SUBJECT : CHEMISTRY
CLASS XI
Week : 1 February 6 February 2021
CHAPTER 1 : SOME BASIC CONCEPT OF CHEMISTRY

Guidelines
• Refer to the content given below and view the links
• These notes will help you to understand the concept and complete the assignment that
follows
• The assignment is to be done in the chemistry notebook
• Please read the science NCERT book before you begin answering

Instructional Aids / Resources
NCERT Link is given below :
https://youtu.be/VmWmHhNjlL4
https://youtu.be/0mmxbFf05mI
https://youtu.be/0kJPgzVktVk

Learning outcomes
Each student will be able to learn about basic concept of chemistry
Sub Topics
• laws of chemical combination
• mass percentage
• molarity
• molality
• mole fraction

LESSON DEVELOPMENT
Some Basic Concepts of Chemistry
Matter:
Anything that exhibits inertia is called matter.
The quantity of matter is its mass.
Classification of Matter:Based on chemical composition of various substances..

Elements:
• It is the simplest form of the matter.
• Smallest unit of an element is known as atom.
• Total number of the known elements is 118 out of which 98 elements occur naturally and 20
are formed by artificial transmutation.
• Examples: Na, K, Mg. Al, Si, P, C, F, Br etc.
Compound:
• It is a non-elemental pure compound.
• Formed by chemical combination of two or more atoms of different elements in a fixed
ratio.
• Examples: H2O, CO2, C6H12O6 etc.
Mixture:
• Formed by physical combination of two or more pure substances in any ratio.
• Chemical identity of the pure components remains maintained in mixtures.
• Homogeneous mixtures are those whose composition for each part remains constant.
• Example, Aqueous and gaseous solution.
• Heterogeneous mixtures are those whose composition may vary for each and every part.
• Example, Soil and concrete mixtures.
Physical Quantities and Their Measurement:
Fundamental Units:These units can neither be derived from one another nor can be further resolved into any
other units. Seven fundamental units of the S.I. system

Physical quantity
Name of the unit
Symbol of the unit
Time
Second
S
Mass
Kilogram
kg
Length
Meter
m
Temperature
Kelvin
K
Electric current
Ampere
A
Luminous intensity
Candela
Cd
Amount of substance
Mole
Mol
Derived Units:These units are the function of more than one fundamental unit
Quantity with Symbol
Unit (S.I.)
Symbol
Velocity (v)
Metre per sec
ms-1
Area (A)
Square metre
m2
Volume (V)
Cubic metre
m3
Density (r)
Kilogram m-3
Kg m-3
Energy (E)
Joule (J)
Kg m2s-2
Force (F)
Newton (N)
Kg ms-2
Frequency (n)
Hertz
Cycle per sec
Pressure (P)
Pascal (Pa)
Nm-2
Electrical charge
Coulomb (C)
A-s (ampere – second)
Measurement of Temperature
Three scales of temperature
• Kelvin scale (K)
• Degree Celsius scale (oC)
• Degree Fahrenheit scale (oF)
Relations between the scales:
o
•
F = 9/5(oC) + 32
• K = oC + 273
0 K temperatures is called absolute zero.
Dalton’s Atomic Theory:
• Every matter consists of indivisible atoms.
• Atoms can neither be created nor destroyed.
• Atoms of a given element are identical in properties
•
Atoms of different elements differ in properties.
• Atoms of different elements combine in a fixed ratio to form molecule of a compound.
Precision and Accuracy:
• Precision: Closeness of outcomes of different measurements taken for the same quantity.
• Accuracy: Agreement of experimental value to the true value
Significant figures:

Rules:
• All non-zero digits are significant.
• Zeroes preceding the first non-zero digit are not significant.
• Zeroes between two non-zero digits are significant.
• Zeroes at the end of a number are significant when they are on the right side of the decimal
point.
• Counting numbers of objects have infinite significant figures.
Scientific Notation:
Numbers are represented in N × 10n form.
Where,
• N = Digit term
• n = exponent having positive or negative value.
• Examples,
12540000 = 1.254 × 107
0.00456 = 4.56 ×10-3
Mathematical Operations of Scientific Notation:
Multiplication and Division:
Follow the same rules which are for exponential number.
Example: (7.0 ×103 ) × (8.0×10-7 ) = ( 7.0×8.0) × ( 10[3 + (-7)] ) = 56.0 × 10-4
Result cannot have more digits to the rite of decimal point than either of the original numbers
(7.0 ×103 ) / (8.0×10-7 ) = ( 7.0/8.0) × ( 10[3 - (-7)] ) = 0.875 ×1010 = 0.9 ×1010
Addition and Subtraction:
Numbers are written in such way that they have same exponent and after that coefficients are
added or subtracted.
(5 ×103 ) + (8×105 ) = (5 ×103 ) + (800×103 ) = (5+800) ×103 = 805×103
Result must be reported with no more significant figures as there in the original number with
few significant figures.
Rules for limiting the result of mathematical operations:
• If the rightmost digit to be removed is more than 5, the preceding number is increased by
one.
• If the rightmost digit to be removed is less than 5, the preceding number is not changed.
• If the rightmost digit to be removed is 5, then the preceding number is not changed if it is an
even number but is increased by one if it is an odd number.
Laws of Chemical Combination:
Law of conservation of mass:
“For any chemical change total mass of active reactants are always equal to the mass of the
product formed”
Law of constant proportions:
“A chemical compound always contains same elements in definite proportion by mass and it
does not depend on the source of compound”.

Law of multiple proportions:
“When two elements combine to form two or more than two different compounds then the
different masses of one element B which combine with fixed mass of the other element bear
a simple ratio to one another”
Law of reciprocal proportion:
“ If two elements B and C react with the same mass of a third element (A), the ratio in which
they do so will be the same or simple multiple if B and C reacts with each other”.
Gay Lussac’s law of combining volumes:
“At given temperature and pressure the volumes of all gaseous reactants and products bear
a simple whole number ratio to each other”.
Atomic and Molecular Masses:
Atomic Mass:
• Mass of an atom.
• Reported in atomic mass unit “amu” or unified mass “u”
• One atomic mass unit i.e. amu, is the mass exactly equal to one-twelfth the mass of one
carbon-12 atom.
Molecular Mass:
• Mass of a molecule of covalent compound.
• It is equal to the sum of atomic masses of all the elements present in the molecule.
Formula Unit Mass
• Mass of a molecule of an ionic compound
• It is also equal to the sum of atomic masses of all the elements present in the molecule
Mole Concept:
Mole:
• Unit of amount of substance.
• One mole amount of substance that contains as many particles or entities as there are
atoms in exactly 12 g of the 12C isotope.
Molar mass:
• Mass of one mole of a substance in gram
• Molar mass in gram in numerically equal to atomic/molecular/formula mass in amu or u.
Percentage composition:
Mass percentage of an element in a compound = (Mass of that element in the compound /
Molecular mass of the compound)×100
Percentage yield:
• It is the ratio of actual yield of the reaction to the theoretical yield multiplied by 100.
• % yield = (Actual yield /Theoretical yield) ×100
Empirical formula and molecular formula:
Molecular Formula:Represents the actual number of each individual atom in any molecule is known as
molecular formula.

Empirical Formula:Expresses the smallest whole number ratio of the constituent atom within the molecule.
Molecular formula = (Empirical formula)n
Molecular weight = n × Empirical weight
also,
Molecular weight = 2 × Vapour density
Limiting Reagent:
The reactant which is totally consumed during the course of reaction and when it is consumed
reaction stops.
For a balanced reaction reaction:
A +B → C + D
B would be a limiting reagent if nA / nB>nB/nA
Similarly, A is a limiting reagent if nA / nB<nB/nA
Concentration of the solutions:
Mass by Mass Percentage:Amount of solute in gram present per 100 gm of the solution.
Mass percentage of solute = [(Mass of solute)/(Mass of solution)] x100
Mass by Volume Percentage:Amount solute in gram present per 100 mL of the solution.
Volume by Volume Percentage:Volume of solute per 100 mL of the solution
Volume by volume percentage of solute = [(Volume of solute)/(volume of solution)] x100
Parts per million ( ppm) :The amount of solute in gram per million (106) gram of the solution.
ppm = [(mass of solute/mass of solution)]x 106
Mole fraction:Ratio of the moles of one component of the solution to the total number of moles of
solution
Total mole fraction of all the components of a solution is equal to 1.
For binary solutions having two components A and B
Mole fraction of A
XA = (nA)/(nA+nB)]
Mole fraction of B
XB = (nB)/(nA+nB)]
or XB = 1- XA
Molarity(M):Number of moles of solute per 1000 mL of the solution.
M = (Number of moles of solute)/(Volume of solution in L)
Molality(m):number of moles of solute per 1000 gram of the solvent.

m = (Number of moles of solute)/(Weight of solvent in kg)

ASSIGNMENT
VERY SHORT QUESTION ( 1 mark each )
1.
2.
3.
4.
5.
6.

What is the SI unit of molarity
Define the atomic mass unit
How many seconds are there in two days
State law of conservation of mass
State law of multiple proportion
Calculate the number of oxygen atoms in 0.5 mol of oxygen atoms

(Ans : 172800s)

SHORT QUESTIONS ( 2 marks each )
7. Define molality. What is the difference between molarity and molality
8. Calculate the mass percentage of carbon , hydrogen and oxygen in ethanol
(Ans : mass% of C , H , O =52.14% , 13.13% , 34.73 %)
9. How many grams of NaCl are present in 250 cm3 of a 0.500 M NaCl solution.
7.3 g)
10. Write the empirical formula of the following compounds
a) C6H6 b) C6H12 c) H2O2 d) N2O4

(Ans:

SHORT QUESTIONS II (3 marks each )
11. Hydrogen reacts with N2 to produce ammonia according to the equation
N2 (g) + 3H2 (g) -------> 2NH3 (g)
Determine how much ammonia would be produced if 200 g of H 2 reacts with excess of N2,
[Atomic weight of N = 14, H= 1 u]
( Ans: 113.2 of NH3 )
12. Calculate number of moles in the following cases:
a. 7.85g of Fe (Atomic weight of Fe = 56 u)
13. If 20g of CaCO3 is treated with 20 g of HCl, how many grams of CO 2 can be generated
according to the following equation?
CaCO3(s) + 2HCl (aq) -------> CaCl2 (aq) + H2O (l) + CO2 (g)
[Atomic weight of Ca = 40, C = 12, O =16, H = 1, Cl = 35.5 u]
(Ans; 8.8 g
of CO2 )
14. Calculated number of atoms in each of the following:
1. 5.6 L of NH3
2. 4.4 g of CO2

3. 52 u of He
Atomic weight of He = 4 u
LONG QUESTIONS ( 5 marks each )
15. A compound contains 54.2% C. 9.2% H and 36.6% oxygen, Determine its Empirical formula
and molecular formula if its molecular weight is 88 u. [At. Wt. Of C=12, H=1, O=16u]
(Ans: C4H8O2 )
16. Commercially available concentrated hydrochloric acid contains 38% HCl by mass. What is
the molarity of this solution? The density is 1.19g/cm3.What volume of concentrated HCl
required to make 1.00L of 1.10 M HCl?
(Ans: (a) 12.38M , (b) 123.8L)
17. On analysis a substance was found to have the following percentage K=31.84, Cl= 28.98 O
= 39.18 Calculate its molecular formula if its molecular mass is 122.5
(Ans: KClO3)

SUBJECT : CHEMISTRY
CLASS XI
Week : 8 February 13 February 2021
CHAPTER 2 : ATOMIC STRUCTURE

Guidelines
• Refer to the content given below and view the links
• These notes will help you to understand the concept and complete the assignment that
follows
• The assignment is to be done in the chemistry notebook
• Please read the science NCERT book before you begin answering

Instructional Aids / Resources
NCERT Link is given below :
https://youtu.be/Q7SzCTsyHTM
https://youtu.be/JiAnfiEqpjQ
https://youtu.be/uxuukj20_mM

Learning outcomes
Each student will be able to learn about structure of atom
Sub Topics
• Atomic structure
• Dual nature of atom
• Electromagnetic waves
• Atomic spectrum
• Electronic configuration

LESSON DEVELOPMENT
Structure of Atom
Wave

Terms
Wave length (λ)
Frequency (ν)

Velocity (c)

Explanation
Distance between two neighbouring troughs or crests.
Number of times a wave passes through a given point in a
medium in one second.
ν = c/λ
The distance travelled by the wave in one second.
c = νλ

Wave number

Number of wavelengths per cm.

