
ATOMIC STRUCTURE 

1. The matter is composed of smallest indivisible particle is called as Atom- John Dalton. 

2. Discharge tube experiments at very low pressure (0.01mm) and high voltage (10,000 volts) proves 

atom consists of smaller fundamental particles like electron, proton and neutron etc. 

S No Electron Proton Neutron 

Discoverer 

(Scientist) 

J. J .Thomson E. Goldstein James Chadwick 

Charge One unit negative charge 

-1.602X10 -19  coulombs 

(OR) – 4.8 X 10- 10 esu 

One unit positive charge 

+1.602X10 -19  

coulombs 

(OR)  +4.8 X 10- 10 esu 

Neutral  

Mass 9.11X10 -28 gm (OR) 9.109 

X 10 -31kgs (OR)  

5.49 X10-4  amu 

1.673X 10 -24 grms ( 

OR) 1.673X 10 -27kgs 

(OR)  

1.00728 amu 

1.675X 10 -24 grams 

(OR)  1.675X 10 -27kgs 

(OR)  

1.00867 amu 

Specific charge 

(e/m value) 

1.76 X 108  col/gram 9.58 X 104  col/gram 0 

3. The size of the nucleus is 10-13 cm ( unit for nucleus size is Fermi = 10-13 cm) 

4. Except hydrogen atom remaining all atoms consists of all the three fundamental particles electron, 

proton and neutron. 

5. The atom not having neutron is Hydrogen( Hydrogen atom has only electron and proton) 

6. The number of protons is called as atomic number ( z). 

7. Atomic number (Z)    = Number of protons = Number of electrons ( in neutral atom) 

8. In neutral atom number of electrons =number of protons. 

9. Mass number (A) = Number of protons +Number of neutrons  

10. Atomic mass unit (amu)     =   1/12 th mass of carbon -12 isotope. 

                                               = 1.66 X10 -24 grams  

11. Isotopes: Atoms of same element having different mass number or atomic weight are called 

isotopes. 

Hydrogen has 3 isotopes (1H1
 (protium), 1H2

 (OR) 1D2 (Deuterium), 1H3
 (OR) 1T3( tritium) 

Oxygen 8O16,  8O18,  Chlorine 17Cl35 ,  17O37 

12. Due to the presence of isotopes some elements have fractional atomic weights. Ex Chlorine 35.5 

13. Isobars: Atoms of different elements having different atomic numbers but have same atomic weight 

or mass are called isobars. 

6C14 and 7N14; 18Ar40 , 19K40 ,20Ca40 

14. Isotones: Atoms with different atomic numbers and atomic weights having same number of 

neutrons are called isotones. 

16 S36, 17 Cl37, 18Ar38, 19K39, 20Ca40 

15. Isoelectronic: Atoms of different elements having same number of electrons are called Isoelectronic. 
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N-3, O-2, F-1, Ne, Na+1, Mg+2, Al+3 (10 electrons each) 

CO, N2  

 P3–, S2–, Cl–, Ar, K+, Ca2+, and Sc3+ 

16. Electromagnetic spectrum: Cosmic rays <   rays< X- rays< UV rays< IR rays< Microwaves < 

Radio waves. (Increasing order of wavelength / decreasing order of frequency). 

17. Elements give Line spectrum (Discontinuous spectrum) molecules gives band spectrum  

(Continuous spectrum). 

Line spectrum is the characteristic property of atoms. No two elements give identical line spectrum.  

18. The emission spectrum is obtained by passing radiations emitted by the excited atoms. It consists 

bright lines on the dark background. 

19. The absorption spectrum is obtained by passing radiations emitted by the excited atoms. It consists 

bright lines on the dark background. 

20. Compton effect: When energy or frequency of scattered ray is less than the incident ray, it is known 

as Compton effect. 

21. Quantum energy              E = h 

   E – One quantum energy /photon energy 

                                              h – Planks constant (6.6256 X 10 -27 ergs   

                                                (OR)   6.6256 X 10 -34 Joules /Kgm2 sec-1    

                                                (OR)   1.58X10-34 cal-sec (cal =4.2 Joules) 

                                                (OR)  1.58X 10 -37 Kcal-sec 

                                               -frequency of radiation (Hz) 

                           (OR)     E = hc / 

                                  c   - Velocity of light (3 X10 10 cms /sec 

                                     -wavelength  

22. Velocity of wave                 C=     

23. Wave length                        =  C/ 

24.  Frequency              =  C/ 

25. Wave number                      = 1/      (OR)        =/C  cm-1 m-1.  

26. Hydrogen spectrum: 

S. No Spectral series n1 n2 Region Wavelength 

1 Lyman series  1 2,3,4,5,6,7,8..   UV Region  <4000 0A 

2 Balmer series  2 3,4,5,6,7,8..  Visible region 4000 to 7000 0A 

3 Paschen series  3 4,5,6,7,8..  Near IR region >70000A 

4 Bracket series  4 5,6,7,8..  Far IR region  >70000A 

5 Pfund series  5 6,7,8..   Far IR region >70000A 

6 Humphrey series  6 7,8..   Far IR region >70000A 
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27. 
2 2

1 2

1 1 1
Rydberg  Equation R

c n n






 
= = = − 

 
  R=109677 cm-1  

     R-in terms of wave number=109677.59 cm-1 

     In terms of frequency = 3.29X10 -5Hz 

     In terms of energy =13.6 ev (OR) 2.18X10-11erg   (OR) 2.18X10-18 Joules  

    Wave length of Hydrogen like species (He+, Li++) (Rydberg’s equation) = 
2

2 2

1 2

1 1 1
Z R

n n

 
= − 

 
 

28.  Number of spectral lines that appear in   H spectrum when electron jumps (de -excites) from nth 

 orbit Energy level to ground level /orbit    =
( 1)

2

n n−
 

 Number of spectral lines will be obtained when an electron jumps from n2 to n1=
2 1 2 1( )( 1)

2

n n n n− − +
 

29. For electron jumps between two energy levels ∆E= 2 1
2 1

c E E E
E E h h hc OR

h h
 



− 
− = = =   

30.   Angular momentum of electron    mvr    =    
2

nh


  

 n =1, 2, 3… 

 V -velocity of electron  

 r –radius of orbit  

                  m -mass of electron     

31. Maximum kinetic energy of photoelectron ejected   KE= h- h o =       h ( -o)         

                                                                =
( )1 1 o

o o o

hchc hc
hc

 

     

 −
− = − = − 

  

                                                                    –frequency of incident radiation  

                                                                   o- Threshold frequency  

                                                                    ho   = `w`    work function or threshold energy 

                     ½ mv2 = (h  -    ho ) (  KE = ½ mv2 )  

        

            

o

o

2
Velocity of ejected electron  V= (hν-hν )    (OR)

m

                              

2hc 1 1
                                             V= -

m λ λ
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32. Radius of n th orbit of H like particles    

2 2

2 24
n

n h
r

mze
=  

           

2
80.529 10n

n
r X X cm

z

−=  

                                                     `z`  for H=1, He+  =2   , Li++ =3 

 

       Radius of 1st Bohr orbit of `H`    = 0.529 Ao                           Radius of 2 nd Bohr orbit of `H`= 2.12 Ao 

       Radius of 3 rd  Bohr orbit of `H` = 4.76 Ao                              Radius of 4 th Bohr orbit of `H`= 8.46 Ao 

33. Energy of electron in n th orbit        

2 4 2

2 2

2
n

me z
E

h n


= −  OR En = - 13.6  Z2 /n2

 ev 

 

 

19
2

2

21.76 10
  Joul /atom

X
z

n

−

−   (OR) 
2

13.6
  ev/atom

n
−   

  

                                                                      (OR) 
-1

2

1312
  KJ/mole

n
−  

                 

                 Energy of electron in 1 st  orbit of H    = -1312   KJ/mol    

                 Energy of electron in 2 nd orbit of H     = -327.9 KJ/mol    

                 Energy of electron in 3 rd   orbit of H    = -147.5     KJ/mol         

       Energy of electron in   4th  orbit of H    = - 82   KJ/mol    

34. Kinetic energy of electron (due to motion)        KE =1/2 mv2         

35. Potential energy of electron (due to position) 

2e
P E =   -  

r
 

36. Number of revolutions per second that an electron makes in nth orbit      

                                                                
velocity of electron

=
circumference of the orbit 2

n

n

V

r
=  

        Time taken for one revolution = 
2 r

v


 

37. Orbital angular momentum    mvr =  
h

l(l+1)
2π

       (OR ( 1)l l +   ( =h/2 )  

                                                                       

38. Magnetic moment ( 2)n n = +  BM                  ( n= number of unpaired electrons)                 

 

39. In a sub level number of orbitals = (2l+1) 

 

 a) Number of sub shells in nth shell = n  

                          b) Number of electrons in nth shell   = 2 n2   

  

                          c) Number of orbitals in nth orbital   = n2 

  

40. For a quantum number `n`         a) total nodes   = 1n−   

 

                                                         b) Number of spherical nodes (Radial nodes) =  1n l− −  

 

                                                          c) Angular nodes   =  l       
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41. QUANTUM NUMBERS: 

       

S. No Quantum number  Symbol Scientist  Values 

range 

Significance of 

quantum number 

1 Principal Quantum 

number  

n Neil’s Bohr  1, 2, 3, 4,… Determines shell, the 

size and energy of the 

orbital 

2 Azimuthal Quantum 

number(Orbital 

angular momentum or 

Subsidiary quantum 

number) 

l Somerfield  0,1,2,3.. Determines the three 

dimensional shape of 

the orbital, energy of 

the orbital 

3 Magnetic quantum 

number 

m Lande -l , 0 , +l Determines the spacial 

orientation of the 

orbital 

4 Spin Quantum number  

s 

Samuel 

Goudsmit, 

George 

Uhlenbeck 

+1/2 OR     

-1/2 

Determines the 

orientation / spin of the 

electron 

                                 

42.      

 

Value of Azimuthal quantum 

number (l) 

0 1 2 3 4 

Subshell s  

(sharp) 

p 

(Principal) 

 d 

(diffuse) 

f 

(Fundamental) 

g 

Number of orbitals 1 3 5 7 9 

43. Number of possible magnetic quantum number values for any subshell (l) =2l+1 

44. I .E of Hydrogen like species   =I E (H) X Z2  

 

45. Energy required removing the electron from hydrogen and hydrogen like species                               

                                                                                        

                                                                             = 
2

1E - E = 0 - ( - 1312  Z ) KJ /mol   

46. PHOTOELECTRIC EFFECT: The process of emission of electrons when a beam of light radiations 

with sufficiently high frequency strikes on the surface of metal (in vacuum) is known as 

Photoelectric effect. The emitted electrons are called as Photoelectrons. 

47. The minimum frequency (Threshold frequency) of light is only causes Photoelectric effect. 

48. If the light frequency of the radiation increases the kinetic energy of the electrons is also increases. 

49. An increase in the intensity of incident light radiation does not increase their rate of emission. 

50. The minimum frequency that needed to eject electrons from the metal surface is called Threshold 

energy. 

51. De-Broglie’s equation: An electron exhibits both wave like as well as particle nature. (Electron has 

dual nature wave and particle). 

52. De-Broglie’s equation is applicable only for moving microscopic particles like electron and not 

applicable for macroscopic particles (large sized particles). 

53. Limitation of de-Broglie’s equation: It is applicable only for the particles in free force environment. 
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54. It cannot applicable directly for the electron in an atom, where the electron is subjected to the 

attractive forces of nucleus. 

55. A/C to de-Broglie’s equation the wavelength of tiny particle is inversely proportional to its 

momentum. 

56.  De- Broglie equations    
h h h

mc mv p
 = = =   

                                                     (Or)   
 h

λ= ( )
2mE

E KE=  

                                         

                                                            
h

λ= (  E=qv Jouls)
2mqv

OR 2mv eVm p= =   

                                              

                                           q = charge of the particle            

 

 v = potential difference (in volts) 

 

57.  Heisenberg’s Uncertainty Principle: It is highly impossible to determine exact position and      

momentum of moving particle like electron at a time. 

58. Heisenberg’s Uncertainty Principle:          
h

Δx.Δp  
4π

        (OR)    .
4

h
x mv


   (∆p =m .∆v) 

                                                          ∆x-uncertainty in the determination of the position   

                                                          ∆p- uncertainty in the determination of the momentum 

                                                          ∆v-change in velocity 

59. Spin multiplicity of an atom =   2S + 1              (S-sum of spin quantum number value)  

 

 

60. Frequencies of various lines in Hydrogen Spectrum        
15

1 2

2 2

1 1
3.29 10X

n n


 
= − 


 

              =   
ν 1 ν

= = ( )
c λ c

c  =  

 

61. Velocity of electron in nth orbit            V  

6
-12.185X10

=    m sec     
n

 

                                               

         V  

8
-12.185X10

=  cm  sec
n

 

62. Energy of one photon /Quantum=
hc

E


=  OR E =h  

 

63. Energy associated with one mole of Photons = Energy of one Einstein = energy of one mole of    

                                                             Quanta=No x h x   OR oN hc


 (No= Avogadro number) 

 

64. Spin electron produces angular momentum = ( 1)
2

s

h
s s


= +     (Where “s” = +1/2.) 
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65. Total spin of an atom    = n x 1/2 (n= number of unpaired electrons) 

 

66. Spin magnetic moment ( 1)
2

s

eh
s s

mc



= +  

 

67. Isotopic mass of an atom =            

                                    
% of isotope `A` % of isotope `B`

 x mass of isotope`A`+  x mass of isotope`B`
100 100

 

 

68. Packing fraction =  
4Isotopic  atomic  mass - mass number

x10
mass number

 

 

69. Ionization energies of two electrons 

2 2

1 1 2

2 2

2 2 1

I Z n
 =  X 

I Z n
 

 

70. Schrodinger wave equation: He proposed a mathematical equation for the behavior of an electron in 

an atom based on de-Broglie’s equation and Heisenberg’s uncertaininty principle. 

( )
2 2 2 2

2 2 2 2

8
0

m
E V

x y z h

   


  
+ + + − =

       
E= total energy, m= mass of electron, h= Planks constant, = wave function, xyz are three 

dimensional space coordinates. 

71. Significance of  =Wave function for an electron represents an atomic orbital.  

     
2 = Probability density represents the finding of orbital in an atom. 

ELECTRONIC CONFIGURATION RULES: 

72. Aufbau Principle: In ground state of the atoms, the orbital are filled in order of their increasing 

energies. 

1s< 2s<2p< 3s<3p<4s< 3d<4p<5s<4d<5p<6s<4f<5d<6p<7s<5f<6d<7p 

73. Pauli Exclusion Principle: No two electrons in an atom can have same set of four quantum 

number values (OR) Only two electrons may exists in the same orbital and these two electrons 

must have opposite spins. 

74. Hund’s Rule of Maximum Multiplicity: Pairing of electrons in the orbitals belonging to the same 

subshell (degenerate orbitals p, d, f) does not takes place until each orbital belonging to the 

subshell has got on electron each (it is singly occupied). (Orbitals having same energy are called as 

degenerate orbitals (Ex px, py, pz) 

75. Method used for writing electronic configuration 

nlxPrincipal quatum number

Azimuthal quantum number 

no of electrons
 

76. Stability of completely filled or half- filled subshells: The atoms having completely filled or 

half-filled orbitals are more stable than other atoms. 
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The reason for extra stability: I) Symmetrical distribution of electrons. Due to symmetrical 

distribution of electrons in all the orbitals of subshell shielding of electrons relatively small and 

stability increases. 

ii) Due to Shifting of electron from one orbital to another orbital within the same subshell, the 

energy is released. This energy is called as exchange energy. As the number of electronic 

exchanges increases more amount of energy is released stability of the atom is also increases. 

77. Electronic configuration of Chromium ( 24) : 

(As per electronic configuration rules) 1S2 2S2 2PS6 3S2 3P6
 4S2 3d4

 

4S              3d

 

 

Actual electronic configuration: 1S2 2S2 2PS6 3S2 3P6
 4S1 3d5

 

4S              3d

 
Stable configuration due to half- filled d orbitals. 

 

78. Electronic configuration of Copper ( 29) : 

(As per electronic configuration rules) 1S2 2S2 2PS6 3S2 3P6
 4S2 3d9 

 

4S              3d

 

 

Actual electronic configuration: 1S2 2S2 2PS6 3S2 3P6
 4S1 3d10

  

4S              3d

 

 

Stable configuration due to full- filled d orbitals. 

 

MOLE CONCEPT 

 

1. One mole of atoms   =Gram Atomic Mass (OR) One Gram Atom X Avogadro number 

2. One mole of molecules =Gram Molecular Mass (OR) One Gram Molecule X Avogadro number   

3. Atomic Mass Unit (amu) = 1.667X 10 -24 grams    (OR) 1.667X 10- 31 Kg 

 

4. Relative atomic mass   =
mass of one atom  of  element

1
mass of one atom of carbon-12

12

 

 

5. Relative molecular mass =
mass of one molecule of  compound

1
mass of one atom of carbon-12

12

 

 

6. Number of gram atoms =
mass of element in gram

Atomic mass of the element
 

 

7. Number of gram molecules =
mass of substance in gram

Molecular mass  of the substance 
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8. Number of moles    =
mass of substance in gram

Molecular mass  of the substance 
 

 

9. Weight of one atom of an element =
23

Gram molecular  weight

Avogadro number (6.023X10 )
 

 

10. Weight of one molecule of a substance =
23

Gram molecular  weight

Avogadro number (6.023X10 )
 

 

11. Weight of the substance = number of moles X Gram molecular weight of the substance  

12. Number of neutrons present in an atom =Mass number- atomic number    (A-Z) 

13. Molecular weight =2X vapour density 

14. Molecular mass = Mass of 22.4 Lt of vapour at STP 

15. Calculation of equivalent weight of metal  

                                 

                 a) Eq.Wt of metal=       
2

2

weight of metal
x1.008           (OR)

weight of  H  displaced

weight of metal 
X11200

volume of H  in ml displaced at STP

 

  

                 b)  EQ. Wt of metal         
weight of metal

= X8
weight of Oxygen combined

 

                     

                c) Eq Wt of metal               =  

2

weight of metal
 X 35.5    (OR)

weight of Chlorine combined

weight of metal
 X 11200

volume of Cl  combined in ml at STP

 

 

                

Wt of metal added to a salt solution Eq wt of metal added
d)                    = 

wt of metal displaced Eq wt of metal displaced

wt of salt AB added to salt CD (solution) Eq wt of rad
 = 

wt of ppt AD formed

ical A+Eq wt of radical B

Eq wt of radical C+Eq wt of radical D

 

 

16. Eq wt of metal     = Wt of the displaced by 1 Faraday (96500 coulombs)  

 

17 On passing same quantity of electricity through two different electrolytic solutions                

                  

                                            = 
wt of `X`deposited Eq wt of`X`

   =   
wt of`X`deposited Eq wt of `Y`

 

 

 

18. Eq weight of an acid = Wt of the acid neutralized by 1000ml of 1N base solution  

 

19.  Eq weight of a base = Wt of the base neutralized by 1000ml of 1N acid solution 

 



 10 

20. For an organic acid       
Eq. wt .of Silver salt (RCOONa) Wt of Silver salt

 = 
Eq.wt of Silver (108) Wt of Silver

  

 

         Eq wt of an acid (RCOOH) = Eq wt of RCOONa -107 

 

        Eq wt of can acid       
Wt of Silver salt

=    X 108 - 107
Wt of Silver

 

   21. For a compound (I) being converted in to another compound (II) of the same metal  

                         

                                 
Wt. of compound(I) Eqwt of metal+Eqwt of anion of compound(I)

  =  
Wt of compound(II) Eqwt of metal+Eqwt of anion of compound(II)

                   

 

 

  22. Eq wt of an acid   =    Mol wt of the acid  

          Basicity 

 

 23. Eq wt of base     =    Mol wt of the base 

 Acidity 

24. Eqwt of the salt    =                    Mol wt of the salt________  

                                                Total +ve charge /total –ve charge  

 

  

25. Eq wt of Oxidizing agent /Reducing agent       =                       Mol wt of the substance   

                                                                     No of electrons gained /lost by one molecule 

 

 

            Eq wt of KMnO4 in acid medium   =   Mol Wt of KMnO4  

       5 

 

       In neutral medium KMnO4 changes to MnO2   .So Eq wt of KMnO4    = Mol Wt of KMnO4  

                                                         3 

 

      In basic medium KMnO4  changes into K2MnO4   . So Eq wt of KMnO4  =   Mol Wt of KMnO4  

                                                             1 

26. Calculation of Atomic weight – (Dulong Patit`s law)  

     i) Atomic weight X Specific heat =6.4 cal/goc 

                                          Approximate Atomic weight   = 
6.4

specific heat
 

     (Specific heat X Gram atomic weight = Atomic heat. For all solid elements Atomic heat is 6.4 cal)      

    

  ii) Valency    =  
Atomic weight

Eq wt
 

           

 Atomic weight = Eq wt X Valency  

 

    iii) Valency of the metal who’s Chloride in volatile  
2 X V.D of metal chloride

Eq wt of metal + 35.5
=   

 

27. Atomic mass of an element (if % of isotopes are given) 

 

  = % of isotope1 x at .wt+ % of isotope2 x at .wt+% of isotope3 x at .wt 

      100 
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SINGLE ANSWER OBJECTIVE TYPE QUESTIONS 
 

1 A partially dried clay mineral contains 8% water. The original sample 

contained 12 % water and 45 % silica. The % of silica in the partially 
dried sample is nearly : 

 (A) 50 %   (B) 49 %  (C) 55 %  (D) 47 % 
2 When  one  gram  mole of  KMnO

4
 reacts with HCl, the volume of 

chlorine liberated at NTP will be : 
 (A) 11.2 litres  (B) 22.4 litres  (C) 44.8 litres  (D) 

56.0 litres 
 

3 8 g of sulphur is burnt to form SO
2
 which is oxidised by Cl

2
 water. The 

solution is treated with BaCl
2
 solution. The amount of BaSO

4
 

precipitated is : 
 (A) 1 mole  (B) 0.5 mole  (C) 0.24 mole  (D) 

0.25 mole 
 

4 1 gram of a carbonate of a metal was dissolved in 25 ml of 1N HCl. The 

resulting liquid required 5 ml of N NaOH for neutralization. The eq. wt. 
of metal carbonate is : 

 (A) 100  (B) 30   (C) 40   (D) 50 
 

5 Sulphuryl chloride SO
2
Cl

2
 reacts with water to give a mixture of H

2
SO

4
 

and HCl. How many moles of NaOH would be needed to neutralize the 
solution formed by adding 1 mole of SO

2
Cl

2
 to excess of water . 

 (A) 1   (B) 3   (C) 2   (D) 4 
 

6 Hydrogen peroxide in aqueous solution decomposes on warming to give 
oxygen according to the equation 2H

2
O

2
(aq.) →2H

2
O(l) + O

2
(g) under 

conditions where one mole of gas occupies 24 dm 3, 100 cm3 of XM 
solution of H

2
O

2
 produces 3dm3 of O

2
. X is thus: 

 (A) 2.5   (B) 1   (C) 0.5   (D) 0.25 

7 In an experiment 50 ml of 0.1 M solution of a salt reacted with 25 ml of 
0.1 M solution of sodium sulphite. The half equation for the oxidation of 

sulphite ion is – 
  SO

3
2– (aq.) + H

2
O(l) →SO

4
2– (aq.) + 2H+ (aq.) + 2e– 

 If  the  oxidation number of metal in the salt was 3, what would be the 

new oxidation  number of metal ? 
 (A) 0   (B) 1   (C) 2   (D) 4 
8 One mole of a mixture of CO and CO

2
 requires exactly 20 gram of NaOH 

in solution for complete conversion of all the CO
2
 into Na

2
CO

3
. How 

many grams more of NaOH would it require for conversion into Na
2
CO

3
 

if the mixture (one mole) is completely oxidized to CO
2
 . 

 (A) 60 grams  (B) 80 grams  (C) 40 grams  (D) 20 

grams 
 

9 When BrO
3

– ion reacts with Br– ion in acid solution Br
2
 is liberated the 

equivalent weight of KBrO
3
 in this reaction is: 

 (A) M/8  (B) M/3  (C) M/5  (D) M/6 
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   [ where M is the molar mass ]  
10 A solution contains both Na

2
CO

3
 and NaHCO

3
 was treated with excess of 

CaCl
2
 solution and filtered. The precipitate weighed m

1
 grams. On 

adding NaOH in drops to the filtrate avoiding excess, a further m
2
 

grams was precipitated. If after adding excess CaCl
2
, the solution (had 

not been filtered) but was simply boiled and then filtered, what would 

be the total weight of the precipitate? 
 (A)  (m

1
 + m

2
) grams    (B)  (m

1
 + m

2
/2) grams  

 (C)  (m
1
 + m

2
) /2 grams   (D)  (m

2
+m

1
/2) grams 

11 2 grams of a gas mixture of CO and CO
2
 on reaction with excess I

2
O

5
 

yield 2.54 grams of  I
2
. 7What would be the weight % of CO in the 

original mixture ? 
 (A) 70.1  (B) 75.3   (C) 68.4  (D) 80.7 
 

12 One gram of a mixture of Na
2
CO

3
 and NaHCO

3
 consumes y gram 

equivalents of HCl for complete neutralisation. One gram of the mixture 
is strongly heated, then cooled and the residue treated with HCl. How 

many gram equivalents of HCl would be required for complete 
neutralisation: 

 (A) 2y gram equivalent   (B) y gram equivalents 
 (C) 3y/4 gram equivalents   (D) 3y/2 gram equivalents  
 

13 In an organic compound of molar mass greater than 100 containing 

only C, H and N, the percentage of C is 6 times the percentage of H 
while the sum of the percentages of C and H is 1.5 times the 

percentage of N. What is the least molar mass :  
 (A) 175  (B) 140  (C) 105  (D) 210  
 

14 One gram of a variable alloy of lead and tin yielded on treatment with 
conc. HNO

3
, filtration and heating 0.42 grams of SnO

2
. If all the lead in 

one gram of alloy is converted into PbSO
4
, what will be the weight of 

PbSO
4
 obtained ? 

 (A) 0.98  (B) 1 g   (C) 1.07 g  (D) 0.95 g 
 

15 An  iodide  solution, ½ litre containing 0.664 grams of KI per litre, 
required 100 ml of a certain solution of Ce 4+ ion for complete reaction. 

What is the normality of the Ce 4+ solution ? 
 (A) 0.04  (B) 0.004  (C) 0.02  (D) none of these 
 

16 A solution contains Na
2
CO

3
 and NaHCO

3
. 10 ml of the solution required 

2.5 ml of 0.1 M H
2
SO

4
 for neutralisation using phenolphthalein as 

indicator. Methyl orange is then added when a further 2.5 ml of 0.2 M 
H

2
SO

4
 was required. The amount of Na

2
CO

3
 and NaHCO

3
 in 1 litre of the 

solution is : 

 (A) 5.3 g & 4.2 g (B) 3.3 g & 6.2 g (C) 4.2 g & 5.3 g (D) 6.2 
g & 3.3 g 
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17 0.7 g of a sample of Na
2
CO

3
. x H

2
O  were  dissolved in water and the 

volume was made to 100 ml . 20 ml of this solution required 19.8 ml of  
N/10 HCl  for  complete  neutralization. The value of 

 
x is : 

 (A) 7   (B) 3   (C) 2   (D) 5 
 

18 34 g of hydrogen peroxide is present in 1120 ml of solution. This 
solution is called : 

 (A) 10 vol solution (B) 20 vol solution (C) 30 vol solution (D) 32 
vol solution 

 

19 Exactly 4.00 gm of a solution of H
2
SO

4
 was diluted with water and 

excess BaCl
2
 was added. The washed and dried precipitate of BaSO

4
 

weighed 4.08 gm. Find the percent H
2
SO

4
 in the original acid solution. 

 (A) 43.0 %  (B) 4.3 %  (C) 47 %  (D) none 
 

20 What volume of 96 % H
2
SO

4
 by  weight  solution (density 1.83 g/ml) is 

required to prepare 2.00 L of 3.00 M H
2
SO

4
 solution ? 

 (A) 335 ml  (B) 670 ml  (C) 167.5 ml (D) none 

 
ONE OR MORETHAN ONE OPTION QUESTIONS 

 
21 11.2 g of mixture of MCl (volatile) and NaCl gave 28.7 g of white ppt 

with excess of AgNO
3
 solution. 11.2 g of same mixture on heating gave 

a gas that on passing into AgNO
3
 solution gave 14.35 g of white ppt. 

Hence: 

 (A)  ionic mass of M+ is 18 
 (B)  mixture has equal mole fraction of MCl and NaCl 

 (C)  MCl and NaCl are in 1 : 2 molar ratio 
 (D)  ionic mass of  M+ is 10 
 

22 H
2
C

2
O

4
 and NaHC

2
O

4
 behave as acids as well as reducing agents. which 

are correct statement? 
 (A)  equivalent weight of H

2
C

2
O

4
 and NaHC

2
O

4
 are equal to their 

molecular weights when   behaving as reducing agents 

 (B)  100 ml of 1 N solution of each is neutralised by equal  volume of 
1M Ca(OH)

2
 

 (C)  100 ml of 1 N solution of each is neutralised by equal volume  of 
1N Ca(OH)

2
 

 (D)  100 ml of 1 M solution of each is oxidized by equal volumes of 1M 
KMnO

4 
 

23 Which of the following are primary standard substances? 
 (A) Na

2
CO

3
.10H

2
O    (B) NaOH   

 (C) Na
2
B

4
O

7
.10H

2
O    (D) KMnO

4 
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24 Which of the following statements are correct? 
 (A) the point at which an equivalent amount of the titrant is added is 

called the equivalence point. 
 (B)  the point at which the reaction is observed to be complete is 

called the end point 
 (C)  at the end point of a reaction there is no change in the properties 

of the solution 
 (D)  at the equivalence point of a reaction the stoichiometric amount 

of the titrant is not  added 
 

25 100 mL of a 0.1 M SO
4

2- solution is: 

 (A) 10 millimoles    (B) 5 millimoles   

 (C) 20 milliequivalents   (D) 40 milliequivalent 
 

26 Which  of  following  will  be  present  in the solution formed when 50 
mL of 0.1 M HCl is mixed with 50 mL of 0.1 M NaOH ? 

 (A) 4.5 m mol of H+    (B) 0.05 m mol of OH -  
 (C) 0.05 M NaCl    (D) 10-7 M of H+ ion 
 

27 Which of the following statements are correct ?  
(A)  during the titration of a strong acid against a strong base, the pH 

at the at the equivalence point will be neutral  
(B)  during the titration of a weak acid against a strong base, the pH 

at the at the equivalence point will be alkaline 
(C)  during the titration of a weak acid against a strong base, the pH 

at the at the equivalence point will be acidic 
(D)  during the titration of a weak acid against a weak base, the pH at 

the at the equivalence point will be neutral 
 

28 During the titration of a mixture of Na
2
CO

3
 and NaHCO

3
 against HCl, 

 (A)  phenolphthalein is used to detect the first end point   

 (B)  phenolphthalein is used to detect the second end point  
 (C)  methyl orange is used to detect the second end point 

 (D)  methyl red is used to detect the first end point 
 

29 1 mol of H
2
SO

4
 will exactly neutralize 

 (A) 2 mol of ammonia   (B) 1 mol of Ba(OH)
2
 

 (C) 0.5 mol of Ba(OH)
2  

 (D) 2 mol of KOH 
 

30 Which among the following are examples of autoredox reactions? 
 (A) P

4
 + OH–  H

2
PO

4
– + PH

3
  (B) S

2
O

3
2–  SO

4
2– + S 

 (C) H
2
O

2
  H

2
O + O

2
   (D) AgCl + NH

3
  [Ag(NH

3
)

2
]Cl  

31 ‘20 volumes’ of H
2
O

2
 is equal to : 

 (A) 20% H
2
O

2
 by mass   (B) 6% H

2
O

2
 by mass 

 (C) 1.764 N     (D) 3.528 N 
 

32 A solution of  Na
2
S

2
O

3
 is  standardized  iodometrically  against 0.1262 g 

of KBrO
3
. This process requires 0.45 mL of Na

2
S

2
O

3
 solution. What is 

the strength of the Na
2
S

2
O

3
 ? 

 (A) 0.2 M  (B) 0.1 M  (C) 0.05 N  (D) 0.1 N 
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33 Which of the following expressions is correct ( n = no. of moles of the 
gas, N

A
 = Avogadro constant, m = mass of  molecule of the gas, N= no. 

of molecules of the gas) 
 (A) n = mN

A
  (B) m = nN

A
 (C) N = nN

A
 (D) m = mn/N

A
 

 

34 In which of the following pairs do 1g of each have an equal number of 

molecules? 
 (A) N

2
O and CO (B) N

2
 and C

3
O

2
 (C) N

2
 and CO (D) N

2
O and CO

2
 

 

35 Among the following, which solutions contain equal numbers of 

millimoles ? 
 (A) 100 mL of 0.05 M H

2
SO

4
  (B) 200 mL of 0.0 M NaOH 

 (C) 100 mL of 0.10 M Na
2
C

2
O

4
  (D) 200 mL of 0.025 MKOH 

 

36. 1 mol of  ions contains 
 (A) 4N

A
 electrons  (B) 7N

A
 protons (C) 7N

A
 neutrons(D) 14N

A
 protons 

 

37. 11.2 L of gas at stp weighs 14.0 g. The gas could be :  
 (A) N

2
O   (B) NO

2
  (C) N

2
  (D) CO 

 

38. The oxidation number of Cr = + 6 in : 
 (A) FeCr

2
O

4
  (B) KCrO

3
Cl (C) CrO

5
  (D) [Cr(OH)

4
]– 

 

39. The oxidation number of carbon is zero in : 
 (A) HCHO  (B) CH

2
Cl

2
  (C) C

6
H

12
O

6
  (D) C

12
H

22
O

11
 

 

40. Which of the following are not redox reactions ? 
 (A)  Mg + N

2
 → Mg

3
N

2
 

 (B)  K
4
[Fe(CN)

6
] + H

2
SO

4
 + H

2
O → K

2
SO

4
 + CO + FeSO

4
 + (NH

4
)

2
SO

4
 

 (C)  I
2
 + 3Cl

2
 → ICl

3
 

 (D)  CuSO
4
 + NH

3
 → [Cu(NH

3
)

4
]SO

4
 

 

41. Which of the following are redox reactions ? 
 (A) NaIO

3
 + NaHSO

3
 → NaHSO

4
 + Na

2
SO

4
 + I

2
 + H

2
O 

 (B) FeCl
3
 + K

4
[Fe(CN)

6
] → KCl + Fe

4
[Fe(CN)

6
]

3
 

 (C) AgCl + Na
2
S

2
O

3
 → Na

3
[Ag(S

2
O

3
)

2
] + NaCl 

(D) NaBiO
3
+ MnSO

4
 +HNO

3
 → HMnO

4
 +Bi(NO

3
)

3
+NaNO

3
+Na

2
SO

4
 + H

2
O 

 

 
KEY 

1.  D  2.  D  3.  D  4.  D  5.  D  6.  A  7.  C 
 

8.  A  9.  C  10.  B 11.  C 12.  B 13.  B  14.  A  
15.  C 16.  A 17.  C 18.  A 19.  A 20.  A   
 

21.  AB 22.  ABD 23.  AC 24.  AB 25.  AC 26.  CD  27.  ABC  

28.  AC 29.  ABD 30. ABC 31.  AB 32.  BD 33.  BC 34.  CD  
35.  AD  36.  BC  37.  CD 38.  BC 39.  ABCD 40.  CD 41.  AD 
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JEE MAINS PREVIOUS QUESTIONS : 

 

1. The figure that is not a direct manifestation of the quantum nature of atom is  

  
2. The region in the electromagnetic spectrum where the Balmer series lines 

appear is  

 1) microwave 2) ultraviolet 3) visible 4) infrared   

3. The shortest wavelength of H-atom in the Lyman series is 1 . The longest 

wavelength in the Balmer series of He+ is  

 1) 19

5


 2) 15

9


 3) 127

5


 4) 136

5


  

4. The difference between the radii of 3rd and 4th orbits of Li2+ is 1R . The 

difference between the radii of  3rd and 4th orbits of He+ is 2R . Ratio 1 2:R R   is  

 1) 8:3 2) 3:8 3) 2:3 4) 3:2  

5. For the Balmer series in the spectrum of H-atom, 
2 2

1 2

1 1
Hv R

n n

 
= − 

 
. 

  The correct statements among (I) to (IV) are  

 I) as wavelength decreases, the lines in the series coverage  

 II) the integer n1 is equal to 2  

 III) The lines of longest wavelength corresponds to n2=3 

IV) The ionization energy of hydrogen can be calculated from wave number of 

these lines  

 1) II, III, IV 2) I, III, IV 3) I, II, III 4) I, II, IV  

6. The radius of the second Bohr orbit, in terms of the Bohr radius, a0, in Li2+ is  

 1) 02

3

a
 2) 04

3

a
 3) 04

9

a
 4) 02

9

a
  

7. The de Broglie wavelength of an electron in the 4th Bohr orbit is  

 1) 06 a  2) 02 a  3) 08 a  4) 04 a   

8. If p is the momentum of the fastest electron ejected from a metal surface after 

the irradiation of light having wavelength  , then for 1.5p momentum of the 

photoelectron, the wavelength of the light should be (Assume kinetic energy of 

ejected photoelectron to be very high in comparison to work function)  

 1) 
2

3
  2) 

4

9
  3) 

3

4
  4) 

1

2
   

9. For any given series of spectral lines of atomic hydrogen, let minmax
v v v = −  be 

the difference in maximum and minimum frequencies in cm-1. The ratio 

BalmerLyman
v v−  is  

 1) 4:1 2) 27:5 3) 9:4 4) 5:4  
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10. Which one of the following about an electron occupying the 1s orbital in a 

hydrogen atom is incorrect? (The Bohr radius is represented by a0) 

 1) the electron can be found at a distance 2a0 from the nucleus 

2) the magnitude of the potential energy is double that of its kinetic energy on 

an average 

 3) the probability density of finding the electron is maximum at the nucleus 

 4) the total energy of the electron is maximum when it is at a distance a0 from  

 the nucleus   

11. The ratio of the shortest wavelength of two spectral series of hydrogen 

spectrum is found to be about 9. The spectral series are  

 1) Paschen and Pfund  2) Lyman and Paschen 

 3) Balmer and Brackett 4) Brackett and Pfund  

12. For emission line of atomic hydrogen from n1=8 to nf=n, the plot of wave 

number ( )v  against 
2

1

n

 
 
 

will be (The Rydberg constant RH is in wave number 

unit)  

 1) linear with intercept - RH 2) non-linear 

 3) linear with slope RH 4) linear with slope - RH  

13. Which of the graphs shown below does not represent the relationship between 

incident light and the electron ejected from metal surface  

  
14. The ground state energy of hydrogen atom is -13.6eV. The energy of second 

excited state of He+ ion in eV is  

 1) -3.4 2) -54.4 3) -27.2 4) -6.04  

15. Heat treatment of muscular pain involves radiation of wavelength of about 

900nm. Which spectral line of H-atom is suitable for this purpose [RH=1x105cm-

1, h=6.6x10-34Js, c=3x108ms-1] 

 1) Balmer,  → 2   2) Paschen,  → 3  3) Lyman,  → 1  4) Paschen, 5→3

  

16. The de Broglie wavelength ( ) associated with photoelectron varies with the 

frequency ( ) of the incident radiation as, [ 0 is threshold frequency] 

 1) 
0

1

( )


 


−
 2) 

1/ 2

0

1

( )


 


−
 3) 

3/ 2

0

1

( )


 


−
 4) 

1/ 4

0

1

( )


 


−
  

17. What is the work function of the metal if the light of wavelength 4000 A0 

generates photoelectrons velocity 6x105 m s-1 from it (Mass of electron = 9x10-

31kg, velocity of light = 3x108m s-1, Planck’s constant = 6.626x10-34Js, Charge 

of electron = 1.6x10-19J eV-1) 

 1) 4.0eV 2) 2.1eV 3) 0.9eV 4) 3.1eV  
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18. If the de Broglie wavelength of the electron in nth Bohr orbit in a hydrogenic 

atom is equal to 1.5 0a (a0 is Bohr radius), then the value of n/Z is  

 1) 1.0 2) 1.50 3) 0.75 4) 0.40  

19. Ejection of the photoelectron from metal in the photoelectric effect experiment 

can be stopped by applying 0.5V when the radiation of 250nm is used. The work 

function of the metal is  

 1) 5eV 2) 4eV 3) 5.5eV 4) 4.5eV  

20. The de-Broglie’s wavelength of electron present in first Bohr orbit of ‘H’ atom is  

 1) 00.529

2
A


 2) 2 x0.529A0 3) 0.529A0 4) 4x0.529A0  

21. Which of the following statements is false  

 1) photon has momentum as well as wavelength  

 2) splitting of spectral lines in electrical fields called stark effect   

3) Frequency of emitted radiation from a black body goes from a lower 

wavelength to higher wavelength as the temperature increases  

 4) Rydberg constant has unit of energy   

22. The radius of the second Bohr orbit for hydrogen atom is (Planck’s constant 

(h)=6.6262x10-34Js; mass of electron = 9.1091x10-31kg; charge of electron = 

1.60210x10-19C; permittivity of vacuum 0( )  = 8.854185x10-12kg-1m-3A2) 

 1) 0.529A0 2) 2.12 A0 3) 1.65 A0 4) 4.76 A0  

23. If the shortest wavelength in Lyman series of hydrogen atom is A, then the 

longest wavelength Paschen series of He+ is  

 1) 
5

9

A
 2) 

36

5

A
 3) 

36

7

A
 4) 

9

5

A
  

24. The electron in the hydrogen atom undergoes transition from higher orbitals to 

orbital of radius 211.6pm. This transition is associated with  

 1)  Paschen series  2) bracket series 3) Lyman series 4) Balmer series   

25. A steam of electrons from a heated filament was passed between two charged 
plates kept at a potential difference V esu. If e and m are charge and mass of 

an electron respectively, then the value of h/  (where   is wavelength 

associated with electron wave) is given by  

 1) meV 2) 2meV 3) meV  4) 2meV   

26. Which of the following is the energy of a possible excited state of hydrogen  

 1) -3.4eV 2) +6.8eV 3) +13.6eV 4) -6.8eV  

27. At temperature T, the average kinetic energy of any particle is 
3

2
kT. The de 

Broglie wavelength follows the order.  

 1) thermal proton > visible photon > thermal electron    

 2) thermal proton > thermal electron > visible photon 

 3) visible photon > thermal electron > thermal neutron 

 4) visible photon > thermal neutron > thermal electron   
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28. Energy of an electron is given by E=-2.178x10-18J
2

2

Z

n

 
 
 

. Wavelength of light 

required to excite an electron in an hydrogen atom from level n=1 to n=2 will 

be (h=6.62x10-34J s and c=3.0x108m s-1) 

 1) 8.500x10-7m 2) 1.214 x10-7m 3) 2.816 x10-7m 4) 6.500 x10-7m  

29. A gas absorbs a photon of 355 nm and emits at two wavelengths. If one of the 

emission is at 680nm, the other is at  

 1) 1035 nm 2) 325 nm 3) 743 nm 4) 518 nm  

30. The energy required to break one mole of Cl-Cl bonds in Cl2 is 242 kJ mol-1. The 

longest wavelength of light capable of breaking a single Cl-Cl bond is (c=3x108 

m s-1 and NA=6.02x1023mol-1)  

 1) 494 nm 2) 594 nm 3) 640 nm 4) 700 nm  

31. Ionization energy of He+ is 19.6x10-18J atom-1. The energy of the first stationary  

 state (n=1) of Li2+ is  

 1) 8.82x10-17J atom-1 2) 4.41 x10-16J atom-1 

 3) -4.41 x10-17J atom-1 4) -2.2 x10-15J atom-1  

32. The number of subshells associated with n=4 and m=-2 quantum numbers is  

 1) 8 2) 4 3) 16 4) 2  

33. The correct statement about probability density (except at infinite distance from 

nucleus) is  

 1) it can be zero for 1s-orbital 2) it can be negative for 2p-orbital 

 3) it can be zero for 3p-orbital 4) it can never be zero for 2s-orbital   

34. The number of orbitals associated with quantum numbers n=5, ms=+ 
1

2
is  

 1) 25 2) 11 3) 15 4) 50  

35. The size of the isoelectronic species Cl-, Ar and Ca2+ is affected by  

 1) principal quantum number of valence shell   

 2) nuclear charge  

 3) electron – electron interaction in the outer orbitals  

 4) azimuthal quantum number of valence shell  

36. The graph between | |2and r (radial distance) is shown below. This represents 

  
 1) 3s orbital 2) 2p orbital 3) 1s orbital 4) 2s orbital  

37. The electrons are more likely to be found  

  
 1) only in the region a   2) in the region a and c   3) only in the region c 4)  

 in the region a and b  
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38. Which of the following combination of statements is true regarding the 

interpretation of the atomic orbitals  

i) an electron in an orbital of high angular momentum stays away from the 

nucleus than an electron in the orbital of lower angular momentum 

ii) for a given value of the principal quantum number, the size of the orbit is 

inversely proportional to the azimuthal quantum number 

 iii) according to wave mechanics, the ground state angular momentum is equal  

 to h/2  

iv) The plot of   vs r  for various azimuthal quantum numbers, shows peak 

shifting towards higher r value 

 1) i, iv 2) i, iii 3) i, ii 4) ii, iii  

39. The total number of orbitals associated with the principal quantum number 5 is  

 1) 20 2) 25 3) 10 4) 5  

40. Which of the following sets of quantum numbers is correct for an electron in 4f  

 orbital  

 1) n=4, l=3, m=+4,s= +
1

2
 2) n=4, l=4, m=-4,s=-

1

2
 

 3) n=4, l=3, m=+1,s= +
1

2
 4) n=3, l=2, m=-2,s=+

1

2
  

41. The quantum numbers of four electrons are given below  

 I) n=4, l=2, m1=-2, Ms= +
1

2
 II) n=3, l=2, m=-2,Ms=+

1

2
 

 III) n=4, l=1, m1=0,s=+
1

2
 IV) n=3, l=1, m1=1,Ms= -

1

2
 

 The correct order of their increasing energies will be  

 1) IV<II<III<I 2) IV<III<II<I 3) I<III<II<IV 4) I<II<III<IV  

42. If the principal quantum number n=6, the correct sequence of filling of electrons  

 will be  

 1) ns →np → (n-1)d → (n-2)f  2) ns → (n-2)f → (n-1)d →np 

 3) ns → (n-1)d → (n-2)f →np 4) ns → (n-2)f →np → (n-1)d  

43. The correct set of four quantum numbers for the valence electron of rubidium  

 atom (Z=37) is  

 1) 5,0,1,+ 
1

2
 2) 5,0,0,+ 

1

2
 3) 5,1,0+ 

1

2
 4) 5,1,1,+ 

1

2
  

44. The electrons identified by quantum numbers n and l : 

 1) n=4, l=1 2) n=4, l=0 3) n=3, l=2 4) n=3, l=1  

 Can be placed in order of increasing energy as  

 1) 4<2<3<1 2) 2<4<1<3 3) 1<3<2<4 4) 3<4<2<1 
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KEY 

 

1) 4 2) 3 3) 1 4) 3 5) 3 6) 2 7) 3 8) 2 9) 3 10) 4 

11) 2 12) 4 13) 3 14) 4 15) 2 16) 2 17) 2 18) 3 19) 4 20) 2 

21) 3 22) 2 23) 3 24) 4 25) 4 26) 1 27) 3 28) 2 29) 3 30) 1 

31) 3 32)4 33)3 34)1 35)2 36)4 37)2 38)1 39)2 40)3 

41)3 42)1 43)2 44)2 

 

JEE ADVANCED PREVIOUS QUESTION PAPERS : 

Only one option correct type : 

1. The kinetic energy of an electron in the second Bohr orbit of a hydrogen atom 

[a0 is Bohr radius]  

 1) 
2

2 2

04

h

ma
 2) 

2

2 2

016

h

ma
 3) 

2

2 2

032

h

ma
 4) 

2

2 2

064

h

ma
  

2. The number of radial nodes of 3s and 2p orbitals are respectively  

 1) 2,0 2) 0,2 3) 1,2 4) 2,1  

3. The radius of which of the following orbit is same as that of the first Bohr’s orbit 

of hydrogen atom  

 1) He+(n=2) 2) Li2+(n=2) 3) Li2+(n=3) 4) Be3+(n=2)  

4. If the nitrogen atom has electronic configuration 1s7, it would have energy lower 

than that of  the normal ground state configuration 1s22s22p3, because the 

electrons would be closer to the nucleus. Yet 1s7 is not observed because it 

violates  

 1) Heisenberg uncertainty principle 2) Hund’s rule 

 3) Pauli exclusion principle 4) Bohr postulate of stationary orbits   

5. Rutherford’s experiment, which established the nuclear model of the atom, used 

a beam of  

 1)  -particles, which impinged on a metal foil and got absorbed  

 2)  -rays, which impinged on a metal foil and ejected electrons 

 3) helium atoms, which impinged on a metal foil and got scattered 

 4) helium nuclei, which impinged on a metal foil and got scattered  
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6. The quantum numbers +1/2 and -1/2 for the electron spin represent  

 1) rotation of the electron in clockwise and anticlockwise direction respectively 

 2) rotation of the electron in anticlockwise and clockwise direction respectively 

 3) magnetic moment of the electron pointing up and down respectively 

 4) two quantum mechanical spin states which have no classical analogue   

7. The wavelength associated with a golf ball weighing 200g and moving at speed 

of 5 m/h is of the order  

 1) 10-10m 2) 10-20m 3) 10-30m 4) 10-40m  

8. The electronic configuration of an element is 2 2 6 2 6 5 11 ,2 2 ,3 3 ,3 ,4s s p s p d s . This 

represents its  

 1) excited state 2) ground state 3) cationic form  4) anionic form   

9. The number of nodal planes in a px orbital is  

 1) one 2) two 3) three 4) zero  

 

  

One integer/numerical value correct type  

10. Not considering the electronic spin, the degeneracy of the second excited state 

(n=3) of H atom is 9, while the degeneracy of the second excited state of H- is   

11. In an atom, the total number of electrons having quantum numbers, n=4, |ml| 

= 1 and ms=-1/2 is   

12. The atomic masses of He and Ne are 4 and 20 a.m.u., respectively. The value of 

the de Broglie wavelength of He gas at -730C is M times that of the de Broglie 

wavelength of Ne at 7270C. M is 

13. The work function ( ) of some metals is listed below. The number of metals 

which will show photoelectric effect when light of 300nm wavelength falls on the 

metal is  

Metal Li Na K Mg Cu Ag Fe Pt W 

 (eV) 2.4 2.3 2.2 3.7 4.8 4.3 47 6.3 4.75 
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14. The maximum number of electrons that can have principal quantum number, 

n=3, and spin quantum number, 
1

2
sm = − , is 

Comprehension Type 

Comprehension – 1 

The hydrogen – like species Li2+ is in a spherically symmetric state S1 with one 

radial node. Upon absorbing light the ion undergoes transition to a state S2. The 

state S2 has one radial node and its energy is equal to the ground state energy 

of the hydrogen atom  

15. The state S1 is  

 1) 1s 2) 2s 3) 2p 4) 3s  

16. Energy of the state S1 in units of the hydrogen atom ground state energy is  

 1) 0.75 2) 1.50 3) 2.25 4) 4.50  

17. The orbital angular momentum quantum number of the state S2 is  

 1) 0 2) 1 3) 2 4) 3  

Matching list type 

 

18. Match the entries in column I with the correctly related quantum number(s) in 

column II 

  Column I  Column II 

 A. Orbital angular momentum of the             P. Principal quantum number  

 electron in a hydrogen like atomic orbital  

 B. A hydrogen like one-electron wave           Q. Azimuthal quantum number  

 function obeying Pauli’s principle 

 C. Shape, size and orientation of                R. Magnetic quantum number  

 hydrogen-like atomic orbitals  

 D. Probability density of electron at the         S. Electron spin quantum number  

 nucleus in hydrogen-like atom 
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19. According to Bohr’s theory En=total energy, Kn=kinetic energy, Vn=potential 

energy, rn=radius of nth orbit 

 Column – I                   Column – II 

 A. / ?n nV K =    P) 0 

 B. If radius of nth orbit  , ?x

nE x =   Q) -1 

 C. Angular momentum in lowest orbital R) -2 

 D. 
1

, ?y

n
Z y

r
 =    S) 1 

KEY 

1) 3 2) 1 3) 4 4) 3 5) 4 6) 3 7) 3 8) 2 9) 1 10) 3 

11) 6 12) 5 13) 4 14) 9 15) 2 16) 3 17) 2 

 

18) A-Q, B-S, C-P,Q,R,D-P,Q 

19) A-R, B-Q, C-P, D-S  



CLASSIFICATION OF ELEMENTS AND PERIODICITY IN PROPERTIES 

 

 

➢ DOBEREINER’S TRIADS THEORY: 
 

 According to Dobereiner when elements of same properties are arranged in the increasing order of their 

atomic weights, the atomic weight of middle element is equal to the mean atomic weight of remaining two 

elements. Such a group of elements is called Dobereiner’s triad. 

