(i) the energies of the atomic orbitals combining to form molecular orbitals. 

(ii) the extent of overlapping between the a tomic orbitals. 

The greater the overlap, the more the bonding orbital is 

lowered and the antibonding orbital is raised in energy relative to atomic orbitals. 

Energy order of various Molecular Orbitals 

The increasing order of  energies of various molecular orbitals for O2  and F2 is given below : 

σ1s < σ*1s < σ2s < σ*2s <σ2pz<(π 2px = π 2py)   < (π *2px= π *2py)<σ*2pz 

However, this sequence of energy levels of  molecular orbitals is not correct for the  remaining 

molecules Li2, Be2, B2, C2, N2.  For instance, it has been observed experimentally that for molecules such as B2, C2, N2 etc. the  increasing order of energies of various molecular orbitals is 

σ1s < σ*1s < σ2s < σ*2s < (π 2px = π 2py) <σ2pz < (π *2px= π *2py) < σ*2pz 

The important characteristic feature of this order is that the energy of σ2pz molecular orbital is 

higher than that of  π 2px and π 2py molecular orbitals. 
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Points to Remember on Molecular Orbital Theory 

1.  Bond Order = (no. of bonding electrons - no. of antibonding electrons) / 2 

2.  Bond order is useful in predicting the stability of the molecules. 

o   If B.O = 0, then the molecule is unstable. 

o   If B.O > 0, then the molecule is stable. 

o   Thus, higher the bond order, greater will be the stability of the molecule. 

3. Atoms or molecules which consist of paired electrons are called as “Diamagnetic” and 

which consist of one or more unpaired electrons are known as “Paramagnetic”. 

4.    Saturated molecules:- The molecules in which all the valence electrons are involved for 

single bond formation. Non-bonded lone pairs are absent. These molecules have less 

energy, hence are more stable. 

** 
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UNIT 5 :  STATES OF MATTER 

CONCEPT WISE HANDOUTS 

KEY CONCEPTS
:

1.  Intermolecular Forces 

2.  Gas Laws 

3.  Behaviour of gases 

Concept 1.  INTERMOLECULAR FORCES 

Intermolecular forces- forces of attraction and repulsion between molecules that hold molecules, ions, and atoms together. 

Intramolecular forces   - forces of chemical bonds within a molecule 

Intermolecular vs Intramolecular 

•
41 kJ to vaporize 1 mole of water (inter)

•
930 kJ to break all O-H bonds in 1 mole of water (intra)

Generally, INTERmolecular forces are much weaker than INTRAmolecular forces. 

Types of intermolecular forces 

Intermolecular forces are the forces of attraction  and repulsion between interacting particles (atoms and molecules). 

This term does not include the electrostatic forces that exist between the two oppositely 
charged ions  ionic bond and the forces that hold atoms of a molecule together i.e., covalent 

bond. 

Van der Waals forces: the attraction of intermolecular forces between molecules. 

There are two kinds of Van der Waals forces: weak London Dispersion Forces and stronger dipole-dipole forces. 

London dispersion forces, named after the German-American physicist Fritz London, are weak intermolecular forces that arise from the interactive forces between instantaneous multipoles in molecules without permanent multipole moments. These forces dominate the interaction of non-polar molecules, and also play a less significant role in van der Waals forces than molecules containing permanent dipoles or ionized molecules. 
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London dispersion forces are also  known as dispersion forces, London forces, or instantaneous dipole-induced dipole forces. 

They increase with the molar mass, causing a higher boiling point especially for the halogen group. 

Dipole dipole  forces 

Dipole-dipole Interactions are stronger intermolecular forces than Dispersion forces & occur between molecules that have permanent net dipoles (polar molecules). 
The partial positive charge on one molecule is electro statically attracted to the partial negative charge on a neighboring molecule. 

Dipole induced Dipole 

An induced dipole is caused when a molecule that would not by itself have a dipole moment is brought close to a molecule with a dipole moment. (That is, the dipole "pushes" the 
electron cloud of the symmetric molecule. 

A dipole-induced dipole attraction is a weak attraction that results when a polar molecule induces a dipole in an atom or in a nonpolar molecule by disturbing the arrangement of electrons in the nonpolar species. 
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Hydrogen bond 

The hydrogen bond is really a special case of dipole forces. A hydrogen bond is the attractive force between the hydrogen attached to an electronegative atom of one molecule and an 
electronegative atom of a different molecule. Usually the electronegative atom is oxygen, 
nitrogen, or fluorine, which has a partial negative charge. The hydrogen then has the partial positive charge. 

In molecules containing N-H, O-H or F-H bonds, the large difference in electronegativity between the H atom and the N, O or F atom leads to a highly polar covalent bond (i.e., a bond dipole. 

ELEMENT
ELECTRONEGATIVITY VALUE

H
2.1

N
3.0

O
3.5

F
4.1

INTERMOLECULAR  HYDROGEN  BOND 

INTRAMOLECULAR  HYDROGEN  BOND 
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Concept   2.  GAS LAWS 

BOYLE’S LAW 

One of the most amazing things about gases is that, despite wide differences in chemical properties, all the gases more or less obey the gas laws.  The gas laws deal with how gases behave with respect to pressure, volume, temperature, and amount. 
Boyle's Law (sometimes referred to as the Boyle-Mariotte law) states that the 
absolute pressure and volume of a given mass of a confined gas are inversely proportional, if the temperature remains unchanged within a closed system. 

The law itself can be stated as follows: for a fixed 
amount of an ideal gas kept at a fixed 
temperature, P (pressure) and V (volume) are 
inversely proportional (when one doubles, the 

other halves). 

Pressure α   1 / volume 

P = pressure in N/m2  ;  V=volume in dm3 (litres)   ; k=constant 

PV=k
P1V1=P2V2

CHARLE’S LAW 

French chemist Jacques Charles discovered that the volume of a gas at constant pressure changes with temperature. The Law states that at constant pressure, the volume of a fixed number of particles of gas is directly proportional to the absolute (Kelvin) temperature, mathematically expressed as:    V = k T 

V = Volume 

k = Charles’ Law constant of Proportionality T = Temperature in Kelvins 

•
Raising the temperature of a gas causes the gas to fill a greater volume as long as pressure

remains constant.

•
Gases expand at a constant rate as temperature increases, and the rate of expansion is

similar for all gases.