Amplitude (a)

Height of the crest or depth of the trough. Determines the
intensity of the beam of light.

Electromagnetic Waves
Radiations
Radio waves
Micro waves
Infrared (IR)
Visible
Ultra violet (UV)

Wave length (Å)
3×1014 to 3 ×107
3×109 to 3 ×106
6×106 to 7600
7600 to 3800
3800 to 150

X–rays
Gamma rays
Atomic spectrum of hydrogen atom:

150 to 0.1
0.1 to 0.01

Where, RH = Rydberg constant (108978 cm-1)
n1 and n2 have integral values as follows
n1
n2
Spectral Series
1
2,3,4…
Lyman
2
3,4,5…
Balmer
3
4,5,6…
Pascher
4
5,6,7…
Brackett
5
6,7,8…
Pfund

Photoelectric effect:

Spectral region
UV
Visible
IR
IR
IR

•

Ejection of electrons takes place from the surface of metal when light of suitable frequency
fall on it.

•
•

Minimum frequency required for ejection of electron is called threshold frequency (vo).
Energy of the ejected electrons is directly proportional to the frequency of radiation.

•

Number of electrons ejected per second depends on the intensity of radiation.

•

hv- hvo =1/2mev2
Planck’s quantum theory:
Substances radiate or absorb energy discontinuously in the form of energy packets
The smallest packet of energy is called quantum. In case of light the quantum is known as
photon.
The energy of a quantum is directly proportional to the frequency of the radiation.
E = hv were v is the frequency of radiation and h is Planck’s constant having the value 6.626 ×
10–27 erg sec or 6.626 × 10–34 J sec.
A body can radiate or absorb energy in whole number multiples of quantum hn,
2hν,3hν………..nhν, where n is the positive integer.
Bohr’s atomic model:
Electrons revolve around the nucleus in circular orbits of fixed energy.
Electron revolve only in those orbits whose angular momentum (mvr) is an integral multiple of
h/2Π.
Electron absorbs energy in the form of EMR, when it jumps from lower energy level (ground
state) to higher energy level (excited state) and vice-versa.
Energy absorbed or released in an electron jump, (dE) is given by dE = E2 – E1 = hν
Energy of stationary state oh hydrogen atom (En) = -RH (1/n2)
For an hydrogen like species i.e. He+, Li2+ with atomic number Z
Radius of nth orbit (rn ) = 52.9 × n2/z pm
Energy of nth orbit (En) = -2.18×10-18(Z2/n2) = –13.6 ×(Z2/n2) eV = 313.6 ×(Z2/n2) kcal /mole
Velocity of electron (v) = (2.18 ×108 ) z/n cms-1
Where n = 1,2,3,4…

Limitations of Bohr’s theory:
• Failed to explain the spectra of atoms having more than one electron.
•

Failed to account for the splitting of spectral line source of a spectrum is placed in a strong
magnetic or electric field.

•

Dual nature of particle and the uncertainty principle was ignored in the Bohr’s atomic
model.
de- Broglie equation:

λ = h/mv = h/p
Heisenberg’s uncertainty principle:

It is impossible to determine simultaneously, the exact position and exact momentum of an
electron.
Quantum Numbers:
Principal quantum number (n):
•

It tells the main shell in which the electron resides and the approximate distance of the
electron from the nucleus.

•

Maximum number of electrons a shell can accommodate is 2n2.
Azimuthal or angular momentum quantum number (l):

•

It represents the number of subshells present in the main shell.

•

These subsidiary orbits within a shell will be denoted as s,p,d,f…

•

This tells the shape of the subshells.

•

For a given value of n, there are n possible values of l starting from 0 to (n-1)
Value of l
0
1
Notation of sub s
P
shell
The magnetic quantum number (m):

2
D

3
f

4
g

•

It determines the number of preferred orientations of the electron present in a subshell.

•

For a given value of l, there are (2l+1) possible values of m starting from –l to +l.
Value of l
0
Notation of sub
s
shell
Values of m
0
The spin quantum number (s)

1
p

2
d

3
f

-1,0,1

-2,-2,0,1,2

-3,-2,-1,0,1,2,3

•

It determines the direction of spin of electron in an orbit.

•

There are only two possible values for spin quantum number i.e. -1/2 ,+1/2.

Rules for filling of electrons in various orbitals :
Aufbau Principle:
•

Electrons are added one by one to the various orbitals in order of
their increasing energy starting with the orbital of lowest energy.

•

In neutral isolated atom, the lower the value of (n+ l) for an
orbital, lower is its energy

•

The increasing order of energy of various orbital is : 1s < 2s < 2p <
3s < 3p < 4s < 3d < 4p < 5s < 4d < 5p < 6s < 4f < 5d ..
Pauli’s Exclusion principle :An orbital can contain a maximum number of two electrons and
these two electrons must be of opposite spin.
Hund’s rule of maximum multiplicity :Electron pairing in p, d and f orbital cannot occur until each orbital of a given subshell contains
one electron each or is singly occupied”.
Exceptional Configurations
Stability of half filled and completely filled orbitals
Cu has 29 electrons. Its expected electronic configuration is
1s2, 2s2, 2p6, 3s2, 3p6, 4s2, 3d9
But a shift of one electron from lower energy 4s orbital to higher energy 3d orbital will make
the distribution of electron symmetrical and hence will impart more stability.
Thus the electronic configuration of Cu is
1s2, 2s2, 2p6, 3s2, 3p6, 4s1, 3d10
Fully filled and half filled orbitals are more stable

ASSIGNMENT
VERY SHORT QUESTIONS
1. State Pauli exclusion principle.
2. It is not possible to determine exact position and momentum of fast moving sub-atomic
particles like electrons simultaneously. Name the principle.
3. The atom of an element X has 4 protons , 5 neutrons and 4 electrons .Write down its
atomic number and mass number
4. Calculate the charge of 1 mol of electron
(Ans: 96500 C)
5. Write mathematical expression of de Broglie wavelength.

SHORT QUESTION
6. Calculate the wavenumber and frequency of yellow radiation having wavelength 5800 A
(Ans; 17240 cm-1 , 5.172 X 1014 s-1)
7. Calculate the total number of electron present in 1 mol of methane
(Ans;
24
6.022 X 10 )
8. Calculate the wavelength of light required for the transition of an electron in hydrogen
atom from 4th energy level to 2nd energy level. h= 6.626 X 10-34 Js.
(Ans: 486nm)
9. Why are half filled and completely filled orbitals more stable?
10. The mass of an electron is 9.1 X 10-31kg. If its kinetic energy is 3.0 X 10-25J.Calculate its
wavelength.
11. Write electronic configuration of Mn(25) and Co (27).
An atomic orbital has n=3. What are possible of values of L and m l
SHORT QUESTION II
12. A photon of wavelength 4X10-7 m strikes on the metal surface, the work function of metal
being. 2.13 eV. Calculate:
1. Energy of photon in eV.
2. The kinetic energy of the emitted electron.
3. The velocity of photoelectron. [1eV = 1.602 X10-19J]
13. Calculate the wavelength of an electron moving with a velocity of 2.05 X 10 7 m/s
(Ans:
-11
3.55 X 10 )
LONG QUESTION ( 5 marks each )

16.If the photon of wavelength 150 pm strikes an atom and one of its inner bound electron is
ejected out with velocity of 1.5 X 107 m/s .Calculate the energy strikes with which it is bound
to the nucleus
(Ans: 7.62 X 103 eV)
17. The work function for caesium is 1.9 eV . Calculate
a) threshold frequency
b) threshold wavelength
c) If the caesium element is radiated with a wavelength of 500 nm , calculate the kinetic
energy
18. Calculate the wavelength and energy of transition from infinity to stationary state of the
hydrogen atom (given : R= 1.09677 X 107 m-1)
(Ans : 9.11 X
8
-21
10 , 2.181 X 10 )

SUBJECT : CHEMISTRY
CLASS XI
Week : 8 February 13 February 2021
CHAPTER 3 : CLASSIFICATION OF ELEMENTS AND PERIODICITY IN PROPERTIES

Guidelines
• Refer to the content given below and view the links
• These notes will help you to understand the concept and complete the assignment that
follows
• The assignment is to be done in the chemistry notebook
• Please read the science NCERT book before you begin answering

Instructional Aids / Resources
NCERT Link is given below :
https://youtu.be/ny3u_-Tiggo
https://youtu.be/ZQnmzQ8PuJg
https://youtu.be/TOXF8LXEFJw

Learning outcomes
Each student will be able to learn about periodic classification of elements
Sub Topics
• Modern periodic table
• Classification of element
• Atomic size
• Metallic and non metallic nature

• Ionization enthalpy
• Electron gain enthalpy
• Electronegativity

LESSON DEVELOPMENT
Modern Periodic Law:
• Properties of elements are the periodic function to their atomic numbers.
•

The periodicity in properties is due to repetition of similar outer shell electronic
configuration at a certain regular intervals.

•

In modern periodic table is based on modern periodic law in which elements are arranged in
increasing order of their atomic numbers.

•

In the modern periodic table, the elements are arranged in rows and columns. These rows
and columns are known as periods and groups respectively.

•

The table consists of 7 periods and 18 groups

•

Period indicates the value of ‘n’ (principal quantum number) for the outermost or valence
shell.