       

Triad of atoms   Mean of first and last element 

Li  Na  K    

7  23  39 
   The middle element Na Atomic weight         =        

+
=

7 39
23

2
 

Be  Mg  Ca    

8   24  40 
   The middle element Mg Atomic weight        =   

+
=

8 40
24

2
 

 
 Dobereiner could arrange only a few elements as triads and there are some such elements present in a triad, 

whose atomic weights are approximately equal, e.g.  

  Fe Co Ni 

  Ru Rh Pd  

 Therefore, this hypothesis was not acceptable for all elements. 

 

➢ NEWLAND’S RULE OF OCTAVE: 
  

If the elements are arranged in the increasing order of their atomic weights, the eighth element starting 

from given one is similar in properties to the first one (the first element will exhibit similarities with the 

eighth element). 

     
 

 Symbol of element Li Be B C N O F 

    7 9 11 12 14 16 19  
 

 Symbol of element  Na Mg Al Si P S Cl 

    23 24 27 28 31 32 35.5 
 

➢ It is clear from the above table that sodium is the eighth element from lithium, whose properties resemble 

 that of lithium.  
 

➢ This type of classification was limited up to only 20 elements. 

 

➢ LOTHAR MEYER’S VOLUME CURVES  
 

➢ The graphs plotted between atomic volumes against atomic weights are known as Lothar Meyer volume 

curves. The elements with similar properties occupied similar positions on the curve. 
 

➢ The alkali metals having highest atomic volumes occupied the crests. 
 

➢ Alkaline earth metals (Be, Mg Ca, Sr, Ba, etc.) which are relatively a little less electropositive. Occupy 

positions on the descending part of the curve.  
 

➢ Halogens and the noble gases (except helium) occupy positions on the ascending part of the curve. 
 

➢ Transition elements have very small volumes and therefore they occupied the troughs and are present at the 

bottoms of the curve. 

 

➢ On the basis of these observations, he concluded that the atomic volumes (a physical property) of the 

elements are the periodic functions of their atomic masses/weights. 

 



➢ MENDELEEF’S PERIODIC LAW: 
 

➢ Mendeleefs periodic law: The physical and chemical properties of elements are periodic functions of their 

atomic weights.  
 

 

➢ MENDELEEF’S PERIODIC TABLE 

 

➢ Mendeleefs Periodic table is based on atomic weight. 
 

➢ In the Mendeleefs periodic table, the horizontal lines are called periods and the vertical lines are called 

groups.  
 

➢ The periodic table consists of seven periods and nine groups (The earlier periodic table had only 8 groups. 

The noble gases were added later in the zero group because these were not discovered when Mendeleef put 

forward his periodic table. 
 

➢ I to VII groups (except VIII and Zero groups) are divided into subgroups A and B.  
 

➢ 2, 8, 18 and 32 are called magic numbers. 
 

➢ MERITS OF MENDELEEF’S PERIODIC TABLE 

 

➢ Classification of elements then known, was done for the first time and the elements having similar 

properties were kept in the same group.  

➢ It has simplified and systematized the study of elements and their compounds. 
 

➢ It has helped in the predicting the discovery of newer elementson the basis of the blank places given in the 

periodic table. 
 

➢ Mendeleev had even predicted the properties of many elements not discovered at that time. This helped in 

the discovery of these elements. For example. Mendeleev predicted the properties of the following 

elements.  

 (a) Eka-Boron- laterit was called Scandium (Sc)  

 (b) Eka-Aluminium - later it was called Gallium (Ga)  

 (c) Eka-Silicon - laterit was called Germanium (Ge)  
 

➢ DEFECTS OF MENDELEEF’S PERIODIC TABLE  
I. Position of Hydrogen – Hydrogen resembles alkali metals and halogens in its properties. Hence its 

position was uncertain. 
 

II. Position of Isotopes – The isotopes have different atomic weights, and the periodic table is based 

on atomic weights. No separate position was given to Isotopes. Therefore, isotopes should get 

different places in the periodic table based on atomic weights. 
 

III. The periodic table is not fully based on increasing order of atomic weights.  
 

IV. Order of increasing atomic weights was not strictly followed in the arrangement of elements in the 

periodic table. For example, Argon (39.9) is placed before Potassium (39.08) and Te (127.6) placed 

before Iodine (126.9). 

 

V. Similar elements were placed in different groups example Cu in IB and Hg in IIB and similarly 

elements with different properties were placed in the same group example, Alkali metals in IA and 

coinage metals in IB. 

 

VI. It is not proper to place together the elements having differing properties, such as coinage metals 

(Cu, Ag and Au) with alkali metals, Zn, Cd and Hg with alkaline earth metals and metal like Mn 

with halogens. Similarly. Pt and Au having similar properties have been placed in different groups.  
 



VII. Anomalous positions of Lanthanides and actinides. There is no indication whether lanthanides and 

actinides are associated with group IIIA or group IIIB. 
 

VIII. Position of Isobars – These elements have different groups when mass remains same. 

 

IX. It does not explain the cause of periodicity. 
 

 

➢ MODERN PERIODIC LAW AND MODERN PERIODIC TABLE  
➢ Mosley proved that the square root of frequency () of the rays, which are obtained from a metal on 

showering high velocity electrons is proportional to the nuclear charge of the atom. This can be 

represented by the following expression.  

  = a (Z–b) where Z is nuclear charge on the atom and “a” and “ b” are constants.  

➢ The nuclear charge on an atom is equal to the atomic number.  
 

➢ According to modern periodic law. “The physical and chemical properties of elements are the periodic 

functions of their atomic numbers.” 
 

➢ MODERN PERIODIC TABLE 

 

➢ Based on the modern periodic law, Bohr proposed a long form of periodic table. 

➢ In the periodic table the horizontal rows are called periods, and the vertical columns are called groups. 
 

➢ The periodic table has seven periods and 18 groups. But according to CAS system, the number of 

groups is 16, because the eighth group has been divided into three groups. 

 

➢ Each period consists of series of elements having same valence shell. 

 

➢ Each period corresponds to a particular Principal quantum number of the valence shell present in it. 

 

➢ Each period starts with an alkali metal having outermost electronic configuration as ns1
. 

 

➢ Each period ends with a noble gas with outermost electronic configuration ns2np6 (except Helium 1s2). 

 

 
 

 

➢ First period is short period, second and third periods are short periods , fourth and fifth periods are long 

periods, sixth period is longest period and seventh period is incomplete period. 



➢ The lanthanides (Elements from atomic numbers 58 to 71) and actinides (elements from atomic 

numbers 90 to 103) are included in the sixth and seventh periods through these have been kept outside 

the periodic table.    
 

 

➢ Group - The modern periodic table has 18 vertical columns and according to CAS system there are 16 

groups having the following number of elements. 

 

S.No Group No of 

elements 

Elements 

11 IA - Group 7 H, Li, Na, K, Rb, Cs Fr- Alkali metals 

2 IIA- Group 6 Be, Mg, Ca , Sr, Ba, Ra- Alkaline earth metals  

3 III-A Group  5 B, Al , Ga , In, Tl- Boron family 

4 IV-A Group  5 C, Si, Ge , Sn , Pb- Carbon family 

5 VA- Group  5 N, P , As, Sb, Bi- Nitrogen family 

6 VIA-Group  5 O, S , Se, Te , Po- Oxygen family (chalcogen) 

7 VIIA-Group  5 F, Cl, Br, I, At - Halogen family  

8 VIII or Zero 

Group  

6 He , Ne , Ar, Kr, Xe, Rn- Inert elements  

 

9 III-B Group 32 Sc, Y, La, Ac & 14 lanthanide elements & 14 

actinide. 

These 32 elements of IIIB group couldnot be 

accommodated in one column and therefore 

written separately in the bottom of the periodic  

table. 

10 IV-B 4 Ti, Zr, Hf, Ku 

11 V-B 4  V, Nb, Ta, Ha 

12 VI-B 3  Cr, Mo, W 

13 VII_B 3 Mn, Tc, Re  

14 VIII (3) group  9 Fe, Co, Ni, Ru, Rh, Pd, Os, Ir, Pt 

15 I B group    3 Cu, Ag, Au 

16 II B group 3 Zn, Cd, Hg  

 

➢ MERITS OF LONG FORM OF PERIODIC TABLE OVER MENDELEEF’S PERIODIC TABLE  

 

➢ Positions of Isotopes and Isobars - Isotopes have same atomic number and the periodic table is based on 

atomic numbers. Therefore, various isotopes of the same elements have to be provided the same position in 

the periodic table. Isobars gave same atomic weights but different atomic numbers and therefore they have 

to be placed at different positions. 
 

➢ The positions of actinides and lanthanides is more clear now because these have been placed in IIIB groups 

and due to paucity of space, these are written at the bottom of the periodic table. 
 

➢ The general electronic configuration of the elements remains same in group. 
 

➢ DEFECTS OF LONG FORM OF PERIODIC TABLE  

➢ The position of hydrogen is still uncertain as it was there in Mendeleef periodic table in group IA as well as 

in VIIA.  
 

➢ Helium is an inert gas, but its configuration is different from that of the other inert gas elements. 
 



➢ Lanthanide and actinide series could not be adjusted in the main periodic table and therefore they had to be 

provided with a place separately below the table. 

 

➢ The modern or long form of periodic table is classified in to 4 blocks based on last electron enters in to the 

orbital or sub energy level. 

 

➢  s-BLOCK ELEMENTS  
➢ The elements of the periodic table in which the outer most electron or last electron enters in s–orbital, are 

called s–block elements. 
 

➢ s-orbital can accommodate a maximum of two electrons. Their general outer most electronic configuration 

is ns1 and ns2 respectively, where n = (1 to 7).  
 

➢ IA group elements are known as alkali metals because they react with water to form alkalis. II A group 

elements are known as alkaline earth metals because their oxides react with water to form alkali, and these 

are found in the earth.  
 

➢ The total number of s block elements are 14.  
 

➢ In s-block elements Fr87 and Ra88 are radioactive elements while H and He are gaseous elements. 
 

➢ Cs and Fr are liquid elements. 

 

➢ p - BLOCK ELEMENTS  
➢ The elements of the periodic table in which the last electron or outer most electronenters in filled in the p-

orbital, called p-block elements. 
 

➢ A p-orbital can accommodate a maximum of six electrons. Therefore, p-block elements are divided into six 

groups which are III A, IV A, V A, VI, A VII A and zero groups.  
 

➢ The general outer most electronic configuration of p block elements is ns2 p1–6 (where n = 2 to 6). 
 

➢ The zero group elements having general formula ns2p6 are inert, because their outer energy levels are fully 

filled with 8 electrons. 
 

➢ The total number of p block elements in the periodic table is 30 (excluding He). 
 

➢ In p-block there are nine gaseous elements (Ne, Ar, Kr, Xe, Rn, F
2
, Cl

2
, O

2
 and N

2
). Gallium (Ga) and 

bromine (Br) are liquids. 
 

➢ The step-like thick lines drawn in the periodic table in the p-block divides elements into metals nonmetals 

and metalloids.  

 

14. d-BLOCK ELEMENTS  
➢ The elements of the periodic table in which the last electron enters into d- orbital are called d-block 

elements. 
 

➢ Ad-orbital can accommodate a maximum of ten electrons.The d- block elements are placed in groups 

named IIIB, IV B, V B, VI B, VII B, VIII, I B and II B. 

➢ d- block elements are 4 series, 3d, 4d, 5d and 6d series. 6d series is incomplete series. The remaining  3d, 

4d, 5d series filled with 10 electrons. 

➢ In d- block elements the outer electronenters in to penultimate shell of d-orbital [( n-1)d] .    

➢ Thed- block elements which are having incompletely filled or partially filled d -orbitals are known as 

transition elements. 
 

➢ Total number of d-block elements are 33. Among the 33 d-block elements there are only 30 transition 

elements.  

➢ The general outer most electronic configuration of d- block elementsis ns1-2np6(n-1)d1–10 where n = 4 to 7. 

➢ The general outer most electronic configuration of transition elements is ns1-2np6(n-1)d1–9 where n = 4 to 7. 
 

➢ All d-orbital elements are solid metals, out of d-orbital elements only Mercury is liquid metal. 
 



 

 
15. f-BLOCK ELEMENTS 

➢ The elements of the periodic table in which the last electron entersin f-orbital are called f block elements. 

➢ Af-orbital can accommodate a maximum of 14 electrons. The f- block elements are placed in groups named 

IIIB, IV B, V B, VI B, VII B, VIII, I B and II B. 
 

➢ The f- block elements are from atomic number 58 to 71 and from 90 to 103.  

➢ f- block elements are 2 series,4f,5f series. In each series has 14 elements each. 
 

➢ There are 28 f block elements in the periodic table.  
 

➢ The elements from atomic number 58 to 71 are called lanthanides because they come after lanthanum (57). 

The elements from 90 to 103 are called actinides because they come after actinium (89).  

➢ The lanthanidesare called rare earth elements because they occur in nature in low abundance. 
 

➢ All the actinide elements are radioactive. 
 

➢ All the actinide elements after atomic number 92 (i.e. U92) are called transuranic elements.  
 

➢ The general formula of these elements is ns1-2 np6 (n-1)d1–10(n-2)f(1–14),where n = 6 & 7. 
 

PERIODIC PROPRTIES: 

1. EFFECTIVE NUCLEAR CHARGE   
➢ The effective nuclear charge (zeff) is the charge actually felt by the valence electrons.  

➢ In a polyelectronic atom, the internal electrons repel the electrons of the outermost orbit. This results   

the decrease in the nuclear attraction on the electrons of the outermost orbit.  
 

➢ Therefore, only a part of the nuclear charge is effective on the electrons of the outermost orbit. Thus, the 

inner electrons protect or shield the nucleus and thereby decrease the effect of nuclear charge towards the 

outermost orbit electrons. 
 

➢ The effective nuclear charge 

  Zeff= Z -σ   

 Z = effective nuclear charge, Z = actual nuclear chargeσ = shielding constant or screening constant. 

➢ The shielding constantor screening constant (σ) can be calculated by using Slater rules. 

(1) The shielding effect or screening effect of each electron of 1s orbital is 0.30. 
 

(2) The shielding effect of each electron of ns and np orbital of outermost orbit is 0.35. 

(3) The shielding effect of each electron of s,p or dorbitals of the penultimate orbit (n – 1) is 0.85. 
 

(4) The shielding effect of each electron of s,p,d or f orbital of the innerpenultimate orbital (n-2) and below is 

1.0. 

2. ATOMIC RADIUS  
 The distance of the outermost orbit from the center of the nucleus of an atom is called atomic radius.  

 i). Covalent Radius / Single Bond Covalent Radius (SBCR) 

 The half of the distance between the centers of the two nuclei of the similar atoms or homo atoms bonded 

by single covalent bond is called as Covalent Radius.Covalent radius generally used for nonmetals.   

 (a) For Homoatomic molecules  d
A–A

 = r
A
 + r

A
 or 2r

A
 

 (b) For heterodiatomic molecules in which electron negativity remains approximately same. 

   d
A–B

 = r
A
 + r

B
 

 For heteronuclear diatomic molecule, A–B, while difference between the electronegativity values of atom 

A and atom B is relatively larger,  

  d
A–B

 = r
A
 + r

B
 – 0.09 (X

A
 –X

B
)  

 where X
A
 and X

B 
are electronegativity values of high electronegative element A and less electronegative 

element B respectively.  

 Covalent radius is slightly smaller than actual radius. 
 

 



 

 VAN DER WAALS RADIUS (COLLISION RADIUS) 

➢ Half of the internuclear distance between the nuclei of two adjacent atoms in two nearest neighboring 

molecules (non- bonded atoms) of the substance in solid state is called Vander Waals radius.  
 

➢ The values of atomic radii in noble gases are always measured as Vander Waals radii. Therefore, the value 

of Vander Waals radius of a noble gas is always greater than that of the halogen coming before it in the 

same period. 

  
 Vander Waals radius is slightly larger than the actual radius. 

 

 METALLIC RADIUS 

 

 The half of the distance between the nuclei of two adjacent metal atoms in the metallic crystal lattice. 

 

 Vander Waals radius > Metallic radius > Covalent radius 

 

 PERIODICITY IN ATOMIC RADIUS 

 

 The atomic radius depends upon the following factors. 

 (a) Effective Nuclear Charge - The effect of increase in the number of protons increases the effective 

nuclear charge. This results in decrease in the value of atomic radius because protons attract the electronic 

orbits with greater force.  

 (b) Number of orbits - The number of orbits in an atom increases the atomic size increases. 

 (c) Shielding effect/Screening effect - The electrons in the inner shells act as screen or shield between the 

nucleus and the electrons in the outer most orbit. This is called asShielding effect/Screening effect. 

 These electronsrepel the electrons of valence shell from coming closer to the nucleus. Due to this the 

atomic radius increases. As the number of shells increases in an atom the shielding/screening effect will 

also increases. 

 The order of Shielding effect/Screening effectprovided by different types of orbitals is s > p > d > f. 

 The order of penetration power of electrons in the same shell s > p > d > f. 
 

➢ In a period - The number of orbits remains same on moving from left to right in a period while there is a 

unit increase in the atomic number. Thus the electron experiences more force of attraction towards nucleus. 

Hence atomic radius decreases from left to right in a period. 
 

➢ In a group–On moving down the group the number of orbits increases, the atomic radii is also increases. 
 

➢ In a period, the size of an alkali metal (Group IA ) is second largest because it has minimum number of 

protons, while the size of the halogen is smallest.  
 

➢ In the periodic table, Cs is the biggest atom, because Fr is a radioactive element, while H is the smallest 

atom.  
 



 
 

 IONIC RADIUS  

➢ When a neutral atom loses one or more electrons it forms a cation having one or more units of positive 

charge. Similarly, when a neutral atom acquires one or more electrons it forms an anion having one or 

units of negative charge.  

➢ Ionic radius is the effective distance from the center of nucleus of the ion upto which it has influencein the 

ionic bond or the distance between the nucleus and the limit of the electron cloud scattered around the 

nucleus in an ion.  

i) Cationic Radius  

 The cationic radius can be defined as the distance between the nucleus and the limit of the electron clou 

scattered around the nucleus.  

 The cation is formed by loss of one or more number of electrons from the valence shell of neutral atom. 

 Cation is smaller than the parent atom because in cation the number of positive charge particles (protons) in 

the nucleus is greater than the negative charge particles (electrons) of the orbitals. 

 Generally outer most electron is removedfrom its atom.  

  

 Examples - (1) Mn > Mn+2> Mn+3> Mn+4> Mn+6> Mn+7 

   (2) Pb+2> Pb+4 

 ii)  Anionic Radius  

⚫ When a neutral atom gains electron/s it becomes a negatively charged ion called an anion. The distance 

between the nucleus of an anion and the limit of the electron cloud scattered around the nucleus, is called 

its anionic radius. 

⚫ The size of an anion is greater than the size of its parent atom, because the number of electrons present in 

the anion are more than the number of protons due to gain of electron/s. This results in decrease in the 

effective nuclear charge. 

 O0< O–1< O–2 

 SIZE OF ISOELECTRONIC SERIES 

⚫ The species, which have same number of electrons but different nuclear charges, constitute an isoelectronic 

series. In the isoelectronic species with the increase in effective nuclear charge, the size of ion goes on 

decreasing.  

2. IONIZATION POTENTIAL/ENERGY/IONIZATION ENTHALPY 
➢ The minimum amount of energy required to remove the most loosely bound electron from the outermost 

orbit of one mole of isolated gaseous atoms of an element, is called ionization potential (IP).  

 Ionization is an endoergic or energy-absorbing process.  
 

➢ An electron cannot be removed directly from an atom in solid state. For this purpose, the solid state is 

converted to gaseous state and the energy required for this is called sublimation energy.  

  A
(g)

⎯⎯⎯→
stI IP A+1

(g)
⎯⎯⎯→

ndII IP  A+2
(g)

⎯⎯⎯→
rdIII IP A+3

(g)
 

 

➢ The energy required to remove one electron from a neutral gaseous atom to convert it to monopositive 

cation is called First ionization potential (Ist IP). The energy required to convert a monopositive cation to a 

dipositive cation is called Second ionization potential (IInd IP)  
 

➢ Ist IP < IInd IP < IIIrd IP  

 because as the electrons removed from the atom, the effective nuclear charge increases & the ionic size 

decreases. Thus the forces of attraction on valence shell electrons increases and Ionization enthalpy 

increases.  
 

 FACTORS AFFECTING IONIZATION POTENTIAL  

a) Number of shells: As the number of shells increases the size of the atom increases and atomic radius is 

also increases i.e. the distance between the outer most shell electron from the nucleus increases and 

hence the ionization potential decreases. 
 



 b) Effective Nuclear Charge: Effective nuclear charge increases atomic size of the atom decreases. Higher 

the effective nuclear charge stronger will be the attraction of the nucleus towards theoutermost orbit 

electrons and higher will be the ionization potential. 
 

b) Shielding Effect: The electrons of internal orbits repel the electron of the outermost orbit due to thisthe 

attraction of the nucleus towards outermost orbit electrons decreases and atomic size increases and the 

value of ionization potential decreases. 

The order of shielding effect of different orbit electrons      s > p > d > f 

s- electrons have highest shielding effect and f- electrons have least shielding effect.  
 

 d) Stability of half -filled and fully filled orbitals: The atoms whose orbitals are half-filled (p3, d5, f7) or 

fully-filled (s2 , p6 , d10 , f14) have greater stability than the others. Therefore, they require greater energy 

for removing an electron. However, stability of fully filled orbitals is greater than that of the half -filled 

orbitals.  

 e) Penetration power: In any atom the s orbital is nearer to the nucleus in comparison to p, d and f orbitals. 

Therefore, greater energy is required to remove an electron from s orbital than from p, d and f orbitals. 

The decreasing order of ionization potential of s, p, d and f orbitals is s>p>d>f 
 

 PERIODIC TRENDS IN IONIZATION POTENTIAL  

a) In a Periods: -The Ionization potential value increase on going from left to right in a period, because 

effective nuclear charge increases and atomic size decreases. 

 Exceptions: 

➢ In second period ionization potential of Beryllium (Be) is greater than that of Boron (B), and in the third 

period ionization potential of Magnesium (Mg) is greater than that of Aluminum (Al) due to high stability 

of fully filled orbitals.  
 

➢ In second period ionization potential of Nitrogen (N) is greater than Oxygen(O) and in the third period 

ionization potential of Phosphorous (P) is greater than that of Sulphur (S), due to stability of half -filled 

orbitals. 
 

➢ The increasing order of the values of ionization potential of the second period elements: 

 Li < B < Be < C < O < N < F <Ne 

 The increasing order of the values of ionization potential of the third period elements: 

 Na < Al < Mg < Si < S < P < Cl <Ar 

➢ In a period, alkali metal (IA-Group) elements have least ionization potential value and inert gas (Group 0) 

elements have highest potential value  and inert gas (0-Group) elements have highest value. 

 
 

 IONIZATION POTENTIAL OF TRANSITION ELEMENTS: 

 

➢ In transition elements, ionization potential value has very little increase on going from left to right in a 

period because the outermost orbit remains the same but electrons get filled up in the (n–1)d orbitals 

resulting in very little increase in the values of ionization potential. 
 

➢ In transition element series the first ionization potential normally increases with increase in atomic number 

on moving from left to right, but this periodicity is not uniform. The value of ionization potential of 

transition elements depends on the following two important factors. 

 (a)  The value of ionization potential increases with increase in effective nuclear charge. 

 (b)  The value of ionization potential decreases with increase in shielding effect when the number of  

 electrons increases in (n-1)d orbitals. 
 

➢ In the first transition element series the first ionization potential normally increases on going from left to 

right from Sc to Cr because shielding effect is much weaker in comparison to effective nuclear charge. The 

value of first ionization potential of Fe, Co and Ni remains constant, because shielding effect and effective 

nuclear charge balance one another. The value of ionization potential shows slight increase from Cu to Zn 

because they have fully filled s and d orbitals. The value of first ionization potential of Mn is maximum 

because it has maximum stability due to fully filled s and half- filled d-orbitals. 
 



 INNER TRANSITION ELEMENTS  

 The size of inner transition elements ( f-block elements) is greater than that of transition elements (d- block 

elements). Therefore, the value of ionization potential of f- block elements is smaller than that of d- block 

elements, due to almost constant atomic size of f -block elements in a period the value of their ionization 

potential remains more constant than that of d- block elements.  
 

 In a Group 

➢ The ionization potential value generally decreases on moving from top to bottom in a group because 

increasing of atomic size and shielding effect. 

 Exceptions: 
 

➢ The ionization potential value remains almost constant from Al to Ga in the III A group.  (B>Al , Ga > In) 

➢ In IV
B
 group i.e.Ti, Zr and Hf the I.P. of Hf is higher than that of Zr due to Lanthanide contraction. Thus 

the I.P. of IV
B
group varies as Ti> Zr < Hf. 

 

➢ In the periodic table the Helium has highest value of ionization potential.  

➢ The ionization potentialvalues of noble gases are extremely high because the outermost orbit orbitals are 

fully filledwith 8 electrons (ns2, np6) and acquires great stability. 
 

 

 APPLICATIONS OF IONIZATION POTENTIAL 

 

➢ The elements having high ionization potential value have low reactivity, e.g. inert gases.  
 

➢ The ionization enthalpyvalue decreases more on moving from top to bottom in a group in comparison to a 

period. Therefore, reactivity increases, and the atom forms a cation more easily by loss of electron.  
 

➢ The elements having low ionization potential value readily loses electron and thus behave as strong 

reducing agents.  
 

➢ The elements having low ionization potential value readily loses electron and thus exhibit greater metallic 

property.  
 

➢ The elements having low ionization potential value readily loses electron and thus oxide and hydroxides of 

these elements have basic property.  
 

 

3. ELECTRON GAIN ENTHALPY/ ELECRTRON AFFINITY: 
 

➢ The energy released on addition of oneelectron to neutral atom gaseous atom (A) to form an anion (A–) 

is called electron gain enthalpyof that atom. Since the electron adds up in the outermost orbit, energy 

is given out.  

The electron gain enthalpy is an exothermic process. 

  A(g) + e–→ A– (g),  H = –E
n
 

 

➢ When one electron added to the neutral atom, it is converted into a uni-negative ion and energy is 

released. One more electron is added to the mononegative anion, there is a repulsion between the 

negatively charged electron and anion. Toovercome the repulsive forces,  some energy has to be 

provided to the system. Therefore, the second electron gain enthalpyis positive.  

  A– (g) + e–→ A–2 (g),  H = + E
n
   

 

 FACTORS AFFECTING ELECTRON GAIN ENTHALPY 

a) Atomic Size or Atomic Radius 

 The atomic size or radius of an atom increases, the electron enteringintooutermost orbit is more 

weakly attracted by the nucleus and the value of electron gain enthalpyis lower. 
 

b) Effective Nuclear charge 

If the effective nuclear charge is more, the atomic size less. Then the atom can easily gain an  

  electron and higher the electron gain enthalpy. 

 
 



c) Stability of Fully-Filled and Half-Filled Orbitals  

 The stability of the atoms having fully-filled orbitals (p6, d10, f14) and half-filled orbital (p3, d5, f7 ) is 

relatively higher than that of other configurations. Hence such type of atoms have less tendency to 

gain an electron, therefore their electron gain enthalpyvalues will be very low or zero.  

 

 TRENDS IN ELECTRON GAIN ENTHALPY 

 

 In a period, atomic size decreases with increase in effective nuclear charge and hence increase in electron 

affinity.  

 Exceptions: 

➢ On moving from C6 to N7 in the second period, the values of electron gain enthalpydecreasesinstead of 

increasing. This is because of half-filled (2p3) orbitals in the outermost orbit of N, which are more 

stable. On the other hand, the outermost orbit in C has 2p2 configuration.  
 

➢ In the third period, the value of electron gain enthalpyof Si is greater than that of P. This is because of 

half - filled 3p3electronic configuration of P atom is relatively more stable than Si. 

➢ The electron gain enthalpyof inert gases is zero, because of having completely orbitals in outermost 

orbit.  
 

➢ In a period, the electron gain enthalpyvalue goes on decreasing on moving from group IA to group IIA. 

The electron gain enthalpyof IIA Group elements (Alkaline earth elements)is zero because ns orbitals 

are fully filled and such orbitals have no tendency to accept electrons. 

 In a Group  

 The values of electron gain enthalpynormally decrease in a group on moving from top to bottom because 

the atomic size increases which decreases the actual force of attraction by the nucleus. 

 Exceptions 

➢ The electron gain enthalpyof F is lower than that of Cl, because the size of F is very small and compact, 

and the charge density is high on the surface. Therefore, the incoming electron experiences more repulsion 

in comparison to Cl. That is why theelectron gain enthalpyof Cl is highest in the periodic table. 
 

➢ The electron gain enthalpyof alkali metals(IA) and alkaline earth metals (IIA) can be considered as zero, 

because they do not have tendency to form anions by accepting electron. 
 

4. ELECTRONEGATIVITY  
 

➢ The measure of the capacity or tendency of an atom to attract the shared pair of electrons of the covalent 

bond towards itself is called electronegativity of that atom.  
 

➢ Electronegativity is a relative value that indicates the tendency of an atom to attract bonded pair electrons 

more than the other atom towards itself.  

➢ Electronegativity has no unit. Pauling was the first scientist to put forward the concept of electronegativity.  
 

➢ The numerical value of electronegativity of an atom depends on its ionization potential and electron gain 

enthalpyvalues.  
 

 Factors Affecting Electronegativity 

➢ Atomic size:The atomic size of the atoms increaseselectronegativity of the bonded atom decreases, 

with increase in size the forces of attractions on valence shell electrons decrease and hence electron 

negativity decreases. 
 

b) Effective nuclear charge: When effective nuclear charge is high the nucleus will attract the shared 

electrons with greater strength and the electronegativity will be more.  
 

The electronegativity increases as the atomic sizedecreases. The smaller atoms have more 

electronegativity and bigger atoms have less electronegativity. 
 

c) Hybridization state of atom – Electronegativity increases with increases in the s character of the 

hybrid orbital. This is because the s orbital is nearer to the nucleus and thus shows greater attraction 

resulting in increase in electronegativity.  



Electronegativity order of different hybrid orbitals:sp> sp2>sp3 orbitals. 
 

➢ The number of covalent bonds present between two bonded atoms is known as bond order. With increases 

in the bond order, the bond distance decreases, effective nuclear charge increases and thus electronegativity 

increases.  

Increasing order of electronegativity: C–C < C = C < C  C 

➢ Oxidation number – The electronegativity value increases with increase in oxidation number because 

radius decreases with increase in oxidation number.  

 The increasing order of electronegativity: Fe < Fe+2< Fe+3 
 

 

 Trends in Electronegativity 

 Atomic size decreases on moving from left to right in a period thus electronegativity increases. Atomic size 

increases on moving from top to bottom in a group thus electronegativity decreases. 

➢ Inert Gases – The electronegativity value of inert gases is zero, because they do not form covalent bonds. 
 

➢ In a period, the electronegativity value of halogen is maximum, while the electronegativity value of alkali 

metal is minimum. 
 

➢ Fluorine (F) has maximum electronegativity value in the periodic table, while Cesium (Cs) has minimum 

electronegativity. 
 

➢ According to Pauling scale, the electronegativity value of F is 4.0, O is 3.5 N is 3.0 and Cl is 3.1. 

 

 Exceptions – 

 

➢ The elements of group II B i.e., Zn, Cd and Hg electronegativity value increases on moving from top to 

bottom in the group.  
 

➢ The elements of group III A, i.e., Al to Ga electronegativity value increases on moving from top to bottom 

in the group.  
 

➢ The elements of group IV A, show no change in electronegativity value on moving from top to bottom in 

the group from Si on words. 

 

 MEASUREMENT OF ELECTRONEGATIVITY 
 

 i)Pauling Scale  

 

 If two atoms, A and B, having different electronegativity values are involved in bonding to form a molecule 

AB, then the bond between A and B in A – B will have both covalent and ionic properties. 

  
A–B

 = Observed bond energy – Energy of 100% covalent or 
A–B

 = D – E
A–B

 

  where  D = Observed bond energy 

  E
A–B

 = Bond energy of pure covalent bond of A – B. 

  The value of E
A–A

 and E
B–B

 is E
A–B

 = 1/2 [E
A–A

 + E
B–B

] 

  = 0.208 
A–B

 = X
A
 – X

B
 where X

A
>X

B
  or0.043 × 

A–B
 = (X

A
 – X

B
)2 

 

ii)Mulliken Scale  

 According to Mulliken the electronegativity of an element is an average of the values of ionization 

potential and electron gain enthalpyof the element. 

     X
M
 =  (in eV) 

 where X
M
 = Mulliken Electronegativity value  

     X
p
 =   =  

 where X
p
 = PaulingElectronegativity value  X

p
 = 0.336 (X

M
 – 0.615) 

 

2

A.E.P.I +

8.2

XM

6.5

A.E.P.I +



 

APPLICATIONS OF ELECTRONEGATIVITY  
 a) Nomenclature 

 Compounds of two nonmetals are called binary compounds. Name of the more electronegative  

element is written at the end and ‘ide’ is suffixed to it. The name of less electronegative element is written 

before the name of more electronegative element of the formula. 

  

 Ex:  

 (a) I+ Cl–= ICl Iodine chloride 

 (b) Cl+ F–=  ClF Chlorine fluoride  

 (c) Br+ Cl–  =BrCl Bromine chloride  

 (d) IBr =IBr Iodine bromide  

 (e) OF
2
 Oxygen difluoride  

 (f) Cl
2
O Dichlorine oxide  

 b) Nature of Bond  

 If electronegativitydifference of the two elements is 1.7 or more ionic bond is formed. If EN difference is 

less than 1.7, then covalent bond is formed. (HF is exception in which bond is covalent although difference 

of electronegativity is 1.9)  

c)Metallic and Nonmetallic Nature 

 In general, metallic elements have low electronegativity, nonmetals electronegativity values are high.  
 

d) Partial Ionic Character in Covalent bonds 

 The covalent molecules formed in between the elements having electronegativity difference they will 

exhibitPartial ionic characters.Hanny and smith calculated percentage of ionic character from the 

difference of electronegativity. 

 Percentage of ionic character  = 16(X
A
 – X

B
) + 3.5(X

A
 – X

B
)2 

     = 16 + 3.52 

     = (0.16 + 0.0352) × 100 

 

  X
A
 is electronegativity of element A 

  X
B
 is electronegativity of element B 

   = X
A
 – X

B
 

 

e) Bond Length  

 If the electronegativities of bonded atoms present in a molecule is increases bond length is decreases. 

Shoemaker and Stephenson determined. 

   Bond length d
A–B

 = r
A
 + r

B
 – 0.09 (X

A
 – X

B
) 

   or d
A–B

 = (D
A–A

 + D
B–B

) – 0.09 (X
A
 – X

B
) 

   Here X
A
> X

B
 

f) Bond Strength & Stability  

 If the electronegativities of bonded atoms present in a molecule is increasesbond strength and stability 

increases.   Therefore H–F > H–Cl > H–Br > H–I  

 g) Nature of Oxides 

If the electronegativitydifference of bonded atoms present in a molecule (X
O
–X

A
) is 2.3 or more than 2.3 

then the nature of oxide will be basic. Similarly if value of X
O
–X

A
 is less than 2.3 then the compound will 

be first amphoteric then acidic in nature.  
 

 Oxide   Na
2
O MgO Al

2
O

3
  SiO

2
 P

2
O

5
 SO

3
 Cl

2
O

7
 

 (X
O
–X

A
)  2.6 2.3 2.1  1.8 1.5 1.1 0.5 

 Nature  Strong Basic Amphoteric weak Acidic Strong Strongest 

   basic    acidic  acidic acidic 

 



 

h) Nature of Hydroxides 

According to Gallis if electronegativity of Aatom in a hydroxide (AOH) is more than 1.7 then it will be 

acidic in nature, if electronegativity is less than 1.7 it will be basic in nature. 

 Ex.    NaOH      ClOH  

 Electronegativity (X
A
)  0.9  3.00 

  Nature    Basic   Acidic 
  
 

Acidic and Basic Nature of Hydroxides of Elements  

 Acidic and basic nature of hydroxide of an element AOH depends on ionization potential of A. If ionization 

potential of A is low, then it will give its electron to oxygen easily thus AOH will be basic. 

 

20. DIAGONAL RELATIONSHIP 
 

➢ Some elements of second period Li, Be, B shows dissimilarities with other elements of the same group but 

shows similarities with elements of third group like Mg, Al, Si present diagonally to them. It is called 

diagonal relationship.  

 
 

 

➢ Similarities between properties of Li and Mg are as follows.  

i) Li and Mg both reacts directly with nitrogen to form lithium nitride (Li
3
N) and magnesium nitride 

(Mg
3
N

2
) whereas other alkali metals of IA group do not form nitride. 

 

 ii)Li and Mg both are hard metals, whereas other metals of IA group are soft.  
 

 iii)LiOH and Mg(OH)
2
 both are weak bases, whereas hydroxides of other elements of IA group are strong 

base.  
 

 iv)Metallic bond in Li and Mg both are strong compared to other alkali metals. 
 

 v)Their melting and boiling points are high. 
 

 vi)By thermal disintegration of LiNO
3
 and Mg (NO

3
)

2
 Li

2
O and MgO is obtained respectively.  

 

 vii)Thermal stability of Li
2
CO

3
 and Mg CO

3
 is very less compared to other alkali metals and they liberate 

CO
2
 gas easily.  

 

➢ Similarities between properties of Be and Al are as follows. 

i)Be, Mg both elements do not provide colour to Bunsen burner. 
 

 ii)They both are comparatively stable in air.  
 

 iii)Both are insoluble in NH
3
 therefore do not form blue colored solution. 

 

 iv)There is no tendency of making peroxide and superoxide in them. 
 

 v)Reducing power is very less due to low value of standard electrode potential in the form of oxidation 

potential. 

 vi)Be and Al both forms halogen bridge halides.  

 

  
 

 

 

 



 POINTS TO BE REMEMBERED: 
➢ First Nobel prize winner in chemistry  : Vant Hoff  

 

➢ Mg is bridge element, which joins metals of IIA and II B groups. 
 

➢ Elements after atomic number 92 are called transuranic elements. 
 

➢ Artificial element is Tc43. 
 

➢ Liquid non-metal – Br 
 

➢ Liquid metal – Hg, Ga, Cs, Fr 
 

➢ Solid volatile non-metal – Iodine 
 

➢ Lightest metal – Li 
 

➢ Heaviest metal – Ir 
 

➢ Hardest metal – W 
 

➢ Noble metals – Pc, Pt, Au, Ag 
 

➢ Element most found on earth – Al 
 

➢ Gaseous elements – 11 (He, Ne, Ar, Kr, Xe, Rn, H
2
, N

2
, O

2
, Cl

2
, F

2
) 

 

➢ Liquid elements – 5(Br, Hg, Ga, Cs, Fr) 
 

➢ Submetals – 5(B, Si, As, Te, At) 
 

➢ Inert gases – 6 
 

➢ Lowest electronegativity  : Cs 
 

➢ Highest electronegativity  : F 
 

➢ Highest ionization potential  : He 
 

➢ Lowest ionization potential  : Cs 
 

➢ Highest electron affinity  : Chlorine (Cl) 
 

➢ Least electropositive element  : Fluorine (F) 
 

➢ Most reactive solid element  : Li 
 

➢ Most reactive liquid element  : Cs 
 

➢ Most stable element   : Te 
 

➢ Largest atomic size   : Cs 
 

➢ Most electropositive element  :  Cs (in stable elements);Fr (in all elements) 

➢ Group containing maximum no. : Zero group; next to zero group is VII group or       

 of gaseous elements in periodic table  halogen group (F
2
 and Cl

2
) 

 

➢ 
Total number of gaseous   : 11 (H

2
, He, N

2
, O

2
, F

2
 Ne, Cl

2 

 
elements in periodic table   Ar, Kr, Xe, Rn) 

 

➢ Total number of liquid elements : 4 (Ga, Br, Cs, Hg) 

  in periodic table    (Fr and Eka are also liquid) 
 

➢ Volatile d-block elements  : Zn, Cd, Hg 
 

➢ Most abundant element on earth : Oxygen followed with Si 
 

➢ Most stable carbonate   : Cs
2
CO

3
 

 

➢ Strongest alkali   : Cs(OH) 
 

➢ Element preserved in water  : P 
 

➢ Elements preserved in kerosene oil : Na, K, I, Cs 
 



➢ Liquid nonmetal   : Br
2
 

 

➢ Bridge metals    : Na, Mg 
 

➢ Lightest element   : H 
 

➢ Poorest conductor of current  : Pb(metal), S (nonmetal) 
 

➢ Most abundant gas   : N
2
 

 

➢ Lightest solid metal   : Li 
 

➢ Heaviest solid metal   : Os(highest density 22.6 g/cm3) 
 

➢ Natural explosive   : NCl
3
 

 

➢ Dry ice     : CO
2
 

 

PERIODIC PROPERTIES: 
 

S No Periodic property Trend in Group  Trend in Period  

1 Atomic size/ Atomic radius Increases  Decreases 

2 Ionization Enthalpy Decreases Increases  

3 Electron gain enthalpy  Decreases Increases 

4 Electronegativity Decreases Increases 

5 Electro positivity Increases  Decreases 

6 Shielding/screening effect Increases  Decreases 

7 Metallic nature Increases  Decreases 

8 Nonmetallic nature Decreases Increases 

9 Oxidizing nature  Increases  Decreases 

10 Reducing nature Decreases Increases 

11 Ionic nature  Increases  First increases and then 

decreases 

12 Valence Constant  increases 

13 Basic nature of hydrides  Increases  Decreases 

14 Basic nature of oxides Increases  Decreases 

15 Basic nature of hydroxides  Increases  Decreases 

16 Thermal stability of 

carbonates 

Increases  Decreases 

17 Thermal stability of 

hydrides 

Decreases Increases 

18 Thermal stability of 

nitrides 

Increases  Decreases 

19 Density  Increases  First decreases and then 

increases 

20 Covalent nature of halides  Decreases Increases 

 

 

 

 

 

 

 

 

 

 

 



 

OBJECTIVE QUESTIONS  

LEVEL  - I 

 
Q.1 The law of octet was given by – 

 (A) Newlands (B) Dobereiner (C) Moseley (D) Mendeleev 
 

Q.2 Hydrogen exists in – 

 (A) +1 oxidation state only (B) –1 oxidation state only 

 (C) +1 and –1 oxidation states (D) +1, –1 and zero oxidation states 
 

Q.3 Which d-block metals is liquid at room temperature ? 

 (A) Hg (B) Cd (C) Ga (D) Cs 
 

Q.4 In a given energy level, the order of penetration effect of different orbitals is – 

 (A) f > d < p < s (B) s = P = d = f (C) s < p < d < f (D) p > s > d > f 
 

Q.5 Four quantum numbers of the outermost electron are : 5, 0, 0 + 1/2. The element belongs to – 

 (A) p-block (B) f-block (C) s-block (D) d-block 
 

Q.6 X is placed in group number 7 and 5th period. Its outermost configuration is – 

 (A) 5s2, 5p5 (B) 3d5, 4s2 (C) 4d5, 5s2 (D) 4d5, 4s1 
 

Q.7 Which of the following sets does not represent isoelectronic species ? 

 (A) Ne, F–, O2– (B) Cl–, Ar, K+ (C) S2–, Br–, Kr (D) Mg+2, Na+, Ne 
 

Q.8 Isoelectronics do not differ in – 

 (A) molar mass (B) ionic mass (C) charge (D) numbers of electrons 
 

Q.9 The first transition series begins with – 

 (a) titanium (B) Scandium (C) Calcium (D) Yttrium 
 

Q.10 Modern periodic table is based on the – 

 (A) atomic mass (B) mass number (C) atomic number (D) atomic volume 
 

Q.11 The diagonal relationship between Li and Mg is due to – 

 (A) similarity of ionization potential  (B) similarly of electronegativity 

 (C) similarlity of ionic radii (D) dissimilar atomic radii  
 

Q.12 Last group of d-block is known as – 

 (A) II B (B) VII B (C) VIII (D) X 
 

Q.13 Correct electronic configuration of Cr is – 

 (A) 1s22s22p63s23p23d44s1 (B)1s22s22p63s23d64s0  

 (C) 1s22s22p63s23p63d54s1 (D) 1s22p22p63p03d5 
 

Q.14 ns2np4 (n-outermost orbit) represents the valency electrons. The corresponding group would be – 

 (A) F, Cl, Br .......... (B) N, P, As ......... (C) O, S, Se ......... (D) C, Si, Ge................ 
 

Q.15 Electronic configuration of X is 1s2; 2s2, 2p6; 3s2, 3p1. It belongs to – 

 (A) third group and third period (B) thirteenth group and third period 

 (C) first group and third period (D) third group and first period 
 

Q.16 Outer configuration of X is 3d5, 4s1. It belongs to group number – 

 (A) 16 (B) 15 (C) 5 (D) 6 
 

Q.17 Ionization potential does not depend upon – 

 (A) atomic size  (B) type of electron  

 (C) nuclear charge  (D) type of bonding in crystal lattice 



Q.18 Ionization potential phosphorus is greater than that of sulphur because – 

 (A) of its smaller size  (B) of more penetrating power of p-orbitals 

 (C) its nuclear force of attraction on electrons (D) half-filled orbitals are more stable 
 

Q.19 Most metallic elements – 

 (A) will have least ionization potential (B) will form most highly charged cation 

 (C) will display strongest metallic bonding (D) will have zero electronegativity 
 

Q.20 The correct sequence of electron gain enthalpy of C, N, O and F is – 

 (A) C > N < O < F (B) C > N < O > F (C) C < N > O < F (D) C > N > O > F 
 

Q.21 The compound X – O – H is likely to act as a base, if compared to hydrogen, X has – 

 (A) higher ionization potential (B) lower ionization potential   

 (C) higher electronegativity (D) lower radius 
 

Q.22 Which of the following has the highest electron gain enthalpy? 

 (A) C (B) N (C) Si (D) P 
 

Q.23 The electron gain enthalpy of nitrogen is lower than that of carbon because – 

 (A)  atomic radius of nitrogen is lower than that of carbon  

 (B)  effective nuclear charge in carbon in greater   

 (C)  addition of an electron in N gives 2p4 configuration  

 (D)  nitrogen is gaseous element 
 

Q.24 The second ionization potential of sodium is much more than the second ionization potential of magnesium 

because – 

 (A)  sodium atom acquires a stable electronic configuration by losing one electron 

 (B)  Magnesium atom does not acquire a stable electronic configuration by losing one electron 

 (C)  it is very difficult to remove electron from a stable electronic structure 

 (D)  of all the above facts 
 

Q.25 Predominantly ionic compound will be obtained by combination of elements belonging to – 

 (A) IA and VII A group (B) II A and VI A group 

 (C) III A and V A group (D) zero and VII A group 
 

Q.26 Electropositive or metallic character – 

 (A)  increases in a period   (B)  decreases in a group  

 (C)  decreases in a period and increases in a group 

 (D)  of an element is reflected in its tendency to form covalent compounds. 
 

Q.27 The heaviest atom is – 

 (A) Ra (B) U (C) Pb (D) Hg 
 

Q.28 What is the atomic number of the third alkali metal ? 

 (A) 3 (B) 9 (C) 11 (D) 19 
 

Q.29 OF
2
 is called oxygen difluoride because – 

 (A)  electronegativity of oxygen is less than that of fluorine 

 (B)  F is prior to O alphabetically  

 (C)  oxygen has higher electronegativity than fluorine 

 (D)  oxygen has less electron gain enthalpy than fluorine. 
 

Q.30 Commonly used electronegativity scale was given by – 

 (A) Pauling (B) Muliken (C) Allred & rochow  (D) Pauli 

Q.31 Which of the following groups of elements is assigned zero electro negativity ? 

 (A) noble gases  (B) alkali metals  

 (C) alkaline earth metals (D) rare earths 

 



 

Q.32 As compared with calcium, hydrogen would be – 

 (A) electropositive (B) electronegative (C) amphoteric  (D) neutral 
 

Q.33 The element whose valency is 7 would be – 

 (A) V (B) Mn (C) Cr (D) C 
 

Q.34 Match list I with list II and then select the correct answer from the codes given below the lists 

  List I       List II 

 A. Metalloid     a. Selenium 

 B.  Radioactive     b.  Silver 

 C.  Transition     c.  Arsenic 

 D.  Chalcogen     d.  Uranium 

 Codes : 

  A B C D   A B C D 

 (A) a b c d  (B) c d b a 

 (C)  d b c a  (D)  b c d a 
 

Q.35 Match list I with list II and then select the correct answer from the codes given below the lists 

  List I       List II 

 A. Isoelectronic     a. A+ + energy → A++ 

 B.  Half filled orbital    b.  Ar, K+, Ca++ 

 C.  Second ionization energy   c.  Cerium 

 D.  Lanthanide     d.  Arsenic 

 Codes : 

  A B C D   A B C D 

 (A) c b d a  (B) b c a d 

 (C)  d c a b  (D)  b d a c 
 

Q.36 The most polar bond is – 

 (A) Br – H (B) Cl – H (C) O – H (D) N – H 
 

Q.37 covalent oxide is – 

 (A) CaO (B) SrO (C) MgO (D) BeO 
 

Q.38 In which process energy will be released – 

 (A) A(g) → A+(g) + e  (B) 1/2 A
2
(g) → A(g)  

 (C) A(s) → A(g)  (D) A+(g) + B–(g) → A+B–(s) 
 

Q.39 Ionization potential is lowest for – 

 (A) halogens (B)  inert gas (C) alkaline earth metals (D) alkali metals 
 

Q.40 Who is called the father of chemistry – 

 (A) Faraday (B) Priestley (C) Rutherford (D) Lavosier 
 

Q.41 The first ionization potential (eV) of Be and B respectively are – 

 (A) 8.29 eV, 9.32 eV  (B) 9.32 eV, 9.32 eV  

 (C) 8.29 eV, 8.29 eV  (D) 9.32 eV, 8.29 eV 
 

Q.42 which of the following the ion with the smallest ionic radius is – 

 (A) K+ (B) Ca2+ (C) Ti3+ (D) Ti4+ 

Q.43 Alkali metals in each period have  

 (A) smallest size  (B) lowest ionization potential  

 (C) highest ionization potential (D) highest electronegativity 
 

Q.44 The electronegativity of the following elements increases in the order – 

 (A) C, N, Si, P (B) N, Si, C, P (C) Si, P, C, N (D) P, Si, N, C 



 
 

Q.45 Van-der waals forces exist in – 

 (A) inert gases (B) rare gases (C) gaseous mixture (D) elementary gase 
 

Q.46 Exothermic process is – 

 (A) Na → Na– + e (B) O + e → O– (C) O– + e → O–2 (D) Cl–→ Cl + e 
 

Q.47 Element M of IIIA group forms a compound with element Y of VI group has the formula –  

 (A) MY (B) M
2
Y

3
 (C) M

3
Y

2
 (D) M

6
Y

3
 

 

Q.48 Fluorine is the most reactive among all the halogens, because of it's 

 (A) small size  (B) low dissociation energy of F – F bond 

 (C) large size  (D) high dissociation energy of F – F bond 
 

Q.49 Which of the following has the least acidic – 

 (A) HF (B) HCl (C) HBr (D) HI   
 

Q.50 The element which have lowest ionization potential – 

 (A) Cs (B) Li (C) Na (D) K 

 
LEVEL-II 

 
Q.1 The law of triads is not applicable on – 

 (A) Cl, Br, I (B) Na, K, Rb (C) S, Se, Te (D) Ca, Sr, Ba 
 

Q.2 The atomic volume was choosen as the basis of periodic classification of elements by – 

 (A) Niels Bohr (B) Mamdeleev (C) Lothermeyer (D) Newlands 
 

Q.3 The majority of gaseous elements in the periodic table are placed – 

 (A) at bottom left hand side (B) at top right hand side  

 (C) below the main table (D) alongside d block elements 
 

Q.4 The last electron in each normal element of a period is filled in – 

 (A) the same energy sublevel (B) the same energy level 

 (C) the same orbital  (D) successive energy level 
 

Q.5 Two p-block elements x (outer configuration ns2, np3) and z (outer configuration ns2np4) occupy 

neighbouring positions in a period. Using this information which of the following is correct with respect to 

their ionization potential I
x
 and I

z
.  