•
In a sample with volume V1 & temperature T1, changing either volume or temperature

converts these variables to V2 and T2.
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V1 / T1 = k = V2 / T2
Therefore:    V1 T2 = V2 T1

Charles saw a linear relationship between the volume and 
temperature of a gas.  Extrapolating backwards, he found 
that the point where a gas would have no volume would 
be -273 degrees Celsius.  Since that's as cold as he 
thought things could ever get, that originated the idea of 

absolute zero. 

As it turns out, 0 K is the lowest temperature that can be achieved, but not because of 
Charles law.  It actually has to do with the fact that at absolute zero, molecules have the smallest amount of energy possible, and have ceased moving back and forth entirely.  It's sometimes thought that molecules don't move at all at absolute zero - but there's still some vibrational motion in bonds even at this temp. 

GAY-LUSSAC'S LAW 

Gay-Lussac's law is an ideal gas law where at constant volume, the pressure of an ideal gas is directly proportional to its absolute temperature. 

In  Gay-Lussac’s law 

•   the pressure exerted by a gas is directly related to the Kelvin temperature. 

•   V and n are constant. 
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AVAGADROS LAW 

Avogadro's Law proposed by Amedeo Avogadro states that under 

equal conditions of temperature and pressure, equal volumes of gases contain an equal number of molecules. 

This hypothesis was not acknowledged in Avogadro's lifetime and it 

wasn't until Stanislao Cannizzaro, in 1860, demonstrated that it was the solution to the problem of atomic and molecular weights that 
Avogadro's Law became widely accepted. 

10 23The volume of a gas is directly proportional its number of moles (n), regardless of the 

identity of the gas
V     n

IDEAL GAS EQUATION 

The ideal gas law is the equation of state of a hypothetical ideal gas. It is a good 

approximation to the behaviour of many gases under many conditions, although it has several limitations. 

Gases can described in terms of four variables: pressure (P), volume (V), temperature (T), 
and the amount of gas (n). There are five relationships between pairs of these variables in 
which two of the variables were allowed to change while the other two were held constant. 

P α n
(T and V constant)

Boyle's law:
P α 1/V   (T and n constant)

Gay Lusac’s law:
P α T
(V and n constant)

Charles' law:
V α T
(P and n constant)

Avogadro's hypothesis:   V α n
(P and T constant)

Each of these relationships is a special case of a more general relationship known as the ideal gas equation. 

In this equation, R is a proportionality constant known as the ideal gas constant and T is the 
absolute temperature. The value of R depends on the units used to express the four 

variables P, V, n, and T. By convention, most chemists use the following set of units. 

P: atmospheres 

T: kelvin 

V: liters 
n: moles 
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DALTONS LAW OF PARTIAL PRESSURE 

Dalton's Law of Partial Pressures, or Dalton's Law, states that the total pressure of a gas in a 
container is the sum of the partial pressures of the individual gases in the container. Here is 
a worked example problem showing how to use Dalton's Law to calculate the pressure of a 
gas. 

Dalton's Law of Partial Pressures is a gas law that can be stated: Ptotal = P1 + P2 + P3 + ... Pn 

where P1, P2, P3, Pn are the partial pressures of the individual gases in the mixture. 

PARTIAL PRESSURE - MOLE FRACTION 

The mole fraction of an individual gas component in an ideal gas mixture can be expressed in terms of the component's partial pressure or the moles of the component: 

and the partial pressure of an individual gas component in an ideal gas can be obtained using this expression: 

where: 

xi
= mole fraction of any individual gas component in a gas mixture

Pi
= partial pressure of any individual gas component in a gas mixture

ni
= moles of any individual gas component in a gas mixture

n
= total moles of the gas mixture

P
= pressure of the gas mixture

The mole fraction of a gas component in a gas mixture is equal to the volumetric fraction of 

that component in a gas mixture 

MOLAR MASS AND GAS DENSITIES 
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KINETIC MOLECULAR THEORY 

 
A gas consists of very small particles, each of which has a mass. An inflated 

basketball weighs more than a deflated basketball. 

 
The distances separating gas particles are relatively large. The volume of the gas 

particles is assumed to be zero because it is negligible compared with the total 

volume in which the gas is contained. 

 
Gas particles are in constant, rapid, random motion. Gases immediately fill a 

container and quickly diffuse from one area to another. 

 
Collisions of gas particles with each other or with the walls of the container are 

perfectly elastic. Unlike “bouncing balls,” no energy of motion is lost. 


The average kinetic energy of gas particles depends only on the temperature of the

gas.The kinetic energy of gas molecules is proportional to their temperature in

Kelvins -- a good description.

KE = mv2 / 2
High T  Higher KE
Low T  Lower KE


Gas particles exert no force on one another.  Attractive forces between gas particles

is assumed to be zero.


Gas particles do not slow down and condense into a liquid because they exert only

very weak attractive forces upon each other.


Gas molecules don’t interact with one another.

Concept 3 .  BEHAVIOR OF GASES 

The behavior of real gases usually agrees with the predictions of the ideal gas equation to within 5% at normal temperatures and pressures. At low temperatures or high pressures, real gases deviate significantly from ideal gas behavior. In 1873, while searching for a way to link the behavior of liquids and gases, the Dutch physicist Johannes van der Waals 
developed an explanation for these deviations and an equation that was able to fit the 
behavior of real gases over a much wider range of pressures. 

Van der Waals realized that two of the assumptions of the kinetic molecular theory were questionable. The kinetic theory assumes that gas particles occupy a negligible fraction of the total volume of the gas. It also assumes that the force of attraction between gas 
molecules is zero. 
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Volume Correction 

  The actual volume free to move in is less because of particle size.    More molecules will have more effect. 

   Corrected volume  V’ = V - nb 

    “b” is a constant that differs for each gas. 

Pressure Correction 

  Because the molecules are attracted to each other, the 

pressure on the container will be less than ideal. 

  Pressure depends on the number of molecules per liter. 
  Since two molecules interact, the effect must be squared.

P observed  P  a (

Van der Waal’s equation




n

V




2

) 

“a” and “b” are determined  by experiment. 