•

Same number of electrons is present in the outer orbitals (that is, similar valence shell
electronic configuration
IUPAC Nomenclature for Elements with Atomic Number ? 100
Digit
Name
Abbreviation
0

nil

n

1

un

u

2

bi

b

3

tri

t

4

quad

q

5

pent

p

6

hex

h

7

sept

s

8

oct

o

9

enn

e

Classification of Elements:

Elements:
s-block
elements
p – block
elements

Valence Shell Electronic
Configuration
ns1-2 ( n = 1 to 7).

ns2np1-6 ( n = 2 to 7).

d-Block
(n-1)d1-10 ns1-2 (n = 4 to 7).
Elements

f-Block
Elements

(n-2)f1-14 (n-1)s2 (n1)p6 (n-1)d0-1ns2
(n = 6 and 7).

Nature

Position in Modern
Periodic Table

Metals

1 and 2 group elements

Metalloids & non
metals but some
of them are
metals also.

Metals

Radioactive

groups 13 to 18

3 to 12 groups
3d series – Sc(21) to Zn (30)
4d series – Y (39) to Cd (48)
5d series – La (57), Hf (72)
to Hg (80
group 3
4f series – Lanthanides – 14
Elements
Ce (58) to Lu (71)
5f series – Actinides – 14
Elements
Th (90) to Lw (103)

Periodicity in Atomic Properties:
1. Atomic Radius:
• Within a given period atomic radius decreases from left to right. This is due to the effect of
increase in nuclear charge while the electrons are being added to the same shell.
• Within a given group atomic radius increases down the group. This is due to the increase in
number of shells.
Group
Period
IA
IIA
IIIA
IVA
VA
VIA VIIA Zero
H
He
1.
0.37
0.93
Li
Be
B
C
N
O
F
Ne
2.
1.34
0.90
0.82
0.77
0.73
0.74 0.72 1.31
Na
Mg
Al
Si
P
S
Cl
Ar
3.
1.54
1.30
1.18
1.11
1.06
1.02 0.99 1.74
• In the first transition series the atomic size slightly decreases from Sc to Mn because effect
of effective nuclear charge is stronger than the shielding effect. The atomic size from Fe to
Ni remains almost the same because both the effects balance each other.
• The atomic size from Cu to Zn slightly increases because shielding effect is more than
effective nuclear charge due to d10 structure of Cu and Zn.
• Inner transition elements – As we move along the lanthanide series, there is a decrease in
atomic as well as ionic radius. The decrease in size is regular in ions but not so regular in
atoms. This is called lanthanide contraction.

2) Ionisation potential or Ionisation Energy:
Ionization energy increases along the period while decreases down the group.

Factors which influence I.E.
• Atomic size: the larger the size of the atom, the smaller the I.E. i.e., I.E. µ
• Effective nuclear charge: The greater the effective charge on the nucleus of an atom, the
more difficult it would be to remove an electron from the atom because electrostatic force
of attraction between the nucleus and the outermost electron increases. So greater energy
will be required to remove the electron.
• Penetration effect of orbitals: The order of energy required to remove electron from s,p,dand¦-orbitals of a shell is s>p>d>¦.
• Shielding or screening effect: Screening effect results in decrease of force of attraction
between the nucleus and the outermost electron and lesser energy is required to separate
the electron. Thus the value of I.P. decreases.
• Stability of half-filled and fully-filled orbitals: According to Hund's rule the stability of half
filled or completely filled degenerate orbitals is comparatively high. So comparatively more
energy is required to separate the electron from such atoms.
Successive Ionisation Energies
Element
IE1
IE2
IE3
IE4
Li
520.1
7297
11813
––
C
1086.2
2352
4620
6221
N
1402.1
2856
4577
7474
3) Electron Affinity:
Electron affinity increases along the period while decreases down the group.
Factors affecting the magnitude of electron affinity

Atomic size – In general electron affinity value decreases with the increasing atomic radius
because electrostatic force of attraction decreases between the electron being added and
the atomic nucleus due to increase of distance between them.
• Effective nuclear charge – Electron affinity value of the element increase as the effective
nuclear charge on the atomic nucleus increases because electrostatic force of attraction
between the electron being added and the nucleus increases. As the electrostatic force of
attraction increases, amount of energy released is more.
• Screening or Shielding effect – Electron affinity value of the elements decreases with the
increasing shielding or screening effect. The shielding effect between the outer electrons
and the nucleus increases as the number of electrons increases in the inner shells.
Stability of half filled and completely filled orbitals – The stability of half filled and completely
filled degenerate orbitals of a sub shell is comparatively more, so it is difficult to add electron
in such orbitals and lesser energy is released on addition of electron hence the electron affinity
value will decrease.
•

Electron Affinities (kJ mol–1), M(g) + e– ® M(g)– + energy
Group 1 2
13
14
15
H
72
Li
Be
B
C
N
57
<0
27
122
<0
Na
Mg
Al
Si
P
53
<0
44
134
72
K
Ca
Ga
Ge
As

16

17

0
142
S
200
Se

F
333
Cl
349
Br

18
He
<0

Ne
<0
Ar

48
<0
29
116
77
195
324
<0
Cs
Bi
Te
1
Xe
43
106
190
295
0
4) Electronegativity:
Electronegativity of elements increases along the period while decreases down the group.
Electronegativity scales
Some arbitrary scales for the quantitative measurement of electronegativities are as under
• Pauling's scale –If xA and xB are the electronegativities of atoms A and B respectivey then
0.208 √ΔAB= xA – xB if xA > xB
or ΔAB = 23.06 (xA – xB)2
ΔAB = EA-B(experimental) – EA-B(theoretical)
where EA-B is the energy of A-B bond.
In a purely covalent molecule, AB, the experimental and theoretical values of bond energy
A-B are equal.
So ΔAB = 0
or 0=23.06 (xA – xB)2
or xA = xB
In an ionic molecule AB, EA-B(experimental) is more than EA-B(Theoretical).
Pauling assumed the electronegativity value of fluorine to be 4 and calculated the
electronegativity values of other elements from this value.
• Mulliken's electronegativity: Electronegativitiy = (Electron Afffinity - Ionization
Potential)/2
when both are expressed in electron volt
• Alfred Rochow’s electronegativity:
If the distance between the circumference of outermost shell and the nucleus is r and the
effective nuclear charge Zeff then

Zeff = Z - σ
Z = The actual charge present on the nucleus i.e number of protons,
σ = Shielding constant
Factors affecting the magnitude of electronegativity
• Atomic radius: As the atomic radius of the element increases the electronegativity value
decreases.
• Effective nuclear charge: The electronegativity value increases as the effective nuclear
charge on the atomic nucleus increases.
• Oxidation state of the atom: The electronegativity value increases as the oxidation state (i.e.
the number of positive charge) of the atom increases.

Hybridisation state of an atom in a molecule: If the s- character in the hybridisation state of
the atom increases, electronegativity also increases.
Hybridisation states
s-Character
Electronegativity
3
sp
25%
2.48
2
sp
33.33%
2.75
sp
50%
3.25
5) Valency
It is the number of univalent atoms which can combine with an atom of the given element.
• Valency is given by the number of electrons in outermost shell.
• If the number of valence electrons ≤4: valency = number of valence electrons
• If the number of valence electrons >4: valency = (8 - number of valence electrons)
• Many elements exhibit variable valence (particularly transition elements and actinoids).
• Variation in a period − Increases from 1 to 4 and then decreases from 4 to zero on moving
from left to right.
• Variation in a group − No change in the valency of elements on moving down a group. All
elements belonging to a particular group exhibit same valency.?
6) Metallic Character of an Element
• Non-metallic elements have strong tendency to gain electrons.
• Non-metallic character is directly related to electronegativity and metallic character is
inversely related to electronegativity.
• Across a period, electronegativity increases. Hence, non-metallic character increases (and
metallic character decreases).
• Down a group, electronegativity decreases. Hence, non-metallic character decreases (and
metallic character increases).
•

ASSIGNMENT
VERY SHORT QUESTIONS ( 1 mark each)
1. What would be the IUPAC name and symbol for the element with atomic number 119?
2. How do electronegativity of an element behave in a group
3. Give general electronic configuration of noble gases
4. Write the atomic number of the element present in the third period and 17th group of
periodic table
SHORT QUESTIONS ( 2 marks each)
5. . Arrange the following elements in increasing order of metallic character giving reason:
Na, Mg, Al, K
6. Which of the following will have the most negative electron gain enthalpy and which
the least negative? P, S, Cl , F, N, Br, I Explain your answer.
7. Why ionization energy of nitrogen is greater than that of oxygen?
SHORT QUESTIONS II ( 3 marks each )
8. (i) Name a species that will be isoelectronic with each of the following:
C l-, Rb, F-,Sr+2
(ii) Why are anions larger than neutral atoms whereas cations are smaller?
(iii) How does electronegativity vary down the group 17? Give reason.
9. (i) Why is ionization enthalpy of Be higher than boron?
(ii) Why is second ionization energy of alkali metals very high?
(iii) How does electronegativity vary down the group 17? Give reason.
10. Arrange the element in increasing metallic character
Si , Be , Mg , Na , P
11. Among the element Na to Ar
a) Which element has high ionization enthalpy
b) Which element has largest atomic radius
c) Which is most reactive metal
LONG QUESTIONS ( 5 marks each )
12. Explain giving reasons why the size of Cl− is greater than that of Cl atom whereas size of
Na+ ion is smaller than that of Na atom.
Explain why second ionization energy is always greater than first ionization energy?

13. Which of the following will have the most negative electron gain enthalpy and which the
least .
P , S, ,Cl , F
Explain your answer.
14. Which of the following will have larger size .Explain
a) K or K+
b) Br or Brc) O2- or F-
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CHAPTER 4 : CHEMICAL BONDING
Guidelines
• Refer to the content given below and view the links
• These notes will help you to understand the concept and complete the assignment that
follows
• The assignment is to be done in the chemistry notebook
• Please read the science NCERT book before you begin answering
Instructional Aids / Resources
NCERT Link is given below :
https://youtu.be/iR0j8qyvvA8
https://youtu.be/-jCWL5v-rHs
https://youtu.be/H1-COuLbvzI
Learning outcomes
Each student will be able to learn about chemical bonding
Sub Topics
•
•
•
•
•
•
•
•
•
•

Valence electrons
Ionic bond
Covalent bond
Bond parameters
Lewis structure
Polar character of covalent bond
Covalent character of ionic bond
Valence bond theory
Resonance
Geometry of covalent molecules

•
•
•
•
•

VSEPR theory
Concept of hybridization
S, p and d orbitals and shapes of some simple molecules
Molecular orbital theory
Hydrogen bond
LESSON DEVELOPMENT

Chemical Bonding
Chemical bond:Chemical bond is the attractive force which holds various constituents
together in a molecule.
There are three types of chemical bonds: Ionic Bond, Covalent Bond, Coordinate Bond.
Octet Rule:
Atoms form chemical bonds in order to complete their octet i.e. eight
electrons in their valence shell.
Lewis Structures:
•

Pair of bonded electrons is by means of a ‘dash’ (-) usually called a ‘bond’.