 (A) I
x
> I

z
  (B) I

z
> I

x
  

 (C) I
z
 = I

x
  (D) relation between I

x
 and I

z
 is uncertains 

 

Q.6 The greater stability of the lower oxidation state in heavier P block metals in the consequence of – 

 (A) electronic transition within p-orbitals (B) electronic transition from s to p-orbitals  

 (C) inert pair effect  (D) expansion of octet 
 

Q.7 Oxidation number of p-block elements is [Excluding inert gases] – 

 (A)  equal to group number   (B)  group number +2  

 (C)  between the range [Group no..... (Group no. 8)]  

 (D)  number of unpaired electrons in the valence shell 

Q.8 Which of the following is the configuration of second excited state of the element isoelectronic with O
2
 or 

P–or Cl+ 

 (A) [Ne]3s2 3p
x
2 3p

y
1 3p

z
1    (B) [Ne]3s2 

 (C) [Ne] 3s1 3p
z
1 3p

y
1 3p

z
1 3d

xy
1 3d

yz
1   (D) [Ne] 3s2 3p

x
1 3p

z
1 3d

xy
1 

 
 



Q.9 Which of the following isoelectronic species is smallest? 

 (A) O2– (B) F– (C) Ne (D) Na+ 
 

Q.10 Metallic radii of transition elements – 

 (A)  first increase, then decrease periodically 

 (B)  first decrease, then remain almost constant  

 (C)  first increase, then remaining almost constant 

 (D)  first increase, then increase periodically 
 

Q.11 True position of lanthanides are – 

 (A) after III B group and in the 6th period (B) after III B group in the 3rd period 

 (C) after VI B group in the 3rd period (D) after VI B group and in the 6th period 
 

Q.12 Properties of the elements of which of the following pairs do not resemble ? 

 (A) Li and Mg (B) Be and Al (C) Mg and Al (D) B and Si 
 

Q.13 The main cause of diagonal relationship between Be and Al is – 

 (A) similarity in ionic sizes (B) similar ionic potentials 

 (C) similar electronegativity (D) similar atomic sizes 
 

Q.14 Electronic configuration of four elements are : a = 1s2; 2s2, 2p1, b = 1s2; 2s2, 2p2, c = 1s2; 2s2, 2p5, d= 1s2; 2s2, 

2p6; 3s1. Which one of these would most readily form diatomic molecule ? 

 (A) a (B) b (C) c (D) d 
 

Q.15 Which of the following statement is untrue – 

 (A)  the atoms have no tendency to accept electrons in empty higher energy levels 

 (B)  the atoms have no tendency to accept electrons in empty higher energy sublevels 

 (C)  the alkali metals have no tendency to accept electrons  

 (D)  the atoms with exactly half filled electronic configurations have no tendency to accept electrons. 
 

Q.16 Match List I with List II and select the correct answer using the codes given below the lists – 

  List I       List II 

 A. 1s2 2s2 2p6 3s23p64s2    a.  ln 

 B.  1s2 2s22p63s23p63d104s1   b.  Pd 

 C. 1s22s22p63s23p63d104s24p64d10   c.  Ca 

 D.  1s22p22p63s23d104s24p105s25p1   d.  Cu 

Codes :  A B C D   A B C D 

 (A) a b c d  (B) a c b d 

 (C)  c d b a  (D)  a d c b 
 

Q.17 Electronic configuration of an element of atomic weight 40 is 2,8,8,2 which of the following statement 

regarding this element is not correct – 

 (A) it belong to second group of periodic table (B) it has 20 neutrons 

 (C) the formula of its oxide is MO
2
   (D) it belongs to the fourth period 

 

Q.18  the above configuration would be of the species – 

 (a) S (b) Cl+ (c) P (d) Ar–2 

 Code is – 

 (A) a, b (B) c, d (C) a, c (D) b, d 

 

Q.19 There are four elements P, Q, R and S : their configuration are also given. Show that which element will 

have highest value of I.P. (II) ? 

 (A) (P) = [He] 2s2     (B) (Q) = [He] 2s22p2  

 (C) (R) = [He]2s22p1     (D) (S) = [He] 2s12p3 

 

 
 



Q.20 The ionization potential of nitrogen is greater than that of oxygen because – 

 (A)  nitrogen is an inert element 

 (B)  the outermost shell of nitrogen has half filled orbitals  

 (C)  the radius of nitrogen is more than that of oxygen  

 (D)  the radius of oxygen is more than that of nitrogen 
 

Q.21 The second I.P. of Na, third I.P. of Mg and fourth I.P. of Al are very high because 

 (A)  the ion Na+, Mg2+ and Al3+ have high ionic potential  

 (B)  these ions are isoelectronic 

 (C)  these ions have outer ns2np6 configuration 

 (D)  these ions are of normal elements 
 

Q.22 Which of the following statements is correct for the addition of an electron to an isolated and gaseous 

uninegatively charged oxygen (O–) ion ? 

 (A)  the addition of electron cannot occur 

 (B)  the addition of electron occurs with evolution of energy 

 (C)  the addition of electron occurs with absorption of energy 

 (D)  the heat of reaction is zero 
 

Q.23 Be and Mg have zero value of electron affinities, because – 

 (A)  Be and Mg have (He) 2s2 and (Ne) 3s2 configuration respectively 

 (B)  2s and 3s orbitals are filled to their capacity 

 (C)  Be and Mg are unable to accept electron 

 (D)  all the above are correct 
 

Q.24 Following mulliken scale, what parameters are required to evaluate electro negativity ? 

 (A) only electronegativity (B) only ionization affinity  

 (C) electron gain enthalpy and ionization potential (D) ionic potential and electronegativity 
 

Q.25 If I
1
, I

2
 and I

3
 etc. represent the successive ionization potentials of an atom then the correct order is : 

 (A) I
1
> I

2
> I

3
 (B) I

1
< I

2
> I

3
 (C) I

1
< I

3
> I

2
 (D) I

2
> I

1
> I

3
 

 

Q.26 Increasing order of first ionization potential is – 

 (A) Na < Mg < Al < Si    (B) Na < Mg > Al > Si  

 (C) Na > Mg > Al > Si    (D) Na > Mg > Al < Si 
 

Q.27 In the transformation Na(s) → Na+(g), the energies involved are – 

 (A) ionization energy  (B) sublimation energy  

 (C) ionization energy and sublimation energy (D) bond dissociation energy 
 

Q.28 4th I.P. > 3rd I.P. > 2nd I.P. >Ist I.P. 

 The above sequence for an atom is due to increase in the – 

 (A) number of electrons (B) number of protons 

 (C) effective nuclear charge (D) ionic radius 
 

Q.29 For I.P. which order is wrong – 

 (a) F > O (b) O > N (c) S > P (d) Be > B 

 Code is – 

 (A) a, b, c (B) b, c, d (C) a, d (D) a, b, d 

Q.30 Alkali metals do not form dipositive ions, because – 

 (A)  the difference in the first and second I.P. is more than 16 eV  

 (B)  the difference in the first and second I.P. is less than 11 eV  

 (B)  Alkali metals have one electron in their ultimate energy level 

 (D)  oxidation state of alkali metal is +1 

 

 
 



Q.31 Which of the following properties in a period, in general, increase or decreases with regularity? 

 (A) density  (B) melting point  

 (C) amphoteric character of oxides (D) relative shared electron attracting ability in a bond 

Q.32 Select the wrong statement with respect to gradation in properties as we more from left to right along a 

period– 

 (A)  base forming tendency to acid forming  

 (B)  metallic solids through the net work solids to molecular solids  

 (C)  oxidising to reducing    (D)  metallic to non-metallic character 
 

Q.33 Electronic configuration of X+2 and Y+3are : X–2 = [Ar] 3d8, Y+3 = [Ar] 3d3. What are the atomic number of  

X0 and Y0 respectively – 

 (A) 28, 24 (B) 28, 25 (C) 28, 26 (D) 28, 27 
 

Q.34 Cl
2
O is named as – 

 (A) oxygen chloride (B) chloro oxide (C) oxy chloride (D) chlorine oxide 
 

Q.35 The electro negavitity values of C, N, O and F – 

 (A)  increase from carbon to fluorine  (B)  decrease from carbon to fluorine  

 (C)  increase up to oxygen and is minimum at fluorine 

 (D)  is minimum at nitrogen and then increase continuously 
 

Q.36 The valency in the II period from left to right – 

 (A) increases  (B) decreases  

 (C) first increases then decreases (D) first decreases then increases 
 

Q.37 Match List I with List II and select the correct answer from the codes given below the lists – 

  List I      List II 

 A. ns2, np5     a.  Chromium 

 B.  (n – 1)d10, ns1    b.  Copper 

 C. (n –1) d5, ns1    c. Krypton 

 D.  (n –1) d10, ns2, np6   d. Bromine (n = 4) 

Codes :  A B C D   A B C D 

 (A) a b c d  (B) b c d a 

 (C)  d b a c  (D)  a d b c 
 

Q.38 Match List I with List II and select the correct answer from the codes given below the lists 

  List I      List II 

 A. Highest ionization potential  a.  Technitium 

 B. Highest electronegativity  b. Lithium 

 C. Artificial element   c. Helium 

 D. High reducing ability   d.  Fluorine 

Codes :  A B C D   A B C D 

 (A) c d a b  (B) c d b a 

 (C)  c b d a  (D)  a d b c 
 

Q.39 The correct order of relative basic character of NaOH, Mg(OH)
2
 and Al(OH)

3
 is – 

 (A) Al(OH)
3
> Mg(OH)

2
> NaOH  (B) Mg(OH)

2
> NaOH > Al(OH)

3
 

 (C) NaOH >Mg(OH)
2
> Al(OH)

3
  (D) Al(OH)

3
> NaOH < Mg(OH)

2
 

 

Q.40 Match List I with List II and select the correct answer from the codes given below the lists 
  List I      List II 

 A. Increasing atomic size   a.  Cl < O < F 

 B. Decreasing atomic radius  b. Li < Be <B 

 C. Increasing electronegativity  c. Si < Al < Mg 

 D. Decreasing effective nuclear charge d.  N > O > F 

 



Codes :  A B C D   A B C D 

 (A) c d a b  (B) d b c a 

 (C)  a b c d  (D)  b a d c 
 

Q.41 Which of the following represents incorrect relation of O – 

 (A) C > O > N  (B) C < O > N  (C) O > C < N  (D) O > N > C 
 

Q.42 In a period, elements are arranged in strict sequence of – 

 (A) decreasing charges in the nucleus   (B) increasing charges in the nucleus 

 (C) constant charges in the nucleus  (D) equal charges in the nucleus 
 

Q.43 Which of the following statement concerning lanthanides elements is false – 

 (A)  lanthanides are separated from one another by ion exchange method 

 (B)  ionic radii of trivalent lanthanides steadily increases with increases in the atomic number 

 (C)  all lanthanides are highly dense metals 

 (D)  more characteristic oxidation state of lanthanide elements is +3 
 

Q.44 In the periodic table, the metallic character of elements – 

 (A)  decrease from left to right across a period and on descending a group 

 (B)  decreases from left to right across a period and increases on descending a group 

 (C)  increases from left to right across a period and on descending a group 

 (D)  increases from left to right across a period and decreases on descending a group 
 

Q.45 The screening effect of inner electrons of the nucleus causes – 

 (A)  A decreases in the ionization potential  (B)  an increase in the ionization potential  

 (C)  no effect on the ionization potential   

 (D) an increase in the attraction of the nuclei of the electrons 
 

Q.46 The order of the magnitude of ionic radii of ions N3–, O2– and F– is – 

 (A) N3–> O2–> F– (B) N3–< O2–< F– (C) N3–> O2–< F– (D) N3–< O2–> F– 
 

Q.47 The statement that is not correct for the periodic classification of elements is – 

 (A)  The properties of elements are the periodic functions of their atomic numbers 

 (B)  non-metallic elements are lesser in number than metallic elements 

 (C)  the first ionization energies along a period do into vary in a regular manner with increase in  

 atomic number 

 (D)  for transition elements the d-sub-shells are filled with electrons monotonically with increase in  

 atomic number 
 

Q.48 The electron gain enthalpy of the halogens follows the order – 

 (A) F < Cl < Br < I (B) F > Cl < Br < I (C) F < Cl > Br > I (D) F > Cl > Br > I 
 

Q.49 The process of requiring absorption of energy is – 

 (A) F → F–  (B) Cl → Cl–  (C) O–→ O–2  (D) H → H– 
 

Q.50 The cynide CN–& N
2
 are isoelectronic. But in contrast to CN–, N

2
 is chemically inert because of – 

 (A) low bond energy    (B) absence of bond polarity  

(C) unsymmetrical electron distribution (D) presence of more electron in bonding 
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Previous year questions JEE(M) 

1. The atomic number of the element unnilennium is  

 1) 109 2) 102 3) 108 4) 119  

2. Consider the hypothetical situation where the azimuthal quantum number, l, takes values 0,1,2,…..n+1, 

where n is the principal quantum number. Then, the element with atomic number   

 1) 9 is the first alkali metal  2) 13 has a half-filled valence subshell 

 3) 8 is the first noble gas 4) 6 has a 2p-balance subshell   

3. The elements with atomic numbers 101 and 104 belong to, respectively  

 1) group 6 and actinoids 2) actinoids and group 4 

 3) group 11 and group 4 4) actinoids and group 6 

4. The set that contains atomic numbers of only transition elements, is  

 1) 37,42,50,64 2) 21,25,42,72 3) 9,17,34,38 4) 21,32,53,64  

5. The IUPAC symbol for the element with atomic number 119 would be  

 1) une 2) unh 3) uun 4) uue  

6. The group number, number of valence electrons, and valency of an element with atomic number 15,  

respectively, are  

 1) 15,5 and 3 2) 15,6 and 2 3) 16, 5 and 2 4) 16,6 and 3  

7. The element with Z=120 (not yet discovered) will be an/a 

 1) inner-transition metal  2) alkaline earth metal  

 3) alkali metal   4) transition metal   

 

 

 

Que. 1 2 3 4 5 6 7 8 9 10

Ans A D A A C C C D B C

Que. 11 12 13 14 15 16 17 18 19 20

Ans C A C C B D D D A A

Que. 21 22 23 24 25 26 27 28 29 30

Ans B D B D A C B D A A

Que. 31 32 33 34 35 36 37 38 39 40

Ans A B B B D D D D D D

Que. 41 42 43 44 45 46 47 48 49 50

Ans D D B C A B B B A A
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Ans B B B B A C C C D B
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Ans C C D C C C C B A

Que. 31 32 33 34 35 36 37 38 39 40

Ans D C C D A C C A C A

Que. 41 42 43 44 45 46 47 48 49 50

Ans A B B A A C C C B



8. In the long form of the periodic table, the valence shell electronic configuration of 5s25p4 corresponds to  

 the element present in   

 1) group 16 and period 6 2) group 17 and period 5 

 3) group 16 and period 5 4) group 17 and period 6  

9. According to the periodic law of elements, the variation in properties of elements is related to their 

 1) atomic masses   2) nuclear masses 

 3) atomic numbers  4) nuclear neutron-proton number ratios   

10. The atomic number of Unnilunium is ___________ 

11. In general, the property (magnitudes only) that shows an opposite trend in comparison to other properties 

across a period is  

 1) ionization enthalpy  2) electronegativity 

 3) electron gain enthalpy  4)  atomic radius   

12. Three elements, X, Y and Z are in the 3rd period of the periodic table. The oxides of X, Y and Z, 

respectively, are basic, amphoteric and acidic. The correct order of the atomic numbers of X, Y and Z is 

 1) Z<Y<X 2) X<Y<Z 3) Y<X<Z 4) X<Z<Y  

13. The five successive ionization enthalpies of an element are 800, 2427, 3658, 25024 and 32824 kJ mol-1.  

The number of valence electrons in the element is 

 1) 5 2) 4 3) 3 4) 2  

14. The ionic radii of 
2 , ,O F Na− − +

 and Mg2+ are in the order  

 1) 
2 2O F Na Mg− − + +    2) 

2 2O F Mg Na− − + +    

 3) 
2 2F O Na Mg− − + +    4) 

2 2Mg Na F O+ + − −     

15. The process that is NOT endothermic in nature is   

1) 
( ) ( )g gN Na e+ −→ +  2) 2

( ) ( )g gO e O− − −+ →  3) 
( ) ( )g gAr e Ar− −+ →  4) 

( ) ( )g gH e H− −+ →   

16. The correct order of the ionic radii of 
2 3 2, , , ,O N F Mg Na− − − + +

 and 
3Al +

 is 

 1) 
2 2 3 3,Mg Na F O N Al+ + − − − +     2) 

2 3 3 2,Na F O N Al Mg+ − − − + +     

 3) 
3 2 2 3,Al Mg Na F O N+ + + − − −     4) 

2 3 3 2,F O N Al Mg Na− − − + + +      

17. The atomic radius of Ag is closest to  

 1) Au 2) Ni 3) Hg 4) Cu  

18. Within each pair of elements F and Cl, S and Se and Li and Na respectively, the elements that release more  

energy upon an electron gain are  

 1) Cl, Se and Na 2) Cl, S and Li 3) F, S and Li 4) F, Se and Na  

19. The first ionization energy (in kJ/mol) of Na, Mg, Al and Si respectively are  

 1) 496,737,577,786 2) 496,577,737,786 3) 496,577,786,737 4) 786,737,577,496  

20. The increasing order of the atomic radii of the following elements is  

 A) C B) O C) F D) Cl E) Br 

 1)  A<B<C<D<E 2) C<B<B<A<D<E 3) D<C<B<A<E 4) B<C<D<A<E  

21. B has a smaller first ionization enthalpy than Be. Consider the following  statements 

 I) it is easier to remove 2p electron than 2s electron. 

II) 2p electron of B is more shielded from the nucleus by the inner core electrons than the 2s electrons of 

     Be 

III) 2s electron has more penetration power than 2p electron 

IV) atomic radius of B is more than Be. (Atomic number B=5, Be=4) 

The correct statements are 

 1) I, II and III 2) II, III and IV 3) I, III and IV 4) I, II and IV  

22. The acidic, basic and amphoteric oxides, respectively are  

 1) 2 4 10, ,Cl O CaO P O  2) 2 3 2 2 3, ,N O Li O Al O  3) 2 3 2 3, ,Na O SO Al O  4) 2 2 3, ,MgO Cl O Al O   

 



23. The element having greatest difference between its first and second ionization energies, is  

 1) K 2) Ba 3) Ca 4) Sc  

24. The isoelectronic set of ions is  

 1) 
3 2, ,N Li Mg− + +

 and O2- 2) 
3 2, ,N O F− − −

 and Na+ 

 3) 
2, ,Li Na O+ + −

 and F- 4) , ,F Li Na− + +
 and Mg2+  

25. In comparision to boron, beryllium has  

 1) greater nuclear charge and greater first ionization enthalpy  

 2) greater nuclear charge and lesser first ionization enthalpy  

 3) Lesser nuclear charge and lesser first ionization enthalpy  

 4) electron gain enthalpy and electronegativity   

26. Among the following, the energy of 2s orbital is lowest in  

 1) H 2) Li 3) K 4) Na  

27. In general, the properties that decrease and increase down a group in the periodic table, respectively are  

1) atomic radius and electronegativity  2)  electronegativity and electron gain enthalpy  

   3) electronegativity and atomic radius  4) electron gain enthalpy and electronegativity   

28. When the first electron gain enthalpy ( )egH of oxygen is -141 kJ/mol, its second electron gain enthalpy is  

 1) negative; but less negative than the first  2) a positive value  

 3) a more negative value than the first   4)  almost the same as that of the first   

29. The correct order of the atomic radii of C, Cs, Al and S 

 1) C<S<Cs<Al 2) S<C<Al<Cs 3) S<C<Cs<Al 4) C<S<Al<Cs  

30. The correct option with respect to the Pauling electronegativity values of the elements is  

 1) Si<Al 2) Ga<Ge 3) Te>Se 4) P>S  

31. The correct order of atomic radii is  

 1) Ce>Eu>Ho>N 2) Ho>N>Eu>Ce 3) Eu>Ce>Ho>N 4) N>Ce>Eu>Ho  

32. For 
2, ,Na Mg F+ + −

 and O2-; the correct order of increasing ionic radii is  

 1) 
2 2Mg Na F O+ + − −    2) 

2 2O F Na Mg− − + +    

 3) 
2 2Na Mg F O+ + − −    4) 

2 2Mg O Na F+ − + −     

33. The electronic configuration with the highest ionization enthalpy is  

 1) [Ne]3s23p1 2) [Ne]3s23p2 3) [Ne]3s23p3 4) [Ar]3d10 4s2 4p3 

34. The electronic configuration with the highest ionization enthalpy is  

 1) 
2 1[ ]3 3Ne s p  2) 

2 2[ ]3 3Ne s p  3) 
2 3[ ]3 3Ne s p  4) 

10 2 3[ ]3 4 4Ar d s p   

35. The following statements concern elements in the periodic table. Which of the following is true? 

 1) For group 15 elements, the stability of +5 oxidation state increases down the group  

2) elements of group 16 have lower ionization enthalpy values compared to those of group 15 in the  

    corresponding periods 

 3) the group 13 elements are all metals   

 4) all the elements in group 17 are gases   

36. The ionic radii (in A0) of N3-, O2- and F- are respectively   

 1) 1.71, 1.40 and 1.36  2) 1.71, 1.36 and 1.40 

 3) 1.36, 1.40 and 1.71   4) 1.36, 1.71 and 1.40  

37. The first ionization potential of Na is 5.1 eV. The value of electron gain enthalpy of Na+ will be 

 1) +2.55eV 2) -2.55eV 3) -5.1eV 4) -10.2eV  

38. Which of the following represents the correct order of increasing first ionization enthalpy for Ca, Ba, S, Se  

and Ar 

 1) Ca<Ba<S<Se<Ar 2) Ca<S<Ba<Se<Ar 3) S<Se<Ca<Ba<Ar 4) Ba<Ca<Se<S<Ar  

 

 



39. The increasing order of the ionic radii of the given isoelectronic species is  

 1) 
2 2, ,S Cl Ca K− − + +  2) 

2 2, , ,Cl K S Ca− + − +
 

 3) 
2 2, , ,K S Ca Cl+ − + −

  4) 
2 2, , ,Ca Cl K S+ − + −

  

40. Which one of the following orders presents the correct sequence of the increasing basic nature of the given  

oxides  

 1) 2 3 2 2Al O MgO Na O K O    2) 2 2 3 2MgO K O Al O Na O    

 3) 2 2 2 3Na O K O MgO Al O    4) 2 2 2 3K O Na O Al O MgO     

41. The correct sequence which shows decreasing order of the ionic radii of the element is  

 1) 
2 2 3O F Na Mg Al− − + + +     2) 

3 2 2Al O F Na Mg+ − − + +     

 3) 
2 3 2Mg Al O F Na+ + − − +     4) 

2 3 2Na Mg Al O F+ + + − −      

 

1) 1 2) 2 3) 2 4) 2 5) 4 6) 1 7) 2 8) 3 9) 3 
10) 10

1 

11) 4 12) 2 13) 3 14) 1 15) 4 16) 3 17) 1 18) 2 19) 1 20) 2 

21) 1 22) 2 23) 1 24) 2 25) 4 26) 3 27) 3 28) 2 29) 4 30) 2 

31) 3 32) 1 33) 3 34) 2 35) 2 36) 1 37) 3 38) 4 39) 2 40) 1 

41) 1 

JEE (Advanced) Questions 

Only one option correct type 

1) Identify the correct order of acidic strengths of CO2, CuO, CaO, H2O 

 1) CaO<CuO<H2O<CO2 2) H2O<CuO<CaO<CO2 

 3) CaO< H2O<CuO<CO2 4) H2O<CO2<CaO<CuO  

2) Amongst H2O, H2S, H2Se and H2Te, the one with the highest boiling point is  

 1) H2O because of hydrogen bonding  2) H2Te because of higher molecular weight 

 3) H2S because of hydrogen bonding 4) H2Se because of lower molecular weight   

3) The correct order of acidic strength is  

 1) 2 7 2 4 10Cl O SO P O   2) 2 2 5 3CO N O SO   

 3) 2 2 3Na O MgO Al O   4) 2K O CaO MgO    

4) The correct order of radii is  

 1) N<Be<B 2) F-<O2-<N3- 3) Na<Li<K 4) Fe3+<Fe2+<Fe4+  

One or more than one options correct type 

5) The option(s) with only amphoteric oxides is(are) 

 1) 2 3 2,Cr O beO SnO SnO   2) 2 3 2, , ,ZnO Al O PbO PbO  

 3) 2 3 2, , ,NO B O PbO SnO  4) 2 3, , ,Cr O CrO SnO PbO   

Integer / Numerical value correct type  

6) The periodic table consists of 18 groups. An isotope of copper, on bombardment with protons, undergoes a      

nuclear reaction yielding element X as shown below. To which group, element X belongs in the periodic 

table?   

 63 1 1 1

29 1 0 16 2Cu H n H X+ → + + +  

7) Among the following, the number of elements showing only one non-zero oxidation state is  

 O, Cl, F, N, P, Sn, Ti, Na, Ti 

 
1) 1 2) 1 3) 1 4) 2 5) 1,2 6) 8 7) 2 



CHEMICAL BONDING  

 

➢ The forces which hold the atoms or ions together in different chemical species is called a 

chemical bond. 

➢ In the formation of chemical bond only outermost orbit electrons of the atoms are involved. 

In the process of chemical bond each atom acquires a stable outer electronic configuration 

of nearby inert gas. 

➢ Types of chemical bonds: 

i) Ionic bond (electrovalent bond) 

ii) Covalent bond 

iii) Coordinate covalent bond 

➢  Ionic Bond or Electrovalent Bond: 

The formation of Ionic bond mainly depends on  

a) Ease of formation of cation (positive ion) and anion (negative ion) from the respective 

neutral atoms. 

b) The arrangement of positive and negative ions in the solid crystal or lattice of the 

crystalline compound. 

➢ Favorable conditions for the formation of ionic bond. 
i)low ionization energy (IE) of the metal. 

ii)high electron affinity (EA) of the other element. 

iii)higher lattice energy (U) of the resulting compound. 

When an atom gains an electron to form a negative ion (anion), it will increase in size. when an atom loses 

an electron to form positive ion (cation), it will contract.  The electronlost or gained is always from the 

outermost orbit. 

➢ Among the two atoms, one atom can lose one or more electrons to attain a noble gas configuration and the 

other can gain these electrons and thereby acquire a noble gas configuration, they are said to be bonded by 

an ionic bond.  

➢ when two ions interact with each other and are thus held together by electrostatic forces (attraction).  

➢ Examples for Ionic compounds: NaCl, CaCl2¸CaO, MgCl2,  

The formation of potassium chloride (KCl) 

   

 
 

➢ The formation of an ionic compound is mainly depending on ease of formation of the cations and anions 

from the neutral atoms which depends on two main factors: 

(i)Ionization energy:Lower the value of ionization energy of an atom, greater will be the ease of formation 

of the cation from it. 

(ii)Electron affinity:Higher the electron affinity of an atom, greater the ease of formation of the anion from 

it. 

Lattice Energy 

The amount of energy is released when one mole of an ionic solid is formed from its constituent gaseous 

ions is called the lattice energy. 

 

Born-Haber Cycle -Lattice Energy 

 

 The lattice energy in the formation of an ionic compound from its constituent elements may be calculated 

by Born-Haber Cycle for the formation of one mole of sodium chloride from sodium and chlorine. 

 

)p3s3p2s2s1(K)s4p3s3p2s2s1(K 62622

electron 1

loses162622
+

⎯⎯ →⎯

gains2 2 6 2 5 2 2 6 2 6

1 electron (Ar  configuration)

Cl (1s 2s 2p 3s 3p ) Cl (1s 2s 2p 3s 3p )−⎯⎯⎯→



  

 

 
   

 Where S =      heat of sublimation of sodium metal 

  I= ionization energy of sodium 

  D = heat of dissociation of molecular chlorine 

  E
a
= electron affinity of chlorine, and 

  U = lattice energy of sodium chloride 

 The amount of heat liberated in the overall reaction is the heat of formation of sodium chloride. From the 

above    H

 = S + I + D – E

a
 – U 

 The most important of these energy terms are I, E
a
 and U, since these are considerably greater than the 

remaining terms S and D. 

 More the negative value of the heat of formation, greater would be the stability of the ionic compound 

produced. Thus, based on the above equation, formation of an ionic compound is favoredby. 

  a) low ionization energy (I) of the metal. 

  b) high electron affinity (E
A
) of the other element. 

  c) higher lattice energy (U) of the resulting compound. 
 

Formation of Ions with Higher Charges: Formation of a cation with unit positive charge is easy if the 

first ionization energy is low as in the case of alkali metals. Alkaline earth metals ionizes in two successive 

steps. 

  Mg  Mg+ + e– 

  Mg+  Mg2+ + e– 

 But energy needed to ionize alkaline earth metals are higher than that of alkali metals. 

 However, dipositive ions like Mg2+, Ca2+, Sr2+ and Ba2+ are quite common.  

Formation of a tripositive ion like Al3+ requires much more energy (= 5138 kJ) which is not available 

ordinarily. Successive ionization energies of Aluminium are: 

    E
1
 = 577kJ 

    E
2
 = 1816kJ 

    E
3
 = 2745kJ 

 So, most of the Aluminium compounds are covalent. In solution, however, Aluminium is known to give 

hydrated ions [Al.6H
2
O]3+. This is possible because of the high heat of hydration of Al3+. The energy 

liberated during hydration of ions is sufficient for ionization. 

 Similarly, anions with uni negative charge (e.g. Cl–1, Br–1, I–1) are very common. This is because the 

electron affinity of these atoms is positive and quite high. Formation of anions carrying two units of 

negative charge (e.g. S2–, O2–) is not so easy as their electron affinities are negative i.e., energy is needed to 

add second electron. Formation of anions carrying three units of negative charge (e.g. N3–, P3–) is almost 

rare.   

 

Characteristics of Ionic Compounds 

Physical state: 

At room temperature ionic compounds exists in either in solid state or in solution state but not in 

gaseous state.  
Melting and Boiling Point: Due to the strong electrostatic force between the ions in a crystal of an 

electrovalent compound considerable energy is needed to overcome these forces and break down the crystal 

lattice. Hence Ionic compounds have high melting and boiling points. 
 

−+

++
+⎯→⎯⎯⎯⎯ →⎯ eNaNaNa )g(

I
)g(

S

nSublimatio

)s(

−

++
⎯⎯⎯⎯ →⎯⎯⎯⎯ →⎯ )g(

E

e ofAddition 

)g(
*D2/1

onDissociati

)g(2 ClClCl
2

1

A

-

)S(
U

formation Crystal

)g()g( NaClClNa
+

−+ ⎯⎯⎯⎯⎯ →⎯+

⎯→⎯

⎯→⎯

−+ +⎯→⎯ eAlAl 1E

2E 2Al Al e+ + −⎯⎯→ +

3E2 3Al Al e+ + −⎯⎯→ +



Electrical Conductivity: Ionic or electrovalent compounds in solid state are non- conductors, but they 

conduct a very little amount of current due to crystal defects. All ionic compounds are good conductors in 

molten state as well as in their aqueous solutions (dissolved in a solvent of high dielectric constant e.g., 

water) because their ions in free to move. 

Solubility: Ionic compounds are soluble in polar solvents like water which have high dielectric constant.   

Dissolution is favored by the high dielectric constant of the solvents such as water, since this weakens the 

interionic attractions (electrostatic forces) in the resulting solutions. 

 Non-polar solvents like benzene and carbon tetrachloride do not solvate the ions as their dielectric 

constants are low. Ionic compounds are, therefore insoluble in non-polar solvents.  

 Ionic compounds like sulphates and phosphates of barium and strontium are insoluble in water because 

lattice energy is greater than hydration energy.  

 Isomorphism: Simple ionic compounds do not show isomerism and isomorphism.  

Crystals of different ionic compounds having similar crystal structures are known as isomorphs and 

phenomenon is known as Isomorphism.  

Example: FeSO4 7H2O and MgSO4,7H2O 

 

Covalent Bond (By Mutual Sharing of Electrons) 
 

 The covalent bond is formed by sharing of valence electrons of two atoms achieve stability and forms 

molecules. (The covalent bond is formed by the sharing of an electron pair, each contributing one electron 

to the electron pair). 

Examples. H2, Cl2, O2, N2  
 

 The arrangement of electrons in a covalent molecule is often shown by a Lewis structure in which only 

valence shells (outer shells) are depicted. For sake of clarity, the electrons on different atoms are denoted 

by dots and crosses.  

 
 

Polarity of Bonds: A covalent bond is formed by sharing of electrons between two atoms. 

If the covalent bond is formed in between similar atomsit is known as non- polar covalent bond. In this case 

the electron pair is equally shared in between the bonded atoms. 

If the electron pair is shared unequally between the bonded atoms it is known as polar covalent bond. For 

example, the covalent bonds in H
2
 and Cl

2
 are called non-polar as the electron pair is equally shared 

between the two atoms. 

 
 In the case of Hydrogen fluoride the bond is polar as the electron pair is unequally shared. Fluorine has a 

greater attraction for electrons due to higher electronegativity than hydrogen and the shared pair of 

electrons is slightly moves nearer to the fluorine atom than hydrogen atom. The hydrogen atom acquires 

partial positive charge and fluoride atom acquires partial negative charge. 
 

 Bond polarities affects physical and chemical properties, melting and boiling points and chemical reactivity 

and solubility. 

The combining atoms will attain stable noble gas configuration by sharing of electrons. 
 

Characteristics of Covalent Compounds 
 

Melting Point and Boiling Point: In covalent compounds, except giant molecules, the molecules are less 

powerfully attracted to each other, as a result of which their melting points and boiling points are relatively 

low compared to ionic compounds, e.g., 

 

Cl  ClHH
Hydrogen molecule Chlorine molecule

(Both formed by equal sharing of 

electrons between the atoms, i.e., by 

non-polar bonds)

H F

+ −

d

compound) (ioniccompound)(Covalent 
4 1713K)  (b.p. NaCl and  33K)(b.p. SiCl ==



 

Conductivity: Covalent compounds do not conduct electricity in the fused state since there are no free 

electrons or ions to carry the current. However, substances like graphite which consists of separate layers 

conduct electricity because the electrons have a passage in between the two flat layers. 
 

Solubility: The covalent compounds are soluble in non-polar solvents like benzene and carbon 

tetrachloride due to similar covalent nature of the molecules of solute and solvent (i.e., like dissolves like). 

Covalent compounds in solution react more slowly as compared with the ionic compounds which react 

instantaneously in solution. The solubility of covalent compounds is, however, very much dependent upon 

the size of the molecule. Thus covalent substances having giant molecules are insoluble in virtually all 

solvents due to the big size of the molecule unit. 

 

FAJANS RULE (covalent character in ionic compounds): 

 

When anion and cation approach each other, the valence shell of anion is pulled towards cation nucleus and 

thus shape of anion is deformed. The phenomenon of deformation of anion by a cation is known as 

polarization and the ability of cation to polarize a nearby anion is called polarizing power of cation. 

➢ According to Fagan’s rule greater is the polarization of atom in a molecule, more is covalent character. 

➢ Fajan gives some rules which govern the covalent character in the ionic compound. 

➢ Size of cation α 
1

𝑝𝑜𝑙𝑎𝑟𝑖𝑧𝑎𝑡𝑖𝑜𝑛 
 

➢ Size of anion α polarization  

➢ Charge on cation α polarization  

➢ Charge of anion α polarization  
 

i) Charge on Either of the ions: As the charge on the cation increases, its tendency to polarize the anion 

increases. This brings more and more covalent nature in the electrovalent compound. Whereas with the 

increasing charge of anion, its ability to get polarized, by the cation, also increases. 

For example, in the case of NaCl, MgCl
2
 and AlCl

3
 the polarization increases, thereby covalent 

character becomes more and more as the charge on the cation increases. 

Similarly, lead forms two chlorides PbCl
2
 and PbCl

4
 having charges +2 and +4 respectively. PbCl

4
 

shows covalent nature. Among NaCl, Na
2
S, Na

3
P, the charge of the anions is increasing, therefore the 

increasing order of covalent character. 

NaCl < Na
2
S < Na

3
P 

 

ii) Size of the cation: Polarization of the anion increases as the size of the cation decreases i.e., the 

electrovalent compounds having smaller cations show more of the covalent nature. For example, in the 

case of halides of alkaline earth metals, the covalent character decreases as we move down the group. 

Hence melting point increases in the order of 

BeCl
2
< MgCl

2
< CaCl

2
< SrCl

2
< BaCl

2
 

 

iii) Size of anion: The larger the size of the anion, more easily it will be polarized by the cation i.e., as the 

size of the anion increases for a given cation, the covalent character increases. For example, in the case 

of halides of calcium, the covalent character increases from F– anion to I– anion i.e. 

 
 Similarly, in case of trihalides of Aluminium, the covalent character increases with increase in size of  

halide anion i.e. 

 
iv) Nature of the cation: Cations with 18 electrons (s2p6d10) in outermost shell polarize an anion more 

strongly than cations of 8 electrons (s2p6) type. The d electrons of the 18-electron shell screen the 

nuclear charge of the cation less effectively than the s and p electrons of the 18-electron shell. Hence 

the 18-electron cations behave as if they had a greater charge. Copper (I) and Silver (I) halides are more 

covalent in nature compared with the corresponding sodium and potassium halides although charge on 

charactercovalent  increasing

CaI  CaBr  CaCl  CaF
2222 ⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯ →⎯



charactercovalent  increasing

CaI  CaBr  CaCl  CaF
2222 ⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯ →⎯





the ions is the same and the sizes of the corresponding ions are similar. This illustrates the effect of 18-

electron configuration of Cu+ (3s2, p6, d10) and Ag+ (4s2, p6, d10) ions. 
 

Hydrogen Bonding 

 
 Highly electronegative atoms like Nitrogen, Oxygen. Fluorine is involved in bonding with hydrogen atom 

to form covalent bond, the electrons of the covalent bond are shifted towards the more electronegative 

atom. This partially charged hydrogen atom forms a bond with more electronegative atomis called 

hydrogen bond.  

Hydrogen is weaker than covalent bond.  

Examples: Water (H2O), Ammonia (NH3), Hydrogen fluoride (HF), Acetic acid (CH3COOH) 

 

 

 
 The hydrogen bond exists between partially positive hydrogen atom of one molecules and partially 

negative atom of another molecule. Due to hydrogen bond more number of molecules are associate each 

other  to form a cluster of molecules or giant molecules or associate molecules.  

 
 The attractive force that binds hydrogen atom of one molecule with electronegative atom of the other 

molecule of the same or different substance is known as hydrogen bond.  

 Conditions for hydrogen bond:  

➢ Molecules should have more electronegative atom (N, O, F) linked to hydrogen. 

➢ Size of the electronegative atom should smaller. 

➢ A lone pair should be present on electronegative atom.  
 

Types of Hydrogen bonds: 

Hydrogen bonds are two types. 

a) Intermolecular hydrogen bonding: This type of bonding results between the positive and negative 

ends of different molecules of the same or different substances. 

  Example 

 i) Ammonia  

 ii) Water    

 iii) Acetic acid   

 This type of hydrogen bonding increases the boiling point of the compound and also its solubility in water. 

The increase in boiling point is due to association of several molecules of the compound. 
 

b) Intramolecular hydrogen bonding: This type of bonding results between hydrogen and an 

electronegative element of the same molecule. This type of bonding is generally present in organic 

compounds. Examples are o-nitro-phenol, o-hydroxy benzoic acid, etc. 
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 This type of hydrogen bonding decreases the boiling point of the compound. The solubility of the 

compound also decreases. Hence compound becomes more volatile. 

 Conditions for intra molecular hydrogen bond:  

➢ The ring formed as a result hydrogen bond should be planar. 

➢ 5 or 6 membered should be formed. 

➢ Interacting atoms should be present in such a way that there is minimum strain during the ring formation. 

 

Coordinate Covalent Bond (Dative Bond) 
 

 It is a special type of covalent bond in which both the shared electrons are contributed by one atom only. It 

may be defined as “a covalent bond in which both electrons of the shared pair are contributed by one 

of the two atoms”. Such a bond is also called as dative bond. A coordinate or a dative bond is established 

between two such atoms, one of which has a complete octet and possesses a pair of valence electrons while 

the other is short of a pair of electrons. 

 
 This bond is represented by an arrow (→) pointing towards acceptor atom. 

 The atom which contributes electron pair is called the donor whilethe atom which accepts it is called 

acceptor. 

 The compound consisting of the coordinate bond is termed coordinate compound. Some examples of 

coordinate bond formation are given below: 

I. Formation of ammonium ion: Hydrogen ion (H+) has no electrons and thus accepts a lone pair 

donated by nitrogen atom of Ammonia. 

 
II. Formation of CO: Carbon has four valency electrons and oxygen has six. They combine to form 

two double bond and a coordinate bond as to achieve their octet completed. 

 

 

Characteristics of Coordinate Compounds: The properties of coordinate compounds are intermediate 

between the properties of ionic compounds and covalent compounds.  

i)Melting and Boiling Points: Their melting and boiling points are higher than purely covalent compounds  

and lower than ionic compounds. 

ii) These are sparingly soluble in polar solvents like water but readily soluble in non-polar (organic)  

solvents. 

iii) Conductivity: Like covalent compounds, these are also bad conductors of electricity. The solutions or  

fused compounds do not allow the passage of electricity. 

 

Valence Shell Electron Pair Repulsion (VSEPR) Theory 
 

 In 1957 Gillespie and Nyhom gave this theory to predict and explain molecular shapes and bond angles 

more exactly. The theory was developed extensively by Gillespie as the Valence Shell Electron Pair 

Repulsion (VSEPR) theory.  
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The Main postulates of VSEPR Theory. 

1.The shape of the molecule is depending on the number of valence shell electron pairs (bonded and  

nonbonded pairs or lone pairs) around the central atom of the molecule. 

2. Pairs of electrons in the valence shell repel one another since their electron clouds are negatively  

charged. 

3. These pairs of electrons tend to occupy such positions in a space that minimize repulsion and thus  

    maximum distance between them. 

4. A lone pair of electrons occupies more space around the central atom than a bond pair, since the lone  

pair is attracted to one nucleus while the bond pair is shared by two nuclei.  

5. The repulsion between two lone pairs is greater than repulsion between a lone pair and a bond pair,  

which in turn is greater than the repulsion between two bond pairs.  

6.The presence of lone pairs on the central atom causes slight distortion of the bond angles from the ideal  

shape.  

7. If the angle between a lone pair, the central atom and a bond pair is increased, it follows that the actual  

bond angles between the atoms must be decreased. The order of repulsion between lone pairs and bond  

pairs of electrons follows the order as: 

 Lone pair - lone pair repulsion > lone pair – bond pair repulsion > bond pair – bond pair repulsion. 

8.The magnitude of repulsions between bonding pairs of electrons depends on the electronegativity  

difference between the central atom and the other atoms. 

9.Double bonds cause more repulsion than single bonds, and triple bonds cause more repulsion than a  

double bond. 
 

Effect of Lone Pairs:  

a) In CH
4
 there are four bonding pairs of electrons in the outer shell of the C atom, and the structure is a  

regular tetrahedron with bond angle H – C – H of 109°28’.  

b) In NH
3
 and N atom has four electron pairs in the outer shell, among three bond pairs and one lone pair.  

Because of the lone pair, the bond angle H – N – H is reduced from the tetrahedral angle109°28’ to 

107°28’.  

c)In H
2
O the O atom has four electron pairs in the outer shell. The shape of the H

2
O molecule is based on a 

tetrahedron with two corners occupied by bond pairs and the other two corners occupied by lone pairs. The 

presence of two lone pairs reduces the bond angle further to 104°27’. 

 In a similar way, SF
6
 has six bond pairs in the outer shell and is a regular octahedron with bond angles of 

exactly 90°. In BrF
5
, the Br also has six outer pairs of electrons, made up of five bond pairs and one lone 

pair. The lone pair reduces the bond angles to 84°30’.  
   

  

Molecule No of pairs 

of electrons 

Shape of the 

molecule 

No of Bond 

pairs 

No of 

Lone pairs 

Bond angle 

BeCl2 2 Linear 2 0 1800 

BF3 3 Plane tringle 3 0 1200 

CH4 4 Tetrahedral 4 0 109.28’ 

NH3 4 Pyramidal 3 1 107.48’ 

NF3 4 Pyramidal 3 1 102.30’ 

H2O 4 Bent V shape 2 2 104.27’ 

F2O 4 Bent V shape 2 2 1020 

PCl5 5 Trigonal bipyramid 5 0 120 & 900 

SF4 5 Trigonal bipyramid 4 1 101036’ & 86033’ 

ClF3 5 T shape 3 2 87040’ 

XeF2 5 Linear 2 3 1800 

SF6 6 Octahedral 6 0 900 

BrF5 6 Square pyramidal 5 1 84034’ 

XeF4 6 Square planar 4 2 900 



 
 

 

Some examples using the VSEPR Theory: 

 

 Phosphorus pentachloride PCl
5
: Gaseous PCl

5
 is covalent. (The electronic structure P is 1s22s22p63s23p3). All 

five outer electrons are used to form bonds with five Cl atoms. In the PCl
5
 molecule the valence shell of the 

P atom contains five electron pairs: hence the structure is a trigonal bipyramid. There are no lone pairs, so 

the structure is not distorted. However, a trigonal bipyramid is not a completely regular structure, since 

some bond angels are 90° and others 120°. Symmetrical structures are usually more stable than 

asymmetrical ones.  

Note: Thus PCl
5
 is highly reactive, and in the solid state it splits into [PCl

4
]+ and [PCl

6
]– ions, which have 

tetrahedral and octahedral structures respectively.  

 
  

 Sulphur hexafluoride SF
6
: The electronic configuration of S is 1s22s22p63s23p6. All six of the outer electrons 

are used to form bonds with the F atoms. Thus in SF
6
, the S has six electron pairs in the outer shell: hence 

the structure is octahedral. There are no lone pairs, so the structure is completely regular with bond angles 

of 90°.  

 

Valence Bond Theory: 

 
 This theory was proposed by Linus Pauling, who was awarded the Noble Prize for  

Chemistry 1954.  

 Atoms with unpaired electrons tend to combine with other atoms which also have unpaired electrons. In 

this way the unpaired electrons are paired up, and the atoms involved, all attain a stable electronic 

arrangement. This is usually a full shell of electrons (i.e. a noble gas configuration). Two electrons shared 

between two atoms constitute a bond. The number of bonds formed by an atom is usually the same as the 

number of unpaired electrons in the ground state, i.e. the lowest energy state. However, in some cases the 

atom may form more bonds than this. This occurs by excitation of the atom (i.e. providing it with energy) 

when electrons which were paired in the ground state are unpaired and promoted into suitable empty 

orbitals. This increases the number of unpaired electrons, and hence it increases number of bonds which 

can be formed. 

 A covalent bond results by pairing of electrons (one from each atom). The spins of the two electrons must 

be opposite (antiparallel) because of the Pauli exclusion principle that no two electrons in one atom can 

have all four quantum numbers the same.   

1.In HF, H has a singly occupied s-orbital that overlaps with a singly filled 2p orbital on F. 

2.In H
2
O, the O atom has two singly filled 2p orbitals, each of which overlaps with a single occupied s-

orbital from two H atoms. 

Cl

Cl

Cl

Cl

Cl

P

Structure of PCl5 molecule
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F

F

F

F

F

F



3.In NH
3
, there are three singly occupied p orbitals on N which overlap with s orbitals of three H atoms. 

4.In CH
4
,the C atom in its ground state has the electronic configuration 1s2, 2s2, ,  and only has two 

unpaired electrons, and so can form only two bonds. If the C atom is excited, then the 2s electrons may be 

unpaired, giving 1s2, 2s1, 2p3. Now there are four unpaired electrons, overlap with singly occupied s orbitals 

on four H atoms. 

 
 CH

4
 molecule uses its three p-orbitals p

x
, p

y
 and p

z
, which are mutually at right angles to each other, and the 

s orbital is spherically symmetrical. Hence they form tetrahedral structure. 

 CH
4
 H – C – H = 109°28 

 

Sigma and Pi Bonds ( and  Bonds) 
 A covalent bond may be classified in to two types depending on the type of overlapping of atomic orbitals  

takes place. 

1.Sigma bond ( bond): The bond formed by the overlapping of two half -filled atomic orbitals along their 

axis (end to end) is known as sigma bond.  bond is a strong bond because overlapping in it takes place to 

large extent. The hybrid orbitals always from  bond. 

 a) s – s overlapping 

   
 b) s – p overlapping 

   
 c) p – p overlapping 

   
2.Pi bond ( bond): The bond formed by the lateral overlapping of half -filled atomic orbitals is known as 

 (pi) bond. The sidewise overlapping takes place to less extent. Therefore,  bond formed is a weak bond. 

 bond overlapping takes place only at the sides of two lobes. A  bond is formed when a  bond already 

exists between the combining atoms. 

 
 Example: 

 In A – B molecule the bond formed is  bond. 

  

  
Thus, all the single bonds are  bonds. Double bond has one  and one  bond. Triple bond has one  and 

two  bonds. 
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Carbon atom - excited 
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from H atoms in CH
4
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Hybridization 

  

 The process of intermixing of atomic orbitals with small energy difference and belonging to the 

valence shell of same atom to give another set of new hybrid orbitals with equivalent shapes and energies is 

called a hybridization. 

 

Salient features of hybridization. 

 

i) The orbitals present in the valence shell of the atom are involved in hybridization.  

ii)Orbitals participating in hybridization must have almost same energy. 

iii)Only atomic orbitals involved in hybridization not electrons. 

  iv)Both half-filled and completely filled orbitals can also involve in hybridization. 

v)The number of hybrid orbitals is equal to the number of atomic orbitals participating in  

hybridization. 

  vi)Hybrid orbital form more stronger bonds than pure atomic orbitals. 

  vii)Same atom can assume different hybrid states under different situations. 

  vii)Hybrid orbitals form only sigma bonds. 

 ix)The hybrid orbitals are directed in space in some preferred direction to have minimum repulsion 

between electron pairs and thus a stable arrangement is obtained. Therefore, the type of 

hybridization indicates the geometry of the molecules. 
 

sp3  Hybridization: (Methane CH4) 

one s and three p orbitals of carbon atom are intermixing and produces 4 sp3hybrid orbitals. 

The shape of  sp3molecule is tetrahedral. 

The bond angle is 109028’ 

Number of sigma bonds are 7, pi bonds 0. 

In each sp3 hybrid orbital   s orbital properties 25% p orbital properties 75%. 

 

 

 
 

Shape and formation of methane molecule 
 

sp2 Hybridization: (Ethene C2H2) 

one s and two p orbitals of carbon atom are intermixing and produces 3 sp2 hybrid orbitals. 

The shape of  sp2molecule is trigonal planar. 
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The bond angle is 1200’ 

Number of sigma bonds are 5, pi bonds1. 

In each sp2hybrid orbital   s orbital properties 33.3% p orbital properties 66.6%. 

 

 

 

 
Orbital model of ethene molecule 

 . 