“a” and “b” are different for each gas,  bigger molecules have larger “b” “a” depends on both size and polarity. 
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Compressibility Factor The most useful way of displaying this new law for real molecules is to plot the compressibility factor, Z : 

For n = 1 

Z = PV /  RT 

Ideal Gases have    Z
= 1

REAL GAS -- IDEAL GAS 

Very high temperatures and very low pressure help real gases simulate ideal gases. 

@ High Temperatures:  Gas molecules move so quickly that there is not time to interact. @ Low Pressure:  Gas molecules don’t encounter each other very often. 
Standard Temperature & Pressure  STP 

•
1 atmosphere pressure (atm)

•
273 Kelvin (K)  or 0 0C

Standard Molar Volume 

•   The volume occupied by one mole of gas at STP 

•
22.4 L

Ameeta K. PGT Chemistry , ZIET Chandigarh 

[image: image64.jpg]



UNIT 6 :  THERMODYNAMICS 

CONCEPT WISE HANDOUTS 

KEY CONCEPTS
:

1.
Thermodynamics & Types of Processes

2.    State Variables 

3.    Laws of Thermodynamics 

4.  Various Enthalpy Changes 

5.  Lattice Enthalpy & Born Haber Cycle 

6.  Hess’s Law of Constant Heat Summation 

7.  Gibbs Energy & Spontaneity 

Concept 1 . Thermodynamics &  Types of Processes 

Thermodynamics is the science dealing with energy and its transformation. It deals with the relationships between heat and work, and the properties of a system in equilibrium. 

Thermos = heat, Dynamics = flow 

In thermodynamics the collection of objects on which attention is being focused is called the system, while everything else in the environment is called the surroundings. 

Temperature is the indicator of thermal equilibrium in the sense that there is no net flow of heat between two systems in thermal contact that have the same temperature. 

Universe = System + Surrounding 

Thermodynamic systems: Energy transfer is studied in three types of systems: Open systems can exchange both matter and 

energy with an outside system. 

Your body is an open system. 

Closed systems exchange energy but not matter with an outside 
system. The Earth is essentially a closed system; it obtains lots of 
energy from the Sun but the exchange of matter with the outside is 

almost zero. 

Isolated systems can exchange neither energy nor matter with an outside system. A closed thermos bottle is essentially an isolated system (though its insulation is not perfect). 

Heat can be transferred between open systems and between closed systems, but not between isolated systems. 
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TYPES OF PROCESSES 

Isothermal Process: defined as the process in which temperature of system remains 

constant. Heat can flow from system to surrounding and vice versa in order to keep the temperature constant. 

Adiabatic Process: The system does not exchange heat with the surrounding. System is completely insulated from surrounding. 

Isochoric Process: Volume of system remains constant during the process 

Isobaric Process: Pressure of the system remains constant  during the process 

Reversible Process: Such a process is carried out infinitesimally slowly so that all changes 

occurring in the direct process can be reversed and the system and the surrounding remain in state of equilibrium. It is an ideal process and cannot be realized in actual process 

Irreversible process: Change is brought about rapidly and the system does not attain 

equilibrium. The force which drives the reactants towards products is greater than opposing force which is to carry reverse process 

Spontaneous process: It may also be defined as the process which can take place by itself or initiation 

Which take place by itself 

   Evaporation of water in open vessel 
   Dissolution of salt in water 
   Flow of water down a hill 

Which take place by initiation 

   Combination of oxygen and hydrogen to form water    Lighting of candle is initiated by ignition 

Non Spontaneous Process: It is the process which cannot take place by itself or initiation 

Examples: 

Flow of heat from cold body to hot body 
Flow of water up the hill 

Dissolution of sand in water 
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Concept 2   . State Variables 

State Variables are the condition of system which is described in terms of certain 

measurable properties such as temperature(T), pressure(P), volume(V) etc. of the system. When state of system changes then process is said to occur. 

Temperature
Pressure
Volume

Entropy
Enthalpy
Internal Energy

Mass
Density

State Variables are Path Independent: meaning that the change in the value of the state

variable will be the same no matter what path you take between the two states.

This is not true of either the work W or the heat Q.
State Variables are only measurable

when the system is in Equilibrium.

  Internal Energy 

Every system is associated with a definite amount of energy, which is called its internal energy. It is donated by E or U. It depends upon the various factors such as temperature, pressure and chemical nature of the substance. 

Change in Internal Energy 

The change in internal energy in a chemical reaction is the difference in the internal energies of the products and the reactants 

∆E=  E(products)-E(reactants) 
= Ep - Er 

The change in internal energy that accompanies the transfer of heat(q) or work(w) into or out of a system can be calculated using the following equation: 
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  Enthalpy(H) 

Enthalpy or heat content of a system may be defined as the sum of the internal energy and 

the product of its pressure and volume
H = E + PV

Where E is the internal energy; P is pressure;  V is the volume of the system 

Change in Enthalpy 

It is the difference in the enthalpies of the products and the reactants 

∆H = H(products)- H(reactants)
=  Hp- Hr

  Entropy 

It is represented by S. It depends on temperature and increases with increase in 

temperature. The change in entropy is equal to heat absorbed isothermally and reversibly during a process divided by absolute temperature at which heat is adsorbed 

∆ S = q rev/T 

  Intensive & Extensive Properties 

Intensive - Properties that do not depend on the amount of the matter present. 

   Color
   Hardness

   Odor
   Melting/Freezing Point

   Luster Malleability
   Boiling

   Ductility
   Density

   Conductivity 
 

Extensive - Properties that do depend on the amount of matter present. 

   Mass
   Internal Energy

   Weight
   Heat Capacity

   Volume
   Entropy

   Length
   Free Energy

  Heat Capacity 

Specific heat is defined as the amount of thermal energy needed to raise a unit mass of substance a unit of temperature.  Its symbol is C. 

For example, one way to express the specific heat of water is one calorie per gram per degree Celsius:  C =   1 cal / (g · ºC), or 4.186 J / (g · ºC).  This means it would take 20 cal of thermal energy to raise 4 grams of water 5 ºC 

Q = m C T     Q = thermal energy 

m = mass 

C = specific heat 

T = change in temp 
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Concept 3 . Laws of Thermodynamics 

  Zeroth Law of thermodynamics 

When two bodies A and B are separately in thermal equilibrium with a third body, they in turn are in equilibrium with each other. 