•

Lone pairs or ‘non-bonded’ electrons are represented by ‘dots’.

•

Electrons present in the last shell of atoms are called valence electrons.

Exceptions to the Octet Rule:
• Species with odd number of electrons: NO, NO2,
• Incomplete octet for the central atom: LiCl, BeH2 and BCl3
• Expanded octet for the central atom: PF 5, SF6 and H2SO4
Formal Charge:
• Formal charge is the difference between the number of valence electrons in an isolated
atom and number of electrons assigned to that atoms in Lewis structure.
• Formal charge = [Total number of valence electrons in the free atom ) - (Total number of
lone pairs of electrons) -1/2(Total number of shared electrons i.e. bonding electrons)]

Resonance:
•

For molecules and ions showing resonance it is not possible to draw a single Lewis structure.

•

All the properties of such species can only be explained by two or more Lewis
structures. Example: Resonance of O3

A and B are resonating or canonical structures and C is the resonance hybrid
Some other examples
(i) CO32– ion

Example
(ii) Carbon-oxygen bond lengths in carboxylate ion are equal due to resonance.

(iii) Benzene

(iv) Vinyl Chloride

Ionic Bonding:
Formation of Ionic Bond:
• Formation of ionic bond takes place between a metal and a non-metal by transfer of
electron.
• Steps involved in formation of an ionic bond: :

Steps
Equation
Formation of gaseous
A(g) + I.E. → A+ (g) + e
cations
Formation of gaseous
X(g) + e → X- (g) + E.A
anions
Packing of ions of opposite A+ (g) + X- (g) →AX (s) +Energy
charges to form ionic solids
Conditions required of formation of ionic bonds:
• Low I.E of cation.
• High E.A of anion.
•

Energy involved
Ionization Energy
Electron Affinity
Lattice energy

High lattice energy.

Covalent Bonding:
• Covalent bond is formed between two non-metals by sharing of electrons.
•

Electron pairs which participate in bonding are called bond pairs.

•

Electron pairs which do not participate in bonding are called lone pairs.

•

There could be single, double or triple covalent bonds between two elements depending on
the number of electrons being shared.

VSEPR (Valence Shell Electron Pair Repulsion) Theory:
• The shape of the molecule is determined by repulsions between all of the electron pairs
present in the valence shell.
•

Order of the repulsion: Lone pair↔ Lone pair > Lone pair↔ Bond pair > Bond pair↔ Bond
pair.

•

Repulsion among the bond pairs is directly proportional to the bond order
and electronegativity difference between the central atom and the other atoms.

Determination of shape of molecules using VSEPR theory:
• Calculate X using following method.
X = (No. of valence electrons of central atom) + (No. of other atoms) + (Negative charge on the
molecule) – (Positive charge on the molecule)
Use the following chart to find the shape.
X
Shape
2
Linear
3
Triangular planar

Examples
HgCl2/BeCl2
BF3

3
4
4
4
5
5
5
5
6
6
6

Angular
Tetrahedral
Trigonal Pyramidal
Angular
Trigonal bipyramidal
Irregular tetrahedral
T-shaped
Linear
Octahedral
Square Pyramidal
Square planar

SnCl2, NO2
CH4, BF4NH3, PCl3
H2O
PCl5, PF5
SF4, IF4+
CIF3, BrF3
XeF2, I3SF6, PF6IF5
XeF4, ICI4

Fajan's Rule:
It accounts for the covalent character in ionic compounds.
Covalency is favoured by
•

Smaller cation .

•

Larger anion and

•

Large charge on either ion.

Dipole Moment:
• Dipole moment of any bond is the product of the net positive or negative charge and
distance between the two charged ends, i.e., the bond length. i.e.
Dipole moment (m) = electronic charge (e) × Distance (d) Dipole moment is measured in
debye unit (D);
• Dipole moment of a molecule is vector addition of all the individual bond moments.
Percentage Ionic Character:
The percent ionic character =
(
Hydrogen Bonding:
• Hydrogen bond is an electrostatic attractive force between covalently bonded hydrogen
atom of one molecule or a part of a molecule and an electronegative atom (such as F,O, N)
of another molecule (Inter-molecular hydrogen bonding) or another part of the same
molecule (intramolecular hydrogen bonding).

•

Intermolecular hydrogen bonding increases boiling point of the compound and also its water
solubility

•

Intramolecular hydrogen bonding decreases the boiling point of the compound and also its
water solubility

Valence bond theory (VBT):
• A covalent bond is formed by overlapping of valence shell atomic orbital of the two atoms
having unpaired electron.
•

There is maximum electron density between the bonding atoms.

•

Greater the overlapping of atomic orbital higher is the strength of chemical bond.

•

The bond formed by lateral overlap of two atomic orbitals having maximum overlapping on
both sides of the line connecting the centres of the atoms is called a π-bond. A π-bond
possess a plane of symmetry, often referred to as the nodal plane.

•

σ-Bond : When covalent bond is formed by overlapping of atomic orbitals along the same
axis it is called s - bond. Such type of bond is symmetrical about the line joining the two
nuclei e.g.
(a) s-s overlapping

(b) s-p overlapping

(c) p-p overlapping
•

π - Bond: This type of bond is formed by the sidewise or lateral overlapping of two half filled
atomic orbitals.

•
•

|The strength of a bond depends upon the extent of overlapping of half-filled atomic
orbitals. The extent of overlapping is between two atoms is always greater when there is
end to end overlapping of orbitals than, when there is sidewise overlapping of oritals. Hence
s-bond is always stronger than p-bond.

•
•

The average distance between the nuclei of the two bonded atoms in a molecule is called
bond length and the energy required to break one mole of bonds of particular type in
gaseous state is called Bond energy or Bond strength. The same amount of energy is
released in formation of one mol of particular bond.

Hybridization:
• The mixing of dissimilar orbital of similar energies to form new set of hybrid orbital.
• Number of hybrid orbital formed is equal to the no. of orbital taking part in hybridization.

•

Depending upon the different combination of s and p orbitals, these types of hybridization
are known.
sp3 hybridization: In this case, one s and three p orbitals hybridise to form four sp 3 hybrid
orbitals. These four sp3 hybrid orbitals are oriented in a tetrahedral arrangement.
sp2 hybridization: In this case one s and two p orbitals mix together to form three sp 2 hybrid
orbitals and are oriented in a trigonal planar geometry.

The remaining p orbital if required form side ways overlapping with the other unhybridized p
orbital of other C atom and leads to formation of p2C = CH2 bond as in H
sp hybridization: In this case, one s and one p orbital mix together to form two sp hybrid
orbitals and are oriented in a linear shape.

The remaining two unhybridised p orbitals overlap with another unhybridised p orbital leading
to the formation of triple bond as in HC CH.
Hybridization Total Number of
Shape
Examples
orbitals taking part

sp

2
(one s and one p)

Linear

sp2

3
(one s and two p)

Trigonal
planar

sp3

4
Tetrahedral
(one s and three p)

sp3d

5
Trigonal
(one s ,three p and bipyramidal
one d)

sp3d2

6
Octahedral
(one s ,three p and
two d)

Bond Characteristics:
Bond Length:
• The distance between the nuclei of two atoms bonded
together is called bond length.
• It is expressed in angstrom (Å) units or picometer (pm).
• Bond length in ionic compound = r c+ + ra–
• Bond length in covalent compound (AB) = r A + rB
Important features of bond length
1. The bond length of the homonuclear diatomic molecules are twice the covalent radii.
2. The lengths of double bonds are less than the lengths of single bonds between the same
two atoms, and triple bonds are even shorter than double bonds.Single bond > Double
bond > Triple bond (decreasing bond length)

3. Bond length decreases with increase in s-character since s-orbital is smaller than a p –
orbital.
sp3 C – H = 1.112Å:
sp2 C – H = 1.103Å;
sp C – H =
1.08Å;
(25% s-character as in alkanes) (33.3% s-character as in alkenes) (50% s-character as in
alkynes)
4. Bond length of polar bond is smaller than the theoretical non-polar bond length.
Bond Angel:
Bond angel is the angle between two adjacent bonds at an atom in a molecule made up of
three or more atoms.

Bond angles mainly depend on the following three factors:
• Hybridization: Bond angle depends on the state of hybridization of the central atom
Hybridization
Bond angle
Example
3
o
sp
109 28'
CH4
sp2
120o
BCl3
o
sp
180
BeCl2
Generally s- character increase in the hybrid bond, the bond angle increases.
• Lone pair repulsion: Bond angle is affected by the presence of lone pair of electrons at the
central atom. A lone pair of electrons at the central atom always tries to repel the shared
pair (bonded pair) of electrons. Due to this, the bonds are displaced slightly inside resulting
in a decrease of bond angle.
• Electronegativity: If the electronegativity of the central atom decreases, bond angle
decreases.
Bond Energy or Bond Strength:
•

The amount of energy required to break a bond in molecule is called bond energy.

•

Bond energy of sigma bond is more than that of a π-bond.

•

Bond energy increases with decrease in bond length
C ≡ C > C = C > C – C (decreasing bond length)

s < p < sp < sp2 < sp3
• The bond energy decreases with increase in number of lone pairs on the bonded atom.
Molecular Orbital Theory:
• Molecular orbital are formed by linear combination of atomic orbital (LCAO)
•

Atomic orbital of all the atoms are assumed to interfere with each other in the form of
waves.

•

Bonding molecular orbital are formed by constructive interference of atomic orbital.

•

Anti-bonding orbital are formed by destructive interference of atomic orbital.

•

Anti-bonding MO is of higher energy than Bonding MO.

•

In simple homonuclear diatomic molecules the order of MO's based on increasing energy is

•

For molecules including O2 and above, the order is

•

Bond Order: Bond-order = 1/2 (no. of bonding electrons - No. of anti-bonding electrons).
Application of Mot to Homonuclear Diatomic Molecules
Species Total number
Electronic
Bond order
Magnetic
of electrons
configuration
Behaviour
H2+
1
s 1s1
(1-0)/2 =1/2
Paramagnetic
2
H2
2
s 1s
(2-0)/2 = 1
Diamagnetic
He2+ 3
s1s2, s* 1s1
(2-1)/2 = 1/2 Paramagnetic
2 *
2
He2
4
s1s , s 1s
(2-2)/2 = 0
Molecule does not
exist
2 *
2
2
2
O2
16
s1s , s 1s , s2s , s*2s , (10-6)/2 =2
Paramagnetic
2
2
2
s2p x , p2py , p2pz ,
p*2py1 , p2pz1
Application of MOT to Heteronuclear Diatomic Molecules
Molecules/Ions
Total No. of electrons
Magnetic behaviour
CO
14
Diamagnetic
NO
15
Paramagnetic
+
NO
14
Diamagnetic
–
NO
16
Diamagnetic
CN
13
Paramagnetic
–
CN
14
Diamagnetic

ASSIGNMENT
VERY SHORT QUESTION ( 1 mark each)
1. Write the Lewis dot structure of CO2 molecule.
2. Draw resonating structure of NO-3
3. What is the shape of NH+4
4. What type of bond is exist in Si
SHORT QUESTION ( 2 marks each)
5.
6.
7.
8.