Sp Hybridization: (Acetylene C2H2) 

 

one s and one p orbitals of carbon atom are intermixing and produces 2 sp hybrid orbitals. 

The shape of sp molecule is linear. 
The bond angle is 1800. 
Number of sigma bonds are 3, pi bonds 2. 
In each sp hybrid orbital   s orbital properties 50% p orbital properties 50%. 

 

CH CH        C              C       HH H

π  bond

π bond

σ bond spsp

sp sp

 
 

    Acetylene structure C2H2 

 

Types of hybridization and spatial orientation of hybrid orbitals: The geometry and shapes of various 

species based on VSEPR theory along with hybrid state of central atom is given below in tabular form. 

 

Type of atomic orbitals 

involved 

Hybridizati

on 

Orientation or 

shape or structure 

Bond Angles  Examples 

one s + one p orbitals sp Linear 1800 
 

one s + two p orbitals sp2 Trigonal / planar 1200 
AlCl3,   

one s + three p orbitals sp3 Tetrahedral 109028’  
one s + three p orbitals 

with one  lone pair  

sp3 Pyramidal  1070 NH3, PH3, PCl3, AsH3, ClO3
-, NF3 

one s + three p orbitals 

with two  lone pair 

sp3 V-shape  104.50 H2O, H2S, PbCl2, OF2 

one s + three p + one d 

orbitals 

sp3d Trigonal bi 

pyramidal 

three angles 

1200 

(equitorial), 
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22222 HgCl,HC,BeCl,BeF

−− 2
33423 CO,NO,HC,BF

−−+
4

2
44444 ClO,SO,NH,SiF,CCl,CH

55 PCl,PF



two angles 

900(axial) 

one s + three p + two d 

orbitals 

sp3d2 Octahedral 900 SF6, PF6, SnCl6- 

one s + three p + three 

d orbitals 

sp3d3 Pentagonal bi-

pyramidal 

Five angles 720, 
two angles 900 

IF7,  

one d + one s+ two p 

orbitals 

dsp2 Square planar only 

in complex 

compounds 

900 
  

 
  

Method of predicting the Hybrid state of the central atom in covalent molecules of polyatomic ions: 

 

 The hybrid state of the central atom in similar covalent molecule or polyatomic ions can be predicted by 

using the generalized formula as described below: 

   

 

Simple Molecule Polyatomic Anion Polyatomic Cation  

         
 In the above formulae, 

  V=Number of monovalent atoms or groups attached to the central atom 

  G=Number of outer shell electrons in ground state of the central atom 

  a=Magnitude of charge on anion 

  c=Magnitude of charge on cation 

 

Molecular Orbital Theory (MOT) 

 
The molecular Orbital Theory was developed by F Hund and RS Mulliken The salient features are  

1)  Just as electrons of any atom present in various atomic orbitals, electrons of the molecule are present in 

various molecular orbitals. 

2)  Molecular orbitals are formed by the combination of atomic orbitals of comparable energies and proper 

symmetry. 

3) An electron in an atomic orbital is influenced by one nucleus, while in a molecular orbital it is 

influenced by two or more nuclei depending upon the number of atoms in a molecule. Thus an atomic 

orbital is monocentric while a molecular orbital is polycentric.  

4) The number of molecular orbitals formed is equal to the number of combining atomic orbitals. When 

two atomic orbitals combine, two molecular orbitals are formed. One is known as bonding molecular 

orbital (BMO) whereas other is anti-bonding molecular orbital (ABMO). BMO has lower energy and hence 

greater stability than the corresponding ABMO. First BMO are filled, then ABMO starts filling because 

BMO has lower energy than that of ABMO. 

 5) The bonding molecular orbital has lower energy and hence greater stability than the corresponding 

molecular orbital. 

6) Just as the electron probability distribution around a nucleus in an atom is given by an atomic orbital, the 

electron probability distribution around a group of nuclei in a molecule is given by molecular orbital. 

7) The molecular orbitals like the atomic orbitals are filled in accordance with the Aufbau principle 

obeying the Pauli Exclusion Principle and Hund’s rule of Maximum Multiplicity. But the filling order of 

these molecular orbitals is always experimentally decided, there is no rule like (n+1) rule in case of atomic 

orbitals. 

CONDITIONS FOR COMBINATION OF ATOMIC ORBITALS:  

1) The combining atomic orbitals must have the same or nearly the same energy. 

2) The combining atomic orbitals must have the same symmetry about the molecular axis. 

−− 2
4

2
4 ]PtCl[,))CN(Ni[

]GV[
2

1
X += ]aGV[

2

1
X ++= ]cGV[

2

1
X −+=



3) The combining atomic orbitals must overlap to the maximum extent. 

  

 Why He
2
 molecule does not exist and why O

2
 is paramagnetic? These questions cannot be explained by 

valence bond theory, but Molecular Orbital Theory explain above questions and many others.  

 Order of energy of various molecular orbitals is as follows: 

 

 For O
2
 and higher molecules 

 1s, *1s, 2s, *2s, 2p
x
, [2p

y
 = 2p

z
], [*2p

y
 = *2p

z
], *2p

x 

  

For N
2
 and lower molecules 

 1s, *1s, 2s, *2s, [2p
y
 = 2p

z
], 2p

x
, [*2p

y
 = *2p

z
], *2p

x 

 

Bond order: Bond order is defined as one half the difference between the number of electrons present in 

the bonding orbitals and the anti-bonding orbitals i.e. 

 Bond order (B.O.) = ½ [No of bonding electrons ( Nb)– No of anti bonding electrons ( Na)] 

 A positive bonding order ( i.e., Nb > Na)  suggest a stable molecule while a negative bond order i.e.,            

Nb < Na ) or zero bond order suggest an unstable molecule. 

➢ Nature of the bond: Integral bond order values of 1,2 or 3 corresponds to single bond, double bond or triple 

bonds respectively. 

➢ Bond Length: The bond order between the two atoms in a molecule may be taken as an approximate 

measure of the bond length. The bond length decreases bond order increases. 

➢ Magnetic nature: If all the molecular orbitals in molecules are doubly occupied or spin paired, the 

substance is diamagnetic (repelled by magnetic field). However, if one or more molecular orbitals are 

singly occupied it is paramagnetic (attracted by magnetic field). 

 

      Arrange the species O
2
, O

2
–,O

2
2– and O

2
+ in the decreasing order of bond order and stability and also 

indicate their magnetic properties. 

Solution: The molecular orbital configuration of O
2
, O

2
–, O

2
2– and O

2
+ are as follows: 

i) O
2
 = 1s2, *1s2, 2s2, *2s2, 2p

x
2, 2p

y
2, 2p

z
2, *2p

y
1 = *2p

z
1 

 Bond order  = , No. of unpaired electrons = 2 

  paramagnetic 

  

ii) O
2
– = 1s2, *1s2, 2s2, *2s2, 2p

x
2, 2p

y
2, 2p

z
2, *2p

y
2 = *2p

z
1 

 Bond order  = , No. of unpaired electrons = 1 

  paramagnetic  

 

iii) O
2
2– = 1s2, *1s2, 2s2, *2s2, 2p

x
2, 2p

y
2, 2p

z
2, *2p

y
2 = *2p

z
2 

 Bond order  = , No. of unpaired electrons = 0 

  diamagnetic 

iv) O
2
+  = 1s2, *1s2, 2s2, *2s2, 2p

x
2, 2p

y
2, 2p

z
2, *2p

y
1 = *2p

z
0 

2
2

6-10
=

5.2
2

5-10
=

1
2

8-10
=



 Bond order  =  , No. of unpaired electrons = 1 

  paramagnetic  

 Now as the bond order decreases in the order O
2

+ O
2
 O

2
– O

2
2– 

 So, same will be the stability order of the above species because stability is directionally proportional to 

bond order. 

 

 Note: Bond length is inversely proportional to bond order.  
Bond Energy Bond order  

  

1
Bond Length

Bond order


 
 

Molecule Total no of  

electrons 

Bond 

order 

No of 

unpaired 

electrons 

Magnetic property 

H2 2(2,0) 1 0 Diamagnetic 

H2
+ 1(1,0) 1 1 

Paramagnetic           1(1 2) 3 BM+ =
 

H2
- 3(2,1) ½ 1 Paramagnetic 1(1 2) 3 BM+ =  

He2 4(2,2) 0 0 Does not exists 

He2
+ 3(2,1) ½ 1 

Paramagnetic           1(1 2) 3 BM+ =  

Li2 6 (4,2) 1 0 Diamagnetic  

Be2 8 (4,4) 0 0 Does not exists 

B2/HF 10 (6,4) 1 1 
Paramagnetic    1(1 2) 3 BM+ =  

C2 12 (8,4) 2 0 Diamagnetic 

N2 14 (10,4) 3 0 Diamagnetic  

N2
+ 13 (9,4) 2.5 1 

Paramagnetic    1(1 2) 3 BM+ =  

N2
- 15 (10,5) 2.5 1 

Paramagnetic    1(1 2) 3 BM+ =  

N2
-2 16 (10,6) 2 1 

Paramagnetic    1(1 2) 3 BM+ =  

O2 16(10,6) 2 2 Paramagnetic 2(2 2) 8 BM+ =  

O2
+ 15 (10,5) 2.5 1 

Paramagnetic    1(1 2) 3 BM+ =  

O2
+2/ CN- 14(10,4) 3 0 Diamagnetic  

O2
-( super oxide 

ion) 

17(10,7) 1.5 1 
Paramagnetic    1(1 2) 3 BM+ =  

O2
-2 ( peroxide 

ion) 

18(10,8)  1 0 Diamagnetic 

NO 15(10,5) 2.5 1 Paramagnetic    1(1 2) 3 BM+ =  

NO+ 14(10,4) 3 0 Diamagnetic 

NO- 16(10,6) 2 2 Paramagnetic 2(2 2) 8 BM+ =  

BN 12(10,6) 2 0 Diamagnetic 

CN 13(10,5) 2.5 1 Paramagnetic    1(1 2) 3 BM+ =  

CN+ 12(10,6) 2 0 Diamagnetic 

CO 14(10,4) 3 0 Diamagnetic 

CO+ 13(10,3) 2.5 1 Paramagnetic    1(1 2) 3 BM+ =  

5.2
2

5-10
=



 

i) Stability order  H2 > H2
+ > H2

- 

ii) Stability order  H2 > B2 > Li2 

iii) Stability order  N2 > N2
+ = N2

- > N2
-2 

iv) Stability order  O2
+ > O2 > O2

- > O2
-2 

 

      __________________________________________________________________________ 

Dipole Moment: Dipole moment is the product of the magnitude of partial charge on any of the atom and 

the distance between the atoms. It is vector quantity. 

 

Dipole moment ( µ) = magnitude of the charge (q) X distance separation (d) 

 

Dipole moment is usually expressed in Debye Units (D). 

 Unit for dipole moment = 10–18 (esu) cm (D) is used in practice.  

In SI units charge q is measured in coulombs (C) and the distance, d in metre 1 Debye = 3.33564 x10-30col 

mtr. 

1 Debye = 1x10-10 esu cm 

   1C = 2.998 × 109 esu and 1 m = 102 cm 

   1 Cm = 2.998 × 109 × 102 = 2.998 × 1011 (esu) cm 

 Therefore in SI system, the unit of dipole moment is coulomb metre 

   1 Cm =   

 or   

 Dipole moment is a vector quantity and is often indicated by an arrow parallel to the line joining the point 

of charge and pointing towards the negative end e.g., .  

 % Ionic character of a covalent bond =  

  The dipole moment of KCl is 3.336 × 10–29 Cm. The interatomic distance K+ and Cl– ion  in  KCl  is 260 

pm. Calculate  the  dipole moments  of  KCl, if  there were opposite charges of the fundamental unit 

located at each nucleus. Calculate the percentage ionic character of KCl. 
 

            Solution:  From the given data 

    q = 1.602 × 10–19C 

    r = 260 pm = 260 × 10–12 m = 2.6 × 10–10 m 

    Magnitude of dipole moment for 100% ionic character 

    || = qr = (1.602 × 10–19) (2.6 × 10–10) = 4.165 × 10–29 Cm 

    Actual dipole moment = 3.336 × 10–29 Cm 

     % of ionic bond =  = 80.1% 

    The bond is 80.1% ionic. 

 

 Greater the value of the dipole moment, greater is the polarity of the bond. 

 The following points may be considered regarding dipole moments: 

i) In case a molecule contains two or more polar bonds, its dipole moment is obtained by the vectorial 

addition of the dipole moments of the constituent bonds. 

ii) A symmetrical molecule is non-polar even though it contains polar bonds. 
 

 For example, carbon dioxide, methane and carbon tetrachloride, being symmetrical molecules, have zero 

dipole moments. 
 

 Dipole moment of methyl chloride is a vectorial addition of dipole moments of three C – H bonds and one 

C – Cl bond. 
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 Dipole moment gives valuable information about the structure of molecules. For example, carbon dioxide 

is assigned a linear structure since its dipole moment is zero. 
 

 “If the electro negativity difference between the two bonded atoms is 1.9, the bond is 50% ionic in 

character. When the electro negativity difference is greater than 1.9, the bond is correspondingly more 

ionic”. 