OR 

Two systems are said to be in (mutual) thermal equilibrium if, when they are placed in ``thermal contact'' (basically, contact that permits the exchange of energy between them), their state variables do not change. 

  1st Law of thermodynamics 

Energy can neither be created nor destroyed although it may be converted from one form 
to other. The total energy of the universe remains constant  although it may undergo 
transformation from one form to other. The energy of an isolated system remains constant . 
∆U= q + W 

∆U = change in internal energy q = heat energy 

W = work done 

q is positive when the system gains heat and negative when it loses heat. W is positive when work is done by the system and negative when work is done on the system. 

POSITIVE & NEGATIVE WORK EXAMPLES 

In part a, the system gains 1500 J of heat from its surroundings, and 2200 J of work is done by the system on the surroundings. 
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In part b, the system also gains 1500 J of heat, but 2200 J of work is done on the system by the surroundings. 

  2nd Law of thermodynamics 

•   All  spontaneous or naturally occurring processes are irreversible 

•   Without the help of an external agency a spontaneous process cannot be reversed 

thermodynamically. 

•   The entropy of an isolated system must increase if it is to be spontaneous . 

•   In an non isolated system the total energy of both the system and surrounding must 

increase or must be positive. 

•   The total entropy of the universe must tend to increase in a spontaneous process 

∆S (total) = ∆S system + ∆S surrounding 

• 
3rd Law of thermodynamics 

•   The entropy of all perfectly crystalline solids may be taken as zero at the absolute 

temperature 

•   At absolute zero a perfectly crystalline solid has a perfect order of its constituent 

particles i.e. there is no disorder at all. Hence absolute entropy is taken as zero 
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8.  Concept 4 . Various Enthalpy Changes 

Enthalpy change is the name given to the amount of heat evolved or absorbed in a reaction carried out at constant pressure. It is given the symbol ΔH. 

Standard enthalpy changes refer to reactions done under standard conditions, and with everything present in their standard states. 

Standard conditions are: 


298 K (25°C)

   a pressure of 1 bar (100 kPa). 

Standard pressure was originally defined as 1 atmosphere (101.325 kPa)    where solutions are involved, a concentration of 1 mol dm-3 
   The symbol for a standard enthalpy change is ΔH°. 

  Standard enthalpy change of formation of a compound is the enthalpy change 

involved when one mole of the compound is formed from its elements under standard conditions, and with everything in its standard state. 

H2(g) + ½ O2(g)  H2O(l)
ΔH°f = -286.00 kJ mol -1

  Standard enthalpy change of combustion of a compound is the enthalpy change 

involved when one mole of the compound is burned completely in oxygen under 

standard conditions, and with everything in its standard state. 

CH4 + 2O2(g)  CO2 + 2H2O(l)
ΔH°c = -890.36 kJ mol-1

  Standard enthalpy of Neutralization is Enthalpy change involved when one equivalent 

of an acid is neutralized by a base or vice - versa in dilute solution. 

H+ (aq) + OH- (aq)   H2O(l)
ΔH = -13.7 kcal

  Standard enthalpy of Hydration of a given anhydrous or partially hydrated salt is the 

enthalpy change involved when it combines with the requisite no.of mole of water to 

form a specific hydrate. For example, the hydration of anhydrous copper sulphate is 

represented by 

CuSO4(s) + 5H2O (l)  CuSO4.5H2O(s)
ΔH° = -18.69 kcal

  Standard enthalpy of Transition is enthalpy change involved when one mole of a 

substance is transformed from one allotropic form to another allotropic form. 

C (graphite)  C(diamond)
ΔH° = 1.9 kJ/mol
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  Standard enthalpy of Solution is the enthalpy change involved when one mole of a 

solute is dissolved completely in large excess of water, so that further dilution of 

solution does not produce any heat change”. 

KCl(s) + nH2O   KCl (aq)
ΔH° = +4.40 kcal

  Standard enthalpy of Fusion  is change in enthalpy involved during conversion of 1 

mole of a substance from solid to liquid state at its melting point (mostly endothermic) 

H2O(s) H2O(l)
ΔH° = +1.44 kcal

  Standard enthalpy of Vaporisation  is change in enthalpy involved during conversion of 

1 mole of a substance from liquid to gaseous  state at its boiling point (mostly 

endothermic) 

H2O(l) H2O(g)
ΔH° = +10.5 kcal

  Standard enthalpy of Sublimation is change in enthalpy involved during conversion of 

1 mole of a substance from solid to gaseous  state at its boiling point (mostly 

endothermic) 

I2(s) I2(g)
ΔH° = +14.9 kcal

  Standard enthalpy of Atomization    is that accompanies the total separation of all 

atoms in a chemical substance (either a chemical element or a chemical compound). 

H2(g) → 2H(g)
ΔH0a = 435.0 kJ mol-1
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Concept 5 . Lattice Enthalpy & Born Haber Cycle 

For an ionic compound the lattice enthalpy is the enthalpy change when one mole of solid in its standard state is formed from its ions in the gaseous state. 

The lattice enthalpy cannot be measured directly and so we make use of other known enthalpies and link them together with an enthalpy cycle. 

Born-Haber Cycle: a series of hypothetical steps and their enthalpy changes needed to 
convert elements to an ionic compound and devised to calculate the lattice energy. 

   Elements (standard state) converted into gaseous atoms 

   Losing or gaining electrons to form cations and anions 

   Combining gaseous anions and cations to form a solid ionic compound 

BORN - HABER CYCLE FOR SODIUM CHLORIDE

Step 1: Atomisation

a) Sublimation of Sodium 

Na(s)  Na (g)
ΔHoat = +109 kJmol-1

b) Bond dissociation of Chlorine 

Cl2(g)  Cl(g)    ΔHoat = ½ E (Cl-Cl) 

ΔHoat = ½ (+242 )
ΔHoat = +121 kJmol-1

Step 2:  Formation of gaseous ions 

Electron Affinity :  Gain of Electron -  Anion formation Cl (g) + e-  Cl −(g)     ΔHo = -364 kJmol-1 

Ionisation enthalpy - Loss of Electron - Cation formation 

Na(g)  Na+(g) + e-
IE1= +494 kJmol-1
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Lattice Enthalpy 

NaCl (s)  Na+(g) + Cl-(g)
ΔHolat = +771kJmol-1

It is highly endothermic 

Calculation of    the lattice energy of NaCl(s) using the following: (kJmol-1) 