Explain . BF3 has a zero dipole moment although B—F bond is polar
Why do all the bonds in PCl5 have not equal bond lengths?
Why is H2+ more stable than H2– ?
Discuss the shapes of following molecules on the basis of hybridization:
(i)
CH4 (ii) CH2 = CH2

SHORT QUESTIONS II ( 3 marks each)
9. Why is dipole moment of BeF2 and BF3 zero? Why does NH3 have more than NF3
dipole moment?

10. Discuss the shapes of following molecules on the basis of hybridization:
(i)
PCl3
(ii)
SF6
(iii)
NH3
11. Explain in terms of VSEPR theory the following observations: HSH angle in H 2S is
smaller to 90º than HOH angle in H2O.
12. Draw the resonance forms of the following:
(i)
CO32−
(ii)
NO3−
LONG QUESTION (5 marks each )
13. What is meant by the term bond order? Calculate the bond order of : N 2, O2, O2–
and O2.
14. Predict the shapes of the following molecules. Using VSEPR theory
a) BeCl2
b) SiCl4
c) PCl5
d) H2S
15. Out of B2, O2 and N2 which is (are) paramagnetic on the basis of MOT?
16. Determines the bond order of each species in the following groups. Which species
of each group is predicted to have the strongest bond on the basis of molecular
orbital theory?
a. O2, F2, N2
b. H2, H2+ , H2−
c. N2, N2+ , N2−
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Guidelines
• Refer to the content given below and view the links
• These notes will help you to understand the concept and complete the assignment that
follows
• The assignment is to be done in the chemistry notebook
• Please read the science NCERT book before you begin answering

Instructional Aids / Resources
NCERT Link is given below :
https://youtu.be/QWduKfQjZYE
https://youtu.be/rG7K8pFNUbM
https://youtu.be/pcz4qqNFiaE

Learning outcomes
Each student will be able to learn about states of matter
Sub Topics
• Three states of matter
• Intermolecular interactions
• Types of bonding
• Melting and boiling points
• Role of gas laws in elucidating the concept of the molecule
• Boyle’s law
• Charles law
• Gay Lussac’s law

•
•
•
•

Avogadro’s law
Ideal behaviour
Empirical derivation of gas equation
Ideal gas equation

LESSON DEVELOPMENT
States of Matter
Thus matter is classified mainly into three categories depending upon its physical state namely
solid, liquid and gaseous states.

Distinction between three states of matter:
S.No Property
Solid
Liquid
1
Shape
Definite shape Indefinite shape
2

Definite
Definite Volume
Indefinite
Volume
Volume
3
Inter particular Strong Inter Comparatively weaker Inter Inte rparticular
Forces
particular
particular Forces
forces are
Forces
negligible
4
Inter particular Negligible
Comparatively large inter Very large Inter
Space
inter particular particular space
particular space
space
5
Particular
Particle
Particle motion is very slow Particle motion
Motion
motion is
is very rapid and
restricted to
also random.
vibratory
motion.
6
Packing of
Particles are Particles are loosely packed Particles are
Particles
very Closely
very loosely
packed
packed
7
Compressibility Incompressible Compressible
Highly
Compressible
8
Density
Very High
Low Density
Very low
Density
density
Parameters of Gases
The characteristics of gases are described in terms of following four parameters
•

Volume

Gas
Indefinite shape

Mass

•

Volume

•

Pressure

•

Temperature
1. Mass (m):
The mass of the gas is related to the number of moles as
n = w/M
Where n = number of moles
w = mass of gas in grams
M = molecular mass of the gas
2. Volume (V):
Since gases occupy the entire space available to them, therefore the gas volume means the
volume of the container in which the gas is enclosed.
Units of Volume: Volume is generally expressed in litre (L), cm3 & dm3
1m3 = 103 litre = 103 dm3 = 106 cm3.
3. Pressure:
Pressure of the gas is due to its collisions with walls of its container i.e. the force exerted by
the gas per unit area on the walls of the container is equal to its pressure.

Pressure is exerted by a gas due to kinetic energy of its molecules.
As temperature increases, the kinetic energy of molecules increases, which results in increase
in pressure of the gas. So, pressure of any gas is directly proportional to its temperature.

Units of Pressure:
The pressure of a gas is expressed in atm, Pa, Nm–2, bar and lb/In2 (psi).
760 mm = 1 atm = 10132.5 KPa = 101325 Pa = 101325 Nm–2
760 mm of Hg = 1.01325 bar = 1013.25 milli bar = 14.7 lb/2n2 (psi)
3. Temperature (T):
Temperature is defined as the degree of hotness. The SI unit of temperature is Kelvin. oC
and oF are the two other units used for measuring temperature. On the Celsius scale water
freezes at 0°C and boils at 100°C where as in the Kelvin scale water freezes at 273 K and boils
at 373 K.
K = oC + 273.5
F = (9/5) oC + 32
Gas Laws:
1. Boyle’s Law:”At constant temperature, the pressure of a fixed amount
(i.e., number of moles n) of gas varies inversely with its
volume”.

Graphical Representation of Boyle’s Law :
• A plot of P versus 1/V at constant temperature for a fixed mass of gas would be a straight
line passing through the origin.
• A plot of P versus V at constant temperature for a fixed mass of a gas would be a rectangular
hyperbola.

A plot of P (or V ) versus PV at constant temperature for a fixed mass of a gas is a straight
line parallel to the PV axis.

•

2. Charles’ Law:”At constant pressure, the volume of a given mass of a gas is
directly proportional to its absolute temperature”

or
Graphical Representation of Charles’s Law :
1. For a definite mass of the gas a plot of V vs T (oK) at
constant pressure is a straight line passing through the origin.

2. A plot of V vs t (oC) at constant pressure is a straight line cutting the temperature axis at 273 oC

3. Combined Gas Law:This law states that “at constant volume, the pressure of a given mass of a gas is directly
proportional to its absolute temperature”.
the combination of Boyle’s Law and Charles’ Law:

4. Gay Lussac’s Law:

Where,
P = Pressure of Gas
T= Absolute Temperature
If the pressure and temperature of a gas changes from P1 & T1 to P2 & T2 , volume remaining
constant , we have

where,
Pt = Pressure of gas at t oC
Po = Pressure of gas at 0 oC
t = Temperature in oC.
Graphical Representation of Gay-Lussac’s Law

5. Avogadro Law:
“Samples of different gases which contain the same number of molecules (any complexity,
size, shape) occupy the same volume at the same temperature and pressure”.

It follows from Avogadro’s hypothesis that

(when T and P are constant).

Mathematically

6. Ideal Gas Equation:
Ideal gas obey all the three laws i.e. Boyle’s, Charles’s, and Avogadro‘s law strictly.

pv = nRT
Where,
where R is the constant of proportionality or universal gas constant
The value of R was found out to be
R = 8.314 J mol–1 K–1
R = 0.0821 litre atm K–1 mol–1
R = 2 cal K–1 mol–1
Ideal gas equation is also known as equation ofstate.
7. Dalton’s law of partial pressures:
The total pressure of mixture of non-reactive gases at constant temperature and pressure is
equal to the sum of the individual partial pressures of the gases.
ptotal = p1 +p2+p3+p4…
p1 = x1 ptotal
p2 = x2 ptotal
p3 = x3 ptotal
Aqueous tension:Pressure exerted by saturated water vapour.
pdry gas = pTotal –Aqueous Tension

ASSIGNMENT
VERY SHORT QUESTION ( 1 mark each )
1. Calculate the number of moles and molecules in 2.8 g of N2 [Atomic weight of N =
14 u]
2. Give two characteristics of solid
3. State boyle’s law
SHORT QUESTION ( 2 marks each)
4. If density of gas is 3.4 g L-1 at STP calculate molecular weight of gas.
5. Using the equation pV=nRT , show that at a given temperature density of a gas is
proportional to gas pressure p.
6. Define Charles’s law . Plot a graph V vs t
7. At a constant temperature , a gas occupies a volume of 200 ml at a pressure of
0.720 bar .It is subjected to an external pressure of 0.900 bar . What is the
resulting volume of the gas
(Ans: 160 ml)
SHORT QUESTION II ( 3 marks each)
8. Density of a gas is found to be 5.46 g/dm 3 at 27 Celsius and 0.1 bar pressure.
What will be the density at STP?
9. Calculate the total pressure in a mixture of 8 g of dioxygen and 4 g of dihydrogen
confined in a vessel of 1 dm3 at 27 C .
(Ans: 56.025
atm)
10. Derive the relationship between pressure, temperature and density of a gas?
11. A 5 L flask contains 19.5 g of SO3 and 1 g He .The temperature of the flask is 20 C .
Calculate the partial pressure exerted by SO3 and by He
(Ans: 1.17
bar , 1.20 bar)
LONG QUESTION ( 5 marks each )
12. An open vessel at 27 C is heated until 3/5 th of the air in it has been expelled .
Assuming that the volume of the vessel remains constant , find the temperature
to which the vessel has been heated
(Ans: 750 K)
13. A neon – dioxygen mixture contains 70.6 g dioxygen and 167.5 g of neon . If
pressure of the mixture of gases in the cylinder is 25 bar , what is the partial

pressure of dioxygen and neon in the mixture .
( Ans: 2.95 bar, 22.075 bar)
14. Draw the graphical representation of charles’s law and Avogadro law
15. Derive the relation between partial pressure in terms of mole fraction
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Guidelines
• Refer to the content given below and view the links
• These notes will help you to understand the concept and complete the assignment that
follows
• The assignment is to be done in the chemistry notebook
• Please read the science NCERT book before you begin answering
Instructional Aids / Resources
NCERT Link is given below :
https://youtu.be/lIzwziLMd9g
https://youtu.be/aL2geklWQdU
https://youtu.be/quGNWl7AUi0
Learning outcomes
Each student will be able to learn about basic concept of thermodynamics
Sub Topics
• Concepts of System and types of systems, surroundings, work, heat, energy,
• Extensive and intensive properties
• State functions
• First law of thermodynamics
• Internal energy
• Enthalpy
• Heat capacity
• Specific heat
• Measurement of ∆U and ∆H
• Hess’s law of constant heat summation
• Enthalpy of bond dissociation
• Combustion, formation, atomization

•
•
•
•
•
•

Sublimation, phase transition, ionization
Second law of Thermodynamics (brief introduction)
Introduction of entropy
State function
Gibb’s energy change for spontaneous and non- spontaneous processes
Criteria for equilibrium