 

~~~~~~~~~~~~~~~~~~~~~~ 
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OBJECTIVE QUESTIONS 

LEVEL-I 
Q.1 Which of the following has zero dipole moment ? 

 (A) NH
3
 (B) H

2
O (C) BCl

3
 (D) SO

2
 

 

Q.2 Which of the following has maximum bond energy ? 

 (A) H – O – H (B) H – S – H (C) H – Te – H (D) H – Se – H 
 

Q.3 Which of the following statements is false ? 

 (A)  there will be 25% s character in hybrid orbitals if the angle between two hybrid orbital is 105° 

 (B)  in HClO
4
. HClO

3
 and HClO

2
 . number of valance electrons will be 32.26 and 20. respectively 

 (C)  bond length is inversely proportional to bond order 

 (D)  dipole moment of CH
2
Cl

2
 is zero 

 

Q.4 The bond present in CuSO
4
.5H

2
O will be  

 (A) ionic bond and hydrogen bond (B) covalent bond 

 (C) coordinate bond  (D) all of the above 
 

Q.5 Ionic compound is  

 (A) H
2
O  (B) HCl (C) Csl (D) NH

3
 

 

Q.6 If A (s) → A+ (g) + e ................. 600 KJ mol–1/2 

  B
2
 (g) + e → B– (g) .......... 260 KJ mol—1 

 A (s) +  B
2
 (g) → AB (s) ....... – 550 KJ mol–1 

  then lattice energy of AB (s) will be  

 (A) – 160  (B) – 890 (C) – 420 (D) + 360 
 

Q.7 Which of the following ions gives cyanide ion in aqueous solution? 

 (A) potassium ferrocyanide (B) potassium ferricyanide 

 (C) potassium cyanide  (D) potassium cobaltcyanide 
 

Q.8 Nature of bond between two nonmetal atoms will be  

 (A) Van der waals (B) covalent (C) ionic (D) all of the above 
 

Q.9 If the formula of a compound is X
2
 Y

5
, then what will be the numbers of electrons present in the valance 

shells of X and Y, respectively ? 

 (A) 5 and 6 (B) 6 and 3 (C) 2 and 3 (D) 5 and 2  
 

Q.10 The compound with two lone pairs and two bond electrons is  

 (A) SCl
2
 (B) PH

3
 (C) NH

3
 (D) HF  

 

Q.11 Which of the following has maximum melting point? 

 (A) SiC (B) Al
4
Cl

3 
(C) CO

2
 (D) Cl

2
 

 

Q.12 Covalent compound is  

 (A) K
2
O (B) Cl

2
O (C) CaO (D) MgO 

 

Q.13 A molecule MX
3
 has zero dipole moment. The orbitals used by M in the formation of  bond will be- 

 (A) pure p (B) sp2 (C) sp (D) sp3d 
 

Q.14 Which of the following ions has an atom in a state of sp2 hybridization? 

 (A) BeF
3

– (B) NF
3
 (C) OF

2
 (D) H

3
O+ 

Q.15 Which of the following statements is false for BF
3
 ? 

 (A) it is a Lewis acid  (B) it forms an addition produced with ammonia 

 (C) it is a planar molecule (D) it has ionic character 

 
 



Q.16 Maximum bond length is shown in  

 (A) CO
2
 (B) CH

4
 (C) NH

3
 (D) H

2
O 

 

Q.17 Which of the following does not have H - bond ? 

 (A) water (B) phenol (C) liquefied HCl (D) Liquefied NH
3
 

 

Q.18 Coordinate bond is formed in  

 (A) NaCl (B) NH
4
Cl (C) Cl

2
 (D) BCl

3
 

 

Q.19 Both the compounds of which pair have linear geometry ? 

 (A) SO
2
, SnCl

2
 (B) CO

2
, BeH

2
 (C) SO

2
., CO

2
 (D) SO

2
, H

2
O 

 

Q.20 XPO
4
 is a compound of a metal X, then the formula of the chloride of X will be  

 (A) XCl
3
 (B) XCl (C) X

2
Cl

3
 (D) X

2
Cl

2
 

 

Q.21 Which of  the following has pyramidal geometry ? 

 (A) PCl
3
 (B) SO

3
 (C) CO

3
–2 (D) NO

3
– 

 

Q.22 Select the correct statement. 

 (A)  (CF
3
)

3
N is a base, whereas (CH

3
)

3
N is not  

 (B)  PbCl
2
 melts at 606° C. whereas PbCl

4
 melts at 114°C 

 (C)  NaCl is soluble in petrol  (D)  Dipole moment of BF
3
 is high 

 

Q.23 False statement is  

 (A)  SnCl
2
 is white and SnI

2
 is coloured  

 (B)  Boiling point of H
2
O is higher than H

2
S 

 (C)  Water is capable of extinguishing fire of petrol 

 (D)  Glucose forms H-bonds with water 
 

Q.24 Lewis structure of carbon suboxide (C
3
O

2
) in ground state is  

 (A) O : C : : : C : C ::: O : (B) : O :: C : C : C :: O : 

 (C) :  :: C :: C :: C :: : (D) : O :: C :: C :: C :: O : 
 

Q.25 Which of the following hypothesis justifies that the bond angle of H
2
S is 92° ? 

 (A) Lewis structure  (B) Valence bond theory  

 (C) Valance bond concept of hybrid orbitals (D) Octet rule 
 

Q.26 Geometry of a molecule in which the central atom has 50% p character, will be  

 (A) linear (B) tetrahedral (C) trigonal (D) distorted tetrahedral 
 

Q.27 Configuration of the cation of which of the following metals is ns2, np6 , ndx type, and the total value of  

2 + 6 + x is nine to eighteen ? 

 (A) alkali metal (B) alkaline earth metal (C) inert metal (D) d block metal 
 

Q.28 Pb+4 is less stable than Pb+2, because of  

 (A) inert pair effect   (B) small size  

 (C) high ionisation potential (D) high electronegatively 
 

Q.29 The element showing highest valency is – 

 (A) Cl (B) I (C) F (D) Br 
 

Q.30 Increasing order of dipole moment in H
2
O, NH

3
, NF

3
 and CCl

4
 is  

 (A) CCl
4
< NF

3
< NH

3
< H

2
O (B) CCl

4
> NF

3
> NH

3
> H

2
O 

 (C) NF
3
> H

2
O > CCl

4
> H

2
O (D) all the four have equal dipole moments 

 

Q.31 Species in which peroxide ion is not present is 

 (A) PbO
2 

(B) H
2
O

2
 (C) SrO

2
 (D) A and B both 

 



Q.32 If s character decreases in hybrid orbital, then bond angle  

 (A) decreases (B) increases (C) remains uncertain (D) all are wrong 
 

Q.33 Which of the following compounds does not have a coordinate bond? 

 (A) SO
3
 (B) H

2
SO

4
 (C) H

2
SO

3
 (D) HNO

2
 

 

Q.34 Maximum covalency of an element is  

 (A) the number of unpaired s electrons     (B) number of unpaired s and p electrons 

 (C) number of unpaired d electrons         (D) number of s and p electrons present in valance shell 
 

Q.35 Which of the following molecules consists of only covalent bonds? 

 (A) KCl (B) PCl
3
 (C) NH

4
Cl (D) BaClO

4
 

 

Q.36 Number of  hybrid orbitals is equivalent to  

 (A)  the atomic orbitals participating in hybridization 

 (B)  electrons participating in the process  

 (C)  number of unpaired electrons in the valence shell 

 (D)  vacant orbitals in valence shell 
 

Q.37 When electron cloud of an anion is shared by the cation, then the polar bond so formed exhibits which of 

the following characters? 

 (A) covalent (B) metallic (C) coordinate (D) van der Waals 
 

Q.38 Which of the following types of bond in an inorganic compound undergoes dissociation to gives ions ? 

 (A) coordinate  (B) covalent (C) electrovalent (D) hydrogen bond 
 

Q.39 What will be the ionic potential, when nature of the oxide of a metal is basic? 

 (A) > 2.2 and < 3.2 (B) > 2.2 (C) > 3.2 (D) < 2.2 
 

Q.40 Which of the following does not have sp3 hybridization? 

 (A) BF
4
– (B) H

3
O+ (C) OF

2
 (D) BF

3 
 

Q.41 Sulphur have maximum covalency – 

 (A) 3 (B) 4 (C) 5 (D) 6 
 

Q.42 Which of the following has least ionic character? 

 (A) Cu
2
Cl

2
 (B) KCl (C) CsCl (D) BaCl

2
 

 

Q.43 Which of the following are correctly matched? 

  Compound          Hybridization 

 1.  Graphite –       sp3 

 2.  NH
4
+  –       sp2 

 3.  XeF
2
  –       sp3d2 

 4.  SF
4
  –       sp3d 

 (A) 4 (B) 3 (C) 2 (D) 1 
 

Q.44 Formula of the phosphate of a metal is MHPO
4
. What will be the formula of its chloride  

 (A) MCl (B) MCl
2
 (C) MCl

3
 (D) M

2
Cl

2
 

 

Q.45 The central atom of which of the following compounds has four bond pairs and two lone pairs 

 (A) SF
4
 (B) XeF

4
 (C) NH+

4
 (D) SF

6
 

 

Q.46 Three soluble salts of three metals A (Atomic weight 7), B (atomic weight 27) and C (atomic weigh 64) on 

electrolysis liberate 2.1, 2.7 and 9.6 grams of metals, respectively at the electrode. The valencies of the 

metals are, respectively 

 (A) 1, 3 and 2 (B) 3, 1 and 2 (C) 3, 1 and 3 (D) 2, 2 and 3 

 
 



Q.47 Incorrect information about Cl
2
O is  

 (A) angular structure (B) 110° bond angle (C) four lone pairs (D) two  bonds 
 

Q.48 Maximum energy is released from which process? 

 (A) F + F → F
2
 (B) N + N → N

2
 (C) Cl + Cl → Cl

2
 (D) O + O → O

2
 

 

Q.49 False statements about CO
2
 is that 

 (A) its dipole moment is zero (B) its solid form is called dry ice 

 (C) it is diamagnetic   (D) hybridization state of C and O is same 
 

Q.50 What will be the energy of the system on bringing x and y atoms closer upto bond distance ? 

 (A) infinity (B) minimum (C) maximum  (D) zero 
 

Q.51 Bond angle of HCN is similar to all of the following except 

 (A) BeF
2
 (B) C

2
H

2
 (C) OF

2
 (D) CO

2
 

 

Q.52 When a molecule breaks, then  

 (A) it absorbs energy  (B) it transmits energy 

 (C) it neither transmit nor absorbs energy (D) it transmit as well as absorbs energy 
 

Q.53 Which of the following statements in true for hybridization ? 

 (A)  sp3 hybridizationis found in SiF
4
. SnCl

4
. ClO

4
–, SO

4
–2, NH

4
+ and NH

3 

 
(B)  sp hybridizationis found in BeCl

2
, BeF

2
 , BeH

2
, Hg Cl

2
. ZnCl

2
, CO

2
, C

2
H

2
 and HCN 

 (C)  sp2 hybridizationis found in BeF
3
–, BCl

3
, BH

3
, C

2
H

4
 AlCl

3
, NO

3
–1 

 (D)  all of the above are correct. 
 

Q.54 Which of the following statements is true for [Cu(NH
3
)

4
]2+ ? 

 (A)  tetrahedral configuration and all paired electrons 

 (B)  square planar configuration and one unpaired electron 

 (C)  square planar configuration and all paired electrons 

 (D)  none of the above 
 

Q.55 What is the reason that ionic compounds do not show stereo isomerism 

 (A) presence of ions  (B) nondirectional nature of ionic bond 

 (C) brittle nature  (D) electrostatic forces of attraction between ions 
 

Q.56 In which of the following compounds, the coordinate bond is not present ? 

 (A) CuSO
4
 (B) H

2
O (C) BF

4
– (D) AlCl

4
– 

 

Q.57 Bond length of which of the following types of bonds is maximum ? 

 (A) sp2 – sp2 (B) sp – sp (C) sp3 – sp3 (D) sp3 – sp2 
 

Q.58 Which of the following is correct for CO
2
 ? 

 (A) nonpolar with polar bonds (B) polar with nonpolar bonds 

 (C) polar with polar bonds (D) all of the above are wrong 
 

Q.59 Which of the following statements is true ? 

 (A)  there is H-bonding in aqueous hydrochloric acid 

 (B)  dipole moment of NF
3
 is more than the dipole moment of NH

3
 

 (C)  dipole moment of CCl
4
 is less than the dipole moment of CHI

3
 

 (D)  positions of atoms get changed in resonance 
 

Q.60 In a compound, 50% X (valency 1) and 50%  Y (valency 1) are present, then the formula of the compound 

will be  

 (A) X
2
Y (B) XY (C) XY

2
 (D) X

2
Y

3
 

 



Q.61 Electronic configuration of an atom is ns2 np2 , which forms 2 and 2 bonds in a hydrocarbon, then 

hybridization state and bond angle of the atom will be  

 (A) sp, 180° (B) sp2, 120° (C) sp3, 109° 28 (D) dsp2, 90° 
 

Q.62 Which of the following compound is not known? 

 (A) OF
2
 (B) SF

4
 (C) SF

6
 (D) OF

6 
 

Q.63 Which of the following bonds should have higher polarity than the remaining three – 

 (A) C – F (B) C – O (C) C – B (D) C – H 
 

Q.64 Which of the following has maximum melting point? 

 (A) ionic crystal (B) covalent crystal (C) metallic crystal (D) molecular crystal 
 

Q.65 Inorganic graphite is – 

 (A) boron nitrate  (B) boron nitride (BN) 

 (C) boron carbonate  (D) none of the above 
 

Q.66 The type of bond between the layers in graphite is – 

 (A) van der Waals force  (B) covalent  

 (C) coordinate  (D) ionic 
 

Q.67 Anhydrous HCl is – 

 (A) an acid (B) a base (C) a salt (D) a covalent compound 
 

Q.68 Which of the following has ionic and covalent bonds ? 

 (A) OF
2
 (B) KCl (C) AIN (D) KCN 

 

Q.69 Which of the following oxides is most acidic ? 

 (A) MnO
2
 (B) Mn

2
O

3
 (C) Mn

2
O

7
 (D) MnO 

 

Q.70 Which of the following has least bond energy – 

 (A) C – O (B) C = O (C) C – C (D) C = C 
 

Q.71 Which of the following has minimum bond energy – 

 (A) O – H (B) Cl – H (C) C – H (D) N – H 
 

Q.72 p – p overlapping is not possible in – 

 (A) Cl
2
 (B) O

2
 (C) N

2
 (D) H

2
 

 

Q.73 A  bond is formed O
2
 by overlapping of – 

 (A) 2p
y
 – 2p

z
 (B) 2p

y
 – 2s (C) 2p

z
 – 2s (D) 2p

z
 – 2p

z
 

 

Q.74 Highest bond angle will be in – 

 (A) H
2
O (B) H

2
S (C) H

2
Se (D) H

2
Te 

 

Q.75 Which of the following ions has tetrahedral geometry – 

 (A) Na+ (B) NH
4

+ (C) Mg+2 (D) CO
3

–2 
 

Q.76 Which of the following molecules has hybridization on central atom different from that on the remaining 

three ? 

 (A) SiH
4
 (B) CH

4
 (C) BF

4
– (D) [Ni(CN

4
)–2] 

 

Q.77 Which of following has square planar geometry? 

 (A) XeF
4
 (B) SiCl

4
 (C) NH

4
+ (D) BF

4
–1 

 

Q.78 Molecule having zero dipole moment is – 

 (A) CH
2
Cl

2
 (B) NF

3
 (C) BF

3
 (D) ClO

2
–1 

 

Q.79 Hybridization state of carbon changes as follows. sp3→  sp2→ sp, then the angels of hybrid orbitals will – 

 (A) remain unchanged(B) go on increasing (C) go on decreasing (D) first inct 



 

Q.80 CCl
4
 is a covalent compound, whereas LiCl is less covalent, because – 

 (A) C – Cl bond is nonpolar (B) charge on CCl
4
 is more 

 (C) Li – Cl bond is polar (D) moment of Li – Cl is not definite 
 

Q.81 Shape of xenon hexafluoride is – 

 (A) tetrahedral   (B) distorted pentagonal bipyramidal 

 (C) square planar  (D) octahedral 
 

Q.82 CO
2
 is isostructural with – 

 (A) SnCl
2
 (B) HgCl

2
 (C) ZnI

2
 (D) OH

2
 

 

Q.83 Which of the following statements is correct? 

 (A)  bond order is a measure of the strength of the bond. 

 (B)  bond order is equal to the number of bonds present in a molecule 

 (C)  greater the bond order, more paramagnetic is the molecule 

 (D)  none of the above 
 

Q.84 Octahedral shape exists in hybridization – 

 (A) sp3d (B) sp3d2 (C) sp3d3 (D) none of these 
 

Q.85 Relative stabilities of O
2
, O

2
– and O

2
+, O

2
2– are in the order – 

 (A) O
2
> O

2
+> O

2
–> O

2
2– (B) O

2
+> O

2
> O

2
–> O

2
2– 

 (C) O
2
+> O

2
2–> O

2
–> O

2
 (D) O

2
2–> O

2
–> O

2
+> O

2 
 

Q.86 Which of the following is not paramagnetic – 

 (A) S2– (B) NO (C) O
2
– (D) N

2
– 

 

Q.87 The dipole moment of a molecule of the type AX
4
 having a square planar geometry is – 

 (A) O  (B) 4D (C) 2D (D) none of the above 
 

Q.88 The nodal plane in the –bond of ethene is located in – 

 (A)  the molecular plane  

 (B)  a plane parallel to the molecular plane 

 (C)  a plane perpendicular to the molecular plane which bisect the carbon-carbon  bond at right  

 angle 

 (D)  a plane perpendicular to the molecular plane which contains the carbon-carbons  bonds 
 

Q.89 The type of bonds present in CuSO
4
.5H

2
O are .............. only – 

 (A) electrovalent and covalent (B) electrovalent and co-ordinate  

 (C) electrovalent, covalent and co-ordinate (D) covalent and co-ordinate 
 

Q.90 The structure of XeF
4
 is – 

 (A) planer (B) tetrahedral (C) square planar (D) pyramidal 
 

Q.91 Which of the following is most stable – 

 (A) Pb2+ (B) Ge2+ (C) Si2+ (D) Sn2+ 
 

Q.92 Shape of molecules is decided by – 

 (A) sigma bond  (B) -bond 

 (C) both sigma and -bonds (D) neither sigma and -bonds 
 

Q.93 The metallic luster exhibited by sodium is explained by – 

 (A) diffusion of sodium ions (B) excitation of free proton  

 (C) oscillations of loose electrons (D) existence of body-centred cubic lattice 
 

Q.94 The molecule which has pyramidal shape is – 

 (A) PCl
3
 (B) SO

3
 (C) CO

3
2– (D) NO

3
– 



 

Q.95 Sulphuric acid molecule contains – 

 (A) only covalent bonds (B) covalent and ionic bonds 

 (C) covalent and co-ordinate bonds (D) covalent, ionic and co-ordinate bonds 
 

Q.96 NF
3
 is – 

 (A) non-polar compound (B) electrovalent compound 

 (C) having low value of dipole moment than NH
3
 (D) having more dipole moment than 

NH
3
 

 

Q.97 The maximum possible number of hydrogen bonds in which a water (H
2
O) molecule can participate – 

 (A) 4 (B) 3 (C) 2 (D) 6 
 

Q.98 Variable valency is characteristic of – 

 (A) noble gases (B) alkali metals (C) transition metals (D) non-metallic elements 
 

Q.99 PCl
5
 exists but NCl

5
 does not because – 

 (A) nitrogen has no vacant 2d-orbitals (B) NCl
5
 is unstable 

 (C) nitrogen atom is much smaller than p (D) nitrogen is highly inert 
 

Q.100 The type of bond formed between H+ and NH
3
 in NH

4
+ ion is – 

 (A) ionic (B) covalent (C) dative (D) hydrogen 

 

LEVEL-II 
 

Q.1 Weakest bond is  

 (A) ionic bond (B) covalent bond (C) coordinate bond (D) hydrogen bond 
 

Q.2 Which of the following statements is true? 

 (A)  and  bonds are weak bonds (B)  bond is stronger than  bond 

 (C) both the bonds are equally strong (D) all the above are wrong 
 

Q.3 Which of the following is nondirectional orbital ? 

 (A) sp (B) sp3 (C) dsp2 (D) s 
 

Q.4  orbital will formed by  

 (A) overlapping of s-s orbitals  (B) overlapping of sp-s orbitals 

 (C) coaxial overlapping of p-p orbitals (D) collateral over lapping of p-p orbitals 
 

Q.5 Which of the following compounds has linear geometry? 

 (A) CO
2
 (B) NO

2
 (C) SO

2
 (D) SnCl

2
 

 

Q.6 Which of the following has an atom having incomplete octet ? 

 (A) BF
3
 (B) NH

4
+ (C) CCl

4
 (D) PH

3
 

 

Q.7 The compound having odd number of electron pairs is  

 (A) XeF
2
 (B) NaCl (C) BF

3
 (D) ClO

2
 

Q.8 Electronic configuration of two elements X and Y are 2, 5 and 2, 7, respectively. If these elements form a 

covalent compound with each other, then the formula of the compound will be  

 (A) XY
3
 (B) X

2
Y

3
 (C) XY

2
 (D) XY 

 

Q.9 What is the oxidation number of carbon in diamond? 

 (A) 0 (B) 4 (C) 1 (D) 2 
 

Q.10 The s character in sp3d hybrid orbital will be 

 (A)  (B)  (C)  (D)  

 
 



Q.11 Which of the following is present in the lead pencil? 

 (A) Pb (B) Charcoal (C) Graphite (D) Fe 
 

Q.12 What is the type of hybridization and nature of Ni in [Ni(CN)
4

–2 ion ? 

 (A) dsp2 and diamagnetic (B) sp3d and paramagnetic 

 (C) dsp3 and diamagnetic (D) sp3 and paramagnetic  
 

Q.13 Which of the following species as boron in sp3 hybridization state ? 

 (A) BF
4
– (B) BH

3
 (C) B

2
H

6
 (D) BCl

3 
 

Q.14 Hydrolysis of SiCl
4
 occurs very fast, because - 

 (A)  Si is an electrophile due to vacant orbital in it (B)  SiCl
4
 is ionic  

 (C)  SiCl
4
 is covalent     (D)  Si is an element of V A group 

 

Q.15 The factor responsible for insolubility of BaSO
4
 in water is  

 (A) high dissociation energy (B) high covalent character 

 (C) high hydration energy (D) high lattice energy 
 

Q.16 In hybridization process 

 (A)  the hybrid orbitals formed are nondirectional 

 (B)  the hybrid orbitals of the atom have almost same energy 

 (C)  shapes of the hybrid orbitals are different 

 (D)  hybrid orbitals have high attractive forces between them 
 

Q.17 The compound soluble in ether is  

 (A) NaCl (B) RbCl (C) BaCl
2
 (D) LiCl 

 

Q.18 Which of the following is not a covalent compound ? 

 (A) NH
3
 (B) MgCl

2
 (C) SO

2
 (D) CCl

4
 

 

Q.19 Element X is strongly electropositive and Y is strongly electronegative. X and Y are monovalent, then the 

compound formed from them will be  

 (A) X+ Y– (B) X - Y+ (C) X - Y (D) X → Y 
 

Q.20 Which of the following statements is correct ? 

 (A)  all the covalent compounds are solids at room temperature 

 (B)  all the compounds of hydrogen are solids 

 (C)  all the halogen compounds are ionic 

 (D)  all the salts are generally ionic in nature 
 

Q.21 The valency of B in BCl
3
 is 3. This is justified on the basis of –  

 (A) resonance   (B) hybridization  

 (C) electronic configuration (D) shielding effect 

Q.22 Ionic bond is not a true bond, because 

 (A) it is nondirectional   (B) it is not strong 

 (C) it is directional  (D) it has repulsion between ions 
 

Q.23 The compound completing its octet by transfer of electrons is  

 (A) MgO (B) H
2
S

 
(C) PH

3
 (D) CCl

4
 

 

Q.24 Ionic compounds are insoluble in nonpolar solvents, because 

 (A) the dielectric constant of the solvents is high  (B) their dipole moment is high 

 (C) they get ionized very easily    (D) they do not form ion-solvent complex 
 

Q.25 Transition metals show variable valency, because 

 (A)  more electrons can be lost from the outermost shell 

 (B)  they can lose electrons from the outermost and penultimate shells 



 (C)  they form weak metallic bonds 

 (D)  they have low ionisation potential 
 

Q.26 There is increase in polarisation, when – 

 (A) the size of cation increases  (B) the size of cation decreases 

 (C) the size of cation and anion decreases (D) the size of cation and anion increases 
 

Q.27 Which of the following molecules does not have co-ordinate bond – 

 (A) SO
2
 (B) O

3
 (C) CH

3
NC (D) CO

2
 

 

Q.28 Compound of nitrogen in which nitrogen is in the state of sp2 hybridization, is  

 (A)  X– = Y (B)  N   (C) N = Y (D) NX
3 

 

Q.29
 

What is the reason of solubility of HCl in water ? 

 (A) hydrogen bonding  (B) ionisation 

 (C) proton transfer  (D) van der Waals forces 
 

Q.30 An element y is in the first short period and its configuration is ns2p1. The formula and the nature of its 

oxide will be – 

 (A) y
2
O

3
, acidic (B) yO

2
, amphotaric (C) y

2
O

2
, basic (D) yO

3
, acidic 

 

Q.31 Which of the following compounds is covalent and in which the extension of octet takes place during its 

formation ? 

 (A) SF
6
 (B) NO (C) NH

3
 (D) HCl 

 

Q.32 The pair of ions having pseudo inert configuration, is – 

 (A) Au+ and Ag+ (B) Na+ and Au+ (C) Cu+2 And Ag+ (D) Mg+2 and K+ 
 

Q.33 Increasing order of ionic character of the following metal halides is  

 MgCl
2
, NaCl, CaCl

2
, SrCl

2
, BaCl

2
 

 (A) MgCl
2
< CaCl

2
< SrCl

2
< BaCl

2
< NaCl (B) NaCl < MgCl

2
< CaCl

2
< SrCl

2
< BaCl

2
  

 (C) CaCl
2
< MgCl

2
< NaCl < SrCl

2
< BaCl

2
 (D) BaCl

2
< CaCl

2
< MgCl

2
< NaCl < BaCl

2
 

 

Q.34 Bond length does not depend on – 

 (A) electronegativity (B) electron affinity (C) resonance (D) hybridisation 
 

Q.35 Presence of lone pair of electrons on an atom affects – 

 (A) the bond angle   (B) the geometry of the molecule 

 (C) the physical properties (D) the geometry as well as bond angle 
 

Q.36 In which of the following types of hybridization, all the bond angles are not equal ? 

 (A) sp2 (B) sp3d (C) dsp2 (D) sp 

Q.37 Dimethyl ether is a gas and the boiling point of ethanol is 78°, whereas molecular formula and molecular 

weight of both the compounds are same. What is the region? 

 (A) H-bonding in ethanol (B) presence of covalent bond in ethanol 

 (C) ionic character of ethanol (D) basic nature of dimethyl ether 
 

Q.38 BeCl
2
 has which of the following types of orbital overlap? 

 (A) sp2 – p  (B) sp – p (C) sp3 – p  (D) s – p 
 

Q.39 Which of the following will show high covalent character? 

 (A) K
2
O  (B) OF

2
 (C) Bi

2
O

3
 (D) none of the above 

 

Q.40 In which of the following, the hybridization has not taken place? 

 (A) C
2
H

2
 (B) SO

2
 (C) KCl (D) NH

4
+  

 
 

X

N


X

N





Q.41 Which of the following has octahedral geometry? 

 (A) SF
6
 (B) ClF

2
 (C) NH

4
+ (D) XeF

4
 

 

Q.42 Dipole moment of which of the following is maximum? 

 (A) NH
3
 (B) NF

3
 (C) H

2
O (D) OF

2 
 

Q.43 Atomic numbers of two atoms X and Y are 1 and 8, respectively, then what will be the formula of the 

compound formed from them ? 

 (A) XY (B) X
2
Y & X

2
Y

2
 (C) XY

3
 (D) X

2
Y 

 

Q.44 Which of the following has minimum melting point ? 

 (A) Cu
2
Cl

2
 (B) CuCl

2
 (C) CaCl

2
 (D) KCl 

 

Q.45 Vander Waals forces are present in  

 (A) inert gases (B) mixture of gases (C) rare gases (D) all of the above 
 

Q.46 Iodine shows sp3d3 hybridization in which of the following excited states ? 

 (A) III  (B) II (C) I (D) normal state 
 

Q.47 According to Sudgen, the compound having a one electron bond is  

 (A) NCl
3
 (B) PCl

5
 (C) B

2
H

6
 (D) AlCl

3
 

 

Q.48 What is the reason of high reactivity of fluorine ? 

 (A) low bond energy of F – F bond  (B) F
2
 is liquid at room temperature 

 (C) high bond energy of F – F bond (D) electronegativity of F is maximum 
 

Q.49 Decomposition temperature is maximum for  

 (A) NH
3
 (B) PH

3
 (C) AsH

3
 (D) SbH

3
 

 

Q.50 Most acidic compound is  

 (A) N
2
O

3
 (B) P

2
O

3
 (C) As

2
O

3
 (D) Sb

2
O

3
 

 

Q.51 In which of the following compounds, dipole-dipole attraction is present ? 

 (A) H
2
O (l) (B) H

2
(g) (C) N

2
(g) (D) HCl (g) 

 

Q.52 In which of the following, the bond order is 2.5 ? 

 (A) HCl (B) KCl (C) CO (D) NO 
 

Q.53 Supposing that, an atom can be stabilised by 6 electrons and not by an octet, then the most stable structure 

of N will be  

 (A) N+ (B) N– (C) N
2

– (D) N+2 
 

Q.54 Correct order of boiling points of H
2
, Cl

2
 and Br

2
 is  

 (A) H
2
< Cl

2 
< Br

2
 (B) Cl

2
> Br

2 
> H

2
 (C) H

2
> Cl

2
< Br

2
 (D) equal in all the three 

 

Q.55 The cation having ns2, np6, ndx configuration in which 2 + 6 + x = 9 to 18, are generally formed by– 

 (A) alkali metals  (B) alkaline earth metals 

 (C) transition elements  (D) inner transition elements 
 

Q.56 Total number of lone pairs in N
2
H

4
 should be – 

 (A) 3 (B) 2 (C) 1 (D) 5 
 

Q.57 Which of the following is angular molecule ? 

 (A) NO
2
 (B) HgCl

2
 (C) BeF

2
 (D) SO

3
 

 

Q.58 A covalent compound is good conductor of electricity. Which of the following is true for this compound? 

 (A) single macromolecule (B) molecule formed by separate layers 

 (C) ionic molecule  (D) all of the above  
 



Q.59 Which of the following starred atoms does not have a lone pair of electrons? 

 (A)  (B)  (C)  (D)  
 

Q.60 Which of the following cations is capable of maximum polarising the chloride ion ? 

 (A) Ca+2 (B) Zn+2 (C) Sr+2 (D) K+ 
 

Q.61 Most stable carbonate is – 

 (A) CaCO
3
 (B) BaCO

3
 (C) SrCO

3
 (D) MgCO

3
 

 

Q.62 Which of the following has highest bond energy – 

 (A) C – Cl (B) C – Br (C) C – I (D) C – F 
 

Q.63 Which of the following molecules is bent – 

 (A) CO
2
 (B) O

3
 (C) N

2
O (D) none of these 

 

Q.64 In hybridization process – 

 (A)  hybrid orbitals have strong attraction between them. 

 (B)  shape of hybrid orbitals is different 

 (C)  orbitals of almost equal energy hybridise in a single atoms 

 (D)  hybrid orbitals formed are nondirectional 
 

Q.65 Molecular orbital is formed by the overlap of two atomic orbitals. It will be called – 

 (A) ionic bond (B) covalent bond (C) coordinate bond (D) hydrogen bond 
 

Q.66 Number of coordinate bonds in SO
3
 molecule, will be – 

 (A) 1 (B) 2 (C) 3 (D) 4 
 

Q.67 Which of the following has minimum energy ? 

 (A)  bond (B)  bond (C) ionic bond (D) hydrogen bond 
 

Q.68 Which of the following compound is covalent? 

 (A) H
2
 (B) CaO (C) KCl (D) Na

2
S 

 

Q.69 Strongest bond in between – 

 (A) NaCl (B) CsCl (C) both (D) none 
 

Q.70 Which of the following has a linear shape? 

 (A) B
2
H

6
 (B) BeF

2
 (C) AlCl

3
 (D) SO

2
 

 

Q.71 In which of the following the angle between the two covalent bonds is greatest? 

 (A) H
2
O (B) NH

3
 (C) CO

2
 (D) CH

4
 

Q.72 AsF
5
 molecule is trigonal by pyramidal. The orbitals of As atom involved in hybridization are – 

 (A) , , s, p
x
, p

y 
(B) d

xy
, s, p

x
, p

y
, p

z
  

 (C) s, p
x
, p

y
, p

z
, ,   (D)  

 

Q.73 Which of the following species has bond order of zero? 

 (A) Ne
2
 (B) He

2
+ (C)O

2
+ (D) N

2
+ 

 

Q.74 The compound which does not obey the octet rule is – 

 (A) OF
2
 (B) SO

2
 (C) PCl

3
 (D) SnCl

4
 

 

Q.75 Which of the following molecular species has unpaired electrons? 

 (A) N
2
 (B) F

2
 (C) O

2
– (D) O

2
2– 

 

 
 

22 yx
d

− 2z
d

2z
d zyxyx

p,p,p,s,d 22 −



Q.76 Which of the following statements is not correct for sigma and pi bonds formed between two carbon 

atoms? 

 (A)  Sigma-bond determines the direction between carbon atoms but a pi-bond has no primary 

effect in this regard. 

 (B)  Sigma-bond is stronger than a pi-bond 

 (C)  Bond energies of sigma-and pi-bonds are of the order of 264 kJ/mol and 347 kJ/mol, 

respectively 

 (D)  Free rotation of atoms about a sigma-bond is allowed but not in case of a pi-bond 
 

Q.77 Which contains both polar and non-polar covalent bonds – 

 (A) NH
4
Cl (B) HCN (C) H

2
O

2
 (D) CH

4
 

 

Q.78 A sp3-hybrid orbitals contains – 

 (A) 1/4 s-character (B) 1/2 s-character (C) 2/3 s-character (D) 3/4 s-character 
 

Q.79 Ionic reaction take place in – 

 (A) liquid state (B) solid state (C) solution state (D) gaseous state  
 

Q.80 The lowest bond energy exist in the following bonds for – 

 (A) C – C (B) N – N (C) H – H (D) O – O 
 

Q.81 The total number of valency electrons in PH
4

+ ion is – 

 (A) 8 (B) 9 (C) 6 (D) 14 
 

Q.82 HCl molecule in the vapour state in an example of – 

 (A) non-polar bond  (B) ionic bond 

 (C) polar covalent bond (D) pure covalent bond 
 

Q.83 The nature of bonding in diamond is – 

 (A) ionic (B) covalent (C) metallic  (D) co-ordinate 
 

Q.84 Among LiCl, BeCl
2
, BCl

3
 and CCl

4
, the covalent bond character follows the order – 

 (A) LiCl > BeCl
2
> BCl

3
> CCl

4
 (B) LiCl < BeCl

2
< BCl

3
< CCl

4
 

 (C) LiCl > BeCl
2
> CCl

4
> BCl

3
 (D) LiCl < BeCl

2
< BCl

3
> CCl

4
 

 

Q.85 The example of the p-p orbital overlapping is the formation of – 

 (A) H
2
 molecule  (B) Cl

2
 molecule  

 (C) Hydrogen chloride  (D) hydrogen bromide molecule 
 

Q.86 Which statement is not correct – 

 (A) double bond is shorter than a single bond (B) sigma bond is weaker than pi-bond 

 (C) double bond is stronger than a sigma bond (D) covalent bond is stronger than 

hydrogen bond 

Q.87 Which atomic orbital is always involved in sigma bonding only – 

 (A) s (B) p (C) d (D) f  
 

Q.88 Which involves breaking of covalent bond – 

 (A) boiling H
2
S (B) melting KCN (C) melting SiO

2
 (D) boiling CF

4
 

 

Q.89 Fluorine molecule is formed by the overlapping of – 

 (A) s-p orbitals  (B) s-s orbitals 

 (C) p-p orbitals by end to end manner (D) p-p orbitals by sides to sides manner 
 

Q.90 Which does not apply to metallic bond – 

 (A) overlapping  (B) mobile valency electrons 

 (C) delocalised electrons (D) none 

 

 
 



Q.91 Most covalent halide of aluminium is  

 (A) AlCl
3
 (B) AlI

3
 (C) AlBr

3
 (D) AlF

3
 

 

Q.92 The number of lone pairs is same in PCl
3
 and – 

 (A) BCl
3
 (B) NCl

3
 (C) CCl

4
 (D) PCl

5
 

 

Q.93 Which does not show hydrogen bonding – 

 (A) C
2
H

5
OH (B) liquid NH

3
 (C) H

2
O (D) liquid HBr 

 

Q.94 Which of the following has unchanged valency – 

 (A) H (B) Na (C) Fe (D) O 
 

Q.95 A molecule in which sp2-hybrid orbitals are used by the central atom in forming covalent bond is – 

 (A) He
2
 (B) SO

2
 (C) PCl

5
 (D) N

2
 

 

Q.96 Iron is tougher than sodium because – 

 (A) iron atom is smaller  (B) iron atoms are more closely packed 

 (C) metallic bonds are stronger in iron (D) none of these 
 

Q.97 The ratio of  and -bonds in benzene is – 

 (A) 2 (B) 6 (C) 4 (D) 8 
 

Q.98 How many bonded electron pairs are present in IF
7
 molecule – 

 (A) 6 (B) 7 (C) 5 (D) 8 
 

Q.99 The octet rule is not followed in – 

 (A) F
2
 (B) NaF (C) CaF

2
 (D) BF

3
 

 

Q.100 In a crystal, cations and anions are held together by – 

 (A) electrons (B) electrostatic forces (C) nuclear forces (D) covalent 

bonds 
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CHEMICAL BONDING AND MOLECULAR STRUCTURE 

JEE (Mains) previous year questions 

1. The intermolecular potential energy for the molecules A, B, C and D gives below suggests that  

  
 1) D is more electronegative that other atoms 2) A-A has the largest bond enthalpy 

 3) A-D has the shortest bond length   4) A-B has the stiffest bond  

2. The dipole moments of CCl4, CHCl3 and CH4 are in the order  

 1) CH4=CCl4<CHCl3 2) CHCl3<CH4=CCl4 3) CH4<CCl4< CHCl3 4) CCl4< CH4<CHCl3  

3. Which of the following compounds contain(s) no covalent bond(s) KCl, PH3, O2, B2H6, H2SO4 

 1) KCl,B2H6, PH3 2) KCl, H2SO4 3) KCl 4) KCl, B2H6  

Que. 1 2 3 4 5 6 7 8 9 10

Ans D B D D A A D A A A

Que. 11 12 13 14 15 16 17 18 19 20

Ans C A A A D B D B A D

Que. 21 22 23 24 25 26 27 28 29 30

Ans B A A D B B D A B A

Que. 31 32 33 34 35 36 37 38 39 40

Ans A A A B D B A B B C

Que. 41 42 43 44 45 46 47 48 49 50

Ans A C B B D A B A, D A A

Que. 51 52 53 54 55 56 57 58 59 60

Ans D D B A C B D B C B

Que. 61 62 63 64 65 66 67 68 69 70

Ans B D B C B B D A B B

Que. 71 72 73 74 75 76 77 78 79 80

Ans C C A B C C C A C D

Que. 81 82 83 84 85 86 87 88 89 90

Ans A C B B B B A C C A

Que. 91 92 93 94 95 96 97 98 99 100

Ans B B D B B C C B D B



4. 
( ) ( )I II

H N N N− − − − − − − − −  In hydrogen azide (above) the bond orders of bonds (I) and (II) are  

  (I) (II) 

 1)  >2 <2 

 2)  <2 <2 

 3)  <2 <2 

 4)  >2 >2 

5. The most polar compound among the following is 

  
6. The intermolecular interaction that is dependent on the inverse cube of distance between the molecules is  

           1) London force        2) hydrogen bond       3) ion-ion interaction   4) ion-dipole interaction   

7. Molecule AB has a bond length of 1.617A0 and a dipole moment of 0.38D. The fractional charge on each  

 atom (absolute magnitude) is ( 10

0( 4.802 10 )esu −=   

 1) 0  2) 0.05 3) 0.5     4) 1.0  

8. Which compound exhibits maximum dipole moment among the following?  

  
9. For which of the following molecules significant 0   

  
 1) 3 and 4 2) only 1 3) 1 and 2 4) only 3  

10. The correct statement for the molecule, CsI3, is  

 1) it contains Cs+, I-  and lattice I2 molecule   

 2) it is a covalent molecule  

 3) it contains Cs+ and 
3I −  ions  

 4) it contains Cs3+ and I- ions  

11. Among the following the maximum covalent character is shown by the compound  

 1) 2FeCl  2) 2SnCl  3) 3AlCl  4) 2MgCl   

12. The charge/size ratio of a cation determines its polarizing power. Which one of the following sequences 

represents the increasing order of the polarizing power of the cationic species, K+, Cs2+, Mg2+, Be2+ 

 1) 
2 2Ca Mg Be K+ + + +    2) 

2 2 2Mg Be K Ca+ + + +    

 3) 
2 2 2Be K Ca Mg+ + + +    4) 

2 2 2K Ca Mg Be+ + + +     

13. If AB4 molecule is a polar molecule, a possible geometry of AB4 is 

 1) square pyramidal 2) tetrahedral            3) rectangular planar 4) square planar   

14. The molecular geometry of SF6 is octahedral. What is the geometry of SF4 (including lone pair(s) of 

electrons, if any)  

 1) tetrahedral  2) trigonal bipyramidal         3) square planar  4) pyramidal   

 

 



15. The reaction in which the hybridization of the underlined atom is affected is  

 1) 6 5XeF SbF+ →   2) 
420

2 4

KH SO NaCl+ ⎯⎯⎯→   

 3) 3

HNH
+

⎯⎯→   4) 
3 2

DisproportionationH PO ⎯⎯⎯⎯⎯⎯→  

16. The compound that has the largest H-M-H bond angle (M=N, O,S,C) is  

 1) H2O 2) NH3 3) H2S 4) CH4  

17. Total number of lone pairs of electrons in 
3I −  ion is 

 1) 3 2) 6 3) 9 4) 12  

18. The decreasing order of bond angles in BF3, NH3, PF3 and 
3I −  is  

 1) 
3 3 3 3I BF NH PF−     2) 

3 3 3 3BF NH PF I −     

 3) 
3 3 3 3I NH PF BF−     4) 

3 3 3 3BF I PF NH−     

19. Identify the pair in which the geometry of the species is T-shape and square-pyramidal, respectively.  

 1) 
3IO−  and 2 2IO F  2) XeOF2 and XeOF4 3) 2ICl−

 and ICl5 4) ClF3 and 4IO−
  

20. The incorrect geometry is represented by  

 1) BF3-trigonal planar    2) NF3-trigonal planar   3) AsF5-trigonal bipyramidal  4) H2O-bent  

21. Which of the following conversions involves change in both shape and hybridization?   

 1) 
3 4BF BF−→  2) 

2 3H O H O+→  3) 4 2 6CH C H→  4) 
3 4NH NH +→   

22. 
3 2sp d hybridization is not displayed by  

 1) 6SF  2) 5PF  3) 3

6[ ]CrF −  4) 5BrF   

23. The species in which the N atom is in a state of sp hybridization is  

 1) 2NO+
 2) 2NO−

 3) 
3NO−  4) 2NO   

24. The group of molecules having identical shape is  

 1) 5 5 2 2, ,PFl IF XeO F  2) 3 3 3, ,BF PCl XeO  3) 4 4 4, ,SF XeF CCl  4) 
3 2 3, ,ClF XeOF XeF+   

25. The bond angle H-X-H is the greatest in the compound  

 1) PH3 2) CH4 3) NH3 4) H2O  

26. The geometry of XeOF4 by VSEPR theory is  

 1) trigonal bipyramidal  2) square pyramidal  3) octahedral  4) pentagonal planar  

27. The molecule having smallest bond angle is  

 1) 3AsCl  2) 3SbCl  3) 3PCl  4) 3NCl   

28. In which of the following pairs the two species are not isostructural  

 1) 4PCl +
 and SiCl4 2) PF5 and BrF5 3) 3

6AlF −  and SF6 4) 2

3CO −  and 
3NO−   

29. The structure of IF7 is  

 1) square pyramid  2) trigonal bipyramid  3) octahedral  4) pentagonal bipyramid   

30. The hybridization of orbitals of N atom in 
3NO− , 2NO+

 and 4NH +
 are respectively  

 1) sp, sp2, sp3 2) sp2, sp, sp3 3) sp, sp3, sp2 4) sp2, sp3, sp  

31. Complexes (ML5) of metals Ni and Fe have ideal square pyramidal geometries, respectively. The sum of  

 the 900, 1200 and 1800 L-M-L angles in the two complex is  

32. Of the species, NO, NO+, NO2+ and NO-, the one with minimum bond strength is  

 1) NO+ 2) NO 3) NO2+ 4) NO-  

33. The bond order and the magnetic characteristic CN- are  

 1) 3, diamagnetic  2) 3, paramagnetic  3) 
1

2
2

, paramagnetic  4) 
1

2
2

, diamagnetic   

34. If the magnetic moment of a dioxygen species 1.73 B.M. it may be  

 1) 2 2 2, ,O O or O− +
 2) 2O−

 or 2O+
 3) O2 or 2O−

 4) O2 or 2O+
  



35. Among the following molecules/ions, 
2

2C −
,

2

2N −
, 

2

2O −
, O2, which one is diamagnetic and has the shortest 

bond length  

 1) 
2

2C −
 2) O2 3) 

2

2N −
 4) 

2

2O −
  

36. Among the following, the molecule expected to be stabilized by anion formation is C2, O2, NO, F2 

 1) NO 2) O2 3) F2 4) C2  

37. Among the following species, the diamagnetic molecule is  

 1) B2 2) NO 3) O2 4) CO  

38. During the change of O2 to 2O−
, the incoming electron goes to the oribital  

 1) *2 zp  2) 2 yp  3) *2 xp  4) 2 xp   

39. According to molecular orbital theory, which of the following is true with respect to 2Li+
 and 2Li−

 

 1) both are stable  2) both are unstable  3) 2Li−
 is stable  4) 2Li+

 is stable and 2Li−
 is unstable   

40. In which of the following processes, the bond order has increased and paramagnetic character has changed 

to diamagnetic  

 1) 2 2O O+→  2) 
2

2 2O O −→  3) 2 2N N +→  4) NO NO+→   

41. Two pi and half sigma bonds are present in  

 1) O2 2) 2O+
 3) N2 4) 2N +

  

42. According to molecular orbital theory, which of the following will not be avaialbe molecule  

 1) 
2

2He +
 2) 2He+

 3) 2H −
 4) 

2

2H −
  

43. In the molecular orbital diagram for the molecular ion, 2N +
, the number of electrons in the  2p molecular  

 orbital is  

 1) 3 2) 1 3) 0 4) 2  

44. Which of the following best describes the diagram below of a molecular orbital  

  
 1) an antibonding  -orbital 2) an antibonding -orbital 

 3) a non-bonding orbital  4) a bonding  -orbital   

45. Which of the following species is not paramagnetic?  

 1) O2 2) B2 3) NO 4) CO  

46. Which of the following is paramagnetic?  

 1) CO 2) 
2

2O −
 3) NO+ 4) B2  

47. After understanding the assertion and reason, choose the correct option 

Assertion (A) : In the bonding molecular orbital (MO) of H2, electron density is increased between the 

nuclei  

Reason (R) : The bonding MO is A B + , which shows destructive interference of the combining electron  

waves  

 1)  Assertion and reason are correct and reason is the correct explanation for the assertion  

 2)  Assertion and reason are correct, but reason is not the correct explanation for the assertion  

 3) Assertion is correct, reason is incorrect 4) Assertion is incorrect, reason is correct   

48. Which one of the following properties is not shown by NO  

 1) its bond order is 2.5 2) it is diamagnetic in gaseous state 

 3) it is a neutral oxide  4) it combines with oxygen to form nitrogen dioxide  

  



49. Stability of the species Li2, 2Li−
 and 2Li+

 increases in the order of  

 1) 2 2 2Li Li Li+ +   2) 2 2 2Li Li Li+ −   3) 2 2 2Li Li Li− +   4) 2 2 2Li Li Li− +    

50. In which of the following pairs of molecules*ions, both the species are not likely to exist  

 1) 
2

2 2,H He− +
 2) 

2

2 2,H He+ −
 3) 

2

2 2,H He− −
 4) 

2

2 2,H He+
  

51. Which one of the following molecules is expected to exhibit diamagnetic behaviour  

 1) S2 2) C2 3) N2 4) O2 

KEY 

 

1) 4 2) 1 3) 3 4) 3 5) 1 6) 2 7) 2 8) 2 9) 1 10) 3 

11) 3 12) 4 13) * 14) 2 15) 1 16) 4 17) 3 18) 1 19) 2 20) 2 

21) 1 22) 2 23) 1 24) 4 25) 2 26) 2 27) 2 28) 2 29) 4 30) 2 

31) 20 32) 4 33) 1 34) 2 35) 1 36) 4 37) 4 38) 3 39) 1 40) 4 

41) 4 42) 4 43) 2 44) 1 45) 4 46) 4 47) 3 48) 2 49) 3 50) 4 

51) 2,3 52)  53)  54)  55)  56)  57)  58)  59)  60)  

 

JEE (Advanced) previous questions 

Only one option correct type  

1. Assuming 2s-2p mixing is not operative, the paramagnetic species among the following is  

 1) Be2 2) B2 3) C2 4) N2  

2. The shape of XeO2F2 molecule is  

 1) trigonal bipyramidal 2) square planar 3) tetrahedral 4) see-saw   

3. The species having pyramidal shape is  

 1) SO3 2) BrF3 3) 2

3SiO −  4) OSF2  

4. Assuming that Hund’s rule is violated, the bond order and magnetic nature of the diatomic molecule B2 is 

 1) 1 and diamagnetic  2) 0 and diamagnetic  3) 1 and paramagnetic 4) 0 and paramagnetic   

5. Among the following, the paramagnetic compound is  

 1) Na2O2 2) O3 3) N2O 4) KO2  

6. The species having bond order different from that in CO is  

 1) NO- 2) NO+ 3) CN- 4) N2  

7. (I) 1,2-dihydroxybenzene (II) 1,3- dihydroxybenzene 

 (III) 1,4- dihydroxybenzene (IV) hydroxybenzene 

 The increasing order of boiling points of above mentioned alcohols is  

 1) I<II<III<IV 2) I<II<IV<III 3) IV<I<II<III 4) IV<II<I<III  

8. Which species has the maximum number of lone pair of electrons on the central atom  

 1) 
3[ ]ClO −  2) 4XeF  3) 4SF  4) 

3[ ]I −   

9. According to molecular orbital theory which of the following statement about the magnetic character and  

 bond order is correct regarding 2O+
 

 1) paramagnetic and bond order < O2 2) paramagnetic and bond order > O2 

 3) diamagnetic and bond order < O2 4) diamagnetic and bond order > O2  

10. Which of the following are isoelectronic and isostructural? 2

3 3 3 3, , ,NO CO ClO SO− − −  

 1) 2

3 3,NO CO− −  2) 
3 3,SO NO−  3) 2

3 3,CO CO− −  4) 2

3 3,CO SO−   



11. Which of the following molecular species has unpaired electron(s) 

 1) N2 2) F2 3) 2O−
 4) 

2

2O −
  

12. Identify the least stable ion amongst the following.  

 1) Li- 2) Be- 3) B- 4) C-  

13. Specify the coordination geometry around and hybridization of N and B atoms in a 1:1 complex of BF3 and  

 NH3 

 1) N: tetrahedral, sp3; B: tetrahedral, sp3 2) N: pyramidal, sp3; B: pyramidal, sp3 

 3) N: pyramidal, sp3; B: planar, sp2 4) N: pyramidal, sp3; B: tetrahedral, sp3  

14. The correct order of hybridization of the central atom in the following species NH3, [PtCl4]
2-, PCl5 and 

BCl3 is 

 1) 
2 3 2 3, , &dsp dsp sp sp  2) 

3 2 3 2, , &sp dsp dsp sp  

 3) 
2 2 3 3, , &dsp sp sp dsp  4) 

2 3 2 3, , &dsp sp sp dsp  

15. The common features among the species CN-, CO and NO+ are  

 1) bond order three and isoelectronic 2) bond order three and weak field ligands 

 3) bond order two and  -acceptors 4) isoelectronic and weak field ligands.   

16. The hybridization of atomic orbitals of nitrogen in 
2 3,NO NO+ −  and 4NH +

 are  

 1) sp, sp3 and sp2 respectively 2) sp, sp2 and sp3 respectively 

 3) sp2, sp and sp3 respectively 4) sp2, sp3 and sp respectively  

17. Molecular shapes of SF4, CF4 and XeF4 are  

 1) the same, with 2,0 and 1 lone pairs of electrons respectively  

 2) the same, with 1,1 and 2 lone pairs of electrons respectively 

 3) different, with 0,1 and 2 lone pairs of electrons respectively 

 4) different, with 1,0 and 2 lone pairs of electrons respectively 

  

One or more than one options correct type  

 

18. the compound(s) with two lone pairs of electrons on the central atom is(are) 

 1) BrF5 2) ClF3 3) XeF4 4) SF4  

19. According to molecular orbital theory, 

 1) 
2

2C −
is expected to be diamagnetic  2) 

2

2C +
is expected to have a longer bond length than O2 

 3) 2N +
and 2N −

 have the same bond order  4) 2He+
 has the same energy as two isolated He atoms. 

20. When O2 is adsorbed on a metallic surface, electron transfer occurs from the metal to O2. The true 

statement(s) regarding this adsorption is(are)  

 1) O2 is physiosorbed  2) heat is released  

 3) occupancy of 
*

2 p  of O2 is increased  4) bond length of O2 is increased   

21. Hydrogen bonding plays a central role in the following phenomena 

 1) ice floats in water  2) higher Lewis basicity of primary amines than tertiary amines in aqueous solutions 

 3) formic acid is more acidic than acetic acid  

 4) dimerisation of acetic acid in benzene   

22. The pair(s) of reagents that yield paramagnetic species is/are  

 1) Na and excess of NH3 2) K and excess of O2  

 3) Cu and dilute HNO3 4) O2 and 2-ethylanthraquinol  

23. If the bond length of CO bond in carbon monoxide is 1.128A0, then what is the value of CO bond length in  

 Fe(CO)5 

 1) 1.15 A0 2) 1.128 A0 3) 1.72 A0 4) 1.118 A0  

 

 



Interger/Numerical value type Questions 

 

24. Among the species given below, the total number of diamagnetic species is ________ 

H atom, NO2 monomer, 2O−
 (superoxide), dimeric sulphur in vapour phase, Mn3O4, 

4 2 4 4 2 4 2 4 2 4( ) [ ], ( ) [ ], ,NH FeCl NH NiCl K MnO K CrO  

25. The sum of the number of lone pairs of electrons on each central atom in the following species is [

6 2 3 3[ ],[ ] , & [ ]TeBr BrF SNF XeF+ −  (Atomic numbers: N=7 F=9, S=16, Br=35, Te=52, Xe=54) 

26. Among 2 2 2 2 2 2 2 2, , , , , , ,H He Li Be B C N O+ −
 and F2 the number of diamagnetic species is (Atomic numbers: 

H=1, HJe=2, Li=3, Be=4, B=5, C=6, N=7, O=8, F=9) 

27. The total number of lone pairs of electrons in 2 3N O  is 

28. Among the triatomic molecules/ions, 
2 3 2 2 3 2 2 3, , , , , , ,BeCl N N O NO O SCl ICl I− + − −  and XeF2, the total number of 

linear molecule(s)/ion(s) where the hybridization of the central atom does not have contribution from the d- 

 orbital(s) is [Atomic number: S=16, Cl=7, I=53 and Xe=54] 

29. A list of species having the formula XZ4 is given below 

 2 2 2 2

4 4 4 4 4 3 4 4 4 4, , , , ,[ ( ) ] ,[ ] ,[ } &[ ]XeF SF SiF BF BrF Cu NH FeCl CoCl PtCl− − + − − −  

Defining shape on the basis of the location of X and Z atoms, the total number of species having a square 

planar shape is  

30. Based on VSEPR theory, the number of 90 degree F-Br-F angles in BrF5 is 

 

Matching  type questions  

 

31. Match the orbital overlap figures shown in List-I with the description given in List-II and select the correct  

 answer using the code given below the lists. 

  
 Code : 

  P Q R S   P Q R S  

 1)  2 1 3 4  2)  4 3 1 2 

 3)  2 3 1 4  4)  4 1 3 2 

32. Match each of the diatomic molecules in column I with its property/properties in column II 

 Column – I Column – II 

 A) B2 p) paramagnetic  

 B) N2 q) Undergoes oxidation 

 C) 2O−
 r) Undergoes reduction 

 D) O2 s) Bond order 2 

  t) mixing of s and p orbitals  

 

 



KEY 

 

1) 3 2) 4 3) 4 4) 1 5) 4 6) 1 7) 3 8) 4 9) 2 10) 1 

11) 3 12) 2 13) 1 14) 2 15) 1 16) 2 17) 4 18) 2,3 19) 1,3 
20) 2,3

,4 

21) 1,2

,4 

22) 1,2

,3 
23) 1 24) 1 25) 6 26) 6 27) 8 28) 4 29) 4 30) 8 

31) 3 

 

32) A-(p,r,t); B-(s,t); C-(p,q); D-(p,q,s) 

 

LOGICAL QUESTIONS - I 

 

Q.1 Why the atoms of noble gases do not react with other atom to form compounds ? 
 

Q.2 Why ? The ionic bond is called a non -directional but covalent bond is called a direction bond. 
 

Q.3 Why MgO is more stable than NaCl ? 
 

Q.4 Why the NaCl is more stable than CsCl ? 
 

Q.5 Why ionic compound do not conduct electricity when they are in the solid state ? 
 

or 
 

Q.6 Why the ionic solid conduct electricity when they are in water solution or in molten state? 
 

or 
 

Q.7 Why the ionic solids are soluble in polar solvent like H
2
O. ? 

 

or 
 

Q.8 Explain the solubility of ionic solid in a polar solvent like water? 
 

or 
 

Q.9 Why ? An ionic solid dissolve in polar solvent ? 
 

or 
 

Q.10 Explain why ionic solids are not soluble in non polar solvents ? 
 

Q.11 Why elements show variable covalency? 
 

Q.12 Why the covalent compounds are consist of discrete molecules? 
 

Q.13 Why some covalent compounds ore good conductor of electricity? 
 

Q.14 Why covalent solid are soluble in non-polar solvents? 
 

Q.15 Why covalent solids having the giant molecules are insoluble in all the solvents? 
 

Q.16 Why the covalent compound neither hard not brittle? 
 

Q.17 Why the reaction of covalent compound are slow ? 
 

Q.18 Why ionic compounds are not show isomerism but covalent compounds show this phenomenon? 
 



Q.19 Why an alloy is hard then pure metal ? 
 

Q.20 Why metals are highly tensile ? 
 

Q.21 Why metallic bond is weaker than a covalent bond ? 
 

Q.22 Why only O, N and F are capable of forming H –bonds ? 
 

Q.23 Why NH
3
 is better electron donner than PH

3
, H

2
S & H

2
O ? 

 

Q.24 Why metals have high density ? 
 

Q.25 Why the alkaline earth metals are harder than alkali metals ? 
 

Q.26 Explain the hardness sequence Li > Na > K ? 
 

Q.27 In ordinary conditions water exist as liquid but H
2
Se and H

2
Te as gases why ? 

Q.28 Explain the following sequence for boiling point ? 

  He < Ne < Ar < Kr < Xe < Rn 
 

Q.29 Explain how can a molecule has less energy and high stability than isolated atoms ? 
 

Q.30 Why  – bond is weak than  – bond ? 
 

Q.31 Why a molecule is more stable in terms of energy than the uncombined atoms ? 
 

Q.32 Why sodium chloride does not conduct electricity in solid state but does so in molten state ? 
 

Q.33 Why H
2
O is liquid while H

2
S is a gas at ordinary temperature? 

 

Q.34 Why BCl
3
 and BF

3
 are non polar ? 

 

Q.35 Why BeF
2
 and BF

3
 are stable though Be and B have less than 8 electrons ? Which one is more stable? 

 

Q.36 Why the repulsion between non bonded orbitals is greater than between the bonded orbitals ? 
 

Q.37 Why Valency of oxygen is generally two whereas sulphur shows valency of two, four and six ? 
 

Q.38 Why anhydrous HCl is bad conductor but in aqueous medium, it is good conductor of current ? 
 

Q.39 Why diamond is a hard solid with a very high melting point but a non-conductor of electricity ? 
 

Q.40 Why AlCl
3
 is largely covalent while AlF

3
 is largely ionic ? 

 

Q.41 Arrange the following bonds in increasing order of strength 

  C – C,   Ge – Ge,    Si – Si 
 

Q.42 F
2
 and Cl

2
 are gases, Br

2
 is liquid and I

2
 is solid why ? 

 

Q.43 CO
2
 is gas but SiO

2
 is solid. Why ? 

 

Q.44 NH
3
 can be liquefied easily but PH

3
 is not. Why ? 

 

Q.45 What is the increasing order of ionic character in HF, HCl, HBr and HI, Explain ? 
 

Q.46 What is the increasing order of ionic character in H
2
O, H

2
S and H

2
Se, Explain ? 

 

Q.47 What is the decreasing order of ionic character in NCl
3
 and PCl

3
, Explain ? 

 

Q.48 NF
3
 is less stable than NCl

3
. Why ? 

 

Q.49 Why is PCl
5
 unstable ? 

 

 

 



LOGICAL QUESTIONS - II 

 

Q.1 Why KHF
2
 is exist but KHCl

2
 is not ? 

 

Q.2 Why Co+3 ion is form with great difficulty but Fe+3 is not ? 
 

Q.3 Why an ionic solid do not exist as individual neutral independent molecules ? 
 

Q.4 Why NaCl have less boiling point than SiCl
4
 ? 

 

Q.5 Explain why Cu+ cation polarises the anions more strongly than Na+ cation even both have +1 charge? 
 

Q.6 Why Ag+ (cation) 4s2p6d10 has greater polarising power than K+ (cation) 3s2p6 ? 
 

Q.7 Why Li+ compounds are soluble in non polar solvent but not in polar solvents ? 
 

Q.8 Explain the following sequences of solubility ? 

  AlF
3
> AlCl

3
> AlBr

3
> Al I

3
 

Q.9 Why co-ordinate bond is called semi polar bond ? 
 

Q.10 Why H – atom alone is not capable of forming hydrogen bond ? 
 

Q.11 Why metals have intermediate melting and boiling point as compared to those of covalent and ionic 

compounds ? 
 

Q.12 Explain why melting point of o-nitrophenol is lesser than m and p-isomers ? 
 

 or 
 

 o-nitrophenol is volatile in steam and less soluble in water than the other two isomers ? 
 

Q.13 Boiling point of hydrides of V
A
, VI

A
& VII

A
 decrease from top to bottom but NH

3
, H

2
O & HF show a 

sudden increase why ? 
 

Q.14 Explain why glycerol (CH
2
(OH) – CH(OH) – CH

2
(OH)) have more viscosity, high heat of vaporisation and 

high dielectric constant ? 
 

Q.15 The density of ice is less then that of water or ice floats over water. Explain ? 
 

Q.16 Methanoic acid, HCOOH, has one carbon-oxygen bond of length 123 pm, and another of 136 pm. Which 

bond has which length ? 
 

Q.17 Both carbon-oxygen bonds in the methanoate ion, HCOO–, have the same length (127 pm). What does this 

tell about bonding ? 
 

Q.18 Water can react with hydrogen ion to make the oxonium ion, H
3
O+. What is present in water molecule that 

allows it to react with a hydrogen ion ? Describe the bonding in the oxonium ion. Draw a dot and cross 

diagram for the molecule ? 
 

Q.19 Why MgCl
2
 is linear but SnCl

2
 is angular ? 

 

Q.20 Why NCl
5
 does not exist while PCl

5
 does ? 

 

Q.21 Why Lead prefers to form divalent compounds ? 
 

Q.22 Why CH
4
, NH

3
 and H

2
O contain same number of electron but their shapes are different ? 

 

Q.23 Why Calcium fluoride is more ionic than CaI
2
 ? 

 

Q.24 Why Ammonium salts are much more soluble in water than the corresponding sodium salts ? 
 

Q.25 Why Carbon has two electrons unpaired in the outer most, but it forms tetravalent in organic compounds ? 
 



Q.26 The electronegativities of nitrogen and chlorine are same but NH
3
 exists as liquid whereas HCl as gas. Why 

? 
 

Q.27  Although CO
2
 has no dipole moment, SO

2
 and H

2
O have considerable dipole moments. Why? 

 

Q.28 Nitrogen trifluoride (NF
3
) and ammonia (NH

3
) have identical shape and a lone pair of electrons on nitrogen 

and further the electronegativity difference between the elements is nearly the same but the dipole moment 

of NH
3
 is very high in comparison to NF

3
. Why ? 

 

Q.29 Why Three carbon-oxygen bonds are equal in carbonate ion ? 
 

Q.30 Why NF
3
 is weaker base than NH

3
, NCl

3
, NBr

3
 and NI

3
 ? 

 

Q.31 Why BaSO
4
 is insoluble in water ? 

 

Q.32 Why compounds of normal elements are diamagnetic ? 
 

Q.33 Why IF
7
 is exist but ClF

7
 is not. 

Q.34 Which among the following has highest boiling point and why ? 

  H
2
, He, Ne, Xe, CH

4
 

 

Q.35 At room temperature, NO
2
 gas is paramagnetic in nature. When it is cooled below 0ºC acquires diamagnetic 

behaviour. Explain this observation on the basis of structure ? 
 

Q.36 Explain why the super oxides KO
2
, RbO

2
 and CsO

2
 are paramagnetic ? 

 

Q.37 NH
4

+ has bond angle identical to CH
4
 but NH

3
 has different bond angle; explain with proper reasoning ? 

 

Q.38 Explain why ClF
2

– is linear but ClF
2

+ is bent molecular ion ? 
 

Q.39 Ether  and water  have same hybridization at oxygen but they have not same bond angle. Why ? 
 

Q.40 In trimethylamine, the nitrogen has a pyramidal geometry whereas in trisilylamine N(SiH
3
)

3
 it has a planar 

geometry. Account for this fact. 
 

Q.41 Carbon has maximum covalency of four. Explain the covalency of carbon in given compound. 

   
 

Q.42 Which among the following will have the highest melting point? 

 PH
3
,  NH

3
,  (CH

3
)

3
N 

 

Q.43 Discuss the hybridization and shape of the molecule. Indicate whether the molecule is polar or non-polar. 
 

Q.44 The dielectric constant of H
2
O

2
 is more than that of H

2
O, but H

2
O

2
 is not a good solvent. Why? 

 

Q.45 What is the increasing order of bond angle in OF
2
 and Cl

2
O ? 

 

Q.46 Why in hydrogen & vander waal interaction bonding atoms do not lose their identity? 
 

Q.47 AgCl is white, AgBr is yellow & AgI is deep yellow. Why? 
 

Q.48 Why CCl
4
 does not get hydrolised but SiCl

4
 get hydrolised. 

 

Q.49 Why SF
6
 is exist but OF

6
 is not ? 

 

 

 

 

 

 

 



SOLUTIONS   (LOGICAL QUESTIONS – I) 

 
Ans.1 Because the outer most electron configuration of the atoms of noble gas is a stable configuration of 8 

electron which is also called octet. 
 

Ans.2 Because in ionic bond, an ion can attract other opposite charged ions from any direction and extends 

equally in all directions so the nature of ionic bond is non-directional, but on the other band a covalent 

bond is formed by the proper overlapping of orbitals so it have directional character.   
 

Ans.3 A/c to the force of attraction between constituent ions. 

   

 The electric charge on doubly charged Mg+2 and doubly charged O–2 ion in Mg+2O–2 ionic crystal is 4 times 

greater than between monovalent Na+ and Cl– ions in Na+ Cl– 
 

Ans.5 Because Na+ is smaller than Cs+ ion so the force of attraction between Na+Cl– ion in NaCl is higher than 

attraction between Cs+Cl– in CsCl. So NaCl have high lattice energy then CsCl and have greater stability. 
 

Ans.6 Due to the following two reasons - 

 (i) Unstable configuration of the core (Kernal) 

 (ii) Inert electron pair effect. 
 

Ans.7 Because in the crystal lattice the cation and anions are tightly held together with each other so the ions 

therefore ; cannot move freely to any large extent when an electric current is passed through the ionic 

solids. 
 

Ans.8 Because when the ionic compound goes in to the molten state. The kinetic energy of ions becomes so high 

that the attractive forces acting between the ions are over come so the arrangement of ions in crystal is 

destroyed and the ions become free to move in liquid medium. 
 

Ans.9 The electrostatic force between cation and anions is reduced by the high dielectric constant value of polar 

solvent. Ions are move freely and interact with solvent molecule to form the solvated ions. 
 

Ans.10 The water molecule is a dipole and hence the positive end of water dipole interact with the negative ion of 

the ionic solids and the negative ion of the ionic solids and the negative end of the dipole interacts with the 

positive ion of the same ionic crystals. 
 

Ans.11 For an ionic solid to dissolve in a polar solvent the solvation energy of the solvent must be greater than the 

lattice energy of the ionic solid so that the solvation energy may overcome the lattice energy. 
 

Ans.12 Because the force of attraction between adjacent covalent molecules is weak. 
 

Ans.13 Because these compounds having the layer lattices (graphite) and they have a free electrons which are good 

conductors of electricity. In such solids electrons can pass from one layer to the other and thus current can 

be carried. 
 

Ans.14 Due to the similarity in covalent nature of the molecule of the solute and solvent their solubility is based on 

the principle like dissolves like. 
 

Ans.15 This is due to the fact because due to their big size, are not able to interact with the solvent molecule. 
 

Ans.16 Because there are weak forces holding the molecules in solid crystal. A molecular layer in the crystal easily 

slips relative to other adjacent layer and there are no forces of repulsion between the other layers like those 

in ionic compound. 

Ans.17 Because there are no strong electrical force is present to speed up the reaction between molecules.  
 

Ans.18 Because ionic bonds are not rigid and non-directional but covalent bond are region and directional. 
 

Ans.19 Because if an alloying metal is added to a metal. The structural homogeneity of the principal metal is 

disturbed and hence the resulting allow is hard and brittle. 
 

Ans.20 It is due to the great attraction between the positive metal ion and the mobile electron. 
 



Ans.21 Due to the presence of the delocalised, electron (mobile electron) the attraction force between valence 

electron and the nuclei is weak but on the other hand is covalent bond due to the presence of localised 

electron there is more attraction between valence electron and nuclei is develop and thus covalent bond is 

stronger than metallic bond. 
 

Ans.22 It is due to their high electronegativity and small atomic size. 
 

Ans.23 It is due to the presence of vacant d-orbitals in PH
3
 and H

2
S. In H

2
O due to more electronegativity of O than 

N. Electron losing capacity of H
2
O will be less than NH

3
. 

 

Ans.24 This is due to fact that the metal bond keeps the metal atoms closely packed in the metallic crystal. 
 

Ans.25 Because the strength of metallic bond increases with increase of valence electrons and we know that 

alkaline earth metals have two and alkali metals have one valence electron. 
 

Ans.26 Because the size of Li+, Na+ and K+ ion is in the order. 

  Li+< Na+< K+ 

 

Ans.27 Due to the high electro negativity of O-atom than S, Se and Te. H
2
O molecule associate to form a 

polymerised molecule while H
2
S, H

2
Se and H

2
Te cannot do so. 

 

Ans.28 With increase of van der Waal’s forces the boiling point or melting point of a substance also increase. 
 

Ans.29 Because the overlapping of orbital involves a release of energy. This show that the formation of covalent 

bond is always accompanied by evolution of energy and thus stablilises the molecules. 
 

Ans.30 Because -bond is formed by the side to side overlapping between two p-orbital which much less effective 

than -bond which formed by the head to head overlapping between p-orbitals. 
 

Ans.31 When the atoms combined together to form molecule there is always release of energy. Thus potential 

energy of molecule is less than that  of uncombined atoms and therefore, the molecule is more stable. 
 

Ans.32 Because solid sodium chloride has crystalline structure in which the ions are not free to move the ion 

become mobile when  it is in molten state and thus the electricity can be conduct. 
 

Ans.33 Because oxygen has high electronegativity than sulphur. As a result, H
2
S forms hydrogen bonding so 

molecule of water come nearer to each other through hydrogen bonding. This results in higher boiling point 

of water and hence it is a liquid. 
 

Ans.34 Both are triangular and symmetrical molecules their dipole moment are zero. 
 

Ans.35 The stability is explained by symmetrical linear structure of BeF
2
 and triangular planer structure of BF

3
. 

BeF
2
 is more stable because of its greater bond angle (180º). 

 

Ans.36 The non-bonded orbitals relatively occupy space compared to the bonded orbitals and thus repulsion are 

greater. 
 

Ans.37 Because there are no d-orbitals in oxygen and hence it cannot extend it/s covalency but vacant d-orbitals 

are present in S are paired orbitals can be unpaired by shifting electrons to d-orbital so either making four 

orbitals singly occupied or six orbitals singly occupied showing valency 4 or 5 besides ? 

Ans.38 HCl is a covalent compound and in gaseous state it does not conduct current. In water however it react to 

form ions, HCl + H
2
O  H

3
+O + Cl– and thus conduct current. 

 

Ans.39 Because diamond is a giant molecule-three dimensional figure as every carbon is sp3 hybridised so one 

carbon atom is linked to four other carbon atoms tetrahedrally. Due to continuous covalent bonding all the 

atoms are held very closely are strongly as a result diamond is a very hard solid with a very high MP. It is 

non conductor as free electrons are not available. 
 

Ans.40 Due to large size of Cl– ion than F– ions there is greater degree of distortion in AlCl
3
. 

 
 



Ans.41 Ge – Ge < Si – Si < C – C  

 Bigger is the atomic size lower is the bond strength. 
 

Ans.42 Intermolecular distance is high in gaseous state, low in solid state and inter mediate in liquid state. When 

molecular weight increases, van der Waal's forces also increases. So F
2
 and Cl

2
 are gases due to the weak 

van der Waals forces and I
2
 is solid. 

 

Ans.43 CO
2
 has only weak van der Waals forces but in SiO

2
, one silicon atom is surrounded by four oxygen atoms 

tetrahedrally forming macromolecular string So SiO
2
 is solid. 

 

Ans.44 Because H-bonding present in NH
3
, while PH

3
 is non polar due to same value of electronegativity of P and 

H. 
 

Ans.45 HI < HBr <HCl < HF. 

 It is because that the electronegativity difference is maximum in H and halogen atom. 
 

Ans.46 H
2
Se < H

2
S < H

2
O. This is because the increasing electronegative difference between H – atom and O, S 

and Se atom. 
 

Ans.47 PCl
3
> NCl

3
, Because electronegativity difference of P and Cl is greater than N and Cl. 

 

Ans.48 NH
3
 is more polar than NCl

3
 – SO bond energy of N – F will be higher. 

 

Ans.49 String of PCl
5 
is unsymmetrical because the value of bond angles are different. 

 
SOLUTIONS    (LOGICAL QUESTIONS – II) 

 
Ans.1 HF

2
– is formed by H-bonding which formes KHF

2
 with K+ while H-bond is not formed due to low 

electronegativity of Cl– thus KHCl
2
 is not exist  

 

Ans.2 Increasing the nuclear charge in an atom tend to prevent the removal of electron from a lower energy level. 

As Co atom forms Co+3 ion with great difficulty because 3d electrons are more firmly retained by cobalt 

nucleus with positive charge equal to +27 which one unit higher than that on iron nucleus (= +26) 

 Fe(26) → 3s2p6d6, 4s2, Fe+2(24) → 3s2p6d6, Fe+3(23) → 3s2p6d5 

 Co(27) → 3s2p6d7, 4s2, Co+2(25) → 3s2p6d7, Co+3(24) → 3s2p6d6 
 

Ans.3 Because in crystal lattice a large number of cation and anion attract each other due to electro static force of 

attraction which extends in all directions. So in order to occupy minimum space the ions arrange 

themselves systemetically in an alternating cation-anion pattern thus we see that an ionic crystal consist of 

three dimensional solid string. 
 

Ans.4 NaCl is ionic and SiCl
4
 is covalent bond. 

 

Ans.5 According to their electronic configuration Cu+(3s2p6d18)have 18 electron in its valence shell but Na+(2s2p6) 

have 8 electron in its valence shell so the d-electron of the 18 electron shell shield the nuclear charge of 

cation less effectively. 

Ans.6 same reason (Q. 5) 
 

Ans.7 Because Li+ cation has a maximum polarising power due to its small size. 
 

Ans.8 So AlF
3
> AlCl

3
> AlBr

3
> AlI

3
. Increase the covalent character lower the solubility. The AlF3 have 

maximum ionic character thus it have maximum solubility. 
 

Ans.9 Because it is formed by these two steps.  

 Ist step – In this the doner (A) transfer 1 electron of it lone pair  to the acceptor (B) so A develop unit 

positive & B develop unit negative charge. This step is similar to the formation of ionic bond. 

   



 IInd step – In this the two electrons one each with A+& B– are shared by both the ion in this step is similar 

to the formation of covalent bond.  

   

 Thus we say that a co-ordinate bond is equivalent to a combination of an electrovalent bond (polar bond) 

and a covalent bond (non polar bond) so it is called semi polar bond. 
 

Ans.10 Because H-atom has small size with only one electron in its Ist energy level, when this electron is taken 

away, the proton (H+) left behind which can easily manage between two electronegative atoms bringing 

them closer together by creating electrostatic force. 
 

Ans.11 This is due to the reason that the attractive forces (metallic bond) in metallic crystal are intermediate 

between those in covalent and ionic compound. 
 

Ans.12 Because in o-nitrophenol a six membered ring (chelation) is formed by intramoleculer H-bond so it have 

different properties from those of other isomers. Because this type of bonding is not possible in m & p-

isomer because of the size of the ring that would result. 

      

Ans.13 The abnormal high boiling point of NH
3
, H

2
O and HF are due to the fact that the molecule are capable of 

forming the associated molecule as (NH
3
)

x
, (H

2
O)

x
, and (HF)

x
 by H-bonding between them. 

 

Ans.14 This is because of this fact that glycerol with three –OH group in its molecule can for any H-bond per 

molecule. This result in greater attraction among the molecule of glycerol. Thus it is more viscous, have 

high heat of vapourisation and high dielectric constant. 
 

Ans.15 In ice, water molecule is associated with four other water molecule through hydrogen bonding in a 

tetrahedral manner and form open-cage like structure. When ice melts the molecule come closer to each 

other so the density of water in liquid state is more than in solid state thus ice floats on water. 

  

Ans.16 The structure of molecule is . 

 The double bonded carbon oxygen bond is shorter than the other. A double bond between two atoms is 

always stronger and shorter than a single bond between the same atoms and HCOO– have same bond 

length. 
 

Ans.17 This is due to the presence of resonance in molecule  

  

 Each bond has part of the character of single bond and part of character of a double bond. The electron are 

delocalised over the three atoms. 

  
 

Ans.18 There are two lone pairs, but only one of them make a co-ordinate bond with an empty orbital on hydrogen 

atom. 

 There are three bond in the H
3
O+ ion all the three are identical but two of them are covalent and one co-

ordinate is the dot and cross diagram is – 

  
 

Ans.19 In MgCl
2
, Mg is sp hybridised while in SnCl

2
, Sn is sp2 hybridised. 

 

Ans.20 In N–atom d-orbital are not present while in P-atom d-orbital are present and ns electron can be shifted to 

nd orbital. 
 

Ans.21 Due to inert pair effect lead prefer's form divalent compound.  
 

Ans.22 Because the central atom in each of the three molecules CH
4
, NH

3
 and H

2
O undergoes sp3 hybridisation. In 

CH
4
 no lone pair is present the. In NH

3
 one lone pair is present, while in water molecule two lone pair are 

present. The lone pair and bond pair electrons repulsion changed the molecules shapes  

        
 



Ans.23 Because the size of the I– ion is bigger than F– ion. In CaI
2
 therefor more polarisation is present thus CaF

2
 is 

more ionic than CaI
2
. 

 

Ans.24 Na+ ion is solvated by ion-dipole interaction while NH
4
+ ion is solvated by H–bonding which is a stronger 

attraction force. 
 

Ans.25 Since all the four valencies of carbon are identical, 2s electron is shifted to one of the vacant p-orbital with 

the result four unpaired orbitals are present, these undergo hybridization and form four hybrid orbitals. 
 

Ans.26 Because the size of nitrogen is less then the size of chlorine, therefore, electron density in nitrogen is more 

than that of chlorine, so nitrogen forms H-bonding leading to association of molecules. Hence NH
3
 is a 

liquid. H-bonding is not possible with chlorine. 
 

Ans.27 CO
2
 has linear structure while SO

2
 and H

2
S have V-shaped string. 

       
 

Ans.28 It is due to different directions of moments of the N – H and N – F bond. 

       

 So according the structure the net dipole moment of NH
3
 is nearly zero by vector rule. 

 

Ans.29 The carbonate ion exhibits resonance and all the three C – O bonds are equal. 
 

Ans.30 It is due to larger electronegativity of F – atoms of NF
3
. The lone pair is most difficult to be donated. 

 

Ans.31 In BaSO
4
, lattice energy is more than it hydration energy. 

 

Ans.32 Because normal element acquire inert gas configuration in compounds so all the orbitals are double 

occupied and thus compound are diamagnetic. 
 

Ans.33 IF
7
 is exist because electro negative difference & size of iodine is big which is help to expansion of iodine 

orbital is possible but not in Cl. 
 

Ans.34 Xe, it has highest van der Waal's force because of having more electron. 

 

Ans.35 At room temp. there is unpaired electron at nitrogen. On cooling dimer exists  ; and there is no unpaired 

electron with it. 
 

Ans.36 KO
2
 has O

2
– ion; there exist odd electron bond as shown in structure as shown in structure. Odd electron 

bond makes is it paramagnetic. 
 

Ans.37 In NH
4
+ there are four bond pairs and no lone pair like NH

3
. However, NH

3
 has only three bond pair and 

one lone pair, hence its bond angle is less due to lone pair-bond pair repulsion. 
 

Ans.38 Chlorine atoms lies in sp3d hybrid state. Three lone pairs are oriented along the corners of triangular plan  

 Chlorine atom lies in sp3 hybrid state. Two lone pairs are oriented along two corners of tetrahedral. 

   [ClF
2
+] 

 

Ans.39 In H
2
O, bond angle is less than 109º28 due to lone pair and bond pair repulsion but in ether due to strong 

mutual between two alkyl groups bond angle become greater than 109º28.   
 

Ans.40 In N(CH
3
)

3
; there is sp3 hybridization at nitrogen but due to lone pair bond pair repulsion shape becomes 

pyramidal. 

 In tri silyl ammonia, there is vacant d-orbital at silicon hence, formation p – d back bonding take place 

and geometry becomes planar. 

Ans.41 This molecule has bridged carbon with three centred bonding. Thus, covalency of carbon is maintained. 
 

Ans.42 NH
3
, due to the presence of H – bonding. 

 
 



Ans.43    

 All fluorine atom do not lie in plane molecule is not symmetrical thus it will be polar. 
 

Ans.44 Because H
2
O

2
 decomposes readily to H

2
O at room temperature  

 2H
2
O

2
  2H

2
O + O

2 
 

Ans.45 OF
2
> ClO

2
 

 Because electronegativity difference in F – O is greater is greater than in O – Cl. 
 

Ans.46 Because both the bonds, are physical bonds. 
 

Ans.47 I– is largest, so polarisation of I– by Ag+ is maximum and the shared electrons are easily transferred to 

higher energy level in visible light. So AgI is deep yellow, but in chloride; electrons are not transfer easily 

so AgCl is colourless. 
 

Ans.48 In CCl
4
 

 (i) Octet of C is complete   (ii) there is no electron pair on C 

 (iii) there is no vacant d-orbital. 

 so CCl
4
 neither donates nor accepts electron and thus does not react with water. 

 In SiCl
4
 due to presence of vacant d-orbital in Si. It accept electrons and thus reacts with OH– of water and 

forms Si(OH)
4
 (unstable) which gets converted to more stable SiO

2
 by loss of two water molecule. 

 

Ans.49 Because oxygen is a second period element, so due to absence of 3d orbitals the valency of oxygen will not 

be six. But in sulphur due to presence of 3d orbitals the valency of sulphur may be six  

 

 

 

 

 

~~~~~~~~~~  



STOICHIOMETRY   

Law of conversation of mass (Lavoisier):  

Matter can neither be created nor destroyed during the chemical change “or” the total mass of the 

products formed during the chemical reaction is exactly equal to the total mass of the reactants. 

AgNO3 + KI →AgI + KNO3 

In the above equation total mass of AgNO3 + KI is equal to the mass of AgI + KNO3. 

Law of Definite proportions (Proust):  

In a chemical substance the elements are always present in a definite proportion or fixed 
proportions by mass or weight. 

If the same compound was prepared indifferent methods, it contains same elements in a 
fixed ratio. 

CO2 can be prepared in many ways, by combining carbon with Oxygen or by heating limestone. In 

CO2 the ratio of carbon and oxygen by weight is 12:32 = 3:8 

Law of multiple proportions (Dalton): 

If two elements chemically combine to give two or more compounds, then the weight of one 

element which combines with the fixed weight of the other element in those compounds contains a 

simple multiple ratio to the another. 

Ex: CO, CO2 

12 grams of carbon combines with 16, 32 grams of oxygen respectively. The simple multiple ratio 

is 1:2. 

In nitrogen oxides N2O, NO, N2O3, NO2, N2O5, 28 grams of nitrogen combines with 16, 32, 48, 64, 

80 or 1:2: 3:4:5 a simple multiple ratio. 

Law of Reciprocal proportions (Richter):  

When two elements combine separately with a fixed mass of a third element then the ratio of their 

masses in which they do so is either same of some whole number multiple ratio in which they 

combine with each other. 

Hydrogen combines with sulphur and oxygen to form H2S and H2O. In H2S, 2 parts of Hydrogen 

combines with 32 parts of sulphur. In H2O, 2 parts of Hydrogen combines with 16 parts of oxygen. 

According to this law sulphur should combine with oxygen in the ratio of 32:16 or a multiple of it. 

H

OS

H2OH2S

SO2

 

Actually both combines to from SO2 in the ratio of 32:32 or 1:1. 



Gay -Lussac’s Law of Combining Volumes: 

Gases combine in the simple whole number of their volumes under similar conditions of 

temperature and pressure. If products are also gases the simple whole number ratio also extend to 

the products.  

2 H2 (g) + O2(g) → 2 H2O(g) 

2 litres of Hydrogen combine with 1 litre of oxygen and produces 2 litres of water vapour.  

It is applicable only for gases. 

Avogadro’s Hypothesis: 

Equal volumes of all gases under same conditions of temperature and pressure contain equal 

number of moles or molecules. (OR) At constant temperature and pressure the volume of a gas is 

directly proportional to number of moles of gas. 

Vα n, V/n =K,  v1/n1 = v2/n2  

If V1=V2 then n1 =n2  

MOLE CONCEPT 

Now-days, gram-molecules and gram-atom are termed as a mole of molecules and a mole of 

atoms respectively, e.g., 1 gram-molecule of chlorine and 1 gram atom of chlorine are expressed 

as 1 mole of Cl2 ( Gram molecule of chlorine) and 1 mole of Cl (Gram atom of chlorine) 

respectively. 

The weight of Avogadro number of atoms or molecules or ions or chemical species is called as 

mole.  

The weight of 6.023x10
23

 atoms or molecules or ions or chemical species is also known as  mole. 

The number of moles can be calculated by the following formulae depending upon the data given: 

No. of moles of molecules  =  

No. of moles of atoms  =  

No. of moles of gas  =   

 

Mole
VolumeVolume at STP 

(22.4 litres)

Molecular weight 
(Gram molecule)

Atomic  weight                                    
(Gram atom)

Avogrdros Number 

(6.623x1023 partcles)

 



Stoichiometry is the study of the quantitative relationships or ratios between two or more 

substances undergoing a physical change or chemical change (a balanced chemical reaction).  

A balanced is also known as stoichiometric equation. 

Significance of Chemical Equations 

Let us consider a balanced chemical equation. 

PbS + 4H2O2 → PbSO4 + 4H2O 

This equation will provide us various quantitative information: 

1. The molar ratio of reactants, i.e., PbS and H2O2 in the above equation is 1:4. 

2. The molar ratio of the two products i.e., PbSO4 and H2O being formed in the reaction is also 

1:4. 

3. The initial moles of PbS and H2O2 for the reaction to take place not necessarily be 1 and 4 

respectively or also should not be in the molar ratio of 1:4. 

4. One can start the reaction with PbS and H2O2 in any molar ratio, but the ratio of PbS and 

H2O2 which are reacting will always be in the ratio of 1:4. 

5. One mole of PbSO4 and 4 moles of H2O will be formed for each mole of PbS being 

consumed. 

The stoichiometric coefficient of a balanced chemical equation is the molar ratio and not the weight 

ratio. 

Illustration 1:  Calculate the mass of 90% pure MnO2 to produce 35.5g of Cl2 according to the 

following reaction.  

   MnO2 + 4HCl → MnCl2 + Cl2 + 2H2O 

Solution:  MnO2 + 4HCl → MnCl2 + Cl2 + 2H2O 

   87g         71g 

   71g Cl2 is produced by 87g of MnO2 

   ∴35.5g Cl2 is produced =  = 43.5g 

    90g pure MnO2 is present in 100g sample 

   ∴ 43.5g pure MnO2 =  = 48.3g 

   

Limiting Reagent: 

The reactions in which more than one reactant are participating and if they are not present in the 

same molar ratio as per balanced equation, the reagent which is completely consumed in the 

reaction is known as limiting reagent.  

Or The reagent producing least number of moles of product is also known as limiting reagent”. 

Suppose you are given 5 moles of PbS and 18 moles of H2O2 and you have to calculate the 

maximum amount of PbSO4 being produced. 

The balanced equation is: 



  PbS  + 4H2O2 → PbSO4 + 4H2O 

Initial moles 5 mol      18 mol  

According to the equation 1 mol of PbS reacts completely with 4 moles of H2O2 to produce 1 mol 

of PbSO4. Therefore, 5 moles of PbS will react with 20 moles of H2O2. But since moles of H2O2 is 

only 18. So, H2O2 will be the reagent which will be consumed first, and hence      H2O2 is the 

limiting reagent. If PbS have been the limiting reagent 5 mole of it would have given 5 moles of 

PbSO4 but it is not so. It is observed from the balanced chemical equation that 1 mole of PbSO4 is 

produced from 4 moles of H2O2. So 18 moles of H2O2 will produce only 4.5 moles of PbSO4.  