Enthalpy of formation of NaCl = - 411 

Enthalpy of atomisation of Na = +109 
Enthalpy of atomisation of Cl = +121 
Electron affinity of Cl = - 364 
Ionisation energy of Na = + 494 

Enthalpy of atomisation + electron affinity + ionisation 

= enthalpy of formation + lattice energy 

Magnitude of Lattice enthalpy 

The greater the charge on the ions, the greater the electrostatic attraction and hence the greater the lattice enthalpy 

Ex: Mg2+ > Na+ 

The larger the ions, then the greater the separation of the charges and the lower the lattice enthalpy 
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Concept 6 . Hess’s Law of Constant heat summation 

G.H.Hess proposed a law regarding the heats or enthalpies of reaction in 1840 called the 

Hess's law. This law states that 'the heat change in a particular reaction is the same whether it takes place in one step or several steps 

The formation of carbon dioxide from carbon and oxygen can be illustrated as follows. 

Carbon can be converted into carbon dioxide in two ways. Firstly solid carbon combines 

with sufficient amount of oxygen to form CO2. The same reaction when carried in presence of lesser amount of oxygen gives carbon monoxide which then gets converted to CO2 in step two in the presence of oxygen. 
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Concept 7 .  Gibb’s Energy & Spontaneity 

In 18th century, Josiah Willard Gibbs, one of the founders of thermodynamics, combined the first law with the second law of thermodynamics and created the free energy function of a system 

Gibbs Free Energy (G) 
- The energy associated with a chemical reaction that can be used to 

do work.  The free energy of a system is the sum of its enthalpy (H) plus the product of the temperature (Kelvin) and the entropy (S) of the system: 

G = H - T∆S 

Free energy of reaction (∆ G) 

The change in the enthalpy (∆ H) of the system minus the product of the temperature (Kelvin) and the change in the entropy (∆ S) of the system: 

∆ G = ∆ H - T∆S 

Standard-state free energy of reaction (∆ G  ) 

The free energy of reaction at standard state conditions: 

∆ G0 = ∆ H0 - T∆S0 

Favorable
Unfavorable

Conditions
Conditions

H  < 0
H  > 0

S
> 0
S
< 0

SPONTANEOUS:    G  is negative (    G  < 0, Keq > 1)

NON-SPONTANEOUS:    G  is positive (    G
> 0, Keq < 1)

EQUILIBRIUM:    G 
= 0 (Keq = 1) 
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o   If a reaction is favorable for both enthalpy (   H
< 0 ) and entropy
(
S
>

0) changes,   then the reaction will be SPONTANEOUS  (   G
<  0  ) at any

temperature.

o   If a reaction is unfavorable for both enthalpy (   H
> 0 ) and entropy (   S
<

0 ) changes, then the reaction will be NON-SPONTANEOUS
(
G  > 0 ) at

any temperature. 

o   If a reaction is favorable for only one of either entropy or enthalpy, the 

standard-state free energy equation must be used to determine whether the 

reaction is spontaneous or not. 

o   For  non-standard-state  conditions
(P
≠
0.1  MPa;  concentrations
≠
1

M), values  of    H  and    S  for  the  actual  reaction  conditions  must  be

calculated and used to determine    G and  Keq.

Enthalpy
Entropy

change
change

positive
positive

negative
positive

negative
negative




Gibbs free energy

depends on T, may be + or -

always negative

depends on T, may be + or -




Spontaneity

yes, if the temperature is high enough

always spontaneous

yes, if the temperature is low 

enough 

positive
negative
always positive
never spontaneous
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UNIT 7 :  EQUILIBRIUM 

CONCEPT WISE HANDOUTS 

KEY CONCEPTS
:

1.  Equilibrium in Physical Processes 

2.  Equilibrium in Chemical Processes 

3.  Law of chemical equilibrium and equilibrium constant 

4.  Applications of Equilibrium Constant 

5.  Factors affecting Equilibrium 

6.  Acids , Bases & Salts 

7.  Ionic Equilibrium in Solution 

8.  Ionization of Acids & Bases 

9.  Hydrolysis of Salts 

10. Buffer Solutions 

Concept 1. Equilibrium in Physical Processes 

Chemical equilibrium is the condition which occurs when the concentration of reactants and products participating in a chemical reaction exhibit no net change over time. 

   The state of equilibrium is a state in which the measurable properties of the 

system will not undergo any observable change under a given set of conditions.    All these observable properties of a system become constant at the state of 

equilibrium. 

   At equilibrium the rate of forward reaction becomes equal to the rate of backward 

reaction. 

   At equilibrium, there is no net change in the concentration of the molecules of the 

system. 
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SOLID - LIQUID EQUILIBRIUM 

When a solid - liquid system at melting point is taken in a well - insulated container, then this system constitute a system in which solid is in dynamic equilibrium with liquid. 
For Example: If ice and water at 273K (melting point of ice) taken in a perfectly insulated thermos flask. It may be noted that temperature as well as masses of ice and water remain constant. This represents a dynamic equilibrium between ice and water. 

Ice
⇌  Water

Since there is no change in mass of ice and water, the number of molecules going from ice 
into water is equal to number of molecules going from water into ice. Thus, at equilibrium, 

Rate of melting 
=      Rate of freezing 

LIQUID - GAS EQUILIBRIUM 

Evaporation of water in a closed evacuated vessel at room temperature continues for some time leading to   the gradual decrease in level of water. After some time the level of water becomes constant indicating that a state of equilibrium has attained between water and water vapours. 

H2O (l)
⇌       H2O (g)

Rate of evaporation
=    Rate of condensation.

SOLID - GAS EQUILIBRIUM 

Volatile  solids  sublime  and  form  vapours.  When  kept  in  closed  container  at constant temperature equilibrium is established. 

I2 (s) ⇌      I2(g) 

Characteristics of Physical Equilibria 


In the case of Liquid ⇌ vapour equilibrium, the vapour pressure is a constant at a

given temperature.


For solid ⇌Liquid equilibrium , there is only one temperature(melting point) at 1

atm at which the two phases can coexist without any exchange of heat with the

surroundings, the mass of the two phases remain constant.


For dissolution of solids in liquids, the solubility is constant at a given temperature.