LESSON DEVELOPMENT
Chemical Thermodynamics:
Basic Terminology:
Terms
Explanation
System
Part of the universe under investigation.
Open System
A system which can exchange both energy and
matter with its surroundings.
Closed System
A system which permits passage of energy but not
mass, across its boundary.
Isolated system
A system which can neither exchange energy nor
matter with its surrounding.
Surroundings
Part of the universe other than system, which can
interact with it.
Boundary
Anything which separates system from surrounding.
State variables
The variables which are required to be defined in
order to define state of any system i.e. pressure,
volume, mass, temperature, surface area, etc.
State Functions
Property of system which depend only on the state of
the system and not on the path.
Example: Pressure, volume, temperature, internal
energy, enthalpy, entropy etc.
Intensive properties
Properties of a system which do not depend on mass
of the system i.e. temperature, pressure, density,
concentration,
Extensive properties
Properties of a system which depend on mass of the
system i.e. volume, energy, enthalpy, entropy etc.
Process
Path along which state of a system changes.
Isothermal process
Process which takes place at constant temperature

Isobaric process
Isochoric process
Adiabatic process
Cyclic process
Reversible process

Irriversible Process

Process which takes place at constant pressure
Process which takes place at constant volume.
Process during which transfer of heat cannot take
place between system and surrounding.
Process in which system comes back to its initial state
after undergoing series of changes.
Process during which the system always departs
infinitesimally from the state of equilibrium i.e. its
direction can be reversed at any moment.
This type of process is fast and gets completed in a
single step. This process cannot be reversed. All the
natural processes are of this type

Heat, energy and work:
Heat (Q):
• Energy is exchanged between system and surround in the form of heat when they are at
different temperatures.
• Heat added to a system is given by a positive sign, whereas heat extracted from a system is
given negative sign.
• It is an extensive property.
• It is not a state function.
Energy:
• It is the capacity for doing work.
• Energy is an extensive property.
• Unit : Joule.
Work (W):
• Work = Force × Displacement i.e. dW = Fdx
• Work done on the system is given by positive sigh while work done by the system is given
negative sign.
• Mechanical Work or Pressure-Volume Work: work associated with change in volume of a
system against an external pressure.
•
Work done in reversible process: W=

W = – 2.303 nRT log v2/v1 = –2.303 nRT log p1/p2
• Wok done in isothermal reversible contraction of an ideal gas:
?W = – 2.303 nRT log v2/v1 = –2.303 nRT log p1/p2
•
Unit : Joule.
Internal Energy (E or U):
•

Sum of all the possible types of energy present in the system.

•

ΔE = heat change for a reaction taking place at constant temperature and volume.

•

ΔE is a state function.

•

It is an extensive property.

•

Value of ΔE is -ve for exothermic reactions while it is +ve for endothermic reactions.

•

First Law of Thermodynamics:
Energy can neither be created nor destroyed although it can be converted from one form to
another.
or
Energy of an isolated system is constant.
Mathematical Expression
Heat observed by the system = its internal energy + work done by the system.
i.e. q = dE + w
For an infinitesimal process
dq = dE + dw
Where, q is the heat supplied to the system and w is the work done on the system.
For an ideal gas undergoing isothermal change ΔE =0.
so q= -w.
• For an isolated system, dq=0
so, dE = - dw
• For system involving mechanical work only
ΔE = q - pdV
• At constant volume i.e. isochoric process
ΔE = qv

For Isothermal Process
ΔE = 0
or
q = - pdV =-W
• For adiabatic process
?q = 0
•

or
ΔE = W
Enthalpy (H):
H = E+PV
At constant pressure:
dH = dE + pdV
For system involving mechanical work only
dH = QP (At constant pressure)
For exothermic reactions:
dH = -ve
For endothermic reactions:
dH = +ve
Relation between dH and dE:
dH = dE + dng RT
Where,
dng = (Number of moles of gaseous products - Number of moles of gaseous reactants)
Heat capacity:
• Amount of heat required to rise temperature of the system by one degree.
C = q / dT
• Specific heat capacity: Heat required to raise the temperature of 1 g of a substance by one
dgree.
Cs = Heat capacity / Mass in grams
• Molar heat capacity: Heat required to raise the temperature of 1 g of a substance by one
dgree.
Cm = Heat capacity / Molar mass.
• Heat capacity of system at constant volume:
Cv = (dE/dT)v
• Heat capacity of system at constant pressure:
Cp = (dE/dT)p
Cp – Cv = R

•

Variation Of Heat Of Reaction With Temperature:
dCP = (dH2 - dH1)/(T2-T1) & dCV = (dE2 - dE1)/(T2-T1
Heat changes at constant volumes are expressed in ΔE and Heat changes at constant
pressure are expressed in dH.
Enthalpies of Reactions:
Enthalpies
Definitions
Example
Enthalpy of
Enthalpy change when H2(g) + 1/2O2(g) → 2H2O(l),
Formation
one mole of a given
ΔfH = –890.36 kJ / mol
compound is formed
from its elements
Enthalpy of
Enthalpy change when CH4 + 2O2(g) →CO2 + 2H2O(l),
Combustion
one mole of a substance ΔcombH = –890.36 kJ / mol
is burnt in oxygen.
Enthalpy of
Enthalpy change when H+ (aq) + OH– (aq) → H2O(l)
Neutralization one equivalent of an acid ΔneutH = –13.7 kcal
is neutralized by a base in
dilute solution.
Enthalpy of
Enthalpy change when a CuSO4(s) + 5H2O (l) → CuSO45H2O,
Hydration
salt combines with the ΔhydH° = –18.69 kcal
required number of
moles of water to form
specific hydrate.
Enthalpy of
Enthalpy change when C
Transition
one mole of a substance (graphite) → C(diamond),
ΔtransH°
is transformed from one = 1.9 kJ/mol
allotropic form to
another allotropic form.
Enthalpy of
Enthalpy change when CO2(S) → CO2(g)
Sublimation
one mole of a solid
ΔtfusH° = 6.00 kJ/mol
substance sublime at
constant temp. and 1 bar
pressure
Enthalpy of
Enthalpy change when H2O(S) → H2O (l)
fusion
one mole of a solid melts ΔtsubH° = 73.00 kJ/mol
Hess’s Law of constant heat summation:
The total enthalpy change of a reaction is the same, regardless of whether the reaction is
completed in one step or in several steps.

According to Hess’s law: ΔH = ΔH1 + ΔH2
Born–Haber Cycle:

Applying Hess’s law we get
ΔH1 + 1/2 ΔH2 + ΔH3 + ΔH4 + ΔH5 = ΔHf (MX) (Lattice energy)
Lattice energy: The change in enthalpy that occurs when 1 mole of a solid crystalline
substance is formed from its gaseous ions.
Second law of thermodynamics
Statement:
It is impossible to take heat from a hot reservoir and convert it completely into work by a
cyclic process without transferring a part of it to a cold reservoirs.
Mathematically:
• ΔS = qrev/T
Where,
ΔS is entropy change.
• Entropy is the degree of randomness thus it increases with increase in randomness
of particles of the system i.e. ΔS is positive for melting of ice.
• At equilibrium, ΔS = 0
• For a spontaneous process, ΔS > 0
• Entropy change in an isothermal reversible expansion of a gas
•

•

Spontaneous Processes: These type of physical and chemical changes occur of its own under
specific circumstances or on proper initiations. For example: Flow of liquids from higher to
lower level.

Gibbs free energy(ΔG):
•

ΔG = ΔH - TΔS

•

•

ΔG = nRT ln Keq
ΔG = nFEcell
At equilibrium, ΔG = 0

•

For spontaneous process, ΔG < 0

•

Bond Energies:
Average amount of energy required to break one mole bonds of that type in gaseous
molecules.
H–OH(g) → 2H(g) + ½O(g)

ΔH = 498 kJ

O–H(g) → H2(g) + ½O2 (g)
ΔH = 430 Kj
ΔHO–H = (498 + 430)/2 = 464 kJ mol–1

ASSIGNMENT
VERY SHORT QUESTION ( 1 mark each)
1. What is meant by isolated system? Give an example.
2. For an isolated system ∆U=0 , what will be ∆S.
3. For the reaction :
2Cl (g) ----->Cl2
What are the sign of ∆H and ∆S
4. State first law of thermodynamics
5. Define open system .Give an example
SHORT QUESTION ( 2 marks each)
6. Derive the relation between Cp and Cv
7. For the reaction:
2A (g) + B (g) ------>2D(g) Δ UӨ = -10.5 kJ and ΔS Ө = -44.1 JK -1 Calculate Δ GӨ for the
reaction and predict whether the reaction may occur spontaneously.
(Ans:
134J )
8. (i) A reaction is found to endothermic and ΔS is = +ve. At what temperature (high or
low) will reaction be spontaneous?
(ii) A swimmer coming out from pool is covered with a film of water weighing about
80 g. Calculate the internal energy of vaporization at 100 C. ΔHvap of water = 40.70 k
/moL
(Ans: 37.56 kj/mol)

9. Calculate bond energy of HCl if bond energy of H-H bond is 436kJ mol-1.Cl-Cl bond
energy is 242 Kj/ mol and heat of formation of HCl is –92.5 kJ mol-1.
SHORT QUESTION II ( 3 marks each)
10. (i) What is meant by entropy?
(ii) Calculate the entropy change in surroundings when 1.00 mol of H2O (l) is formed
under standard condition. Δf H˚ = -286 kJ mol-1. Melting point of ice is 273K.
11. . Calculate heat of formation of methane if heat of formation of CO2 is –393kJ mol-1,
H2O (l) is –286kJ mol-1 and heat of combustion of methane is – 890 kJ mol-1.
12. Explain the Hess law and its significance using suitable examples.
13. Calculate the energy needed to raise the temperature of 10 g of iron from 25 C to 500
C if specific heat capacity of iron if 0.45 jC-1g-1.
(Ans
3
2.1 X 10 j)
LONG QUESTION (5 marks each)
14. The combustion of one mole of benzene takes place at 298 K and 1 atm . After
combustion , CO2(g) and H2O (l) are produced and 3267 kJ of heat is librated. Calculate
the standard enthalpy of formation , ∆ fHᶿ of benzene.Standard enthalpies of
formation of CO2 (g) and H2O(l) are -393.5 kj/mol and 285.83 kj/mol respectively
(480.51 kJ/mol)
15. Predict the sign of entropy change in each of the following
(i) Hg (I) ------> Hg (g)
(ii) C (graphite) ------> C (diamond)
(iii) A partition is removed to allow two gases to mix.
(iv) Temperature of crystalline solid is raised from 0K to 115 K.
Can ΔH be taken as a sole criterion of the spontaneity of a process? Justify your answer.
16. Complete the standard enthalpy of formation of ethane C 2H6 from its elements, using
the following data.
(i) C2H6 (g) + 7/2 O2 (g) ------>2CO2 (g) + 3H2O(I) Δ Hº = -1560 kj/ mole
(ii) C graphite + O2 (g) -------->CO2 (g) Δ H° = −393.5 kj/mole
(iii) H2 (g) + ½ O2 (g) ------->H2O (I) Δ H° = −295.8 kj/mole
17. Compute the enthalpy of formation of nitric oxide (NO) from the following data:
NO (g) + CO (g) -----> ½ N2 (g) + CO2 (g)
Δ H° (NO) = −373.2kj/mole
Δ H° (CO) = −110.5kj/mole
Δ H° (CO2) = −393.5kj/mole
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Guidelines
• Refer to the content given below and view the links
• These notes will help you to understand the concept and complete the assignment that
follows
• The assignment is to be done in the chemistry notebook
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Learning outcomes
Each student will be able to learn about equilibrium
Sub Topics
• Equilibrium in physical and chemical processes
• Dynamic nature of equilibrium
• Law of mass action
• Equilibrium constant, factors affecting equilibrium
• Le Chatelier’s principle
• Ionic equilibrium –
• Ionization of acids and bases

Strong and weak electrolytes
• Degree of ionization
• Ionization of poly basic acids
• Acid strength
• Concept of pH
• Hydrolysis of salts (elementary idea)
LESSON DEVELOPMENT
Chemical and Ionic Equilibrium
Equilibrium
• Equilibrium is the state of a process in which the properties like temperature, pressure, and
concentration etc of the system do not show any change with passage of time.
•

•

In all processes which attain equilibrium, two opposing processes are involved.