Illustration 2:  8 gm of methane is burnt with 4.48L of O2 at STP. Find out the volume and 

weight of CO2 gas produced at STP. 

Solution:  The balanced chemical equation is 

   CH4 +  2O2 →  CO2  +  2H2O 

   1 mol  2 mol  1 mol 

   16 gm   2 × 22.4 L 22.4 L 

         44 gm 

   No. of moles of CH4 =  

   No. of moles of O2 =  

   As per equation  1 mole of CH4 ( 22.4 Lt requires 2 moles (i.e. 44.8 L) of O2 for 

complete combustion. But the given moles of O2 is only 0.2 mol. So, O2 is the 

limiting reagent. 

   Again, since 2 moles of O2 reacts with 1 mol of CH4 to give 22.4 L of CO2  

at STP. 

   So 0.2 mole of O2 will react with 0.1 mol of CH4 to give 2.24 L of CO2. 

   Wt. of CO2 produced  = 0.1 mol × 44 

       = 4.4 gms of CO2 

GRAVIMETRIC ANALYSIS  

Gravimetric analysis is an analytical technique based on the measurements of mass of solid 

substances or volume of gaseous species. Gravimetric analysis is divided into three parts. 

i) Mass-Mass relationship 

ii) Mass-volume relationship 

iii) Volume-volume relationship 

i) Mass-Mass Relationship: It relates the mass of a species (reactant or product) with 

the mass of another species (reactants or product) 

 Let us consider a chemical reaction, 

 2NaHCO3(s) Na2CO3(s) + H2O + CO2(g) 

 Suppose the mass of NaHCO3 being heated is ‘a’ g and we want to calculate the weight of 

Na2CO3 being produced by heating of ‘a’ g of NaHCO3. 

 The moles of NaHCO3 =  

 According to the above balanced equation 2 moles of NaHCO3 upon heating gives 1 mole 

of Na2CO3. So, 

 The no. of moles of Na2CO3 produced =  



 Thus, wt. of Na2CO3 produced = moles of Na2CO3 × Molecular weight of Na2CO3 

       =  = gms 

 

Illustration 3:  By heating 10g of CaCO3, 5.6g CaO is formed. What is the weight of CO2 

obtained in this reaction? 

Solution:      CaCO3 → CaO + CO2 

   Molecular weight  100  56 44  

    100g CaCO3 gives 56g CaO and 44g CO2 

   ∴ 10g CaCO3 gives 5.6g CaO and 4.4g CO2 

 

ii) Mass-Volume Relationship: It relates the mass of a species (reactant or product) and 

the volume of a gaseous species (reactant or product) involved in a chemical reaction.  

 NaHCO3 decomposes as 

2NaHCO3 Na2CO3 + H2O + CO2 

 Now, we want to calculate the volume of CO2 gas being produced. 

 Moles of NaHCO3 taken =  

 Now, since 2 moles of NaHCO3 gives 1 mole of CO2 at STP. Thus 

 Moles of CO2 produced =  

 As we know that 1 mole of any gas at STP occupies a volume of 22.4 L. 

 So, volume of CO2 produced =  

Illustration 4:  Calculate the volume of hydrogen liberated at 27°C and 760 mm pressure by 

treating 1.2g of magnesium with excess of hydrochloric acid. 

Solution:  The balanced equation is 

   Mg + 2HCl = MgCl2 + H2 

   1 mole           1 mole 

   24g           22.4 litre at NTP 

   24g of Mg liberate hydrogen = 22.4 litre 

   1.2g of Mg will liberate hydrogen =  = 1.12 litre 

   Volume of hydrogen under given condition can be calculated by applying 

    

   P1 = 760 mm  P2 = 760 mm 

   T1 = 273 K  T2 = (27 + 273) = 300K 

   V1 = 1.12 litres  V2 = ? 

   V2 =  

iii) Volume-Volume Relationship: It relates the volume of gaseous species (reactants or 

products) with the volume of another gaseous species (reactant or product) involved in a 

chemical reaction. 



Illustration 5:  What volume of oxygen gas at NTP is necessary for complete combustion of 

20 litre of propane measured at 0°C and 760 mm. pressure. 

Solution:  The balanced equation is 

    

   1 litre of propane requires = 5 litre of oxygen 

   20 litre of propane will require = 5 ×20 =100 litre of oxygen at 760 mm pressure 

and 0°C. 

Titration: The process of determination of concentration of a solution of unknown concentration 

with the help of a standard solution (solution of known concentration) is known as titration. 

Molarity (M): The no. of moles of solute present in one litre of solution is called the  

molarity (M). 

  Molarity =  

  or Molarity (M) =   

So, no. of moles of solute = Volume of solution (in litre) × Molarity of solution 

Molality (m): No. of moles of solute present in one kilogram of solvent is know as molality. 

  Molality (m) =  

Normality (N): No of equivalents of solute present in one litre of the solution is known as 

Normality (N). 

  Normality (N) =  

     =  

No. of equivalent of solute = Volume of solution (in litre) × normality of solution 

No. of milli equivalents of solute = Normality of solution × Volume of solution (in milliliters) 

Equivalent Weight: Number of parts by mass of an element which reacts or displaces from a 

compound 1.008 parts by mass of hydrogen, 8 parts by mass of oxygen and 35.5 parts by mass of 

chlorine, is known as the equivalent weight of that element. 

� Equivalent weight expressed in grams is known as gram equivalent weight or Gram 

equivalent. 

Weight of substance in grams 

Gram Equivalent weight 
 Number of equivalents =

 

� 

Atomic weight of an element 

Valency of an element 
Equivalent weight of an Element =

 

Name of the Element  Atomic weight Valency Equivalent weight 

of Element 

Hydrogen (H) 1 1 1 



Oxygen (O) 16 2 8 

Sodium (Na) 23 1 23 

Potassium (K) 39 1 39 

Magnesium (Mg) 24 2 12 

Aluminum (Al) 27 3 9 

Iron (Fe) 56 Fe
+2 

/ Fe
+3

 28/ 18.66 

Copper (Cu) 63.5 2 31.75 

Chlorine (Cl)  35.5 1 35.5 

� EQUIVALENT WEIGHT OF AN ION: 

Formula weight of an ion  

    Charge of the ion
Equivalent weight of an ion =

 

Name of the ion  Formula weight Charge in 

units 

Equivalent weight of 

ion 

Sodium (Na
+
) 23 1 23 

Chloride (Cl-) 35.5 1 35.5 

Iron (Fe
+2

) ferrous ion 56 2 28 

Iron (Fe
+3

) Ferric ion  56 3            18.66 

Carbonate ion (CO3
-2

) 60 2 30 

Sulphate ion (SO4
-2

) 96 2               48 

Phosphate ion (PO4
-3) 95 3 31.67 

Copper (Cu
+2

) 63.5 2 31.75 

 

� EQUIVALENT WEIGHT OF AN ACID:  

Moleculaar weight of an acid   

               Basicity
Equivalent weight of an acid =

 

Basicity is number of replaceable hydrogen ions present in the acid. 



 

Name of the acid  Molecular weight Basicity Equivalent weight 

of an acid  

Hydrochloric acid (HCl)  36.5 1 (mono 

basic)  

36.5 

Sulphuric acid (H2SO4) 98 2 (dibasic)  49 

Nitric acid (HNO3) 63 1 63 

Acetic acid (CH3COOH) 60 1                60 

Oxalic acid (H2C2O4 2H2O 126 2 63 

Phosphorous acid (H3PO3) 82 2               41 

Phosphorous acid (H3PO4) 98 3 32.67 

Hypo Phosphorous acid 

(H3PO2) 

66 1 66 

Meta phosphoric acid 

(HPO2) 

64 1 64 

� EQUIVALENT WEIGHT OF BASES:  

Moleculaar weight of Base   

               Acidity
Equivalent weight of Base =

 

Acidity of base number of replaceable hydroxyl ions(OH
-
) present in the base. 

 

Name of the Base Molecular 

weight 

Acidity Equivalent 

weight of Base  

Sodium hydroxide (NaOH)  40 1 (mono 

acidic)  

40 

Calcium hydroxide (Ca(OH)2 74 2 (diacidic)  37 

Ferrous hydroxide (Fe(OH)2 90 2 45 

Ferrous hydroxide (Fe (OH)3 90 3               30 

Aluminium hydroxide (Al(OH)3 78 3 25.67 

Magnesium hydroxide (Mg(OH)2 58 2              29 

Potassium hydroxide (KOH) 56 1              56 

� EQUIVALENT WEIGHT OF SALT: 

   Moleculaar weight of Salt    

   Charge on cation or anion
Equivalent weight of Salt =

 

Name of the Salt   Formula weight Cation or Equivalent weight 



Anion 

Charge in 

units 

of salt 

Sodium Chloride (Na
+
Cl

-
) 58.5 1 58.5 

Calcium Chloride (CaCl2) 111 2 55.5 

Ferrous sulphate (FeSO4)  152 2 76 

Ferric Chloride (FeCl3)   162.5 3            54.17 

Ammonium Carbonate 

(NH4)2 CO3 

96 2 48 

Calcium Sulphate (CaSO4) 136 2               68 

Sodium Phosphate (Na3 

PO4) 

164 3 54.66 

� EQUIVALENT WEIGHT OF OXIDIZING OR REDUCING AGENT: 

   Moleculaar weight    

   No of electrons lost or gained per molecule
Equivalent weight of  Oxidizing 
or reducing agent      =

 

Potassium dichromate in acidic medium is a strong oxidizer. It means it gains electrons 

during the redox reaction. Potassium dichromate in acidic medium  

K2Cr2O7 + 14 H
+
 +6e →2K

+
 + 2Cr

3+ 
+7H2O 

Equivalent weight of Potassium dichromate in acidic medium =   
Molecular weight of Potassium dichromate   

Number of electrons gained  

K2Cr2O7   (Equivalent weight) = 294/6=49  

 

Reaction  No of electrons 

gained / lost  

Equivalent weight  

K2Cr2O7+6e→2K
+
 + 2Cr

3+  6 294/6=49 

MnO4
- 
+5e →Mn

2+
( acidic medium) 5 158/5=31.6 

MnO4
- 
+3e →Mn

4+
O2 ( Neutral / week 

basic  medium) 

3 158/3=52.66 

MnO4
- 
+1e →Mn6+

O4
2-

 (Strong  Basic 

medium)  

1 158/1=158 

C2O4
2-

  → 2CO2 +2e 2 126/2=63 

Sn
2+ 

 → Sn
4+ 

 +2e 2 Ionic weight /2 

Fe
2+ 

→ Fe
3+ 

  1 56/1=56 

Ex:  2Al +3O2→Al2O3 



In the above reaction 6 electrons are lost. 

Equivalent weight of Al2O3 = 102/6=17 

Double Decomposition Reactions: In these reactions, there is no change in oxidation state 

of any atom. The n-factor of the salt can be calculated by multiplying the oxidation state of the 

cation/anion by total no. of atoms per molecule of the salt. For example 

 
for BaCl2 n-factor = Oxidation state of Ba atom in BaCl2 × number of Ba atoms in 1 molecule of 

BaCl2  = (+2) × 1 = 2 

for Na2SO4 n-factor = Oxidation state of Na × number of Na-atoms in 1 molecule  of Na2SO4 

  = (+1) × 2 = 2 

TITRATION 

The process of determination of concentration of a solution with the help of standard solution 

(known concentration solution) is known is called titration. 

Titration is divided into following four categories. 

i) Simple Titration 

ii) Double Titration 

iii) Iodimetric and Iodometric Titration 

Simple Titration: A known volume of the solution of unknown concentration is taken in a 

flask and required reagents are added to it. The solution of known concentration is added from the 

burette in the solution of unknown concentration till the latter reacts completely. This process is 

called titration. At the end point (equivalence point) the equivalents or milliequivalents of the two 

reacting substances are equal.  

  Volume of solution (A) = VA litres 

  Normality of solution (A) = NA 

  Equivalents of substance (A) = NAVA 

Similarly, equivalents of substance (B) = NBVB 

At the equivalence point (end point) the equivalents (not the moles) of the two substance are equal. 

  NAVA (litre) = NB  VB (litre) 

Illustration 6: 40 ml N/10 HCl and 60 ml N/20 KOH are mixed together. Calculate the 

normality of the acid or base left. What is the normality of the salt formed in 

the solution? 

Solution: Milli equivalents of HCl   = N × V (ml)  =  

  Milli equivalents of KOH   = N × V (ml) =  

  One milli equivalent of an acid neutralizes one milli equivalent of a base 

  Milli equivalent of HCl left   = 4 – 3 = 1 

  Total volume of the solution  = 40 + 60 = 100 ml 

  Milli equivalents of HCl   = N × V (ml) 

                    1  = N × 100  



  Normality (N) of HCl left in solution = 0.01 

     Salt formed = Milli equivalent of acid or base neutralized 

  Milli equivalents of the salt formed  = N × V (ml) 

               3 = N × 100 

  Normality (N) of salt formed  = 0.03 

Double Titration: If an aqueous solution contains a mixture of any two of the three NaOH, 

NaHCO3 and Na2CO3 and it has to be titrated against an acid HCl or H2SO4, it will require two 

indicators to determine the strength of the bases present. The two indicators used are 

phenolphthalein and methyl orange. 

Method: A given volume of the aqueous solution of the bases is taken and phenophthalein 

indicator is added to it. This solution is titrated with an acid of known normality to the end point the 

volume of the acid used is noted. This end point is called first end point. Now in the same solution 

methyl orange is added and gain titrated with an acid of known strength to the end point. It is called 

second end point. The volume of acid, used in the second end point is also noted. The normality of 

the bases present is then calculated. 

Principle: In the presence of phenolphthalein indicator 

i) NaOH is completely neutralized by the acid. 

ii) Only half of the milliequivalents of Na2CO3 present are titrated as the phenolphthalein will 

show the colour change when only NaHCO3 (weak base) and neutral species are left in the 

reaction mixture. The following reactions take place, 

 NaOH + HCl →  NaCl + H2O 

 Na2CO3 + HCl →   + NaCl 

Since phenolphthalein is a weak organic acid, and it changes its colour in weakly basic medium 

(NaHCO3), so as soon as the Na2CO3 is converted to NaHCO3 phenophthalein shows the colour 

change indicating the completion of the reaction.   

In the presence of methyl orange, all the basic substances left in the mixture will be neutralized by 

acid and methyl orange will show the colour change when the medium is weakly acidic  

(H2O + CO2 i.e. H2CO3). 

1. Titration of the solution containing both NaOH and Na2CO3: A given 

volume of the aqueous solution is titrated with an acid of known normality using 

phenophthalein indicator. Suppose ‘a’ milli equivalents of acid are used in the first end 

point then, 

 milli equivalent of NaOH + ½ milli equivalent of Na2CO3  

     = milli equivalent of acid = a  …(1) 

 Now in the same already titrated solution methyl orange indicator is added and again 

titrated to the end point. Suppose ‘b’ milli equivalents of the acid are used at the second end 

point. 

 ½ milli equivalents of Na2CO3 = milli equivalents of acid = b …(2) 

 From equation (1) and (2) 

  Milli equivalents of acid used by Na2CO3  = 2b 

        milli equivalents of Na2CO3 



  Milli equivalents of acid used by NaOH = a – b 

        = milli equivalent of NaOH 

 Knowing the milli equivalents of Na2CO3 or NaOH and the volume of the solution titrated, 

their normality can be calculated. 

Illustration 7: NaOH and Na2CO3 are dissolved in 200 ml aqueous solution. In the presence 

of phenolphthalein indicator. 17.5 ml of 0.1 N HCl are used to titrate this 

solution. Now methyl orange is added in the same solution titrated and it 

requires 2.5 ml of the same HCl. Calculate the normality of NaOH and 

Na2CO3 and their mass present in the solution. 

Solution: Milli equivalents (a) of HCl used in the presence of phenolphthalein indicator. 

        = N × V (ml) 

        = 0.1 × 17.5 = 1.75 

 1.75 (a) = milli. eq. of NaOH + 1/2 milli eq. of Na2CO3  ...(1) 

 Milli eq. (b) of HCl used in the presence of methyl orange indicator 

       = N × V (ml) 

       = 0.1 × 2.5 = 0.25 

 0.25 (b) = 1/2 milli equivalents of Na2CO3   …(2) 

 For Na2CO3 solution: From equation(2) 

 Milli eq. of acid used by Na2CO3  = 2b 

       = 2 × 0.25 = 0.5 

 Volume of Na2CO3 solution  = 200 ml 

 Suppose, Normality of Na2CO3  = N 

 Milli equivalents of Na2CO3  = N × V (ml) = 200N 

 Putting equivalents of acid and Na2CO3 equal. 

      200N = 0.5 

 or (Normality of Na2CO3 solution) N  =  

    Mass of Na2CO3 = N × E × V (litre) 

 (E for Na2CO3 = 53)   =  

       =  0.0265 gram 

 For NaOH solution: From equation (1) and (2) 

   Milli eq. acid used by NaOH = a – b = 1.75 – 0.25 

       = 1.50 

   Volume of NaOH solution = 200 ml 

 Suppose,  Normality of NaOH solution = N 

   Mili eq. of NaOH  = N × V (ml) = 200 N 

 Putting the mili eq. of NaOH and acid used equal 

      200 N = 1.5 

 (Normality of NaOH solution)        N =  

   Mass of NaOH  = N × E × (V litres) 

       =  

       (E for NaOH = 40) = 0.06g   

2. Titration of the solution containing both Na2CO3 and NaHCO3: Given 

volume of the solution is titrated by an acid using phenolphthalein indicator. Suppose ‘a’ 

milli equivalents of acid are used in the first end point. Then 

 1/2 milli equivalent of Na2CO3 = milli equivalents of acid = a …(1) 



 Now in the same already titrated solution methyl orange indicator is added and again 

titrated to the end point. Suppose ‘b’ milli equivalents of the acid are used at the second end 

point. Then 

 1/2  milli equivalents of Na2CO3 + milli equivalents of NaHCO3  

      = milli equivalents of acid=b ..(2)  

 From equation (1) and (2) 

  Milli equivalents of acid used by Na2CO3  = 2a 

        milli equivalents of Na2CO3 

  Milli equivalents of acid used by NaHCO3 = b – a 

        = milli equivalent of NaHCO3 

 Knowing the milli equivalents of the base and volume of the solution titrated, the normality 

(strength) of the bases can be calculated. 

Illustration 8: Both Na2CO3 and NaHCO3 are present in an aqueous solution. In the 

presence of phenolphthalein indicator 10 ml of this solution requires 2.5 ml of 

0.1M H2SO4 for titration. After this methyl orange is added in the same 

solution and titration requires 5 ml M H2SO4. Calculate the concentration of 

Na2CO3 and NaHCO3 in g/litre. 

Solution: Milli eq. (a) of H2SO4 used in the presence of phenolphthalein indicator 

        = N × V (ml) = 0.1 × 2 × 2.5 = 0.5 

  a = 0.5 =  milli equivalents of Na2CO3   …(1) 

  Milli. eq. (b) of NaHCO3 + ½ milli eq. of  Na2CO3 …(2) 

  For Na2CO3 solution: From equation (1) 

  Milli eq. of acid used by Na2CO3  = 2 × 0.5 = 1 

  Suppose, Normality of Na2CO3 solution = N 

 Volume of Na2CO3 solution taken  = 10 ml 

 Milli eq. of Na2CO3 taken   = N × V (ml) = 10 N 

 Putting the milli eq. of H2SO4 and Na2CO3 equal, 

               1 = 10 N     

 or  (Normality of Na2CO3)         N = 0.1 

 Strength (S) in g/litre   = N × E 

       = 0.1 × 53 (E for Na2CO3 = 53) 

       = 5.3 g/litre 

 For NaHCO3 solution: From equations (1) and (2) milli eq. of acid used by 

     NaHCO3 = b – a = 1.0 – 0.5 = 0.5 

 Suppose,  Normality of NaHCO3 solution = N 

   Volume of NaHCO3 solution taken = 10 ml 

   Milli equivalents of NaHCO3 taken = 10 N 

 Putting the milli eq. of H2SO4 and NaHCO3 equal, 

            0.5  = 10 N 

 or  (Normality of NaHCO3 solution) N = 0.05 

   Strength (S) in g/litre   = N × E 

 (E for NaHCO3 = 84)    = 0.05 × 84 = 4.2g/litre  

IODOMETRIC TITRATION 

The redox-titration using iodine directly or indirectly as an oxidizing agent is called Iodine 

Titrations. These are of two types. 



1. Iodimetric Titrations: Iodimetric titrations are defined as those iodine titrations in 

which a standard iodine solution is used as an oxidant and iodine is directly titrated against 

a reducing agent. Iodimetric procedures are used for the determination of strength of 

reducing agent like thiosulphates, sulphites, arsenites and stannous chloride etc., by titrating 

them against standard solution of iodine taken in a burette. Some cases of oxidation-

reduction reactions are given as under: 

 i) 2Na2S2O3 + I2 → Na2S4O6 + 2NaI 

 ii) Na2SO3 + I2 + H2O →  Na2SO4 + 2HI 

 iii) Na3AsO3 + H2O →  Na3AsO4 + 2HI 

2. Iodometric Titrations: Iodometric titrations are defined as those iodine titrations in 

which some oxidizing agent liberates iodine from an iodine solution and then lilberated 

iodine is titrated with a standard solution of a reducing agent added from a Burette. In such 

titrations, a neutral or an acidic solution of oxidizing agent is employed. The amount of 

iodine liberated from an iodide, (i.e. KI) is equivalent to the quantity of the oxidizing agent 

present. Iodometric titrations are used for the determination of CuSO4, K2Cr2O7, KMnO4, 

ferric ions, antimonite ions, H2O2, MnO2, bromine and chlorine etc. The equations for some 

of the reactions are as follows: 

 i) 2CuSO4 +4KI →  Cu2I2+ 2K2SO4 + I2 

 ii) 2KMnO4 + 3H2SO4 →  K2SO4 + 2MnSO4 + 3H2O + 5O 

  10KI + 5H2SO4 + 5O →  5K2SO4 + 5H2O + 5I2 

 iii) K2Cr2O7 + 4H2SO4 → K2SO4 + Cr2(SO4)3 + 4H2O + 3O 

  6KI + 3H2SO4 + 3O →  3K2SO4 + 3H2O + 3I2 

In the above reactions, the liberated iodine is titrated with a standard sodium thiosulphate. 

  2Na2S2O3 + I2 →  Na2S4O6 + 2NaI 

Illustration 10: 0.5 g sample containing MnO2 is treated with HCl, liberating Cl2. The Cl2 is 

passed into a solution of KI and 30.0 cm
3
 of 0.1 M Na2S2O3 are required to 

titrate the liberated iodine. Calculate the percentage of MnO2 in sample. (At. 

Wt. of Mn = 55). 

Solution:  

  Redox change are:  

     

     

  The reactions suggest that, 

  Meq. of MnO2 = Meq. of Cl2 formed = Meq. of I2 liberated 

      = Meq. of Na2S2O3 used 

     =  

  [  since valency factor = 1, see redox changes for 

Na2S2O3] 

  or   

   = 0.1305 

  Purity of MnO2 =  = 26.1% 

VOLUME STRENGTH OF HYDROGEN PEROXIDE 



The concentration of H2O2 is usually represented in terms of volume. If a sample of H2O2 is labeled 

as ‘x volume’, it means that 1 volume of H2O2 solution gives ‘x volumes’ of O2 gas at STP/NTP 

conditions  on complete decomposition. 

Consider the decomposition of H2O2 as 

 

 22400 ml of O2 gas is liberated by 68g of H2O2 solution 

∴ x ml of O2 gas will be liberated by =  =  

It means that  of H2O2 will be present in 1 ml of solution. 

∴ 1000 ml of solution contains H2O2 =  

Strength (g L
–1

) = Normality × Equivalent weight 

 ( n-factor of H2O2 = 2) 

x = 5.6 × N 

i.e.,    

Illustration 11: A sample of H2O2 is x% by mass. x ml of KMnO4 are required to oxidize one 

gram of this H2O2 sample. Calculate the normality of KMnO4 solution.  

Solution: Suppose, Mass of H2O2 solution = 100g 

  Mass of H2O2 present    = x gram 

  Mass of H2O2 solution taken   = 1 gram 

  Mass of H2O2 present in 1 gram solution =  

  Equivalents of H2O2    =  

        =   …(1) 

      (E for H2O2)  = 17 

    Equivalents of KMnO4 = N × V (litre) = N × x × 10
–3

 

  Putting equivalents of H2O2 and KMnO4 equal, 

         

        N = 0.59 (Normality of H2SO4) 

PERCENTAGE LABELING OF OLEUM: 

Sulphuric acid which contains SO3 gas is called as Oleum or fuming sulphuric acid 

SO3 + H2O
 → H2SO4 

The total mass of H2SO4 obtained by diluting 100g of sample of oleum with desired amount of 

water is equal to the percentage labeling of oleum. 

∴% labeling of oleum = Total mass of H2SO4 present in oleum after dilution. 

 = mass of H2SO4 initially present + mass of H2SO4 produced on dilution.  

Illustration 12: Calculate the composition of 109% oleum. 



Solution: Let the mass of SO3 in the sample be ‘w’ g, then the mass of H2SO4 would be 

(100 – w)g. 

 On dilution, 

 SO3 + H2O → H2SO4 

 80g      18g 

 Moles of SO3 in oleum =  = Moles of H2SO4 formed after dilution. 

 ∴Mass of H2SO4 formed on dilution =  

 Total mass of H2SO4 present in oleum after dilution =  

 ∴ w = 40 

 Thus oleum sample contains 40% SO3 and 60% H2SO4. 

HARDNESS OF WATER 

Hardness of water is due to the presence of Ca
++ 

and Mg
++

 in it. Hardness of water is  two types: 

1. Temporary Hardness: It is due to the presence of dissolved Ca(HCO3)2 and 

Mg(HCO3)2 in water. To determine the temporary hardness a given volume of hard water is 

titrated with a strong acid (HCl or H2SO4) using methyl orange indicator.  

2. Permanent Hardness: It is due to the presence of dissolved CaCl2, CaSO4, MgCl2 and 

MgSO4 in water. A known volume of hard water is taken and an excess of known 

equivalents of Na2CO3 are added in it. Na2CO3 reacts with Ca
++

 and Mg
++

 forming 

precipitates of CaCO3 and MgCO3. These precipitates are filtered off. The filtrate is titrated 

with a strong acid (HCl or H2SO4). Knowing the equivalents of Na2CO3 added and left 

unreacted, the equivalents of Na2CO3 consumed by hard water is known. The equivalents of 

Na2CO3 consumed is equal to the total equivalents of Ca
++ 

 and Mg
++

 ions present in hard 

water. 

 Hardness of water is represented in ppm (mg/litre) of CaCO3 i.e. milli grams of CaCO3 

present per litre of hard water. But hard water does not contain CaCO3. Hard water contains 

CaCl2, MgCl2, Ca(HCO3)2 etc. 

  One mole CaCl2 ≡ one mole CaCO3 

 or 111g CaCl2 ≡ 100g CaCO3 

 Similarly, 120g MgSO4  ≡ 100g CaCO3 

Thus, mass of CaCO3 corresponding to the mass of CaCl2, MgSO4 etc., present in hard water is 

calculated. A milligram of CaCO3 per litre of hard water is called hardness of water in ppm. 

EMPIRICAL FORMULA AND MOLECULAR FORMULA 

Empirical formula is the simplest formula of a compound giving simplest whole number ratio of 

atoms present in one molecule. 

Ex: CH is the empirical formula for Benzene C6H6 

CH2O is the empirical formula for Acetic acid CH3COOH 

Molecular formula is the actual formula of a compound showing the total number of atoms of 

constituent elements present in a molecule of compound. 

Ex: Benzene molecular formula is C6H6. 



Molecular formula = (empirical formula)n 

n= simple whole number (Molecular formula weight / empirical formula weight) 

 

SUBJECTIVE PROBLEMS  

Problem 1: P and Q are two elements which forms P2Q3 and PQ2. If 0.15 mole of P2Q3 

weighs 15.9g and 0.15 mole of PQ2 weighs 9.3g, what are atomic weights of P 

and Q? 

Solution: Let atomic weight of P and Q are a and b respectively 

 ∴  Molecular weight of P2Q3 = 2a + 3b 

 and  Molecular weight of PQ2 = a + 2b 

 Now given that 0.15 mole of P2Q3  weigh 15.9g 

  

 Similarly,  

 Solving these two equations 

 b = 18 

 a = 26 

Problem 2: Potassium selenate is isomorphous with potassium sulphate and contains 

45.52% selenium by weight. Calculate the atomic weight of selenium. Also 

report the equivalent weight of potassium selenate. 

Solution: Potassium selenate is isomorphous to K2SO4  and thus its molecular formula is 

K2SeO4. 

 Now molecular weight of K2SeO4 = (39 × 2 + a + 4 × 16) 

        =  (142 + a) 

 where a is atomic weight of Se 

   (142 + a)g K2SeO4 has Se = ag 

 ∴  100g K2SeO4 has Se =  

   % of Se = 45.52 

 ∴  = 45.52 

 ∴   a = 118.2 

 Also equivalent of K2SeO4 =  = 130.1 

Problem 3: A sample of H2SO4 (density 1.787g mL
–1

) is labeled as 86% by weight. What is 

molarity of acid? What volume of acid has to be used to make 1 litre of 0.2m H 

2SO4? 

Solution: H2SO4 is 86% by weight 

 ∴  Weight of H2SO4 = 86g 

   Weight of solution = 100g 

 ∴   Volume of solution =  

 ∴    

 Let V mL of this H2SO4 areused to prepare 1 litre of 0.2 M H2SO4  

 ∴ mM of conc. H2SO4 = mM of dilute H2SO4 

 V × 15.68 = 1000 × 0.2 ∴ V = 12.75 mL 



Problem 4: The molecular mass of an organic acid was determined by the study of its 

barium salt 4.290g of salt was quantitatively converted to free acid by the 

reaction with 21.64 ml of 0.477 M H2SO4. The barium salt was found to have 

two mole of water of hydration per Ba
2+

 ion and the acid is mono basic. What 

is molecular weight of anhydrous acid? 

Solution: Meq. of barium salt = Meq. of acid 

  = 21.64 × 0.4777 × 2 

 Molecular weight of salt = 415.61 

 Molecular weight of anion =  

 ∴  Molecular weight of acid = 121.31 + 1 = 122.31 

Problem 5: 25 mL of a solution of Na2CO3 having a specific gravity of 1.25g mL
–1

 

required 32.9 mL of a solution of HCl containing 109.5gm of the acid per litre 

for complete neutralization. Calculate the volume of 0.84 N H2SO4 that will be 

completely neutralized by 125g of Na2CO3 solution.  

Solution:  

 Since Na2CO3 is completely neutralized by HCl 

 ∴  Meq. of Na2CO3 = Meq. of HCl 

   N × 25 = 32.9 × 3 

 ∴   

 Now Na2CO3 fresh solution reacts with H2SO4 

 ∴  Volume of Na2CO3 solution =  

 ∴  Meq. of H2SO4 = Meq. of Na2CO3 

   0.84 × V = 100 × 3.948 

 ∴  Volume of H2SO4= 470 mL 

Problem 6: Borax in water gives: 

  

 How many gram of borax (Na2B4O7.10H2O) are required to? 

 a) Prepare 50 mL of 0.2 M solution 

 b) neutralize 25 mL of 0.1934 M of HCl and H2SO4 separately 

Solution:  

 ∴  N = M × 2 

 Thus Meq. of borax in solution = 50 × 0.2 × 2 = 20 

 ∴   

 ∴   ∴  w = 3.82g 

 For neutralization of HCl 

 Meq. of HCl = Meq. of borax 

  

 ∴  Weight of borax = 0.09235g 

 For neutralization of H2SO4 

   Meq.  of borax = Meq. of H2SO4 

    

 ∴  Weight of borax = 1.847g  



Problem 7: A mixture containing As2O3 and As2O5 required 20.10 mL of 0.05N iodine for 

titration. The resulting solution is then acidified and excess of KI was added. 

The liberated iodine required 1.1113g hypo (Na2S2O3⋅5H2O) for complete 

reaction. Calculate mass mixture. The reactions are: 

 As2O3 + 2I2 + 2H2O → As2O5 + 4H
+
 + 4I

–
 

 As2O5 + 4H
+
 + 4I

–
 → As2O3 + 2I2 + 2H2O 

Solution: Meq. of I2 used = 20.10 × 0.05 = 1.005 

 Let Meq. of As2O3 and Meq. of As2O5 in mixture be a and b respectively. On 

addition of I2 to mixture,  is converted to . 

 ∴ Meq. of As2O5 = Meq. of I2 to mixture used = 1.005 – Meq. of As
5+

 formed. 

 or  a = 1.005   …(1) 

 After the reaction with I2, mixture contains all the arsenic in +5 oxidation state 

which is then titrated using KI + hypo. Thus, 

 Meq. of As2O3 as As
+5

 + Meq. of As2O5 as As
+5

 = Meq. of liberated I2 

        = Meq. of hypo used 

 or   

 or  a + b = 4.481 

 By equations (1) and (2), 

   b = 4.481 – 1.005 = 3.476 

 ∴ Wt. of As2O3 =  

 and  Wt. of As2O5 =  

 ∴ Wt. of mixture = 0.0497 + 0.1999 = 0.2496g 

  

 

SOLVED PROBLEMS 

Problem 1: It takes 2.56 × 10
–3

 equivalent of KOH to neutralize 0.1254g H2XO4. The number 

of neutrons in is 

 (a) 16 (b) 8 

 (c) 7 (d) 32 

Solution: Mole of  

  

 `n’ factor of H2XO4 = 2 

  

   ∴ 2.56 × 10
–3

 =  

   Mx = 31.96 g/mol = 32 g/mol 

   ∴(a) 

Problem 2: How many grams of sodium bicarbonate are required to neutralize 10.0 ml of 

0.902 M vinegar? 

 (a) 8.4g (b) 1.5g 

 (c) 0.75g (d) 1.07g 

Solution: NaHCO3 +   CH3COONa + CO2 + H2O 

 Equivalent of acid =  

 Equivalent of NaHCO3 = 9.02 × 10
–5

 

 Amount of NaHCO3  

 =  



 = 0.758 

 ∴ (c) 

Problem 3: A sample of hard water contains 244 ppm of  ions. What is the minimum 

mass of CaO required to remove  ions completely from 1 kg of such water 

sample 

 (a) 56 mg (b) 112 mg 

 (c) 168 mg (d) 244 mg 

Solution: Mass of HCO3
–
 in 1 kg or 10

6
 mg water = 244 mg 

 Millimoles of HCO3
–
 =  = 4 

 2HCO3
–
 + CaO → CaCO3 + H2O + CO2 + 2e

–
 

 millimoles of CaO = 2 

 mass of CaO = 56 × 2 = 112 mg 

 ∴(b) 

Problem 4: 100 ml of each of 0.5 N NaOH, N/5 HCl and N/10 H2SO4 are mixed together. The 

resulting solution will be 

 (a) Acidic (b) Neutral 

 (c) Alkaline (d) None 

Solution: Meq. of  NaOH = 100 × 0.5 = 50 

 Meq. of  HCl =  = 20 

 Meq. of H2SO4 =  

 Total meq. of acid = 20 + 10 = 30 

 Total meq. of NaOH = 50 

 ∴ meq. of NaOH left = 50 – 30 = 20 

 ∴ (c) 

Problem 5: The chloride of a metal (M) contains 65.5% of chlorine. 100 ml of the vapour of 

the chloride of the metal at STP weight 0.72g. the molecular formula of the metal 

chloride is 

 (a) MCl3 (b) MCl 

 (c) MCl2 (d) MCl4 

Solution: Molecular mass of chloride of metal = weight of 22,400 ml vapour of metal at STP 

 =  

 100g of metal chloride contains = 65.5 g chloride 

 ∴ 161.28g metal chloride contains =  = 105.6g 

 Therefore, the number of mole of chlorine atoms per mole of metal chloride 

 = 105.6/35.5 = 3 

 Hence the molecular formula of metal chloride is MCl3 

 ∴(a) 

Problem 6: If 0.5 mole of BaCl2 is mixed with 0.2 mole of Na3PO4 the maximum number of 

moles of Ba3(PO4)2 that can be formed is 

 (a) 0.7 (b) 0.5 

 (c) 0.3 (d) 0.1 

 

Solution: 3BaCl2 + 2Na3PO4 → Ba3(PO4)2 + 6NaO 

 From the molar ratio we see 

 BaCl2 : Na3PO4 : Ba3(PO4)2 : NaCl 



 3         :  2          :  1               :  6 

 ∴(d) 

Problem 7: The percent loss in weight after heating a pure sample of potassium chlorate 

(Molecular weight = 122.5) will be 

 (a) 12.25 (b) 24.50 

 (c) 39.18 (d) 49 

Solution: 2KClO3 → 2KCl + 3O2↑ 

 245 g KClO3 on heating shows a weight loss of 96 gm 

 ∴ 100g KClO3 on heating shows a weight loss of =  

 ∴ (c) 

Problem 8: For the reaction 

  

 the correct coefficients of the reactants for the balanced reaction are 

      

 (a) 2  5 16 

 (b) 16  5 2 

 (c) 5  16 2 

 (d) 2  16 5 

Solution: The above reaction can be balanced by using the ion electron method as under: 

 Oxidation reaction: C2O4
2–

 → CO2 

 Reduction reaction: MnO4
–
 → Mn

2+
 

 Balancing atoms other than O 

 C2O4
2–

 → 2CO2 

 MnO4
–
 → Mn

2+
 

 Since medium is acidic 

 C2O4
2–

 → 2CO2 (oxygen is already balanced) 

 8H
+
 + MnO4

–
 → Mn

2+
 + 4H2O 

 Balancing charge 

 C2O4
2–

 → 2CO2 + 2e
–
 …(1) 

 5e
–
 + 8H

+
 + MnO4

–
 → Mn

2+
 + 4H2O …(2) 

 Multiplying equation (1) by 5 and equation(2) by 2 and adding, we get 

 5C2O4
2–

 + 2MnO4
2–

 + 18H
+
 → 10CO2 + 2Mn

2+
 + 8H2O 

 ∴(a) 

 Alternatively 
 ‘n’ factor of C2O4

2–
 is 2 and that of MnO4

–
 is 5 

 ∴ they would react in the molar ratio of 5:2 

 ∴(a) 

Problem 9: In an experiment, 50 ml of 0.1 M solution of a salt reacted with 25 ml of 0.1 M 

solution of sodium sulphite. The half equation for the oxidation of sulphite ion: 

  

 If the oxidation number of the metal in the salt was 3, what would be the new 

oxidation number of the metal? 

 (a) 0 (b) 1 

 (c) 2 (d) 4 

Solution: SO3
2–

 get oxidised and its `n’ factor is 2 

 The metal must have been reduced 

 Applying the law of equivalence 



 50 × 0.1 × (3 – n) = 25 × 0.1 × 2 ∴(c) 

Problem 10: The chloride of a metal contains 71% chlorine by weight and the vapour 

density of it is 50. The atomic weight of the metal will be 

 (a) 29 (b) 58 

 (c) 35.5 (d) 71 

Solution: Molecular weight of metal chloride = 50 × 2 = 100 

 Let metal chloride be MCln then 

 Eq. of metal = eq. of chloride, or  

 ∴  

 Now a + 35.5n = 100 

 or n.E + 35.5n = 100 

 n = 2 

 Therefore a = 2 × E = 2 × 29/2 = 29 

 ∴(a) 

Problem 11: 3.0 molal NaOH solution has a density of 1.110 g/ml. The molarity of the 

solution is 

 (a) 2.97 (b) 3.05 

 (c) 3.64 (d) 3.050 

Solution: Mole = 3 

 weight of solvent = 1000g 

 ∴ wt. of solution = 100 + 3 × 40 = 1120g 

 ∴ volume of solution =  

 ∴  

 ∴ (a) 

Problem 12: A mixture of magnesium chloride and magnesium sulphate is known to 

contain 0.6 moles of chloride ions and 0.2 moles of sulphate ions. The number of 

moles of magnesium ions present is 

 (a) 0.4 (b) 0.5 

 (c) 0.8 (d) 1.0 

Solution: In MgCl2, the ratio of moles of Mg
+2

 to Cl
–
 is 1:2. Therefore, 0.6 moles of chloride 

combine with 0.3 moles of magnesium. In MgSO4, 0.2 moles of sulphate combine 

with 0.2 moles of magnesium. Therefore, the number of moles of magnesium ion 

present is 0.3 + 0.2 = 0.5. 

 ∴(b) 

Problem 13: The reaction between aluminium metal and dilute hydrochloric acid produces 

H2(g) and Al
3+

 ions. The molar ratio of aluminium used to hydrogen produced is 

 (a) 1:2 (b) 2:1 

 (c) 2:3 (d) 3:2 

Solution: Al(s) + → H2(g) + Al
3+

 (aq.) 

 The molar ratio of Als) used to H2 produced is 1:  or 2:3.  ∴ (c) 

Problem 14: Element X reacts with oxygen to produce a pure sample of X2O3. In an 

experiment it is found that 1.00g of X produces 1.16g of X2O3. Calculate the 

atomic weight of X.  



 Given: atomic weight of oxygen, 16.0 g mol
–1

. 

 (a) 67 (b) 100.2 

 (c) 125 (d) 150 

Solution: The mass of O atoms = 1.16 – 1.00 = 0.160g 

 Number of moles of O atom =  

 In X2O3 

  

 No. of moles of X  =  

 Atomic weight of X =  

 ∴ (d) 

Problem 15: In an aqueous solution of barium nitrate, the [NO3
–
] is 0.80M. This solution is 

labelled as 

 (a) 0.080 N Ba(NO2)2 (b) 0.160 M Ba(NO3)2 

 (b) 0.040 M Ba(NO3)2 (d) 0.080 MNO3
–
 

Solution: In Ba(NO3)2, the molar ratio of Ba(NO3)2 to NO3
–
 is 1:2. Therefore, the molarity of 

the Ba(NO3)2 solution is  = 0.040M.  

 ∴ (c) 

 

OBJECTIVE QUESTIONS 

LEVEL-1 

1. The number of moles of CaCl2 needed to react with excess of AgNO3 to produce 4.31 gram 

of AgCl. 

 (a) 0.030 (b) 0.015 

 (c) 0.045 (d) 0.060 

2. How many moles of electron is needed for the reduction of each mole of Cr in the reaction,. 

  

 (a) 4 (b) 3 

 (c) 5 (d) 7 

3. 1.60g of a metal is dissolved in HNO3 to prepare its nitrate. The nitrate on strong heating 

gives 2g oxide. The equivalent weight of metal is 

 (a) 16 (b) 32 

 (c) 48 (d) 12 

4. A metal oxide has 40% oxygen. The equivalent weight of the metal is 

 (a) 12 (b) 16 

 (c) 24 (d) 48 

5. The density of 1 M solution of NaCl is 1.0585 g/ml. The molality of the solution is: 

 (a) 1.0585 (b) 1.00 

 (c) 0.10 (d) 0.0585 

 

6. Which of the following gives the molarity of a 17% solution of NaOAc in H2O? Given the 

density is 1.09 g/ml 

 (a) 2.26 × 10
–6

M (b) 0.207M 

 (c) 2.07M (d) 2.26M 



7. A 15 volume sample of an H2O2 solution is equivalent to 

 (a) 5.30 N (b) 1.77N 

 (c) 2.68N (d) 7.50 N 

8. 100 mL of N/5 NaOH will neutralize 

 (a) 0.0618g of H3BO3 (b) 0.1855g of H3BO3 

 (c) 1.2368g of H3BO3 (d) 0.03092g of H3BO3 

9. The relation between molarity (M) and molality (m) is given by (ρ = density of solution,  

M1 = molecular weight of solute) 

 (a)  (b)  

 (c)  (d)  

10. 0.2 mol of HCl and 0.1 mol of barium chloride were dissolved in water to produce a 500 

mL solution. The molarity of the Cl
–
 is 

 (a) 0.06M (b) 0.09M 

 (c) 0.12M (d) 0.80M 

11. To prepare a 0.5 M KCl solution from 100 mL of 0.40M KCl we need to add 

 (a) 0.75g of KCl (b) 20 mL of water 

 (b) 0.1 mol of KCl (d) 0.2 mol of KCl 

12. What would be the normality of a 0.1 M K2Cr2O7 solution used as a precipitating agent for 

Pb
2+

? 

 (a) 0.1 N (b) 0.6N 

 (c) 0.4N (d) 0.2N 

13. 0.44g of a colourless oxide of nitrogen occupies 224 mL at STP. The compound is: 

 (a) N2O (b) NO 

 (c) N2O5 (d) NO2 

14. H3PO4 is a tribasic acid and one of its salt  is NaH2PO4. What volume of 1 M NaOH would 

be added to 12 g NaH2PO4 (molecular weight of 120) to exactly convert it into Na3PO4. 

 (a) 100 mL (b) 300 mL 

 (c) 200 mL (d) 80 mL 

15. 74.4g of a metallic chloride contains 35.5g of chlorine. The equivalent weight of the  

metal is 

 (a) 19.5 (b) 35.5 

 (c) 38.9 (d) 78.0 

LEVEL-II 

1. The number of moles of  needed to oxidize 0.136 equivalent of  by the 

reaction. 

  is 

 (a) 0.136 (b) 0.272 

 (c) 0.816 (d) 0.0227 

2. The density of NH4OH solution is 0.6 g/ml. It contains 34% by weight of NH4OH. 

Calculate the normality of the solution. 

 (a) 5.8 N (b) 10N 

 (c) 0.5N (d) 4.8 N 

3. 0.7g of Na2CO3⋅xH2O were dissolved in water and the volume was made to 100 ml, 20 ml 

of this solution required 19.8 ml of N/10 HCl for complete neutralization. The value of  

x is: 

 (a) 7 (b) 3 



 (c) 2 (d) 5 

4. The hydrated salt Na2SO4⋅nH2O undergoes 55.9% loss in weight on heating and becomes 

anhydrous. The value of n will be 

 (a) 5 (b) 3 

 (c) 7 (d) 10 

5. 22.4 litres of H2S and 22.4 litres of SO2 both at STP are mixed together. The amount of 

sulphur precipitated as a result of chemical reaction is: 

 (a) 16g (b) 23g 

 (c) 48g (d) 96g 

6. What volume of 0.1 M H2SO4 will be required to produce 17.0g of H2S by the reaction  

 5H2SO4 + 8NaI → 4Na2SO4 + 4I2 + H2S + 4H2O? 

 (a) 70.0 L (b) 50.0L 

 (c) 25.0 L (d) 5.0 L 

7. 125 mL of 10% NaOH (w/V) is added to 125 mL of 10% HCl (w/V). The resultant solution 

becomes 

 (a) alkaline (b) strongly alkaline 

 (c) acidic (d) neutral 

8. How many grams of copper will be replaced in 2 L of a 1.50 M CuSO4 solution if the later 

is made to react with 27.0g of aluminium? (Cu = 63.5, Al = 27.0) 

 (a) 190.50g (b) 95.25g 

 (c) 31.75g (d) 10.65g 

9. A sample of H2SO4 (density 1.8g mL
–1

) is 90% by weight. What is the volume of the acid 

that has to be used to make 1 L of 0.2 M H2SO4? 

 (a) 16 mL (b) 10 mL 

 (c) 12 mL (d) 18 mL 

10. How many millilitres of 0.1 M H2SO4 must be added to 50 mL of 0.1 M NaOH to give a 

solution that has a concentration of 0.05 M in H2SO4? 

 (a) 400 mL (b) 50 mL 

 (c) 200 mL (d) 100 mL 

11. An aqueous solution of urea containing 18g urea in 1500cm
3
 of solution has a density of 

1.502  g/cm
3
. If the molecular weight of urea is 60, then the molality of solution is 

 (a) 0.2 (b) 0.192 

 (c) 0.064 (d) 1.2 

12. For preparing M/10 solution of H2SO4 in one litre we need H2SO4 

 (a) 9.8g (b) 49.0g 

 (c) 4.8g (d) 0.09g 

 

 

13. The concentration of solution containing 0.5 mole H2PO4 dissolved in 500g water is 

 (a) 1m (b) 1M 

 (c) 1N (d) 0.5M 

14. The normality of 1% (weight/volume) H3PO4 is nearly 

 (a) 0.02 (b) 0.2 

 (c) 0.1 (d) 1 

15. Number of molecules of oxalic acid in 100 mL of 0.02 N oxalic acid solutions are 

 (a) 10
–3

 × 6.023 × 10
23

 (b) 2 × 6.023 × 10
23

 

 (c) 3 × 6.023 × 10
23

 (d) 4 × 6.023 × 10
23

 

 



 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

OBJECTIVE QUESTIONS KEY  

LEVEL-I 

1 b 2 b 3 b 4 a 5 b 

6 d 7 c 8 c 9 d 10 d 

11 a 12 d 13 a 14 c 15 c 

 

LEVEL-II 

 

1 d 2 a 3 c 4 d 5 c 

6 c 7 c 8 b 9 c 10 d 

11 b 12 a 13 a 14 b 15 a 

 



  

PRACTICE QUESTIONS 

PRACTICE QUESTIONS 

1.  A phosphorous oxide has 43.6% phosphorous.  The empirical formula of the compound is 

 1) 2 5P O   2) 2 3P O   3) 2PO    4) 4 6P O  

2. Which of the following does not show disproportionation reaction. 

 1) 2ClO−
  2) 4ClO−

  3) 3ClO−   4) ClO−  

3. The indicator used in dichromate titration is  

 1) Starch   2) Starch + Iodine  

3) Diphenyl amine  4) Phenolpthalein 

4. 4 g of a hydrocarbon on complete combustion gives 12.571 g of CO2.  The compound  may 

be 

 I) 2 4C H   II) 4CH   III) 3 8C H   IV) 4 8C H  

 1) I only  2) II only  3) II and III only 4) I and IV only 

5. Match the following 

 List – I      List-II (Number of e−  involved) 

 A) 4 2 2P H PO−→     I) 2 e−  

 B) 2

4 5CrO CrO− →     II) 6 e−  

 C) 
3IO I− −→      III) 4 e−  

 D) 
2 3Cl ClO−→     IV) 10 e−      

        V)   0 e−  

 The correct match is   

1) A-III, B-V, C-II, D-IV   2) A-IV, B-I, C-V, D-II 

 3) A-I, B-II, C-III, D-IV   4) A-II, B-III, C-IV, D-V 

6. Correct statement about the reaction between 4 gm of Mg and 2 gm of oxygen is  

 1) O2 is the limiting agent   2) Mg is the limiting agent 

 3) 5 gm of MgO is formed   4) both 1 and 3 

7. 2 mole of 2 4N H  loses 16 mole of electron is being converted to a new compound X. 

Assuming that all of the N appears in the new compound.  What is the oxidation state of ‘N’ 

in X? 

 1) -1   2) -2   3) +2   4) +4 

8. For the redox reaction 
2 2

4 2 4 2 2MnO C O H Mn CO H O− − + ++ + → + +  the correct coefficients of 

the reaction for the balanced reaction are respectively 
2

4 2 4, &MnO C O H− − +
: 

 1) 2, 5, 16  2) 16, 3, 12  3) 15, 16, 12  4) 2, 16, 5 

9. 
2

4MnO −
 (1 mole) in neutral aqueous medium disproportionates to  

 1) 2/3 mole 4MnO−
 and 1/3 mole  2MnO  2) 1/3 mole 4MnO−

 and 2/3 mole 2MnO  

 3) 1/3 mole 2 7Mn O  and 1/3 mole 2MnO  4) 2/3 mole 2 7Mn O  and 1/3 mole 2MnO  

10. Match the following 

 List – I      List-II 



 A) 10 g 3CaCO
Decomposition

∆
→   I) 0.224 L 2CO  

 B) 1.06 g 2 3

  Excess HCl
Na CO →   II) 4.48 L 2CO  

 C) 2.4 g 2 Excess O
C

Combustion
→    III) 0.448 L 2CO  

 D) 0.56 g 2 Excess O
CO

Combustion
→   IV) 2.24 L 2CO  

       V) 22.4 L 2CO  

 The correct match is   

1) A-IV, B-I, C-II, D-III 2) A-V, B-I, C-II D-III  

 3) A-IV, B-I, C-III, D-II 4) A-I, B-IV, C-II, D-III 

11. A compound contains atoms x, y and z.  Their oxidation numbers are +2, +5 and -2 

respectively. A possible formula of the compound is 

1) 2xyz   2) ( )2 3 2
y xz   3) ( )3 4 2

x y z   4) ( )3 4 2
x yz  

12. Match the following 

 List – I (Molecule)   List-II (Empirical formula) 

 A) Glucose     I) 2BNH  

 B) Oxalic acid     II) 2CH O  

 C) Inorganic benzene    III) CH 

 D) Oxygenated water    IV) 2CHO  

       V) HO 

 The correct match is   

1) A-III, B-V, C-II, D-IV   2) A-II, B-IV, C-I D-V 

 3) A-I, B-III, C-II, D-IV   4) A-IV, B-II, C-I, D-III 

13. Assertion (A): Empirical formula of benzene and acetylene is CH. 

 Reason (R): If percentage composition is same, then empirical formula is same. 