For dissolution of gases in liquids the concentration of a gas in liquid is proportional

to the pressure(concentration) of the gas over the liquid. 
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Concept 2. Equilibrium in Chemical Processes 

A large number of chemical reactions do not go to completion and attain a state of equilibrium after some time. The state of equilibrium involving a chemical system is referred to as chemical 
equilibrium. 

Reversible reaction 
:    N2 + 3 H2 ⇌ 2 NH3 

Irreversible reaction   :  NaCl(s) + NaNO3(aq) AgCl    AgNO3(aq) + NaCl(aq) 

A reversible reaction can be made irreversible if one of the product (s) which is gaseous is allowed to escape out. This is why reversible reactions are done in a closed vessel. 

Characteristics of Chemical Equilibrium 

The important characteristics of chemical equilibrium are : 

(i) At equilibrium the concentration of each component of reactants and products becomes constant. 

(ii) The rate of forward reaction will be equal to rate of backward reaction. So, a chemical equilibrium is said to be dynamic in nature. 

(iii) A chemical equilibrium is established provided none of the products is allowed to escape, i.e., only in a closed system a chemical equilibrium can be attained and not in an open system. 

(iv) Chemical equilibrium can be attained either from the direction of reactants or from the direction of products depending upon the conditions like temperature and pressure. 

(v) A catalyst does not alter the state of equilibrium. It is due to fact that a catalyst influences both the forward and backward reaction to the same extent. It only helps to attain the equilibrium rapidly. 
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Concept 3. Law of Chemical Equilibrium & Equilibrium Constant 

Two Norwegian chemists Guldberg and Waage (1864) suggested a quantitative relationship known as the Law of Mass Action between rates of reactions and the concentrations of the reacting species. This law states that: 

At constant temperature, the rate of a chemical reaction is directly proportional to the product of the 
molar concentrations of reacting species with each concentration term raised to the power equal to 
the numerical coefficient of that species in the chemical equation representing the chemical change. 

aA + bB
⇌               cC +  dD

if concentrations
if gases

[C]c [D]d
[pCc] [pCc]

------------ = Kc
------------ = Kp

[A]a [B]b
[pAa] [pBb]

Kp = Kc (RT)∆n 

The concentrations of pure liquids and pure solids is taken as unity. 

Application of Law of Mass Action To Chemical Equilibrium 

A + B ⇌ C + D 

   Rate of forward reaction α [A] [B] 
= kf [A] [B] 

where kf is the rate constant for forward reaction. 
   Rate of backward reaction α [C] [D] = kb [C] [D] 

where kb is the rate constant for the backward reaction 

At equilibrium  Rate of forward reaction = Rate of backward reaction 

kf[A][B] = kb[C] [D] 

Since kf and kb are constants the ratio kf / kb is also constant and it is represented by KC. The constant KC is called Equilibrium constant. 

The  equilibrium  constant  K  may  be  defined  as  the  ratio  of  the  product  of  equilibrium 
concentrations of the products to that of the reactants with each concentration term raised to the 
power equal to the stoichiometric coefficient of the substance in balanced chemical equation. 
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The Magnitude of Equilibrium Constants 

•
The equilibrium constant, K, is the ratio of products to reactants.

•
Therefore, the larger K the more products are present at equilibrium.

•
Conversely, the smaller K the more reactants are present at equilibrium.

•
If K >> 1, then products dominate at equilibrium and equilibrium lies to the right.

•   If K << 1, then reactants dominate at equilibrium and the equilibrium lies to the left. 

Applications of Equilibrium Constant 

Prediction of direction of the reaction 
Applications of Equilibrium Constant 

•
Predicting the extent of a reaction:

o
If KC > 103, then the products predominate over the reactants.

o
If KC < 10−3, then the reactants predominate over the products.

o
If 10−3 < KC< 103, then appreciable concentrations of both reactants and products are

present. 

•
Predicting the direction of a reaction:

Reaction quotient, Q (QC with molar concentration and Qp with partial pressure) For a general reaction, 

The concentrations are not necessarily equilibrium values. 

If QC > KC , then the reaction will proceed in the reverse direction. If QC< KC , then the reaction will proceed in the forward direction. If QC = KC  , then the reaction is at equilibrium. 

•
Calculating equilibrium concentrations

Homogenous & Heterogeneous Equilibrium

Heterogeneous Equilibrium : One or more reactants or products are in a different phase.

   CaCO3(s)
⇌     CaO(s)   + CO2(g)

The amount of CO2 formed will not depend greatly on the amounts of CaO and   CaCO3 present.

Kc = [pCO2]

   CO2(g) + H2(g) ⇌ CO(g) + H2O(l)

Homogeneous Equilibrium

   N2O4(g) ⇌2NO2(g)

[pNO2]2

Kc =

[N2O4]

 
4NH3(g) + 5O2(g)


: All reactants and products are in same phase.

4NO(g) + 6H2O(g)
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Concept 5. Factors affecting Equilibrium 

1884 Le Chatelier's Principle: A system in equilibrium that is subjected to a stress reacts in a way that counteracts the stress. 

When a system in equilibrium is subjected to any change in factors like concentration, 
temperature, pressure the system will act in such a way to counteract the effect of the 
change. 

OR 

A change in any of the factors that determine the equilibrium conditions of a system will 

shift the equilibrium in such a way so as to reduce or to counteract the effect of the change. 

Changes in temperature: 

o   If the forward reaction is exothermic, an increase in temperature causes the system 

to shift in the reverse direction. 

o   If the forward reaction is endothermic, an increase in temperature causes the 

system to shift in the forward direction. 

o   The opposite effects would be observed for a decrease in temperature. 

Ex. N2O4(g) ⇌ 2NO2(g) 

Forward reaction 
N2O4(g) 2NO2(g)   ∆Ho = + 58.0 kJmol-1 

Backward reaction 2NO2(g)  N2O4 
(g)   ∆Ho = - 58.0 kJmol-1 

Increase in temperature favours endothermic reaction. 

Changes in concentration: 

o   An increase in the concentration of one or more reactants, or a decrease in the 

concentration of one or more products, causes the system to shift in the forward 

direction. 

o   A decrease in the concentration of one or more of reactants, or an increase of the 

concentration of one or more products, causes the system to shift in the reverse 

direction. 