•

Equilibrium is attained when the rates of the two opposing processes become equal.

If the opposing processes involve only physical changes, the equilibrium is called Physical
Equilibrium.
• If the opposing processes are chemical reactions, the equilibrium is called Chemical
Equilibrium.
Physical Equilibrium
•

Solid – liquid Equilibrium: H2O(s) H2O(l)
• Liquid – Gas Equilibrium: H2O(l)
H2O(g)
• Solid – Solution Equilibrium: Salt(Solid)
Salt(in solution)
• Gas –Solution equilibrium: CO2(g)
CO2(in solution)
Equilibrium in Chemical Process
•

Reversible reaction: A reaction in which not only the reactants react to form the products
under certain conditions but also the products react to form reactants under the same
conditions
Examples: 3Fe(s) + 4H2O(g) Fe3O4(s) + 4H2(g)
• Irreversible reaction: A reaction cannot take place in the reverse direction, i.e. the products
formed do not react to give back the reactants under the same condition.
Example: AgNO3(aq) + NaCl(aq) → AgCl(s) + NaNO3(g)
• Generally, a chemical equilibrium is represented as
Where A, B are reactants and C, D are products.
Note:
The double arrow between the left hand part and right hand part shows that
changes are taking place in both the directions.
On the basis of extent of reaction, before equilibrium is attained chemical
reactions may be classified into three categories.
• Those reactions which proceed to almost completion.
• Those reactions which proceed to almost only upto little extent.
• Those reactions which proceed to such an extent, that the concentrations of
reactants and products at equilibrium are comparable.
•

The equilibrium state is dynamic and not static in nature. A reaction is said to have attained
equilibrium when the rate of forward reaction equals that of backward reaction

•

?
Homogeneous equilibrium: ?All the reactants and products of any reaction under
equilibrium are in same physical state. Example: N2(g) + 3H2(g) 2NH3 (g)
• Heterogeneous equilibrium? :Physical state of one or more of the reacting species may
differ i.e. all the reactants and products are not in same physical state.Example
2NaHCO3(s) Na2CO3(s) + CO2(g) + H2O(l)?
Characteristics of Equilibrium State
• It can be attained only if the reversible reaction is carried out in closed vessel.
•

•

It can be attained from either side of the reaction.

•

A catalyst can hasten the approach of equilibrium but does not alter the state of
equilibrium.

•

It is dynamic in nature i.e. reaction does not stop but both forward and backward reactions
take place at equal rate.

•

Change of pressure, concentration or temperature favours one of the reactions (forward or
backward) resulting in shift of equilibrium point in one direction.
Law of Mass Action & Equilibrium Constant
“The rate at which a substance reacts is directly proportional to its active mass and rate of a
chemical reaction is directly proportional to product of active masses of reactants each raised
to a power equal to corresponding stoichiometric coefficient appearing in the balanced
chemical equation”.
Fore reaction
Rate of reaction ∝ [A]a.[B]b
or rate of reaction = K[A]a[B]b
where K is rate constant or velocity constant of the reaction at that temperature.
Unit of rate constant (K)

(where n is order of reaction.)
For unit concentration of reactants rate of the reaction is equal to rate constant or specific
reaction rate.
Note:
Active mass is the molar concentration of the reacting substances
actually participating in the reaction.
Hence,
Active mass = number of moles/volume in litres
Active mass of solid is taken as unity.
Also, Active mass of reactant (a) = Conc. × activity coefficient
i.e. a = Molarity × f
for dilute solution f = 1
Applying Law of mass action for general reversible reaction
aA + bB cC + dD
Rate of forward reaction [A]a[B]b
or Rf = Kf [A]b [B]b
Similarly for backward reaction
Rb = Kb[C]c [D]d
At equilibrium Kf[A]a[B]b = Kb[C]c[D]d

The above equation is known as equilibrium equation and Kc is known as equilibrium constant.

Equilibrium constant for the reverse reaction is the inverse of the equilibrium constant for the
reaction in the forward direction.

Expression of KC
Let”a” moles of PCl5 be taken in a closed vessel of volume ‘V’ litre. Suppose “x”
mole is dissociated at equilibrium.
Initial Conc:
a
0
At. eqbm
a-x
x
Active mass
(a-x)/V
x/V
According to law of mass action

0
x
x/V

Equilibrium Quotient or Mass Action Ratio:
Consider the equilibrium
aA +bB
cC +dD
At equilibrium

When the reaction is not at equilibrium this ratio is called ‘QC’ i.e., QC is the general term used
for the above given ratio at any instant of time. And at equilibrium Q C becomes KC.
• If the reaction is at equilibrium, Q = Kc
• A net reaction proceeds from left to right (forward direction) if Q < KC.
• A net reaction proceeds from right to left (the reverse direction) if Q >Kc

The Le–Chatelier’s Principle:
Statement:
“When a chemical reaction at equilibrium is subjected to any stress, then the equilibrium shifts
in that direction in which the effect of the stress is reduced.”
Effect of Addition of Inert Gases:
•

Addition of inert gas at constant volume: No effect on equilibrium.

•

Addition of inert gas at constant pressure: Equilibrium shifts in a direction where there is
increase in number of moles of gases.

Effect of Change in Temperature:
• In a system at equilibrium, both exothermic and endothermic reactions take place
simultaneously.
• Increase in temperature would shift the equilibrium in the direction of endothermic
reaction.
• Decrease in temperature would shift the equilibrium in the direction of exothermic reaction.
Effect of Change in Concentration:
• When the concentration of reactants increased, equilibrium shifts in forward direction.
• When the concentration of the products is increases, equilibrium shifts in backward
direction.\
Effect of Change in Pressure:
• Increase in pressure shifts the equilibrium in the direction of lesser number of gaseous
molecules.
• Decrease in pressure shifts the equilibrium in the direction of larger number of gaseous
molecules.
Effect of Catalyst:
Catalyst does not change the equilibrium.
Thermodynamics of chemical equilibrium:

ΔG = ΔG0 + 2.303 RT log Q
At equilibrium:
ΔG = ΔG0 + 2.303 RT log K = 0
or
ΔG0 = - 2.303 RT log K
Also

Acids and Bases:
1. Arrhenius Definition:
a. Acids give H+ ions aqueous solutions.
b. Bases give OH- ions in aqueous solution.
2. Bronsted – Lowry Definition:
a. Acid is a proton donor .
b. Base is a proton acceptor.
3. Strong and Weak Acids:
a. Strong acid dissociate completely in aqueous solution.
Example: HCl
b. Weak acid dissociates partially in aqueous solution.
Examples: CH3COOH
Degree of dissociation (a) =(Ka/C)1/2
Where,
Ka = [CH3COO-][H+]/[CH3COOH]
And
C = Initial concentration of acid.
Also
[H+] = Ca = (Ka×C)1/2
c. Ionic Product of Water:
H2O H+ + OH–
K[H2O] = [H+] [OH–] = 10-14
Common Ion effect:

The addition of an ion to equilibrium, having the same ion makes the equilibrium `reaction
move in a direction to consume that ion.

This implies that water would dissociate less in the presence of HCl.
Hydrolysis of salts:
1. Salt of a Weak Acid and Strong Base:
[H+] = (Kw Ka / C )1/2
2. Salt of a Weak Base and Strong Acid
[H+] = (Kw / Kb C )1/2
3. Salt of a Weak Acid and Weak Base
[H+] = (Kw Ka / Kb )1/2
• Buffer Solutions: Resists change in its pH when such a change is caused by the addition of a
small amount of acid or base.
1. Weak acid–Salt buffer:
Formed by combination of a weak acid and a salt of the acid with a strong base. Example,
CH3COOH & CH3COONa
pH = pKa + log [Conjugated base]/ [Acid]
For weak dibasic acid
pH = (pKa1 + pKa2 )/2
Where pKa1 and pKa2 are 1st and 2nd dissociation constant of the acid.
2. Weak base–salt buffer: Formed by combination of a weak base and a salt of the base with a
strong acid. Example, NH4OH and NH4Cl
pH = pKb + log [Conjugated acid]/ [Base]
Solubility and Solubility Product :
1. Amount (moles) of the salt that has made the solution saturated per liter of solution is
called the solubility of the salt.
2. For salt AB.
AB ↔A+ +BKsp = [A+][B-]
3. Solution cannot have the product of the concentration of the ions more than K SP of the salt
in solution.
Ionic Product:
a) Product of ionic concentration due to ions already present in water or from a salt.

b) I.P. may be and may not be equal to Ksp.
c) If ionic Product (IP) > Ksp ; precipitation takes place till I.P. equals Ksp
d) If Ionic Product < Ksp ; a precipitate will not be formed and the solution will be unsaturated.
e) If Ionic Product = Ksp ; a precipitate will not form an the solution is satuated in that salt.

1.
2.
3.
4.
5.

ASSIGNMENT
For the reaction : A + B ↔ C + D , write the expression for K c , equilibrium constant.
State Le Chatelier’s principle.
What is the pH of a solution having [H+]=10-7 ?
(7)
How the values of Qc and Kc predict the direction of the reaction?
Give the relationship between K and ∆G.