 1)  A and R are correct and R is the correct explanation of A 

 2) A and R are correct but R is not the correct explanation of A 

 3) A is true but R is false   4) A is false but R is true 

14. An organic  compound contains 4% of sulphur, its minimum molecular weight of the 

compound is 

 1) 400   2) 800   3) 1200  4) 1600 

15. 0.72 gm of an oxide of a metal M on reduction with 2H  gave 0.64 g of the metal. The 

atomic weight  of the metal is 64.  The empirical formula of the compound is 

 1) MO   2) 2M O   3) 2MO   4) 2 3M O  

16. For complete combustion of 10cc of hydrocarbon 35 cc of 2O  is required and 20 cc of 2CO  

is formed. Then the hydrocarbon is  

 1) 2 4C H   2) 2 6C H   3) 3 8C H   4) 2 2C H  

17. 4 grams of hydrocarbon ( )x yC H  on complete combustion gave 13.2 gm of carbondioxide.  

The empirical formula of the hydrocarbon is   



1)  2 4C H   2) 3 4C H   3) 3CH   4) 2CH  

18. The equivalent weight of hypo in the reaction [M = molecular weight] 

 
62 2 3 2 2 42 2Na S O I Na S O NaI+ → +  is  

1) M   2) M/2   3) M/3   4) M/4 

19. Match the following 

 List – I (Medium)    List-II (Equivalent weight of  4KMnO ) 

 A) Acidic     I)  158 

 B) Neutral      II) 79 

 C) Strongly basic    III) 52.6 

 D) Weakly basic    IV) 31.6 

1) A-IV, B-III, C-I, D-III   2) A-IV, B-III, C-I D-II 

 3) A-IV, B-II, C-I, D-III   4) A-IV, B-III, C-II, D-I 

20. 2.76 g silver carbonate on strong ignition leaves a residue weighing 

 1) 2.48 g  2) 2.16 g  3) 2.32 g  4) 2.84 g 

21. The weight of 3CaCO  must be decomposed to produce 2CO  which is sufficient to convert 

0.2 moles 2 3Na CO  in to 3NaHCO  in aq. solution is  

 1) 25 g   2) 10 g   3) 40 g   4) 20 g 

22. 5 lit of 2N  and  2 lit of 2H  are reacted.  The volume of ammonia formed is (all volumes are 

measured under similar conditions) 

 1) 2 lit   2) 3 lit   3) 1.33 lit  4) 5 lit 

23. 200 ml of pure oxygen is subjected to electric discharge, 15% of oxygen is converted into 

ozone. The volume of ozonized oxygen is  

 1) 20 ml  2) 30 ml  3) 190 ml  4) 80 ml 

24. A mixture of 2 3Na CO  and 3CaCO having a total weight of 100 gm on strong heating 

produces 11.2 lit of 2CO  at S.T.P. The percentage of 2 3Na CO  in the mixture is  

 1) 10%   2) 25%   3) 70%   4) 50% 

25. A gaseous alkane requires five times its volume of oxygen under the same conditions for 

complete combustion.  The molecular formula of the alkane is  

 1) 2 6C H   2) 4 10C H   3) 3 8C H   4) 4CH  

26. When 40 gr of a sample of sulphur was burnt in air 20% of the sample was left over.  The 

volume of air required at STP containing 21% oxygen by volume is  

 1) 106.66 liters 2) 160 liters  3) 100 liters  4) 85 liters 

27. The volume of 2H  liberated at 127°C and 760 mm of Hg pressure by the action of 0.6 gr of 

Magnesium with excess of dil. HCl 

 1) 0.41 lit  2) 0.82 lit  4) 1.2 lit  4) 0.74 lit 

28. 6XeF  on partial hydrolysis gives 

 1) 3XeO  only  2) 4XeOF  only 3) 2 2XeO F  only 4) Both 4XeOF  and 

2 2XeO F  

29. The compound in which the number of d Pπ π−  bonds are equal to those present in 4ClO−
 

 1) 4XeO   2) 2XeOF   3) 3XeO   4) 6XeF  



30. Colourless explosive solid is 

 1) 4XeOF   2) 2XeF   3) 6XeF   4) 3XeO  

31. 
6 2

complete

hydrolysis
XeF H O x HF+ → + . Which of the following statement are correct, regarding 

‘X’?   

 I) It is pyramidal shape   II) Central atom undergoes 
3sp  hybridization 

 III) It contain 3 σ  bonds and 3 (P – P) π  bonds 

 IV) It contain 3 bond pairs and 2 lone pairs 

1) I and II only 2) I, II, III only 3) I, II, IV only 4) All are correct 

32. Xenon difluoride reacts with 5PF , they give which pair of ions 

 1) [ ] [ ]6XeF PF
+ −

 2) [ ] [ ]3 6XeF PF
+ −

 3) [ ] [ ]5 6XeF PF
− −

 4) [ ] [ ]7 6XeF PF
− +

 

33. The fact helped the preparation of first compound of xenon 

 1)  High bond energy of Xe-F   2) Low bond energy of F – F in 2F  

 3)  Ionisation energies of 2O  and xenon were almost same 

 4) Low ionization potential of platinum 

34. 4 6 2XeF x XeF O+ → + .  In this reaction number of lone pairs present in ‘x’ are 

 1) 4   2) 6   3) 10   4) 2 

35. Which of the following statements is true 

1) only type of interactions between particles of noble gases are due to weak dispersion 

forces 

 2) Hydrolysis of 6XeF  is a redox reaction 

 3) abundance of noble gases in air by volume is Ar > He > Ne > Kr > Xe 

 4) boiling point of noble gases decreases from helium to random 

36. The noble gas with highest positive electron gain enthalpy is  

 1) He   2) Ne   3) Ar   4) Kr 

37. Colourless volatile liquid is   

 1) 4XeOF   2) 2 2XeO F   3) 3XeO   4) 4XeO   

38. The first noble gas compound prepared is 

 1) 6XePtF   2) 4XeF   3) 4XeOF   4) 2XeF  

39. Which of the following statements is not correct regarding xenon fluorides? 

 1) Xenon fluorides are colourless crystalline solids 

 2) They sublime readily   3) They do not hydrolyse 

 4) They are powerful fluorinating agents 

40. Number of lone pairs of electrons on xenon in 2 4,XeF XeF  and 6XeF  respectively are  

 1) 3, 2, 1  2) 1, 2, 3  3) 2,4, 6  4) 2, 1, 3 

41. Which of the following is used in gas cooled nuclear reactors? 

 1) 2H    2) 2O    3) He   4) Ne 

42. Which of the following finds use as cryogenic agent for carrying out various experiments at 

low temperature? 

 1) Liquid helium 2) Argon  3) Neon  4) Oxygen 



43. Which of the following finds use in discharge tubes and fluorescent bulbs for advertisement 

display purpose? 

 1) Helium  2) Neon  3) Argon  4) Krypton 

44. Which of the following finds use in high temperature metallurgical processes? 

 1) Helium  2) Neon  3) Argon  4) Krypton 

45. In its reaction with NaF, 6XeF  acts as 

 1) Fluoride ion acceptor   2) Fluoride ion donor 

 3) Neither fluoride ion acceptor nor donor 4) Both fluoride ion acceptor and donor 

46. Sea divers use a mixture of  

 1) 2 2,O H   2) 2 2,O N   3) 2 ,O He   4) 2 2,O H  

47. Assertion (A): 2XeF  reacts with 5PF  to give [ ]XeF
+

 and [ ]6PF
−

. 

 Reason (R): Xenon fluorides reacts with fluoride ion acceptors to form cationic species. 

 1)  A and R are correct and R is the correct explanation of A 

 2) A and R are correct but R is not the correct explanation of A 

 3) A is true but R is false   4) A is false but R is true 

48. Match the following 

 List – I      List-II 

 A) 2XeF      I) 
3sp , pyramidal 

 B) 6XeF      II) 
3 3sp d , distorted octahedral 

 C) 3XeO      III) 
3 2sp d , square pyramidal 

 D) 4XeOF      IV) 
3sp d , linear    

        V) 
3sp , tetrahedral  

 The correct match is   

1) A-IV, B-II, C-III, D-I   2) A-IV, B-II, C-I D-III 

 3) A-I, B-II, C-IV, D-V   4) A-IV, B-I, C-III, D-II 

49. Match the following 

 List – I      List-II 

 A) 2 2XeF H O+     I) 3XeO  

 B) 4 2 2XeF O F+     II) 2 2XeO F  

 C) 6 23XeF H O+     III) ,Xe HF  

 D) 6 22XeF H O+     IV) 6XeF      

        V) 4XeOF  

 The correct match is   

1) A-III, B-IV, C-I, D-V   2) A-III, B-IV, C-II, D-V 

 3) A-III, B-IV, C-I, D-II   4) A-III, B-IV, C-II, D-I 

50. 4XeF  is isostructural with  

 1) 2IBr−   2) 
3BrO−   3) 4ICl−   4) ICl  

51. Among the following pairs of compounds, the one that illustrates the law of multiple 

proportions is  



 1) 3 3&NH NCl  2) 
2 2&H S SO  3) CuO and Cu2O 4) CS2 and FeSO4  

52. How many moles of Al2(SO4)3 would be in 50g of the substance  

 1) 0.083 mole 2) 0.952 mole 3) 0.481 mole 4) 0.140 mole  

53. How many molecules are present in one mL of water vapours at STP 

 1) 1.69x10
19

 2) 2.69x10
-19

 3) 1.69x10
-19

 4) 2.69x10
19

  

54. A hydrocarbon contains 82.8% carbon. The empirical formula is  

 1) CH4 2) C2H5 3) C4H10 4) C3H  

55. The weight of H2C2O42H2O required to prepare 500ml of 0.2N solution is  

 1) 1.26g 2) 6.3g 3) 1.575g 4) 3.15g  

56. The amount of zinc required to produce 224ml of H2 at STP on treatment with dil. H2SO4 

will be  

 1) 0.65g 2) 6.5g 3) 65g 4) 0.065g  

57. 3.42g of a substance of molecular weight 342 is present in 250g of water. Molality of this 

solution is  

 1) 0.4m 2) 0.04m 3) 0.8m 4) 4m  

58. 10g of hydrogen and 64g of oxygen were filled in a steel vessel and exploded. Amount of 

water produced in this reaction will be  

 1) 1 mole 2) 2 mole 3) 3 mole 4) 4 mole  

59. Myoglobin stores oxygen for metabolic process inmuscle. Chemical analysis shows that it 

contains 0.32% Fe by mass. If there is one Fe atom per molecule of myoglobin, what is the 

molar mass of myoglobin ? [at. Mass of Fe = 56 u] 

 1) 1.75x10
4
g/mol 2) 3.5 x10

5
g/mol 3) 1 x10

4
g/mol 4) 2.5 x10

5
g/mol 

60. In the reaction, 2 2 33 2N H NH+ → , the ratio of volumes of nitrogen, hydrogen and 

ammonia is 1:3:2. These figures illustrate the law of  

 1) constant proportions    2) gay-lussac  

 3) multiple proportions   4) reciprocal proportions 

61. How many carbon atoms are present in 0.35 mol of C6H12O6 

 1) 6.023x10
23

 carbon atoms 2) 1.26 x10
23

 carbon atoms 

 3) 1.26 x10
24

 carbon atoms 4) 6.023 x10
24

 carbon atoms 

62. What is the weight of oxygen required for the complete combustion of 2.8kg of ethylene 

 1) 2.8 kg 2) 6.4 kg 3) 9.6 kg 4) 96 kg  

63. How many molecules are in 5.23gm of glucose (C6H12O6) 

 1) 1.65x10
22

 2) 1.75x10
22

 3) 1.75x10
21

 4) none of these   

64. Empirical formula of a compound is CH. If the molar mass of the compound is 78, the 

molecular formula is  

 1) C6H6 2) C3H3 3) C2H2 4) C3H6  

65. In which mode of expression, the concentration of a solution is independent of temperature  

 1) molarity 2) normality 3) v/v%  4) molality   

66. What is the molarity of 0.2 N Na2CO3 solution  

 1) 0.1 M 2) 0 M 3) 0.4 M 4) 0.2 M  

67. An element X has the following isotopic composition 
200 199 202: 90%, :8.0%, : 2.0%X X X The weighted average atomic mass of the naturally 

occurring element X is closet so  



 1) 201 amu 2) 202 amu 3) 199 amu 4) 200 amu  

68. The number of atoms in 0.1 mol of a triatomic gas is  

 1) 6.026x10
23

 2) 1.806 x10
23

 3) 3.600 x10
23

 4) 1.80 x10
23

  

69. A compound contains 69.5% oxygen and 30.5% nitrogen and its molecular weight is 92. 

The formula of the compound is  

 1) N2O 2) NO2 3) N2O4 4) N2O5  

70. Average atomic weight of boron is 10.10 and boron exists in two isotopic forms B
10

 and 

B
11

. The percentage abundance of B
10

 is  

 1) 10% 2) 90%  3) 50% 4) 20%  

71. Which of the following possess highest mass  

 1) 0.2 mol of CO2 gas    2) 2.24 L SO2  

 3) 3.01x10
23

 molecules of water 4) 20 g calcium 

72. What is the mass percent of carbon in carbon dioxide  

 1) 0.034% 2) 27.27% 3) 3.4% 4) 28.7%  

73. If 500ml of a 5M solution is diluted to 1500mL, what will be molarity the solution obtained  

 1) 1.5M 2) 1.66M 3) 0.017M 4) 1.59M  

74. Among the following pairs of compounds, the one that illustrates the law of multiple 

proportions is  

 1) 3 3&NH NCl  2) 2 2&H S SO  3) CuO and Cu2O 4) CS2 and FeSO4  

75. How many moles of Al2(SO4)3 would be in 50g of the substance  

 1) 0.083 mole 2) 0.952 mole 3) 0.481 mole 4) 0.140 mole  

76. If NA is Avogadro’s number then number of valence electrons in 4.2g of nitride ion (N
3-

) is  

 1) 2.4 NA 2) 4.2 NA 3) 1.6 NA 4) 3.2 NA  

77. How many molecules are present in one mL of water vapours at STP 

 1) 1.69x10
19

 2) 2.69x10
-19

 3) 1.69x10
-19

 4) 2.69x10
19

  

78. A hydrocarbon contains 82.8% carbon. The empirical formula is  

 1) CH4 2) C2H5 3) C4H10 4) C3H  

79. The weight of H2C2O42H2O required to prepare 500ml of 0.2N solution is  

 1) 1.26g 2) 6.3g 3) 1.575g 4) 3.15g  

80. P and Q  are two elements which form 2 3P Q  and PQ2 molecules. If 0.15 mole of 2 3P Q  and 

PQ2 weighs 15.9 and 9.3g, respectively, what are atomic mass of P and Q 

 1) 26,18 2) 18,26 3) 26,26 4) 18,18  

81. 16g of SOx occupies 5.6litre at STP. Assuming ideal gas nature. The value of x is  

 1) 1 2) 2 3) 3 4) none  

82. How many moles of magnesium phosphate 3 4 2( )Mg PO  will contain 0.25 mole of oxygen 

atoms  

 1) 0.02 2) 3.125x10
-2

 3) 1.25x10
-2

 4) 2.5x10
-2

  

83. Calculate the weight of one atom of Ag (At.wt. of Ag = 108) 

 1) 17.93x10
-23

gm 2) 1693 x10
-23

gm 3) 17.93 x10
23

gm 4) 36x x10
-23

gm  

84. If 0.5 mol of BaCl2 is mixed with 0.2 mol of Na3PO4, the maximum number of moles of 

Ba3(PO4)2 that can be formed is  

 1) 0.7 2) 0.5 3) 0.30 4) 0.10  



85. The amount of zinc required to produce 224ml of H2 at STP on treatment with dil. H2SO4 

will be  

 1) 0.65g 2) 6.5g 3) 65g 4) 0.065g  

86. 3.42g of a substance of molecular weight 342 is present in 250g of water. Molality of this 

solution is  

 1) 0.4m 2) 0.04m 3) 0.8m 4) 4m  

87. The density of NH4OH solution is found to be 0.6g/mL. It contains 35% by mass of 

NH4OH. The normality of the solution is  

 1) 10N 2) 4.8N 3) 0.6N 4) 6N  

88. 10g of hydrogen and 64g of oxygen were filled in a steel vessel and exploded. Amount of 

water produced in this reaction will be  

 1) 1 mole 2) 2 mole 3) 3 mole 4) 4 mole  

89. The number of water molecules is maximum in  

 1) 18 grams of water  2) 18 moles of water  

 3) 18 molecules of water 4) 1.8 grams of water  

90. 6.02x10
20

 molecules of urea is present in 100 mL of its solution. The concentration of 

solution is  

 1) 0.01M 2) 0.001M 3) 0.1 4) 0.02M  

91. Find number of oxygen atoms present in 100mg of CaCO3 (Atomic mass of Ca=40u, 

C=12u, O=16u) 

 1) 6.02x10
23

 2) 6.02x10
20

 3) 1.806x10
21

 4) 1.204x10
20

  

92. Total number of electrons in 81g of Al
3+

 are (Given : at.no. of Al=13 and at. Mass = 27u) 

 1) 1.806x10
25

 2) 6.02 x10
24

 3) 1.22 x10
25

 4) 2.347 x10
25

  

93. Myoglobin stores oxygen for metabolic process inmuscle. Chemical analysis shows that it 

contains 0.32% Fe by mass. If there is one Fe atom per molecule of myoglobin, what is the 

molar mass of myoglobin ? [at. Mass of Fe = 56 u] 

   1) 1.75x10
4
g/mol 2) 3.5 x10

5
g/mol 3) 1 x10

4
g/mol 4) 2.5 x10

5
g/mol  

KEY 

1) 1 2) 2 3) 3 4) 4 5) 1 6) 4 7) 3 8) 1 9) 1 10) 1 

11) 4 12) 2 13) 1 14) 2 15) 2 16) 2 17) 2 18) 1 19) 1 20) 2 

21) 4 22) 3 23) 3 24) 4 25) 3 26) 1 27) 2 28) 4 29) 3 30) 4 

31) 1 32) 1 33) 3 34) 3 35) 1 36) 2 37) 1 38) 1 39) 3 40) 1 

41) 3 42) 1 43) 2 44) 3 45) 1 46) 3 47) 1 48) 2 49) 3 50) 3 

51) 3 52) 4 53) 4 54) 2 55) 2 56) 1 57) 2 58) 4 59) 1 60) 2 

61) 3 62) 3 63) 2 64) 1 65) 4 66) 1 67) 4 68) 4 69) 3 70) 2 

71) 4 72) 2 73) 2 74) 3 75) 4 76) 1 77) 4 78) 2 79) 2 80) 1 

81) 2 82) 2 83) 1 84) 4 85) 1 86) 2 87) 4 88) 4 89) 2 90) 1 

91) 3 92) 1 93) 1        

 



 



STATES OF MATTER (GASEOUS STATE) 

 

 Matter exists in three physical states, solid, liquid, gas. In solids intermolecular 

forces are stronger than thermal energy, where as in gases thermal energy is much 

stronger than intermolecular forces.  

 Intermolecular forces order: Solids> Liquids>Gases 

 Thermal energy order: Gases> Liquids> Solids 

 

 Main characteristics of gaseous state: 

1. Highly compressible  

2. Low density 

3. No definite shape and volume 

4. Preserved only in closed containers 

5. Exert pressure equally in all directions 

6. Very week intermolecular forces (Vander wall forces) 

7. Highly diffusible 
  

 Measurable properties of gases 

 1.Mass  

 The gases possess mass. The mass of gas is generally used in the form of number 

of moles which is related as  

 (i) no. of moles =  

  Two other useful formulae to calculate number of moles of gas are – 

 (ii) number of moles =   

 (iii) no. of moles =  

 When container contains more than one gas then molecular mass of mixture is 

termed as effective molecular mass which is intermediate between molecular 

masses of all the gases present in the container. 

 Effective molecular mass =  

gasesofmassmolecular

gmin.wt
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 2.Volume  

 Volume of gas is nothing but volume of the container in which it is present. 

 Relation between different units of volume 

  1m3 = 103dm3 = 103litre =106 cm3 = 106 ml = 109 mm3. 

 

 3.Temperature 

 Degree of hotness or coldness of a body is measured by temperature. 

   =   =  

 C – Celcius scale, K – Kelvin scale, F – Fahrenheit scale 

 

 Note: In all the problems of gaseous state (i.e. in all gas law equations), 

temperature must be expressed in kelvin scale. i.e. ,t °C + 273 = TK 

 

 4.Pressure   

 Force acting per unit area 

   P =  

 Units : 

 CGS   : dyne/cm2 

 MKS    : Newton/m2 (1N/m2 = 1Pa) 

 Relation  : 1 N/m2 = 10 dyne/cm2 

 

 Units of pressure : 

 1 atm =  76 cm of Hg 

  =  760 mm of Hg 

  =  760torr 

100
C

100
273K −

180
32F −

A
F



  =  1.01325×105 N/m2 

  =  101.325kPa 

  =  1.01325 bar 

  =  14.7lb/In2 (Psi) 

  =  10.33 meters of H
2
O 

 

 5.Density   

 Mass per unit volume 

  d =  

 Units: 

 CGS   :  g/cm3 

 MKS   :  kg/m3  

 Relation:  1 kg/m3 = 10–3 g/cm3  

 

Density of gases  

 

 Absolute density      Relative density 

 (mass per unit volume)   (Relative to hydrogen turned as vapour 

density) 

 (i)d =      (i)    VD =  

 (ii)unit: g/l     (ii)   No unit 

 (iii)function of temp., pressure,   (iii) independent of Pressure, Temperature 

  no. of moles      

 

 Note:Mass, volume and no. of moles are extensive properties that depend on mass 

hence then all divertly additive in nature. 

v
m

v
m

2
massmolecular



 Note:Density, Pressure and Temperature are intensive properties they does not 

depend on mass hence they are non-additive in nature. 

  3. The Gas Laws 

� The gas laws. 

 

 (i) Boyle’s Law (Pressure volume relation): 

  At constant temperature (isothermal conditions) the volume of a fixed mass of 

sample of a gas varies inversely with the pressure”. 

  P ∝ (when temperature and number of moles are kept constant) 

 The proportionality can be changed into an equality by introducing a constant k, 

i.e., 

P =  or  PV = k 

 Boyle’s law can be verified by any one of the following three ways graphically. 

 

 Boyle’s law can also be stated as follows: 

 “Temperature remaining constant, the product of pressure and volume of a given 

mass of a gas is constant”. 

 The value of the constant depends upon the amount of a gas and the temperature. 

 Mathematically, it can be written as, 

 

  P
1
V

1
 = P

2
V

2
 or 

  P1d1=P2d2 (density= mass/volume) 

• Boyle`s law (at constant temperature)   P1V1=P2V2 
                                      PV= constant  

                  Vα 1/P ;        Vα 1/d   ;    1/pα 1/d   ;  ∴   d1/p1 =  d2 /p2 
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 Location of straight line and curve changes with temperature in the isotherm 

shown in the following figure. 

 

 According to Boyle’s law, PV = Constant at constant temperature 

  log P + log V = constant 

  log P = –log V = constant 

 

(ii) Charles’ Law (temperature volume relationship): 

 For fixed amount of gas at constant pressure (under isobaric conditions) volumes 

varies directly proportional to the temperature. 

 Vα T (at constant pressure) 

 V=kT (k constant) 

 K=V/T  

 V1T1= V2 T2 

 If the temperature is taken in 
0
C , then T(absolute temp)= (t

0
C +273) 

  

• Charles law (at constant pressure)   Vα T (OR) V/ T   Constant  

                             V1/T1=V2 /T2 

 

 This new temperature scale may be used for deducing Charles’ law. 

 By substituting T for 273 + t and T
0
 for 273 in Eq. (i). 
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    or  

  or  =constant if pressure is kept constant 

   

      (This graph is called isobar) 

 

 Alternatively, Charles’ law can be stated as follows: 

 “The volume of a given amount of a gas at constant pressure varies directly as its 

absolute temperature”. 

(if pressure is kept constant) 

 

    

(iii)Gay-Lussac’s Law (Pressure-Temperature relationship): 

 

 It relates the pressure and absolute temperature of a given mass of a gas at 

constant volume. 

 Volumes remaining constant, the pressure of given mass of a gas increases or 

decreases by  of  its pressure at 0°C per degree change of temperature. 

 P
t
 = P

0
 +  or       P

t
 = P

0
or       P

t
 = P

0
= P

0
 

 or or    (if volume and number of moles are kept constant) 

 At constant volume, the pressure of a given amount of a gas is directly 

proportional to its absolute temperature. 

� Amonton`s law (OR) Gay-Lussac law  
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      At constant volume Pα T (OR) P/T             ∴ P1/T1=P2/T2 

 

 

(iv) Avogadro’s Law (Volume – mole relationship): 

 1 mole of any substance contains Avogadro’s number (N
A
) of 

molecules/atoms/particles etc. 

   N
A
 = 6.023 × 102 3  

 Equal volumes of any two or more gases at the same temperature and pressure 

contain the same number of molecules.  

V α n (temp and pressure constant) 

 V1n1=V2n2 

  

� Ideal Gas Equation: 
 

 Combining all these gas laws, a simple equation can be derived at, which relates  

P, V,  n and  T for a gas 

   PV = nRT  (for n moles of gas) 

 R= gas constant (universal gas constant) 

 Values of R 

 (i) In litre atmosphere = 0.0821 LitreAtm mole–1 K
-1

 

 (ii) In ergs  =8.314 x10
7
ergmole–1 K

-1
 

 (iii) InJouls = 8.314 Joulsmole– 1 K
-1

 

 (iv) In Newtons = 8.314 x10
7
Nmmole–1 K

-1  

 (v)  In calories = 1.987 calmole– 1 K
-1

 

 

  

1 1 2 2

1 2

PV PV
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 Density d=
PM

RT
( M=molar mass of gas) 

� The gases which obeys the ideal gas equation under all conditions of temperature 

and pressure are called ideal gases. 

 

Relation between Molecular Mass and Gas Densities 

 (A)Actual density: For an ideal gas PV = nRT or , where w = mass of 

the gas in grams and M = Molecular wt. in grams. 

  or            PM =  RT, (where  is the density of the gas =  

   

 (i)  =         (for same gas at different temperature and pressure) 

 (ii)  =     (for different gases at same temperature & pressure)  

  (Where d = density of gas) 

 

 

 (B) Vapour Density: Vapour density of a gas is defined as the ratio of the mass 

of the gas occupying a certain volume at a certain temperature and pressure to the 

mass of hydrogen occupying the same volume at the same temperature and 

pressure i.e. W (gas) = .  

 and  mol. wt. of hydrogen is 2) 

   (Vapour density of gas) 

 Vapour density of a gas is same at any temperature, pressure and volume. 
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 Dalton’s Law of Partial Pressures:  

 The total pressure of a mixture of non-reacting gases is equal to the sum of partial 

pressures of the individual gases. 

 

  By Dalton’s Law         P
T
 = P

1
 + P

2 
+ P3.........(at constant V,T) 

 

 By the partial pressure of a gas in a mixture is meant, the pressure that the gas will 

exert if it occupies alone the total volume of the mixture at the same temperature. 

 

 Derivation: n = n
1
 + n

2
 + … 

 ,   ⇒             P = P
1
 + P

2
 + … 

 Assumption: Volume of all the gases is same as they are kept in same container. 

 

 Relationship between partial pressure and number of moles 

 Important formula 

 (i) where x
1
 = mole fraction of gas  

 (ii) Partial pressure of a gas in the mixture  

� Partial pressure in terms of mole fraction p i  =x i P(total)( x i mole fraction of gas i) 

 

 Partial pressure and aqueous tension:Dalton’s law is used to calculate the 

pressure of a dry gas when it is collected over water at atmospheric pressure.  

  

  Pressure of dry gas = atmospheric pressure - aqueous tension 

 Aqueous tension is the pressure exerted by saturated water vapour. 

 Aqueous tension depends on temperature. It increases with temperature and 

becomes 760 mm at 100°C. 
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Graham’s Law of Diffusion: 

Under similar conditions of temperature and pressurerates of diffusions of 

different gases are inversely proportional to the square root of their densities(d)/ 

molecular mass(M)/vapor densities(vd). 

 Diffusion is the tendency of any substance to spread throughout the space 

available to it. Diffusion will take place in all direction and even against gravity.  

 The streaming of gas molecules through a small hole is called effusion. 

  

 Therefore, according to Graham’s law of diffusion (effusion) at constant P and T. 

  

  r1,  r2 are rate of diffusions, d
1
and d

2
are the respective densities,vd1, vd2 vapor 

densities and V
1
 and V

2
 are volumes diffused (effused) in time t

1
and t2. 

� Molecular mass of gas = 2 × vapour density, (at constant P and T) 

� The rate of diffusion (or effusion) ‘r’   of two gases under different pressure can 

be given byat constant T only.   

  

 KINETIC GAS THEORY:  

 The important postulates of kinetic theory of gas are 

i)  A gas consists of a large number of small (tiny) particles known as molecules. 

ii) Volume occupied by the gas molecules is negligible as compared to the total 

volume of the     

gas. 

(iii)There is a continuous random motion of gas molecules (never in stationary state). 

They travel in straight line in all possible directions with altogether different but  

constant velocities.  

(iv) The direction of motion is changed by the collision with container orwith the 

other 

molecules. 

1

1 2 2 2 1

22 1 1 1

2

V
r d Vd Mw t

Vr d Vd Mw
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= = = =



(v)The collision between molecules is perfectly elastic i.e., there is no change in the 

energies  

of the molecules after collision. 

(vi) There are no attractive forces between the gaseous molecules. 

(vii)The effect of gravity on molecular motion is negligible. 

(viii)The different molecules possess different velocities and hence different energies, 

The  

average Kinetic energies directly proportional to absolute temperatures (kinetic 

energy of  

the gases depend on the temperature). 

(ix)The pressure exerted by the gas is due to the bombardment of gas molecules 

against the walls of container.  

 

 

KINETIC GAS EQUATION 

 

 Maxwell derived an equation based on above assumptions is known as Kinetic gas 

equation. 

 21

3
PV mnc= where m is mass of the gas molecule,  

 c - root mean square velocity of the gas,  

 n - total number of molecules  

 V - volume of gas,  

 P  - pressure of the gas 

� Kinetic Energy of the gas Ek =
2

3
nRT=  

� Kinetic energy if 1 mole of gas Ek=
3 3

2 2

RT
kT

N
= ( k= Boltzmann constant 

(R/N)=1.38x10
-23

JK
-1

molecule
-1

) 
 



  

 Velocities of gases: 

 

 The different velocities possess by gas molecules are 

a) Most probable velocity(Ump): It is the velocity possessed by maximum number 

of gas molecules at a particular temperature. 

2
ms

RT
U

M
=  

b) Average velocity (Uav): This is the average velocity of different velocities of 

all the molecules. 
__ 8

av

RT
U or

Mπν =  

c) Root mean square velocity (Urms): It is the square root of the mean of the 

square of the different velocities of the gas molecules.  
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  Urms>Uav>Ump 

  Ump: Uav:Urms= 
2 8 3

: :
RT RT RT

M M Mπ
 = 1 : 1.128 : 1.224 

� REAL GASES:The gases which obeys the gas laws only at low pressure and high 

temperature are called as real gases. 

 

� Van der Waals’ Equation (Equation of state of real gases): 
 

2

2
( )P V nb nRT

V

an
 
 + − =
 
 

  for n moles  

�� +	 ���� (V -b)-RT for one mole  

 

Greater the value of ‘a’, the greater the strength of Van der Waals 

forces and greater is the ease of with which a gas can be liquefied. 
a, b are van der Waals constants and their values are depend on the characteristics of gas. 



Significance of  ‘a’ Measure of magnitude of attractive forces,. Units = atm L
2
mol

-2 

 Significance of  ‘b’ Measure of effective size of the gas molecule. Units = Lmol
-2

 

 This equation can be derived by considering a real gas and converting it to an 

ideal gas. 

 

 Volume Correction:  We know that for an ideal gas P × V = nRT. Now in a real 

gas the molecular volume cannot be ignored and therefore let us assume that ‘b’ is 

the volume excluded (out of the volume of container) for the moving gas 

molecules per mole of a gas. Therefore due to n moles of a gas the volume 

excluded would be   nb. 

 a real gas in a container of volume V has only available volume of (V – nb) and 

this can be thought of, as an ideal gas in a container of volume (V – nb) 

 Pressure Correction:Let us assume that the real gas exerts a pressure P. The 

molecules that exert the force on the container will get attracted by molecules of 

the immediate layer which are not assumed to be exerting pressure. 

 

 It is observed that pressure exerted by real gas would be less than the 

pressureexerted an ideal gas. Therefore, if a real gas exerts a pressure P, then an 

ideal gas would exert a pressure equal to P + p(p is the pressure lost by the gas 

molecules due to attractions). This small pressure p would be directly proportional 

to the extent of attraction between the molecules which are hitting the container 

wall and the molecules which are attracting these. 

 Therefore (concentration of molecules which are hitting the container’s wall) 

  (Concentration of molecules which are attracting these molecules)   

    

 Wherea is the constant of proportionality which depends on the nature of gas. 

Higher value of ‘a’ reflects the increased attraction between gas molecules. 

 The Vander Waals constant b (the excluded volume) is 4 times the volume of a 

single molecule. i.e.  b = 4 N
A
V   where  N

A
→  Avogadro number. 

  b = 4 × 6.023 × 1023,  where r is the radius of a molecule. 

 The constant a and b:Vander Waals constant for attraction (A) and volume (B) 

are characteristic for a given gas. Some salient features of ‘a’ and ‘b’ are: 



 (i) For a given gas Vander Waal’s constant of attraction ‘a’ is always 

greater than Vander Waals constant of volume (B). 

 (ii) The gas having higher value of ‘a’ can be liquified easily and 

therefore H
2
 and He are not liquified easily. 

 (iii) The units of a = litre2atm mole– 2 and that of b = litre mole–1 

 (iv) The numerical values of a and b are in the order of 10–1 to 10–2 to 10–4 

respectively. 

 (v) Higher is the value of ‘a’ for a given gas, easier is the liquefaction. 

 

Limitations of van der Waals Equation: 

 There is specific range of temperature and pressure, to apply the equation. 

It deviates at very high pressure and very low temperature. 

 

 EXPALNATION OF THE BEHAVIOUR OF REAL GAS BY VAN DER 

WAALS EQUATION: 

 Real gases obey gas laws only at very low pressure and high temperature. 

 

 (i) At very lower pressure:‘V’ is large. Hence the correction term 

a/V
2
is so small that can be neglected. Similarly, the correction term ‘b’ is to be 

also negligible in comparison with V. Thus, Vander Waals equation reduces to 

form PV =RT. This explains why at very low pressures real gases behave like ideal 

gases. 

   

 (ii)At moderate pressures: V deceases. Hence a/V
2
increases and cannot be 

neglected. However, V is still large enough in comparison to ‘b’ so that ‘b’ can be 

neglected in comparison with P. 

 The Vander Waals equation becomes 

	�+ 

�2� = ��      OR 

	
���+ 


��= ��  OR  PV=RT- 
�
�  OR  

��
��  =  1 - 

�
���    OR Z= 1 - 

�
��� 



Thus, the compressibility factor is less than 1. As pressure is increased at constant 

temperature, V decreases so that the factor 
�

���  increases. This accounts for the 

rising parts of the PV vs P isotherm at high pressures. 

 

(iii)At high pressure: V becomes sosmall that b cannot be neglected in comparison 

to V. 

 The factor a/V2 is large, but as P is very high a/V2 can be neglected in 

comparison to P.  

 Thus, the van der Waals equation reduces to  

 P(V-b)=RT or PV=RT+Pb 

 

��
��=  1 + 

��
�� or Z= 1+ 

��
�� 

Compressibility factor Z is greater than 1. As P is increased (at constant T) the factor 
��
�� 

increases, this explainswhy after minima in the curves, the compressibility factor increases 

continuously with pressure.  

 

(iv)At high pressure: V is very large at a given pressure, so that both the 

correction factors (a/V2 and b) become negligible. Hence at high temperature, real 

gases behave like ideal gas. 

 

(iv) Hydrogen and Helium:These two are lightest gases. Their molecules 

have very small 

masses. The attractive forces between such molecules will be extensively small.  

So is 

negligible even at ordinary temperatures. Thus PV > RT.  

 

� Compressibility Factor:It measures the deviation from ideal gas 

behaviour.The extent to which a real gas departs from the ideal behaviour may be 

depicted in terms of a new function called the compressibility factor, denoted by 

Z.  



  
PV

Z
nRT

=   

 The deviations from ideality may be shown by a plot of the compressibility factor 

Z, against P. 

 

 Z = 1 For an ideal gasand it is independent of temperature and pressure.  

 

 The deviations from ideal behaviour of a real gas will be determined by the value 

of Z being greater or less than 1.  

 Z ≠ 1 for real gases. Z >1 positive deviation from ideal behaviour, Z < 

1 negative deviation from ideal behaviour. 

 

  

 For a real gas, the deviations from ideal behaviour depends on  

 (i)pressure and  (ii) temperature.  

 Effect of Temperature on Deviations:      

  

 1. At low pressure and fairly high temperatures, real gases show nearly ideal 

behaviour and the ideal-gas equation is obeyed. 

 2. At low temperatures and sufficiently high pressures, a real gas deviates 

significantly from ideality and the ideal-gas equation is no longer valid. 

 3. The closer the gas is to the liquefactionpoint; the larger will be the 

deviation from the ideal behaviour. 

 

 Greater is the departure of Z from unity, more is the deviation from ideal 

behaviour. 

 (i) When Z < 1, this implies that gas is more compressible. 

 (ii) When Z > 1, this means that gas is less compressible. 

 (iii) When Z = 1, the gas is ideal. 

 

 



 Vander Waals Equation of State for a Real Gas: The equation of state 

generated by Vander Waals in 1873 reproduces the observed behaviour with 

moderate accuracy. For n moles of gas, the Vander Waals equation is 

(V – nb) = nRT 

 where a and   b   are constants characteristic of a gas. This equation can be 

derived by considering a real gas and converting it to an ideal gas. 

 

 Volume Correction:  We know that for an ideal gas P × V = nRT. Now in a real 

gas the molecular  volume  cannot  be ignored and therefore let us assume that ‘b’ 

is the volume excluded (out of the volume of container) for the moving gas 

molecules per mole of a gas. Therefore due to n moles of a gas the volume 

excluded would be nb . 

 a  real  gas  in a container of volume V has only available volume of (V – nb) and 

this can be thought of, as an ideal gas in a container of volume (V – nb) 

 Pressure Correction:Let us assumethat the real gas exerts a pressure P. The 

molecules that exert the force on the container will get attracted by molecules of 

the immediate layer which are not assumed to be exerting pressure. 

 

 It can be seen that pressure the real gas exerts would be less than the pressure an 

ideal gas would have exerted. Therefore if a real gas exerts a pressure P, then an 

ideal gas would exert a pressure equal to P + p(p is the pressure lost by the gas 

molecules due to attractions). This small pressure p would be directly proportional 

to the extent of attraction between the molecules which are hitting the container 

wall and the molecules which are attracting these. 

 Therefore (concentration of molecules which are hitting the container’s wall) 

  (Concentration of molecules which are attracting these molecules)   

    

 Wherea is the constant of proportionality which depends on the nature of gas. 

Higher value of ‘a’ reflects the increased attraction between gas molecules. 

 The Vander Waals constant b (the excluded volume) is actually 4 times the volume 

of a single molecule. i.e.  b = 4 N
A
V   where N

A
→ Avogadro number. 

  b = 4 × 6.023 × 1023, where r is the radius of a molecule. 



 The constant a and b:Vander Waals constant for attraction (A) and volume (B) 

are characteristic for a given gas. Some salient features of ‘a’ and ‘b’ are: 

 (i) For a given gas Vander Waal’s constant of attraction ‘a’ is always 

greater than Vander Waals constant of volume (B). 

 (ii) The gas having higher value of ‘a’ can be liquified easily and 

therefore H
2
 and He are not liquified easily. 

 (iii) The units of a = litre2atm mole– 2 and that of b = litre mole–1 

 (iv)The numerical values of a and b are in the order of 10– 1 to 10–2 to 10–4 

respectively. 

 (v) Higher is the value of ‘a’ for a given gas, easier is the liquefication. 

 

SIGNIFICANCE OF VAN DER WAALS CONSTANTS: 

 

� Easily liquefiable gases such as SO2, NH3, H2S, CO2 high values of ‘a’ than 

permanent gases such as N2, O2 and He. 

� The value of ‘a’ increases with the ease of liquefaction of the gas. Easily 

liquefiable have greater intermolecular forces of attraction, the value of ‘a’ is said 

to be a measure of the intermolecular forces of attraction. 

� As ‘b’ is the effective volume of the gas molecules, the constant value of ‘b’ for 

any gas over a wide range of temperature and pressure indicates that the gas 

molecules are incompressible. 

 

 LIQUEFACTION OF GAS: 

 

 The phenomena of converting a gas into liquid are known as liquefaction. The 

liquefaction of gas is achieved by controlling P and T as follows: 

1. Increasing pressure:An increase in pressure results in an increase in 

attraction among the 

molecules. 

2. Decreasing temperature:A decrease in temperature results in decrease 

in kinetic energy of  

molecules. 



 Critical temperature (T
c
):It is defined as the characteristic temperature for a 

given gas below which a continuous increase in pressure will bring liquification of 

gas and above which no liquefaction is noticed although pressure may be increased 

e.g. T
c
 for CO

2
 is 31.2°C. 

 Tc of CO2is 30.98
0

C or 304.1K 

 Critical pressure (P
c
):It is defined as the minimum pressure applied on 1 mole of 

gas placed at critical temperature, to just liquefy the gas. 

 Pc of CO2 is 73.9 bar. 

Critical Volume (V
c
):The volume occupied by 1 mole of gas placed at critical 

temperature  

and pressure conditions.Vcfor CO2 is 94 cm
3
mol

-1
 

SURFACE TESNSION: 

It is the force acting per unit length perpendicular to the imaginary line drawn on 

the surface 

liquid. It is denoted by γ. 

 Surface tension = 
�����
�����    Nm

-1
 

� The magnitude of the surface tension of a liquid depends on the attractive forces between the 

molecules. 

� Surface tension is measured with the help of an apparatus called Stalagmometer. 

� Surface tension decreases as the temperature increases. 

� Rise or fall of liquid in a capillary tube is due to surface tension. 

VISCOSITY: 

� Viscosity is a measure of resistance to flow which arises due to friction 

between the layers of fluid. 

� When there is a regular gradation of viscosity, in passing from one 

layer to the other is called laminar flow. 

F=   η
!"#
"$  



F= force required to maintain the flow of layers, A= area of contact. 

dv/dz = velocity gradient  

� Viscosityη (ΕΤΑ) is proportionality constant and is called coefficient of 

viscosity. 

� Viscosity coefficient is the force when velocity gradient is unity, and 

the area of contact is unit area.  

� CGS unit of coefficient of viscosity is ‘poise’. SI unit is Nsm
-2

. 

 

 

  8. Collision parameters ~XCC~~~~~~~~~~~``--- 
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PRACTICE QUESTIONS 

 

01. At what temperature will both Celsius and Fahrenheit scales read the same value?  

 1) 100
o
   2) 180

o
    3) 40

o
   4) -40

o
 

02. At the top of the mountain the thermometer reads 0
o
C and the barometer reads 710mmHg. At 

the bottom of the mountain the temperature is 30
o
C and pressure is 760 mmHg. Density of air 

at the top with that at the bottom is     

 1) 1 : 1   2) 1.04 : 1   3) 1 : 1 . 04  4) 1 : 1.5 

03. A quantity of gas is collected in a graduated tube over the mercury. The volume of the gas at 

20
o
 C is 50.0 mL and the level of the mercury in the tube is 100 mm above the outside mercury 

level. The barometer reads 750mm. Volume at STP is       

 1) 38.8 mL  2) 40 mL   3) 42 mL  4) 60mL 

04. A gas at a pressure of 5.0 atm is heated form 0
o
 to 546

o
 C and simultaneously compressed to 

one- third of its original volume. Hence final pressure is 

 1) 10.0atm  2) 30.0atm   3)45.0atm  4) 5.0atm 

05. At low pressures, the van der Waals equation is written as The 

compressibility factor is then equal to 

 1)   2)    3)  4)  

06. I, II, III are three isotherms respectively at T1, T2 and T3 Temperature will be in order 

 
 1) T1=T2=T3  2) T1<T2<T3   3) T1>T2>T3  4) T1>T2=T3 

07. NH3gas is liquefied more easily than N2. Hence.  

 1) van der Waals’ constants a and b of NH3> that of N2 

 2) van der walls’ constant a and b of NH3< that of N2 

 3) a(NH3) >a(N2) bit b(NH3) <b(NH3)  4) a(NH3)< a(N2) but b (NH3)> b(N2) 

08. In an auto engine with no pollution control, about 5% of the fuel (C8H18) is unburned. Molar 

ratio of CO and C8H18 emitted in the exhaust gas is 

 1) 500   2) 152    3) 5   4) 5 

09. N2+3H2 2NH3 .1 mole N2 and 4 moles H2 are taken in 15 L flaks at 27
o
 C. After complete 

conversion of N2 into NH3 5 L of H2O is added. Pressure sent up in the flaks is 

 1)     2)  

 3)     4)  

2

a
p V RT

V

 + =  

1
a

RTV

 − 
 

1
RTV

a

 − 
 

1
a

RTV

 + 
 

1
RTV

a

 + 
 

→

3 0.0821 300

15
atm

× × 2 0.0821 300

10
atm

× ×

1 0.0821 300

15
atm
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10. A gas in an open container is heated form 27
o
Cto 127

o
C. The fraction of the original amount of 

the gas remaining in the container will be 

 1) 3/4   2) 1/ 2    3) 1/4   4) 1/ 8 

11. At what temperature will hydrogen molecules  have the same KE per mol as nitrogen 

molecules at 280K 

 1) 280K  2) 40 K   3) 400 K  4) 50K 

12. See the figure 

 
 

The values of X and Y are opened simultaneously. The white fumes of NH4 Cl will first for at 

 1) A   2) B   3) C   4) A,B and C 

simultaneously 

13. The volume of helium gas is 44.8 L at 

 1) 100
o
C and 1 atm 2) 0

o
C and 1 atm 3) 0

o
C and 0.5 atm 4) 100

o
C and 0.5 atm  

14. Which gas shows a real behavior? 

 1) 8 g O2 at STP OCCUPIES 5.6L   

2)  1 gH2in 0.5 l flask  exerts a pressure of  24.63 atm at 300K 

3) 1 mol NH3at 300 K and 1 atm occupies volume 22.4L 

4) 5.6 L of CO2 at STP is equal to 11 g 

15. A 0.20 mol sample of a hydrocarbon CxHy after complete combustion with excess O2 gas yields 

0.80 mol of CO2 and 1.0 mol of H2O. Hence, hydrocarbon is  

 1) C4H10        2) C4H8        3) C4H5        4) C8H16       

16. The average molecular speed is greatest in which of the following gas samples? 

 1) 1.0 mol N2 at 56K    2) 0.50 mol of Ne at 500 K 

 3) 0.20 mol CO2 at 440 K   4) 2.0 mol of He at 140 K 

17. A gas in an open container is heated form 27
o
C to 127

o
C the fraction of the original amount of 

gas escaped form the container will be 

 1) 3/4   2) 1/2    3) 1/4   4) 1/8  

18. A balloon filled with ethyne is pricked with a sharp point and quickly dropped in a tank of H2 

gas under identical conditions. After a while the balloon will have 

 1) Shrunk      2) Enlarged    

3) Completely collapsed    4) Remained unchanged in size 

19. Energy of sublimation of solid helium is much lower than that of ice because 

 1) large part of sublimation energy of ice is used to overcome hydrogen donding 

 2) ice melts at much higher temperature  

 3) in solid helium, there is a van der Waals force  of attraction between helium atoms 

 4) all of the above statements are correct 

20.  

 

 

 

Gas O2 N2 NH3 CH4 

a 1.360 1.390 4.170 2.253 



The table indicates the value of vander Waals’ constant a. (inL
2
 atm mol

-2
) . The gas which can 

most easily be liquefied is 

1) O2   2) N2    3) NH3   4) CH4 

21. It take 26 s for 10 mL of H2 to effuse through a porous membrane. It takes 130 s for 10mL of 

an unknown gas to effuse through the same membrane when both gases are at the same 

temperature and pressure, Molecular weight of the unknown gas is 

 1) 100   2) 80    3) 50   4) 80 

 

22. Which of the following is/are correct statements (S)  

 1) van der Waals’ constant a is a measure of attractive force  

 2) van der Waals constant b is also called co-volume or excluded volume 

 3) b is expressed in L mol
-1

     4) All of the above 

23. Consider the following statements. 

 I. Atmospheric pressure is less at the top of a mountain than at sea level 

 II. Gases are much more compressible than solids or liquids. 

 III. When the atmospheric pressure increases, the height of the mercury column rises. 

Select the correct statement(S) 

1) I, II  2) II, III   3) I, III   4) I, II, III 

24. Where is the pressure less than 1 atm? 

 1) At a place where water boils at 110
o
C 2) At a place where water boils at 90

o
C 

 3) At a place below sea level   4) At a place where water boils at 100
o
C 

25. A 0.2 mole sample of hydrocarbon yields after complete combustion with excess O2 gas, 0.80 

mole of CO2 and 0.8 mole of H2O. The hydrocarbon is 

 1) C4H10  2) C4H8   3) C4H5  4) C8G10 

26. Assume that for every increase in height of 1 m, pressure decreases by 10 mmHg. Initially an 

experimental air balloon of maximum 200 L capacity has 150L air at a1 atm at sea-level.. AT 

what height, the balloon is expected to burst 

  1) 15 m above sea – level    2) 19 m above sea – level 

 3) 10 m above sea – level    4) 20 m above sea – level 

27. The density of oxygen is 1.43g L
-1

 at STP hence, density at 0
o
C and 800 Torr is 

 1) 1.43 g L
-1

             2) 1.51 g L
-1

              3) 1.72  g L
-1

             4) 1.28 g L
-1

             

28. Just below this temperature, gases would theoretically have a negative volume (which is how 

ever not possible) 

 1) absolute zero 2) -100
o
C   3) 100

o
C  4) 100 K 

29. Select the correct statement (S) 

1) Absolute zero (0K) is the temperature reach when all possible thermal energy has been 

removed form a substance. 

2) A substance cannot be cooled any further after all thermal energy has been removed. 

3) Both (a) and (b)      4) can not be predicted 

30. Boyle’s law and Avogadro’s law are applicable under limiting condition . This limiting 

condition is 

 1) p   0  2) T  0   3) V  0  4) p 0 → → → →



31. Following is not the gas law 

 1) V  n at constant p and T    2) p T at constant V 

 3) d  T
-1

 at constant p    4) All the above represent gas laws 

32. A 1 L flaks contains 32 g O2 gas at 27
o
C. What mass of O2 must be released to reduce the 

pressure in the flaks to 12.315 atm? 