Ex. H2(g)   + I2 (g) 
⇌ 2HI(g) 

If H2(g) is added at equilibrium , then forward reaction will be  favoured whereas addition of HI(g) will favour backward reaction. 
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Changes in pressure   : (of homogenous gaseous systems) 

Pressure does not have any effect on concentrations of species that are present in solid, 
liquid or solution form. On the other hand, the change in pressure affects the 
concentrations of gases. According to ideal gas law, pressure and volume are inversely 
proportional to each other; the greater the pressure, the smaller the volume, and vice 
versa. 

o   An increase in pressure causes the system to shift in the direction of fewer gas 

molecules. 

o   A decrease in pressure causes the system to shift in the direction of more gas 

molecules. 

o   If the number of particles on each side of the reaction is equal, then a change in 

pressure has no effect. 

Ex. N2 (g) + 3H2 (g)
⇌ 2NH3(g)

1vol
3vol
2vol

The increase in pressure always affects the side that has more volume. Hence, 
increase in pressure shifts the equilibrium from left to right. 
The pressure has no effect if the total volume of reactants is equal to the total 
volume of 

the products as in the following example. 

H2(g)   + I2 (g) 
⇌ 2HI(g) 

The Effect of Catalyst : 

A catalyst changes the rate of a reaction by providing an alternative pathway with a 
lower activation energy. The lower-energy pathway is available to both the forward 
and the reverse reactions of the equilibrium. The addition of a catalyst to a system in 
equilibrium does not favor one reaction over the other. Instead, it increases equally 
the rates of both the forward and the reverse reactions. The rate at which 
equilibrium is reached is increased, but the relative concentrations of reactants and 
products at equilibrium, and hence the equilibrium constant, are unchanged. 
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Concept 6. Acids , Bases & Salt 

An electrolyte may be defined as substance which either in molten state or in aqueous 

solution can conduct electricity. Acids ,bases and salts are mostly electrolytes. There are two types of electrolytes: 

•   Strong electrolytes-The electrolytes which are almost completely ionized in aqueous 

Solution.  Ex.  H2SO4  , HCl 

•   Weak electrolytes-The electrolytes which are ionized to small extent in aqueous 

Solution.  Ex.CH3COOH,NH4OH 

Arrhenius ACIDS & BASES 

An Arrhenius acid is a compound that increases the concentration of H+ ions that are present when added to water. These H+ ions form the hydronium ion (H3O+) when they combine with water 

molecules.
HCl (aq)+H3O+(l)→H3O+(aq)+Cl−(aq)

Strong Acids
HCl , HNO3, H2SO4, HBr , HI, HClO4

Weak Acids
All other acids, such as HCN, HF, H2S, HCOOH

An Arrhenius base is a compound that increases the concentration of OH- ions that are present when 

added to water.
NaOH(aq)   → Na+(aq)+OH−(aq)

Bronsted - Lowry    ACIDS & BASES 

Any hydrogen containing species (a molecule, a cation or an anion), which is capable of donating one or more protons to any other substance, is called an acid. 

Any species (molecule, cation or anion), which is capable of accepting one or more protons from an acid, is called a base. 

Bronsted Acid  Conjugate Base of the Acid + H+ Bronsted Base + H+   Conjugate acid 
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Lewis    ACIDS & BASES 

An acid is a substance which can accept a pair of electrons. 
A base is a substance which can donate a pair of electron. 

Concept 7. Ionic Equilibrium in aqueous solution 

When weak acid AB( acetic acid )is dissolved in water  it dissociates into A+and B- and following eq. is obtained. 

AB ⇌  A+ + B-

dissociation constant may be given as 

[A+][B-]
(Cα * Cα)

Ka =
=

[AB]
C(1-α )

α = √Ka/C 

When weak base BOH (NH4OH) is dissolved in water  it dissociates into BH+and OH- and following eq. is obtained. 

BOH(aq) ⇌    B+(aq) + OH-(aq) 

[BH +] [OH-] 

Kb = 

[BOH] 

SELF IONIZATION OF WATER: Pure water is poor conductor of electricity. This shows that water is weak electrolyte and dissociates to a small extent. 

H2O ⇌    H+    +    OH-

H2O + H2O 
⇌    H3O+    +    OH-
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[H3O +] [OH-] 

Keq =
;
[H2O]2 = constant = K

[H2O]2 

Keq x K = Kw   ( Ionic product of water ) =
[H3O +] [OH-]

It must be noted that ionic product of water is constant only at constant temperature . Its value at

298 K is found to be 1.008 x10-14

Kw   = 1.008 x10-14

Kw   = 1.008 x10-14 =[H3O +] [OH-]

[H3O]+   =  [OH-]

Kw= [H3O+] 
[OH-] =1.0 x10 -14 
[H3O+]2 =1.0 x10 -14 

[H3O+] =1.0 x10 -7 mol l-1 

Thus in pure water at 298 K 

[H3O]+   =  [OH-] = 1.0 x10 -7 mol l-1 
In general 

•
For acidic solution: [H3O+]  >   [OH-]

•
For basic solution: [H3O+] < [OH-]

•
For neutral solution: [H3O+] =  [OH-]

FACTORS INFLUENCING THE DEGREE OF IONIZATION 

1. Dilution 

2. Temperature 

3. Nature of solute 

4. Nature of solvent 

5. Presence of other substances 
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One measure of the strength of an acid is the acid-dissociation equilibrium constant Ka. When Ka is relatively large, the acid is strong   , HCl : Ka = 1 x 103 

When it is small, we have a weak acid, CH3COOH: Ka = 1.8 x 10-5 

When it is very small, we have a very weak acid,H2O: Ka = 1.8 x 10-16 

Concept of pH 

The symbol pH has been taken from danish word   ‘potenz the hydrogen ion’which means power of hydrogen ion.The pH of solution may be defined as negetive logarithm of hydrogen ion 
concentration. 

pH    = -log [ H3O+ ]
=  log 1 /   [ H3O+ ]

log [ H3O+ ]
= -pH

The pH scale range from 0 to 14. 

   Numbers lower than 7.0 have higher concentrations of hydrogen ions and therefore are 

more acidic. 

   Numbers higher than 7.0 have lower concentrations of hydrogen ions and therefore are 

alkaline or basic. 
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Concept 9. Hydrolysis of Salts 

Salt Solution in the water could be neutral, acid, or base. 