SHORT QUESTIONS(2 mark each)
6. What will be conjugate bases for the following acids:
(i) HF
(ii) HCO3–
(iii) CH3NH3+
(iv) NH3
7. The concentration of hydrogen ion in soft drink is 3.8 × 10-3 mol L-1. Calculate its pH.
8. Discuss the effect of increase in temperature and pressure on the following equation:
2SO2 (g) + O2 (g) ----->2SO3 (g) + heat
9. BF3 does not have a proton but still acts an acid and reacts with NH 3 .What is it so ?
10. Derive the relationship between Kc and Kp
SHORT QUESTIONS II(3 mark each)
11. a) Which of the following are Lewis acids : H2O , BF3 and H+
b) The pH of a vinegar is 3.76. Calculate the concentration of hydrogen ions in it.
c) What is common ion effect ?
12.Calculate the concentration of hydroxyl ion in 0.1M solution of ammonium hydroxide
having
Kb = 1.8 × 10-5
LONG QUESTION ( 5 mark each)
13. For the equilibrium:
2NOCl------> 2NO (g) + Cl2 (g)
The value of Kc = 3.75 × 10-6 at 1069 K. Calculate Kp at this temperature. R = 0.0821
litre atm/ K mol
14. A mixture of H2, N2 and NH3 with molar concentration of 3.0 × 10-3 mol L-1, 1.0 ×
10-3 mol L-1 and 2.0×10 –3 mol L-1 respectively was prepared at 500 K. The value
of K is 61 for the reaction:

N 2(g) + 3H2 (g) ------>2NH3
Predict whether at this stage the concentration of NH 3 will increase or decrease
give reason.
15. At 700 K equilibrium constant for the reaction H 2 (g) + I2 (g)-----> 2HI (g) is
54.8 If 0.5 mol L-1 of HI is present at equilibrium at 700K, what are concentrations
of H2(g) and I2 (g) assuming we initially started with HI(g) and allowed it to reach
equilibrium at 700K.
16. a) Calculate the pH of 0.01 solution HAC. Ka for HAC is 1.8×10-5 at 25°C.
b) 4g of NaOH is dissolved in one litre of water calculate its pH.
17. What would be the pH of a solution that contains:
a) 100ml of 0.1 N HCl and 9.9 ml of 1.0 N NaOH solution
b) 3.2 g of hydrogen chloride dissolved in 10 L of water
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Learning outcomes
Each student will be able to learn about basic properties of hydrogen
Sub Topics
• Position of hydrogen in periodic table
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• Heavy water
• Hydrogen peroxide – preparation, reactions and structure and use

•

Hydrogen as a fuel

LESSON DEVELOPMENT
HYDROGEN NOTES
• Hydrides
The hydrides are classified into three types:
(i) Ionic or saline or salt like hydrides
(ii) Covalent or molecular hydrides (iii) Metallic or non-stoichiometric hydrides.
• Ionic or Saline Hydrides
Hydrides formed between hydrogen and electropositive element of group I and II belonging to
s-block. These are known as stoichiometric compounds.
Properties of saline or ionic hydrides:
(i) The hydrides of lighter elements like Li, Be, Mg etc. have significant covalent character.
(ii) Ionic hydrides are crystalline, non-volatile and non-conducting in solid state.
(iii) They conduct electricity in molten state and liberate hydrogen at anode.
• Covalent or Molecular Hydrides
These are binary compounds of hydrogen with non-metals belonging to p-block.
For example, NH3, CH4, H20, HF They are mostly volatile compounds with low boiling points.
They are classified as:
(i) Electron-Deficient Molecular Hydride: Molecular hydrides in which central atom does not
have octet are called electron deficient hydrides e.g., BH 3, MgH2, BeH2.
(ii) Electron precise hydrides: Those hydrides in which the central atom has its octet complete
e.g., group 14 hydrides. They are tetrahedral in geometry.
(iii) Electron rich hydrides: Those metal hydrides which contain lone pair of electrons are called
electron rich hydrides, e.g., NH3, PH3, H20 and H2S.
NH3 and PH3 has 1 lone pair and H20 and H2S have 2 lone pairs of electrons.
• Metallic or Non-Stoichiometric Hydrides
These hydrides are also known as interstitial hydrides. Transition metals group 3, 4 and 5 form
metallic hydrides. In group 6, chromium alone has a tendency to form CrH. Metals of 7, 8 and
9 do not form hydrides. This is called as hydride gap.
Latest study shows that only Ni, Pd, Ce and Ac are interstitial in nature, that means they can
occupy hydrogen atom in the interstitial sides. The hydrides are generally non-stoichiometric
and their composition varies with temperature and pressure, for example, Ti H 1.73, CeH2.7′ ,
LaH2.8 etc.
These hydrides have metallic lock and their properties are closely related to those of the
parent metal. They are strong reducing agents in most of the cases due to the presence of free
hydrogen atom in the metal lattice.

• Water
Human body has about 65% and some plants have nearly 95% water.
Physical properties of water:
(i) Freezing point of water is 273.15 K and boiling point 373.15 K.
(ii) Maximum density of water at 4°C is 1 gm cm-3
(iii) It is a colourless and tasteless liquid.
(iv) Due to hydrogen bonding with polar molecules, even covalent compounds like alcohol and
carbohydrates dissolve in water.
Structure of Water:
In gas phase, it is a bent molecule with HOH bond angle 104.5° and O—H bond length of 95.7
pm. It is highly polar in nature. Its orbital overlap picture is also shown below.

Chemical Properties of Water:
(i) Amphoteric nature: It behaves like an amphoteric substance because it can act as an acid as
well as base.

Autoprotolysis of water also accounts for its amphoteric nature according to Bronsted-Lowry
concept.

(ii) Oxidising and Reducing Nature: Water can act as an oxidising as well as reducing agent.

(iii) Hydrolysis Reaction: It has a very strong hydrating tendency. It can hydrolyse a large
number of compounds such as oxides, halides, carbides etc.

• Hydrates Formation
From aqueous solutions many salts can be crystallised as hydrated salts. Hydrates are of three
types:
(i) Coordinated water
For example: [Ni(H20)6]2+ (N03–)2 and [Cr(H20)6]3+ 3CP
(ii) Interstitial water
For example: BaCl2. 2H20
(iii) Hydrogen bonded water
For example: [Cu(H20)4]2+ S042- H20 in CuS04.5H20
• Hard and Soft Water
Hard water: Water which does not produce lather with soap easily is called hard water.
Presence of calcium and magnesium salts in the form of hydrogen carbonate, chloride and
sulphate in water makes the water hard.
Types of Hardness of Water:
(i) Temporary hardness: It is due to the presence of bicarbonates of calcium and magnesium in
water. It is known as temporary because it can be easily removed by simple boiling of hard
water.
(ii) Permanent hardness: It is due to the presence of chlorides and sulphates of calcium and
magnesium. It cannot be removed on boiling water. Permanent hardness of water can be
removed by chemical methods.
Soft water: Water which readily forms lather with soap is called soft water.
For example: rain water, distilled water.

Removal of Temporary Hardness
Temporary hardness can be removed by the following methods:
(i) Boiling
Temporary hard water is taken in large boilers and boiled for about fifteen minutes.
Consequently, the bicarbonate of calcium and magnesium present in the water decompose into
their insoluble carbonates which settle at the bottom of the tank as precipitate which are
removed by filtration or decantation.

(ii) Calcium hydroxide (or Clarke’s) method
Calculated quantity of lime (calcium hydroxide) is added to temporary hard water. The soluble
bicarbonates are converted into insoluble carbonates which settle at the bottom of the tank and
are removed by filtration.

Removal of Permanent Hardness
Permanent hardness of water can be removed by the following methods:
1. By chemical additives
(a) Addition of washing soda.
In this method, Ca2+ & Mg2+ions can be precipitated by the addition of calculated amount of
washing soda

2. Ion – exchange method
In this a substance called zeolite or permutit is added. This zeolite exchange Sodium with
Calcium and Magnessium ions of hard water .

Example of permutit are many like :hydrated Sodium Aluminium Silicates
(Na2Al2Si2O8.xH2O)commonly can be indicated as NaZ .
The apparatus is set as shown :

Procedure :
o
o
o
o
o
o

The zeolite is loosely packed over layers of gravel and sand in big tank .
Hard water is introduced from top into the base of tank.
From the bottom water rises up through gravel and sand layers.
Finally it percolates through the bed of permutit.
During this the ions are exchanged .
So ,the water above the permutit layer is generally soft water .

3.Synthetic Resin Method

Synthetic resin methods are more superior then the ion exchange method as they remove all
types of cations and anions and the resultant water is distilled water .
These resins are generally of two types :
o Cation exchange resin
o Anion exchnage resin
Cation exchange resin : It consist of giant hydrocarbon framework attached to basic groups .
They are represented by general formula R-COOH or R-SO3H .In this R is giant hydrocarbon
.These resins can exchange H+ ions with cations present in hard water .
Anion exchange resin : It consist of giant hydrocarbon frmaework attached to basic groups like
OH- ions, usually in the form of subsituted ammonium hydroxides. They are represented as RNH3OH- where R denotes giant hydrocarbon framework .These resins can exchange hydroxide
ion with anions like chloride ions and sulfate ions present in hard water .

Thus the water that comes out from the tank is richer in hydrogen ions,this water is then
passed through second tank ,here the anions are exchanges with hydroxide ion to form
distilled water.

• Heavy Water (D20)
It is used in the preparation of other deuterium compounds.

Uses of D2O:
(i) It is used as moderator in nuclear reactors.
(ii) It is used in the exchange reaction study of reaction mechanisms.
• Hydrogen as a Fuel
Hydrogen Economy: The basic principle of hydrogen economy is the transportation and
storage of energy in the form of liquid or gaseous dihydrogen. Advantage is that energy is
transmitted in the form of dihydrogen and not as electric power.
Advantage as a fuel:
– It is used as fuel cells for the generation of electric power.
– One major advantage of combustion of hydrogen is that it produces very little pollution
and there is not any emission of unbumt carbon particles in the form of smoke.
– It is evident from the study that dihydrogen in the gaseous state as well as in liquefied
form releases more energy on combustion as compared to the other fuel commonly used.
– 5% of dihydrogen is mixed in CNG for use in four wheeler vehicles.

ASSIGNMENT
VERY SHORT QUESTION ( 1 mark each )
1.
2.
3.
4.
5.

Name different types of isotopes
Give one example each of ionic hydride (saline hydrides) and covalent hydrides.
Give a balance equation for the reaction of hydrogen and nitrogen
What kind of hydride is lithium hydride
Arrange LiH , NaH and CsH in order of increasing ionic character

SHORT QUESTION ( 2 mark each )
6. Draw the structure of H2O2 in gas phase
7. Why does hard water not form lather with soap
8. Complete the reaction :
i.
PbS + H2O2 ------>
ii.
CO + 2H2------->
9. Write some uses of hydrogen peroxide
10. What are the advantage of hydrogen as a fuel
SHORT QUESTION II ( 3 marks each )
11. Explain why position of hydrogen is not justified. How does it resemble with alkali
metals.
12. What is meant by temporary and permanent hard water? How is temporary and
permanent hardness removed? Give one method for each.
LONG QUESTION ( 5 marks each )
13. Explain amphoteric nature of water.Also draw the structure of water
14. Discuss two characteristics in which Hydrogen resemble halogens.
15. How would you prepare
a) Dihydrogen from water by using reducing agent
b) Dihydrogen from hydrocarbon