•
Strong acid + strong base → neutral salt solution (pH = 7)

•
Strong acid + weak base → acidic salt solution (pH < 7)

•
Weak acid + strong base → base salt solution (pH > 7)

•
Weak acid + weak base → neutral salt solution (pH = 7)

It is fair to say that salts with very small solubility product constants (Ksp) are only sparingly soluble

in water

1. Salt from strong acid and weak base
NaCl -Sodium Chloride

Strong acid : HCl
Strong base : NaOH

Hydrolysis

NaCl (s) + H2O (l)
→  Na+(aq) + Cl-(aq)+H2O(l)

2. Salt from strong acid and weak base 
NH4Cl -Ammonium Chloride 

Strong acid : HCl
Weak base : NH4OH

Hydrolysis

NH4Cl(aq)
→  NH4+ (aq)   +  Cl− (aq)

NH4+ (aq) + H2O (l)  ⇌ NH3 (aq)
+    H3O+ (aq)

Hydrolysis reaction is equilibrium reaction. H3O+  in formed indicate this salt solution is acidic. 

3. Salt from weak acid and strong base 
CH3COONa - Sodium acetate 

Weak acid  : CH3COOH         Strong base : NaOH 

Hydrolysis

CH3COONa(aq)  →  CH3COO− (aq)+ Na+(aq)

CH3COO− (aq) +H2O(l)
⇌    CH3COOH (aq) + OH− (aq)

NH4+ (aq)
+    H2O (l)
⇌                     NH3 (aq)    +    H3O+ (aq)

Hydrolysis reaction is equilibrium reaction. OH ion formed indicate this salt reaction is base characteristic. 
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Solubility Product Constant 

The Solubility Product Constant, Ksp is the equilibrium constant for a solid substance dissolving in an aqueous solution. 

Let us consider the dissociation of solid AgCl in water. The equilibrium reaction will be written as 

  AgCl(s) ⇌       Ag+(aq) + Cl- (aq) 

Ksp
= [Ag+] [Cl-]


Bi2S3 (s) ⇌
2 Bi+3 (aq) + 3S-2 (aq)

Ksp = [Bi+3]2 [S-2]3 

“Solubility” = s = concentration of  Bi2S3 that dissolves, which equals 1/2[Bi3+] and 1/3[S2-]. 

Ksp is constant (at a given  temperature) 

s is variable (especially with a common ion present) 


NiCO3 (s) ⇌ 
Ni+2 (aq) + CO3-2 (aq) 

Ksp = [Ni+2] [CO3-2] 

Reaction quotient Q tells us Whether the reaction is at equilibrium, If not, which way it’ll shift 

CaF2(s) ⇌ 
Ca2+(aq)+ 2F-(aq) 

Ksp = [Ca2+][F-]2 

Q = [Ca2+][F-]2 

1. Q = Ksp, the system is at equil. (saturated) 

2. Q < Ksp, the system is not at equil. (unsaturated - shift right) 

3.  Q > Ksp, the system is not at equil. (supersaturated - shift left) 
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Concept 10.  Common Ion Effect  & Buffer Solutions 

The Common Ion Effect 

“The extent of ionization of a weak electrolyte is decreased by adding to the solution a strong electrolyte that has an ion in common with the weak electrolyte.” 
Ionization of a weak acid such as HF 

HF(aq)   ⇌ H+(aq) + F-(aq) 

The concentration of F- ion can be increased by adding sodium fluoride, a strong electrolyte: 

NaF(aq) ⇌ Na+(aq) + F-(aq) 

According to Le Chatelier's principle, the shift in equilibrium caused by the addition of an ion 
common to one of the products of a dissociation reaction is called the common ion effect. 

Buffer Solutions: Buffers are solutions of a weak conjugate acid-base pair and  are particularly resistant to pH changes, even when strong acid or base is added. 

A buffer must contain an acid to react with any OH- ions that may be added, and a base to react with any added H+ ions. A buffer solution may contain a weak acid and its salt (for example HF and NaF), or a weak base and its salt (for example NH3 and NH4Cl). 

There are two types of buffers, acid buffer and basic buffer. 

Acid buffer   : A buffer solution containing a large amounts of a weak acid, and its salt with a strong base, is termed as an acid buffer. Such buffer solutions have pH  less than 7 at 298 K. 

Basic buffer : A buffer solution containing relatively large amounts of a weak base and its salt with a strong acid, is termed as a basic buffer. Such buffers have pH higher than 7 at 298 K. 

Mechanism of Buffer Action 

Action of an acid buffer : An acid buffer contains relatively large amounts of a weak acid (CH3COOH) and its salt with a strong base (CH3COONa). The buffer solution thus contains large concentration of CH3COOH and CH3COO- (due to the dissociation of the salt), apart from H3O+ and OH-. 

An addition of small amount of a strong acid causes the following    reaction 

H3O+ ( from added acid) + CH3COO-   ⇌   CH3COOH +  H2O (from buffer) 
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An addition of small amount of a strong base causes the following  reaction 

CH3COOH (from buffer) + OH- (added from base)   ⇌ CH3COO-   +  H2O 

Since the ratio of weak acid to salt remains virtually unchanged. As a result, no observable change in the pH value is seen. 

Action of basic buffer : A basic buffer contains a weak base (NH4OH), and its salt with strong acid (HCl). The buffer solution thus contains large amounts of the weak base NH4OH, and the cation NH4+ (coming from the dissociation of the salt NH4Cl), in addition to H3O+ and OH-. 

The addition of an acid or a base to the basic buffer causes the following reactions: 

H3O+ ( from added acid) + NH4OH (in buffer) ⇌ NH4+ +   2H2O 

OH- (added from base) 
+ NH4+(in buffer) ⇌ NH4OH 

Buffering Capacity represents the amount of H+ or OH- the buffer can absorb without a significant 

change in pH.    A buffer with a large capacity contains large concentrations of buffering components 
and can absorb a relatively large amount of protons or hydroxide ions without much pH change. 

Buffers 

   resist changes in pH from the addition of acid orbase 

   in the body absorb H3O+ or OH from foods and cellular processes to maintain pH    are important in the proper functioning of cells and blood 

   in blood maintain a pH close to 7.4; a change in the pH of the blood affects the uptake of 

oxygen and cellular processes . 
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