 1) 8g   2) 16 g    3) 24 g   4) 0 g 

33. A 100 mL flaks contained H2 at 200 Torr, and a 200 mL flaks contained He at 100 Torr. The 

two flasks were then connected so that each gas filled their combined volume. Assuming no 

change in temperature, total pressure is 

 1) 300 Torr  2) 66.66Torr   3) 150Torr  4) 133.33 Torr 

34. 1 g H2 and x g O2 gas exert a total pressure of 5 atm. At a given temperature partial pressure of 

O2 gas is 4 atm, O2 in the mixture is 

 1) 1 mol   2) 2 mole  3) 3 mol  4) 4 nol 

35. Mole fraction of water vapour in the water saturated air is 0.02. If total pressure is 1.2 atm, 

partial pressure is 1.2 atm, partial pressure of dry air is 

 1) 1.18 atm  2) 1.22 atm   3) 1.176 atm  4) 1.224atm 

36. A large cylinder of helium filled at 1000 Pascal had a small thin orifice through which helium 

escaped into an evacuated space at the rate of 6.4 m.mol/h. How long will it take for  10 m.mol 

SO2 to leak through a similar orifice of the SO2 were confined at the same pressure? 

 1) 6.25 h  2) 0.39h   3) 4.42 h  4) 1.00h 

37. 100 mL of H2 gas diffuses in 10 s. X mL of O2 gas diffuses in t s.  ,then  X  and t cannot be 

 1) 100 m, 40 s  2) 25 mL, 10s   3) 100 mL, 10 s 4) 5 mL, 2 s 

38. A mixture of C3H8 and CH4 exerts a pressure of 320 mmHg at temperature T k in a V litre 

flask. On complete combustion, gaseous mixture contains CO2 only and exerts a pressure of 

448 mmHg under identical conditions. Hence, mole fraction of C3H8 in the mixture is 

 1) 0.2   2) 0.8    3) 0.25   4) 0.75 

39. Consider the following equations. 

 1)   2)   3)   4)  

40. A 1  L sample of CO initially at STP is heated to 546
o
C and its volume is increased to 2L. 

Which of the following is affected  to a maximum extent? 

 1) RMS velocity 2) KE    3) Ideal behavior 4) None is affected 

41. Compressibility factor for H2behaving as real gas is 

 1) 1   2)    3)   4)  

42. Select the correct statements. 

 1) Gases tend to behave non-ideally at low temperatures and high pressures. 

 2) Gases tend to behave ideally at high temperatures and low pressures. 

 3) the extent to which Z deviates form 1 is a measure of the non- ideality of a gas 

 4) All of the above are correct statements. 

43. N2 (Tc = 126 k) is to be called …. At 100 K. 
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 1) gas   2) vapour   3) liquid  4) metastable 

44. For  critical constants, compression factor Z is 

 1) 1   2) > 1    3) < 1   4) 0 

45. A quantity of hydrogen gas occupies a volume of 30.0 mL at a certain temperature and 

pressure. What volume would half this mass of hydrogen occupy at triple the absolute 

temperature and the pressure were one-ninth that of the original gas? 

 1) 405mL  2) 810mL   3) 81mL  4) None of these 

46. What per cent of a sample of nitrogen must be allowed to escape if its temperature, pressure 

and volume are to be changed as given? 

 

 

 

1) 16.76%  2) 83.33%   3)75.00%  4)25.00% 

47. A 1.00 L vessel containing 1.00g H2 gas at 27
o
C is connected to a 2.00 L vessel containing 88.0 

g CO2 gas, at also 27
o
C. When the gases are completely mixed, total pressures is 

 1) 20.525 atm  2) 4.105 atm   3) 16.420 atm  4) 730.69atm 

48. In a gaseous mixture at 20
o
C the partial pressure of the components are 

  H2 : 150 Torr CH4  : 300 Torr 

  CO2 :  200 Torr C2H4 : 100 Torr 

 Volume percent of H2 is 

1) 26.67  2) 73.33   3) 80.00  4) 20 

49. 1 g H2 , 2g He and 3 g NO are contained in1.1 L flask at 300 K. Total pressure exerted by the 

mixture is 

 1) 5.45 atm  2) 6.0 atm   3) 24.63 atm  4) 134.3t atm 

50. Which of the assumptions of the kinetic-molecular theory best explains the observation that a 

balloon collapses when exposed to liquid nitrogen (which is much colder than a cold winter 

day)  

 1) Gas molecules move at random with no attractive forces between them 

 2) The velocity of gas molecules is proportional to their Kelvin temperature 

 3) The amount of space occupied by a gas much greater than the space occupied by the actual 

gas molecules 

 4) Collisions with the walls of the container or with other molecules are elastic  

51. The temperature at which rms velocity of H2 molecule becomes equal to the r.m.s. Velocity of 

O2 molecules at 300 K 

 1) 25.65K 2) 15.30K 3) 55.20K 4) 18.75K 

52. The relative order of different types of velocities at a given temperature is correctly given as  

 1)  2)  3)  4)   

53. Under similar conditions, which of the following gas will have same value of Urms as N2 

 1) O2 2) H2 3) CO 4) CO2  

54. An ideal gas can be liquefied if  

 1) its temperature is more than critical temperature  

 2) its pressure is more than critical pressure and temperature is more than critical temperature  

 3) its pressure is more than critical pressure but temperature is less than critical temperature  

.rms m p aveV V V> > .rms ave m pV V V> > .m p ave rmsV V V> > .m p rms aveV V V> >

273
o
C, 3.00 

atm 1.65 L 

 0
o
C, 0.75 

atm 0.55 L 



 4) it can be liquefied at any value of P and T  

55. At what temperature rms velocity of CO2 is equal to that of most probable velocity of nitrogen 

gas at 27
0
C 

 1) 355
0
C 2) 355K 3) 41

0
C 4) 41K  

56. At 27
0
C, the ratio of rms velocities of ozone to oxygen is  

 1)  2)  3)  4) 0.25  

57. A gas behaves most likely as an ideal gas under conditions of  

 1) high temperature, low pressure  2) low temperature, high pressure  

 3) low temperature, low pressure  4) high temperature, high pressure   

58. Find the correct relationship between P1,P2,P3,P4 for given isobars  

 1)   

 2)  

 3)  

 4) any of these   

59. Which gas has lowest value of Vrms 

 1) O2 2) H2 3) SO2 4) CO2  

60. A certain mass of a gas occupies a volume of 2 litres at STP. Keeping the pressure constant, at 

what temperature would the gas occupy a volume of 4 litre  

 1) 546
0
C 2) 273

0
C  3)  100

0
C 4) 50

0
C 

61. At 27
0
C a sample of ammonia gas exerts a pressure of 5.3 atm. What is the pressure when the 

volume of the gas is reduced to one tenth of the original value at the same temperature  

 1) 0.53 atm 2) 5.3 atm 3) 53 atm 4) none of these   

62. If the volume of given mass of a gas at constant temperature becomes three times, then pressure 

will be (assume initial pressure is P atm) 

 1) 3P 2) P/3 3) 9P 4) P  

63. The average velocity of an ideal gas molecule at 27
0
C is 0.5 m/s, the average velcotiy at 

927
0
Cwill be  

 1) 1 m/s 2) 0.3 m/s 3) 1.5 m/s 4) 2 m/s  

64. The average velocity of a gas molecule is 400 m/s. The rms velocity at the same temperature 

will be  

 1)  550 m/s 2) 434 m/s 3) 750 m/s 4) 350 m/s  

65. The rate of diffusion of methane is twice that of gas, when diffuse through same hole under all 

identical conditions. The molecular mass of gas x is  

 1) 16 2) 32 3) 80 4) 64  

66. Compressibility factor for an ideal gas is  

 1) 1.5 2) 1.0 3) 2.0 4)   

67. Dipole-induced dipole interactions exist between  

 1) non-polar molecules 2) polar molecules  3) a polar and a non-polar molecule  4) all these  

68. For an ideal gas the van der Waals equation reduces to  

 1)    2) 
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3)   4)  PV=nRT  

69. A gas occupies 500 cm
3
 at 0

0
C and 2 atm pressure. Its volume at 273

0
C and 4 atm pressure 

would be  

 1) 2000 cm
3
  2) 500 cm

3
 3) 250 cm

3
 4) 1000 cm

3
  

70. According to Boyle’s law, which of the following plots are true  

  
 1) only II 2) only I 3) only II and III 4) all   

71. The spherical shape of a liquid drop is due to its  

 1) surface tension  2) vapour pressure  3) viscosity  4) none of these   

72. The reciprocal of coefficient of viscosity, of a liquid, is called  

 1) mobility  2) mobile nature  3) fluidity 4) none of these   

73. In van der Waals education, for n moles of a gas, the pressure correction is equal to  

 1)  2)  3)  4) nb  

74. The ratio of RMS speeds of O2 to that of H2 at a given temperature is  

 1) 1:2 2) 4:1 3) 2:3 4) 1:4  

75. The kinetic energy of one mole of He at 127
0
C is  

 1) 1200cal 2) 3600 cal 3) 2400 cal 4) 800 cal  

76. A gaseous mixture containing 2g H2, 8g He, 22g CO2 and 8g O2 is enclosed in a vessel. The gas 

with highest partial pressure is  

 1) He 2) H2 3) CO2 4) O2  

77. Kinetic energy per mole of an ideal gas  

 1) is proportional to temperature  2) independent of temperature  

 3) directly proportional to the square root of temperature  4) is zero at 0
0
C  

78. According to kinetic theory of gases, the gases exert the pressure due to  

 1) collision of gas molecules  2) the random movement of gas molecules  

 3) the intermolecular forces of attraction between the gas molecules  

 4) the collision of gas molecules against the walls of container   

79. A real gas will approach ideal behaviour at  

 1) low temperature and low pressure  2) high pressure and low temperature  

 3) high temperature and high pressure  4) high temperature and low pressure   

80. Boyle temperature is given by  

 1)  2)  3)  4)   

81. Which of the following property of liquid always increase on increasing temperature  

 1) vapour pressure  2) surface tension  3) viscosity 4) both 1 and 2  

82. At what temperature, the average speed of gas molecules will be double that at 27
0
C 

 1) 27
0
C 2) 327

0
C 3) 527

0
C 4) 927

0
C  

83. Critical temperature and critical pressure value of four gases are given  

  

2

2
( )

an
P V nb RT

V

 
+ − = 

 

2

2

an

V 2

a

V

an

V

2B

a
T

Rb
= B

a
T

Rb
=

227
B

a
T

b
= B

b
T

aR
=



Gas Critical  

Temperature (K) 

Critical  

Pressure (atm) 

P 5.1 2.2 

Q 33 13 

R 126 34 

S 135 40 

 Which of the following gas(es) cannot be liquefied at a temperature 100K and pressure 50 atm 

 1) S only 2) P only 3) R and S 4) P and Q  

84. The ratio of rate of diffusion of CH4 and O3 under similar conditions of temperature and 

pressure is  

 1) 1:3 2) 3:2 3)  4)   

85. Hydrogen diffuses 6 times faster than gas X. The molecular mass of X will be  

 1) 72 2) 140 3) 144 4) 100  

86. Which of the following is correct relation  

 1)  2)  3)   

 4)   

 

87. The unit of van der Waals constant ‘a is  

 1) atm-L/mol 2) atm-mol
2
/L 3) atm-L

2
/mol 4) atm-L

2
/mol

2
  

88. For a given mass of a gas, if pressure is increased two times and temperature is reduced to half, 

then the volume would become  

 1)  2) 4V 3) 2V
2
 4)   

89. Among the following gases which one has the lowest root mean square speed at 25
0
C 

 1)  2) N2 3) O2 4) Cl2  

90. Out of rate of diffusion is minimum for  

 1)  2)  3)  4)   

91. Under similar conditions which of the following gases will diffuse four times as quickly as 

oxygen  

 1) H2 2) N2 3) D2 4) NH3  

92. At constant pressure and temperature, V n. It is  

 1) Boyle’s law 2) charles’law 3) avogadro’s law 4) ideal gas law  

93. If 300ml of a gas at 27
0
C is cooled to 7

0
C at constant pressure, its final volume will be  

 1) 135 ml 2) 540 ml 3) 350 ml 4) 280 ml  

94. A certain sample of gas has a volume of 0.2 litre measured at 1atm pressure and 0
0
C. At the 

same pressure but at 273
0
C, its volume will be  

 1) 0.4 litre 2) 0.8 litre 3) 27.8 litre 4) 55.6 litre  

95. The ratio of the root mean square velocity of H2 at 50K and that of O2 at 800K is  

 1) 4 2) 2 3) 1 4)  

96. The rate of diffusion of hydrogen is about  

 1) half that of He  2) 1.4 times that of He   3) twice that of He 4) Four times of He  

97. Which mixture of gases at room temperature does not obey Dalton’s law of partial pressure  
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 1) NO2 and O2 2) NH3 and HCl 3) CO and CO2 4) SO2 and SO3  

98. The temperature at which real gases obey the ideal gas laws over a wide range of pressure is 

called  

 1) critical temperature  2) boyle temperature  

 3) inversion temperature  4) reduced temperature   

99. At STP the order of root mean square speed of molecules H2, N2,O2 and HBr is  

 1)  2)   

 3)  4)   

100. Equal weights of ethane and hydrogen are mixed in an empty container at 25
0
C. the fraction of 

the total pressure exerted by hydrogen is  

 1) 1/2 2) 1/30 3) 1/16 4) 15/16  

101. The inversion temperature (Ti) for a gas is given by  

 1)  2)  3)  4)   

102. Boyle’s law and Charles law are applicable respectively at _ process  

 1) isochoric and isobaric  2) isothermal and isobaric 

 3) isobaric and isochoric  4) isothermal and isochoric   

103. The ratio of Boyle’s temperature and critical temperature for a gas is  

 1)  2)  3)  4)   

104. For a given mass of a gas, if pressure is reduced to half and temperature is increased two times, 

then the volume would become  

 1) V/4 2) 2V
2
 3) 6V 4) 4V  

105. Which curve does not represent Boyle’s law  

  
106. The temperature at which H2 has the same RMS speed (at 1 atm) as that of O2 at NTP is  

 1) 37K 2) 17K 3) 512K 4) 27K  

107. The ratio of average speed of an oxygen molecule to the RMS speed of a nitrogen molecule at 

the same temperature is  

 1)  2)  3)  4)   

108. The ratio of rates of diffusion of propane and N2O at same P and T is  

 1) 1:2 2) 2:1 3) 1:1 4) 2:2  

109. A gas can be liquefied most suitably at  

 1) T=TC and P<PC 2) T<TC and P=PC 3) T<TC and P>PC 4) T>TC and P>PC  

110. The correct order of temperatures for a real gas is:  

 Boyle temp., Critical temp., Inversion temp 

  I  II  III 

 1) III>I>II 2)  I>II>III 3) II>I>III 4) I>III>II  
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111. Which pair of gases will show same rate of diffusion at same pressure and temperature  

 1) CO and N2 2) C2H4 and CO 3) B2H6 and C2H4 4) all of these   

112. At high temperature and low pressure, the van der Waal’s equation is reduced to  

 1)  2) PV=RT 3) P(V-b)=RT 4) 

113. At low pressure, the vander Waal’s equation is reduced to  

 1) Z=1-  2) Z=1+  3) Z=1 4) Z=1-   

114. The rms velocity of hydrogen is  times the rms velocity of nitrogen. If T is the temperature 

of the gas, then  

 1) T(H2)=T(N2) 2) T(H2)>T(N2) 3) T(H2)<T(N2) 4) T(H2)= T(N2)  

115. When the temperature is increased surface tension of water  

 1) increase  2) decreases 3) remains constant  4) show irregular behaviour 

 

KEY 

1) 4 2) 2 3) 1 4) 3 5) 1 6) 3 7) 1 8) 2 9) 4 10) 1 

11) 1 12) 3 13) 3 14) 3 15) 1 16) 4 17) 3 18) 2 19) 4 20) 3 

21) 3 22) 4 23) 4 24) 2 25) 2 26) 4 27) 2 28) 1 29) 3 30) 1 

31) 4 32) 2 33) 4 34) 2 35) 3 36) 1 37) 3 38) 1 39) 4 40) 2 

41) 3 42) 4 43) 2 44) 3 45) 1 46) 2 47) 1 48) 4 49) 3 50) 2 

51) 4 52) 2 53) 3 54) 3 55) 3 56) 3 57) 1 58) 2 59) 3 60) 2 

61) 3 62) 2 63) 1 64) 2 65) 4 66) 2 67) 3 68) 4 69) 2 70) 3 

71) 1 72) 3 73) 1 74) 4 75) 1 76) 1 77) 1 78) 4 79) 4 80) 2 

81) 1 82) 4 83) 4 84) 4 85) 1 86) 2 87) 4 88) 1 89) 4 90) 1 

91) 1 92) 3 93) 4 94) 1 95) 3 96) 2 97) 2 98) 2 99) 1 100) 4 

101) 2 102) 2 103) 2 104) 4 105) 3 106) 2 107) 2 108) 3 109) 3 110) 1 

111) 4 112) 2 
113) 1,

4 
114) 3 115) 2 116)  117)  118)  119)  120)  
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CHEMICAL THERMODYNAMICS 

 

1. Thermodynamics: 

� Thermodynamics is the study of general laws that governs the  

processes which involve transfer or conservation of energy.  

� The branch of science which deal with study of different forms of energy 

and the quantities relationship between them is known as 

Thermodynamics.  

� When the study of thermodynamics is confined to chemical changes and 

chemical substances, it is known as chemical thermodynamics. 

  

 Application in Chemistry:  

 Thermodynamics helps in 

(a) Determining feasibility of a particular process i.e., whether a particular  

      process will occur or not under a given set of conditions. 

(b) Determining the extent to which a reaction would proceed before  

      attainment of equilibrium. 

(C) It is concerned with initial and final states of the system only and not  

      with the facts as to how was the change carried out.  

(c) Most important laws of physical chemistry such as Raoults’s law, Vant’  

      Hoff law, Distribution law, Phase rule, law of equilibrium, laws of  

      thermochemistry and expression for elevation in boiling point and  

      depression in freezing point are in accordance with laws of  

      thermodynamics. 

 

2. Some fundamental Definitions 

 

� System: That part of the universe which is chosen for thermodynamics 

considerations/ study is called system. 

 

� Surrounding: The remaining portion of the universe which is not 

chosen for thermodynamic consideration is called surrounding. 

 

� Boundary: The imaginary line which separates the system from the 

surrounding is called boundary. 

 

3.Types of systems: 

(i) Open system: System that can exchange both matter and energy 

with surroundings.  

(ii)   Closed system: If a system can exchange only energy with the 

surrounding but not matter is called closed systems. 

(iii)  Isolated system: If a system can neither exchange matter nor 

energy with the surrounding it is called an isolated system. 

 

4.Thermodynamic function or state/Path Function:  

� Thermodynamic function or state function is a thermodynamical property 

whose measure is independent of the path but totally depends on the 

initial and final states of the system. 

 ∆p, ∆v, ∆G, ∆E, ∆H, ∆S are state functions. 



� Work (W) and heat (q) are not state functions, but the sum is a state 

function. q+W=∆U 

� The existence of a system under a given set of conditions is called a 

state of systems. 

STATE VARIABLES: 

The properties which change with change in the state of system are 

called as state variables e.g., pressure, volume, and temperature etc.  

The first and last states of a system are called initial state and final 

state respectively. 

 

6. THERMODYANAMIC PROPERTIES: 

 

� Extensive properties: The properties which depend upon the amount 

of the substance or substances present in the system are called as 

extensive properties.  

e.g., total energy, mass, volume, energy, enthalpy, internal energy etc. 

� Intensive properties: The properties are independent of the amount of 

the substance present in the system are called Intensive properties.  

e.g., temperature, pressure, density, velocity, viscosity, melting point, 

boiling point, surface tension, refractive index etc. 

� Mass and volume are extensive properties, but mass per unit volume 

i.e., density is intensive property.  

 

7.Thermodynamic Processes or operations:  

The operation by which a thermodynamic system changes form one 

state to another is called is thermodynamic process. 

i) Isothermal process: The process in which process in which the  

temperature and internal energy remain constant is called as Isothermal 

process. ∆T=0, ∆U=0  

Heat is exchanges between the system and surroundings. q=-W  

� Freezing, melting, evaporation and condensation are examples of 

isothermal processes. 

(ii)  Adiabatic process: A process in which system does not exchange  

heat with its surroundings is called as Adiabatic process.  

A reaction carried out in an isolated system is an example of adiabatic  

process. For an adiabatic process, change in heat ∆q = 0 or ∆U=W (q  

remains constant). 

� For free expansion of an ideal gas under adiabatic conditions ∆T=0, 

q=0, ∆U=0, w=0. 

� For adiabatic reversible expansion of ideal gas γ =cp/cv  

(iii) Isobaric process: A process in which pressure of the system remains  

constant throughout the reaction is called as isobaric process.  

For example, heating of water to its boiling point, and its vaporization 

taking place at the same atmospheric pressure. Expansion of a gas in an 

open system is an example of isobaric process. For an isobaric process 

∆p = 0. 

(iv) Isochoric process: A process in which volume of the System remains  

constant throughout the reaction is known as Isochoric process.  

The heating of a substance is a non-expanding chamber or change 



taking place in a closed system are examples of isochoric process. For  

an isochoric process, ∆V = 0. 

  

  (v) Cyclic process: A process in which a system undergoes number of  

different states and finally returns to its initial state is called a cyclic 

process.  

� For a cyclic process internal energy and enthalpy is zer0. ∆E= 0, ∆H= 0. 

  (vi)Reversible process: The process in which taken place is infinitesimally  

slow and their direction at any point can be reversed by infinitesimal 

change in the state of the system is called reversible reaction. 

  (vii) Irreversible process: The process which cannot be reversed is called  

as irreversible reaction. 

 

8. Internal energy (E or U): The sum of all the forms of kinetic and 

potential energy, i.e., translational, vibrational, rotational, chemical 

bond energy, electronic energy, nuclear energy of constituent atoms and 

potential energy due to interaction with neighboring molecules. It is also 

called intrinsic energy. 

  U = U trans + Urot + Uvib  + Uelec + Unucl + U
PE

 

  

� Internal energy is a state function (it depends only on the conditions of 

temperature, pressure and volume) and its absolute value can’t be 

determined. However, change in internal energy (difference between the 

internal energies of the products and that of reactants) can be 

determined experimentally using a bomb calorimeter. 

� It also depends on the quantity of the matter contained in the system. 

� Internal energy of ideal gases is a function of temperature. For an 

isothermal process ∆E= 0.  

� Internal energy changes when heat is transferred from system               

(absorption). 

 

Internal energy of a system depends upon: 

(a) the quantity of substance   

(b) its chemical nature    and  

(c) temperature, pressure and volume. 

(i) For a given system, E is directly proportional to its absolute  

   temperature.  (E α  T) 

(ii) At constant volume, the quantity of heat supplied to a system  

(Isochoric process) is equal to the increase in its internal energy, i.e.,    

QV = ∆E 

(iii) In the adiabatic expansion of a gas, it gets cooled because of  

decrease in internal energy. 

(iv) In cyclic process the change in internal energy is zero ( ∆E = 0)  

since E is a state function. 

(v) For exothermic reactions, sign of ∆E is negative (ER > EP). 

(vi)For endothermic reactions, sign of ∆E is positive (EP > ER). 

 



10. Work:  Work is expressed as the product of two factors, i.e., 

   W = Intensity factor × capacity factor 

 Work done is path function not a state function as depends on path 

followed. 

 Where, intensity factor is a measure of force responsible for work and 

capacity factor is a measure extent to which the work is done. Thus, 

(a)  Mechanical work = Force × Displacement = F × d 

(b)  Electrical work = Potential difference × Charge flown = V × Q = EnF 

(c)  Expansion work = Pressure × change in volume = P × ∆V. 

      ∆V=V2-V1=+ve, W=-ve (V2>V1)  

(d)  Compression work= W= -Pext(V2-V1) 

    ∆V=V2-V1=-ve, W=+ve (V2<V1) 

(e)   Maximum work done for reversible isothermal process 

   Wrev= - 2.303nRTlog V2/V1 (V1, V2 initial and final volumes) 

(f) Maximum work done for irreversible isothermal process 

   Q= -W= Pext V2-V1 

� If expansion occurs in vacuum i.e., at zero pressure, the value of work 

done is zero. 

� For adiabatic change q=0 ∆U=W 

 

(g)  Gravitation work = Gravitational force × Height = mg × h 

 

� Positive value of work signifies that the work has been done on the  

system by the surroundings and it leads to an increase in the internal 

energy of the system. On the other hand, negative value of work  

indicates that work has been done by the system and it leads to  

decrease in the internal energy of the system. 

 

Zeroth Law: 

 

 It states that “Two systems in thermal equilibrium separately with the 

third system are said to be in thermal equilibrium with each other” i.e., 

If system A and B separately are in thermal equilibrium with another 

system, then system A and B are also in thermal equilibrium. 

 

1st Law of thermodynamics: 

The first law of thermodynamics states the conservation of energy. 

 “Energy can neither be created nor be destroyed although it can be 

converted from one form to another”. 

∆U= q+W 

∆U= internal energy change 

Q=heat, W=work  

 Let a system be at state I with internal energy E1,  



 Let it be change to State II with internal energy E2 

 This can be achieved in the ways: 

 (i)  by heat transfer 

 (ii)  By doing work (either on system or by system) 

 Let the heat change taking place during the change of state of system 

from state I to state II be ‘q’ and work done be W. 

  E2 = E1 + q + W 

  E2 – E1 = q + W 

  ∆E = q + W 

 or  ∆E = q – P ∆V 

Sign conversions: 

a) If W is positive, then work done on the system. 

b) If W is negative, then work done by the system. 

c) If q is positive, then heat is supplied to the system. 

d) If q is negative, then heat is lost by the system. 

 

------------------------------------------------------------------------------------- 

Q=1: A gas expands by 0.5 litre against a constant pressure on atmosphere.  

Calculate the work done in joule and calorie. 

Solution:    Work  =  – Pext × volume change 

          =  – 1 × 0.5 = – 0.5 litre-atm 

       =  – 0.5 × 101.328 J = – 50.644 J 

         0.5 lit-atm  =  – 0.5 × 24.20 cal = – 12.10 cal 

 

  

Q=2: One mole of an ideal gas is put through a series of changes as shown in 

the graph in which A, B, C mark the three stages of the system. At each 

stage the variables are shown in the graph. 

 (a)Calculate the pressure at three stages of the system. 

 (b)Name the processes during the following changes: 

 (i)  A to B  (ii)  B to C (iii) C to A, and (iv) overall change. 

A
B

C

24.0 (L)

12.0 (L)

>

300 K 300 K

T  
Solution:  

 At stage A; 

  V = 24.0 L; T = 300 K; n = 1 ;    R = 0.0821 lit-atm K–1 mol–1 

  Substituting these values in the ideal gas equation, 

   P = 0.24

3000821.01 ××

  = 1.026 atm 



 At stage B:  Volume remains the same but temperature change from 

300 K to 600 K. Thus, according to pressure law, the pressure will be 

double at B with respect to A. Pressure at B = 2 × 1.026 = 2.052 atm 

 At stage C:  Temperature is 300 K and volume is half that of stage A. 

Thus, according to Boyle’s law, the pressure at C will be double with 

respect to A. 

   Pressure at C = 2 × 1.026 = 2.052 atm 

 

(i) During the change from A to B, volume remains constant, the  

process is isochoric. 

(ii) During the change from B to C the pressure remains constant, the 

process is  isobaric. 

(iii)  During the change from C to A, the temperature remains constant, 

the process is isothermal. 

(iv)  Overall, the process is cyclic as it returns to initial state. 

 

Q=3: Calculate the work done when 1.0 mole of water at 373K vaporizes 

against an atmospheric pressure of 1.0 atmosphere. Assume ideal gas 

behaviour.  

Solution:  

 The volume occupied by water is very small and thus the volume change 

is equal to the volume occupied by one gram mole of water vapour. 

    V = P

nRT

  =  0.1

373821.00.1 ××

 = 31.0 litre 

   W  =  –Pext × ∆V 

         =   –(1.0) × (31.0) litre-atm 

         =  –(31.0) × 101.3 J 

         =  3140.3 J 

 

Q=4: Calculate w and ∆E for the conversion of 0.5 mole of water at 100ºC to 

steam at 1 atm pressure. Heat of vaporisation of water at 100ºC is 

40670 J mol–1. 

Solution:  

 Volume of 0.5 mole of steam at 1 atm pressure 

  =  P

nRT

=  0.1

3730821.05.0 ××

= 15.3 L 

 Change in volume = Vol. of steam – vol. of water 

  = 15.3 –negligible = 15.3 L 

 Work done by the system, 

  w = Pext × volume change 

       = 1 × 15.3 = 15.3 litre-atm 

       = 15.3 × 101.3 J = 1549.89 J 

 ‘w’ should be negative as the work has been done by the system on the 

surroundings. 

   w = –1549.89 J 

 Heat required to convert 0.5 mole of water in 100ºC to steam 

      = 0.5 × 40670 J = 20335J 

 According to first law of thermodynamics, 



   ∆E = q + w 

         = 20335 – 1549.89 

         = 18785.11 J 

 

Q=5: Calculate the work done when 50 g of iron is dissolved in HCl at 25º in 

(i)  a closed vessel  and  

 (ii)  an open beaker when the atmospheric pressure is 1 atm. 

 

Solution :  

 (i) When the reaction is carried in a closed vessel, the change in 

volume is zero. Hence, the work done by the system will be zero.  

 (ii)  When iron dissolves in HCl, hydrogen is produces. 

   Fe  + 2HCl    FeCl2    +    H2 

   56 g    1 mole 

   50 g     × 50 mole 

  Volume of hydrogen produced at 25ºC 

   =  P

nRT

=  56

50

× 1

2980821.0 ×

  

   = 21.84 L 

This is equal to volume change when the reaction is carried in 

open beaker. 

  Work done by the system = – P ∆V = – 1.0 × 21.84 

          = – 21.84 litre–atm 

          = – 2212.39 J 

Q=6: Calculate the amount of work done by 2 mole of an ideal gas at 298 K 

in reversible isothermal expansion from 10 litre 20 litre. 

Solution:  

 Amount of work done in reversible isothermal expansion 

  w = –2.303nRT log V2/V1 

 Given n=2, R = 8.314 JK–1 mol–1, T = 298 K, V2 = 20 L and V1 = 10L. 

 Substituting the values in above equation 

   w = –2.303 × 2 × 8.314 × 298 log 20/10 

      = –2.303 × 2 × 8.314 × 298 ×0.3010 

      = –3434.9 J 

  i.e., work is done by the system. 

 

Q=7: 5 mole of an ideal gas expand isothermally and reversibly from a 

pressure of 10 atm to 2 atm at 300 K. What is the largest mass which 

can be lifted through a height of 1 metre in this expansion? 

Solution:   

 Work done by the system 

  = – nRT loge P1/P2= –2.303 nRT log10 P1/P2  

  = – 2.303 × 5 × 8.314 × 300 log 10/2 

  = – 20.075 ×103 J 

 Let M be the mass which can be lifted through a height of 1m. 

 Work done in lifting the mass 

  = M g h = M × 9.8 × 1J 



 So M × 9.8 = 20.075 × 103 

  M = 2048.469 kg 

-------------------------------------------------------------------------------------- 

Enthalpy: 

 It is the total heat constant of a system at constant pressure. It is sum 

of the internal energy and the product of pressure -volume work.  

� It is defined as sum of internal energy and product of pressure volume 

work. 

� It is also an extensive property ad represented by symbol ‘H’. 

H= U+PV, ∆H= ∆U + P∆V 

It is defined as sum of internal energy and product of pressure volume 

work. 

Change in enthalpy at constant pressure is given by ∆H= ∆U + P∆ng RT 

∆H = Enthalpy change, ∆ng gaseous moles of products - gaseous moles of 

reactants.  

a) If ∆ng =0, then ∆H=∆U 

b) If ∆ng >0, then ∆H>∆U 

c) If ∆ng <0, then ∆H<∆U 

For reaction involving solids and liquids only ∆H=∆U 

� The difference of enthalpy of products and reactants is called Enthalpy 

change of reaction. ∆H reaction = ∆H products - ∆H reactants  

 

 Characteristics: 

 (a) It is a state function    

(b)  It is an extensive property 

---------------------------------------------------------------------------------- 

Q=8: The heat of combustion of ethylene at 18ºC and at constant volume is –

335.8 kcal when water is obtained in liquid state. Calculate the heat of 

combustion at constant pressure and at 18ºC. 

Solution: 

 The chemical equation for the combustion of C2H4 is 

 C2H4(g) + 3O2(g) = 2CO2(g) + 2H2O (l);  ∆E = –335.8 kcal 

  1mole   3 mole      2 mole 

  No.  of moles of gaseous reactants = (1 + 3) = 4 

  No. of moles of gaseous products = 2 

 So  ∆n = (2 – 4) = –2 

  Given ∆E = –335.8 kcal, ∆n = –2, R = 2 × 10–3 kcal 

  and       T = (18 + 273) = 291 K 

    ∆H = ∆E + ∆nRT 

           = –335.8 + (–2) (2×10–3) (291) = –336.964 kcal 

 

Q=9 The enthalpy of formation of methane at constant pressure and 300K  

–75.83 kJ. What will be the heat of formation at constant volume?    

[R = 8.3 JK–1 mol–1] 

 

Solution: 



 The equation for the formation of methane is  

  C(s) + 2H2(g) = CH4(g);  ∆H = –75.83 kJ 

             2 mole     1 mole 

   ∆n = (1 – 2) = –1 

  Given ∆H = –75.83 kJ, R = 8.3 × 10–3 kJ K–1 mol–1 

      T = 300 K 

 Applying  ∆H = ∆E + ∆nRT 

     –75.83 = ∆E + (–1) (8.3 × 10–3) (300) 

   ∆E = –75.83 + 2.49 

  So      = –73.34 kJ 

--------------------------------------------------------------------------------- 

6. Heat capacity of a system 

 

 It is the amount of heat required to raise the temperature of a system 

through 1ºC 

 If ‘q’ is the amount of heat supplied to a system and as a result let the 

temperature rise from T1 to T2 ºC. 

 Then, heat capacity = C = 12 TT

q

− = T

q

∆   

 When heat capacity varies with temperature then the value of C has to 

be considered over a narrow range of temperature. 

 Then  C = dT

q

dT

PdVdE +

 

 

(a) Specific Heat and Molar Heat Capacity at Constant Volume: 

 Specific Heat:  It is the amount of heat required to raise the 

temperature of 1 gm of a gas through 1º at constant volume. 

 Molar heat capacity: It is the amount of heat required to raise the 

temperature of one mole of a gas through 1º at constant volume 

  dq = dE + PdV 

 Molar heat Capacity: C = dT

dq

 = dT

PdVdE +

 

 At constant volume dV = 0 

   C = VT

E








∂
∂

 = VT

E








∂
∂

 

  dT

dE
Cv =

 

 Hence   massMolecular

Cv

= SV = Specific heat at constant volume. 

(b) Heat Capacity at Constant Pressure: 

 It is defined as the amount of heat required to raise the temperature of 

one mole of gas through 1o keeping pressure constant 
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 We know that H = E + PV 
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 From (a) and (b) P

P
T

H
C 








∂
∂

=
 

 0

P

M

C

 = SP = Specific heat at constant pressure 

 CP is always greater than CV   

 When gas is heated at constant volume, the pressure of gas has to 

increase. 

 As the gas is not allowed to expand, therefore in case of CV heat is 

required for raising the temperature of one mole of a gas through 1o. 

When gas is heated at constant P. It expands, the gas has done some 

work against external pressure. More heat is therefore supplied to raise 

its temperature through 1o. 

  ⇒  Thus, CP is heat required for the purpose of  

 (i) Increasing temperatures of one mole of gas through 1o. 

 (ii) For increasing the volume of the gas against external pressure. 

   ⇒  CP > CV 

 Relationship between CP and CV. 

  According to I law of thermodynamics.  

  dqp = dqV + PdV ⇒ CPdT = CVdT + PdV 

 For one mole of gas 

  PV = RT  PdV + VdP = RdT 

 ⇒ Since the gas is being heated at constant pressure dP = 0 

  ⇒ PdV = RdT  ⇒ CPdT = CVdT + RdT 

 Dividing both sides by dT 

  ⇒ CP = CV + R  ⇒  CP - CV = R       ⇒

 
RCC VP +=

 
  

 

Calculation of W, ∆E,∆H,  for Isothermal Expansion of Ideal Gas 

(A) (i)  E∆  for an ideal gas E depends on temperature. Since temperature 

is constant 

   ⇒  dE = 0 ⇒ E∆   = 0 

 (ii) According to law 
⇒   dE = dq + dW;  since dE = 0 

 ⇒ dq = -dW  ⇒ q = - W 

 ⇒ Heat absorbed is equal to work done by the system during 

isothermal expansion of ideal gas. 

 (iii) Enthalpy change   H = E + PV  

   ∆H = ∆E + P ∆V     = ∆E + ∆  (nRT)   

   ∆H = ∆E + nR ∆T  (Because ∆T=0) 

   ∆H = 0 + 0  Hence, ∆H = 0 

 



(B) Adiabatic Reversible Expansion of ideal Gas: 

 (a) Calculation of ∆E 

   = f (T, V)  

  VT

E
dE 








∂
∂

= VT
T

E
T ∆








∂
∂

+∂
  

  But = 
T

T

E








∂
∂

0 ⇒  dE =  
Td
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E
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∂

 

  Also dE = nCvdT (for n moles) 

  and dE  = CvdT   (for one mole) 

  E = E2 - E1 = nCv(T2-T1) 

       = 
TnCE V∆=∆

 

  ∆E or E2 – E1 = nCv (T2 – T1) 

   Also q = 0 

   ⇒ ∆E =–W = Cv(T2 – T1) [Because expansion of gas takes place] 

     ⇒ W = –Cv (T2 – T1) 

    ⇒ W = –nCv (T2–T1) = –nCv ∆T 

---------------------------------------------------------------------------------- 

Q-10: A gas expands from a volume of 3.0 dm3 to 5.0 dm3 against a constant 

pressure of3.0 atm. The work done during expansion is used to heat 

10.0 mole of water of temperature 290.0K. Calculate the final  

temperature of water . 

  [ specific heat of water = 4.184 JK–1 g–1 ] 

Solution: 

 Work done=P×dV=3.0×(5.0–3.0)=6.0litre–atm=6.0×101.3 J= 607.8 J 

 Let ∆T be the change in temperature. 

 Heat absorbed = m × S × ∆T = 10.0 × 18 × 4.184 × ∆ T 

 Given   P × dV = m × S × ∆T 

 or  ∆T = Sm

dVP

×
×

 = 184.40.180.10

8.607

××  = 0.807 

 Final temperature = 290 + 0.807 = 290.807 K 

 

Q=11: How much heat is required to change 10 g ice 0ºC to steam at 100ºC? 

Latent heat of fusion and vaporization for H2O are 80cal/g and 540cal/g 

respectively. Specific heat of water is 1 cal/g.  

Solution: 

 Total heat absorbed 

  = ∆Hfusion + ∆Htemp.rise + ∆Hvap. 

  = 10 × 80 + 10 × 1 ×100 + 10 + 540 = 7200 cal. 

-------------------------------------------------------------------------------------- 

7. Corollary  

 (a)  Adiabatic process  

  (i) Adiabatic compression  

    ∆E = W, ∆E = + P ∆V 

  (ii) Adiabatic expansion 

    ∆E = – W,  ∆E = – P ∆V 



 Hence during adiabatic compression of an ideal gas internal energy of 

system increases and during adiabatic energy of system decreases. 

 

 (b)  Isochoric process ∆E = qv 

  (i)  Isochoric absorption of heat  

    ∆E = +q ∆ internal energy of system increase 

  (ii)  Isochoric liberation of heat 

    ∆E = –q ∆ internal energy of system decreases 

 

 (c)  Heat absorbed by system and work done by system 

   ∆E = +q – W 

 

 (d)  Heat liberation by system and work done on the system 

   ∆E = – q + W 

 

 (e)  Isobaric process (expansion) 

   ∆E = +qP – P ∆V 

  (i)  when no gases are involved in reaction  

    ∆E = +qP 

  (ii)  When gases are involved but initial and final volumes are not 

given 

    ∆E = q – ∆ng RT where ∆ng = nP(g) – nR(g) 

  

Thermo Chemistry 

Thermochemistry is the branch of physical chemistry which deals with 

the transfer of heat between a chemical system and its surrounding 

when a change of phase or a chemical reaction takes place with in the 

system. It is also termed as chemical energetics. 

Thermochemical equations: A chemical reaction which tells about the 

amount of heat evolved or absorbed during the reaction is called a 

thermochemical equation.  

 (i) While writing thermochemical equations must mention about 

the physical state of the reactants and products. This is done by 

inserting symbols (s), (l) and (g) for solid, liquid and gaseous 

state respectively with the chemical formulae. 

 (ii) It is also tells about the allotropic form (if any) of the 

reactant. 

 (iii) The aqueous solution of the substance is indicated by the 

word aq. 

 (iv) It tells whether a reaction proceeds with the evolution of 

heat or with the absorption of heat, i.e. heat change involved in 

the system.  

 

Exothermic Reactions:  

 Thew chemical reaction which proceeds with the evolution of heat 

energy are called as Exothermic reactions. 

 



 C(s) + O2(g) →CO2(g) ∆E= - 393.0KJ 

In Exothermic reaction the bond energy of reactants is less products at 

constant pressure 

  (HP – HR) = –ve  i.e., HP < HR 

  At constant volume 

  ∆E = Ep-ER = –ve   i.e, Ep < E 

 

Endothermic Reactions:  

The chemical reaction which proceeds with the absorption of heat 

energy are called as Exothermic reactions. 

 Heat is absorbed in these chemical reactions. In these reactions bond 

energy of reactants is greater than the bond energy of products. 

 At constant pressure 

 N2(g) + O2(g) → 2NO(g) ∆E= +180.5KJ 

 

 [ ]P R
H H H ve∆ = − = +   i.e., HP > HR 

 At constant volume 

  [ ]P R
E E E ve∆ = − = +   i.e., EP > ER 

Sign conventions: 

  

Type of reaction  H∆  E∆  

Exothermic Reaction  

 

-Ve -Ve 

Endothermic Reaction +ve +ve 

  

  Heat of Reaction or Enthalpy of Reaction 

 

 Enthalpy:   Heat content of a system at constant pressure is called 

‘enthalpy’, denoted by H. 

   From 1st Law of thermodynamics: 

    Q = E + PV 

   Heat change at constant pressure can be  

  Q E P V∆ = ∆ + ∆      
 Enthalpy of reaction is the difference between the enthalpies of the 

products and the reactants when the quantities of the reactants 

indicated by chemical reaction have completely reacted. Enthalpy of 

reaction (or heat of reaction) 

   P R
H H H∆ = −  

 For example, the equation 

   H2(g) + Cl2 (g) → 2HCl (g) + 44.0 Kcal or  = – 44 kcal 

   C2H4(g) +3O2(g) → 2CO2 + 2H2O(l);  = – 335.8 kcal 

 This equation indicates that reaction has been carried between 1 mole of 

C2H4 and 3 moles of oxygen at constant volume and 25°C. The heat 

evolved is 335.8 kcal or the internal energy of the system decreases by 

335.8 kcal 

 



10. Factors which affect the heat of reaction 

 

 (a) Physical State of Reactants and Products:  The heat of reaction 

varies for a given reaction with the change in physical nature of 

reactants or products e.g., 

  

 For products having different physical states. 

 
( ) ( )2(g) 2 2

1
H O g   H O

2
+ → l

  ; H 68.3 Kcal∆ = −  

 
( ) ( ) ( )2 22 g

1
H O g  H O g

2
+ →

  ; H 57.0 Kcal∆ = −  

 

(b) Reaction carried out a constant pressure or constant volume: 

 From 1st Law of thermodynamics q = E W∆ − ∆  

  at constant volume  qV = E∆  

 and at constant pressure  qp = H∆  

 Two values are related as  

   H E P V∆ = ∆ + ∆  
 where     P=Pressure at which the reaction is carried out 

   V∆ = Change in volume during reaction. 

 Alternatively, H E nRT∆ = ∆ + ∆  

 n∆ =  No. of moles of products – No. of moles of reactant (only gas 

phases)  

 

(c) Temperature: Heat of reaction also depends upon the temperature at 

which reaction is carried out. The variation in value with temperature 

are due to variation in heat capacities of system with temperature. 

 Kirchoff’s equation 

  ( )2 1 P 2 1
H H C T T∆ − ∆ = ∆ −  

 and ( )2 1 V 2 1
E E C T T∆ − ∆ = ∆ −    where ( )P p P

C C  of products - C  of reactants∆ =
 

  ( )v V V
C C  of products - C  of reactants∆ =  

  2 1
H , H∆ ∆  are change in heat enthalpies at temperature T2 & T1 

respectively 

  2
E , E∆ ∆   are change in heat internal energy at temperature T2 & T1 

respectively 

 

(d) Enthalpies of Solution:  Enthalpies of reaction differ when in one case 

dry substances react and, in another case, when the same substance 

reacts in solution. 

 e.g., ( ) ( )2 2
H S g I g 2HI S ;+ → +    H 172 Kcal∆ = −  

   ( ) ( ) ( )2 2
H S g I solution 2HI solution S;+ → + H 21.93 Kcal∆ = −  

     ( )4 4 2
CuSO aq CuSO H O aq  ;+ → H 15.8 Kcal∆ = −  

     ( )4 2 4 2
CuSO .H O aq CuSO .5H O aq.  ;+ → H 29 Kcal∆ = +  

 

 



Terms used for heat of reactions: 

 

(1) Heat of Formation or enthalpy of Formation: The amount of heat 

absorbed or evolved when 1 mole of the substance is directly obtained 

from its constituent elements is called “Heat of formation”. 

 Standard Heat Enthalpy:   

The heat enthalpy of a compound at 25° C and 1atm pressure is  

known as standard heat enthalpy and represented by the symbol ∆H. 

 Thus, the standard heat of formation of 1 mole of CO2(g) and 1 mole of 

H2O(g) from their respective elements can be represented as below:  

  C(g) + O2(g) →CO2(g); f
H 94 Kcal∆ = −  

  H2(g) + 2
1

 O2(g) → H2O(g);  f
H 63 Kcal∆ = −  

 The compounds which have positive enthalpies of formation are called 

endothermic compounds and are  less stable than the reactants. The 

compounds which have negative enthalpies of formation are known as 

exothermic compound are more stable than reactants. 

 

 --------------------------------------------------------------------------- 

 Q-11: The standard enthalpies of formation at 298 K for CCl4(g), 

H2O(g), CO2(g) and HCl(g) are – 106.7, – 241.8, –393.7 and –92.5 kJ 

mol–1, respectively.  Calculate for the reaction, CCl4(g) + 2H2O(g)  

→CO2(g) + 4HCl(g) 

Solution:  

 The enthalpy change of the given reaction will be given as 

 ( ) ( ) ( ) ( )0 0 0 0

f f f f
, g , g

2 4 2
H H CO 4 H HCl,g H CCl 2 H H O,g
°∆ = ∆ + ∆ −∆ − ∆

 

       =(–393.7– 4×92.5 + 106.7 +2 ×241.8 )kJ mol–1=–173.4 kJ mol–1. 

(2) Heat of Combustion or Enthalpy of combustion:  It is defined as the 

change in heat enthalpy when one mole of a substance is completely 

burnt in the presence of oxygen. 

  C + O2  → CO2   ; H 94.3 Kcal∆ = −      

  C + 2S → CS2     ; H 22.0 Kcal∆ = +      

 

 Calorific Value:  The amount of heat produced in calorie or joule when 

one gram of a substance (food or fuel) is completely burnt or oxidized. 

 

(3) Enthalpy of Neutralization:  It is defined as the heat evolved or 

decrease in enthalpy when 1 gm equivalent of an acid is neutralized by 

1 gm equivalent of a base-in solution. 

 Strong acid + strong Base → Salt + Water; H 13.7 Kcal∆ = −     

 HCl (aq.)  +  NaOH (aq.)  →NaCl (aq.) + H2O(l); H 13.75 Kcal∆ = −    

  
( ) ( ) ( ) ( )2 4 2 4 2

1 1
H SO aq. NaOH aq.   Na SO aq. H O

2 2
+ → + l

;  H 13.7 Kcal∆ = −  

 Thus, heat of neutralization of a strong acid and a strong base is merely 

the heat of formation of water from H+ and OH- ions. When strong acid 



and a weak base or a weak acid and a strong acid or weak acid and 

weak base are mixed in equivalent amounts, the heat evolved or change 

in enthalpy is less than 13.7 Kcal. eq. 

     HCl (aq.)  +  NH4OH (aq.) → NH4Cl (aq.) + H2O (l) H 12.3 Kcal∆ = −   

     HCN (aq.)  +  NaOH (aq.)  → NaCN (aq.)  +  H2O(l)  H 2.9 Kcal∆ = −  

(4) Enthalpy of Hydration: It is the amount of heat evolved (i.e., change 

in enthalpy) when 1 mole of anhydrous or a partially hydrated salt 

combines with required number of moles of water to form a hydrate. 

e.g., 

  CuSO4 + 5 H2O (l) → CuSO4. 5H2O; ∆H = - 18.69 Kcal 

  CaCl2 (l) + 6 H2O (l) → CaCl2.6H2O; ∆H = - 18.8 Kcal 

 

(5) Enthalpy of ionization: It is defined as the amount of heat absorbed 

when 1 mole of an electrolyte completely dissociates into ions. 

  CH3COOH → CH3COO
-

+ H+; ∆H = 3 Kcal 

  HCN → H+ + CN- ; ∆H = 10.8 Kcal 

(6)  Enthalpy oof Atomization: Enthalpy of atomization is the amount of 

required to break one mole of solid substance of into gaseous atoms. 

 H2 → 2H (g)  ∆H=-435KJ/mole 

(7) Enthalpy of sublimation: Enthalpy of atomization is the amount of during 

the sublimation of 1 mole of solid substance to gaseous substance 

directly. 

(8) Enthalpy of dilution: It is the enthalpy of when solution containing one 

mole of solute is diluted from one concentration to another 

concentration.  

 HCl + 5H2O →HCl.5H2O: ∆H1  

HCl.5H2O→ 10H2O HCl.15H2O: ∆H2 

 

 

Levoisier and Laplace Law:  

 According to this “enthalpy of decomposition of a compound is 

numerically equal to enthalpy of formation of that compound with 

opposite sign. e.g., 

   C (s) + O2 (g) →CO2 (g);  ∆H = - 94.3 Kcal 

   CO2 (g) →C (g) + O2;   ∆H = + 94.3 Kcal 

 

Law of thermochemistry  

 

Hess’s Law of Constant Heat Summation:  

 For a chemical equation that can be written as the sum of two or more 

steps, the enthalpy change for the overall equation is equal to the sum 

of the enthalpy changes for the individual steps.  

“It states that total enthalpy change during complete course of reaction 

in a single step and several steps are equal”. 

Thus, Hess’s law enables us to break down a reaction into so many 

intermediate steps and passing to each step an individual enthalpy 



change. The sum of the individual changes must, of course, equal the 

overall enthalpy change provided the initial and final states are the 

same in each case. 

H (g) + O (g)2 2

∆H° = - x kJ mol
-1

Route A
H O( ) +      O (g)2 2l

1

2

∆H ° = - y kJ mol1

-1 ∆H ° = - z kJ mol2

-1

H O ( )2 2 l
Route B  

 For the above example   

   1 2
H H H°∆ ° = ∆ + ∆ °  

 An energy level diagram for the above reaction cycle is shown in figure 

H (g) + O (g)2 2

∆H° = - 285.9 kJ mol
-1

∆H ° = - 187.6 kJ mol1

-1

H O ( )2 2 l

∆H ° = - 98.3 kJ mol2

-1

H O( )  +   O (g)2 2l
1

2

 
Fig. Energy level diagram to illustrate Hess’s Law 

 

The important applications of Hess’s law  

a) Determination of heat of reaction. 

b) Determination of heat of formation. 

c) Determination of heat of transition. 

-------------------------------------------------------------------------------------- 

Q-12: Compute the resonance energy of gaseous benzene from the following 

data. 

  ε  (C — H) = 416.3 kJ mol–1 

  ε  (C — C) = 331.4 kJ mol–1 

  ε  (C = C) = 591.1 kJ mol–1 

  ( ) o -1

sub

°
∆Η C, graphite = 718.4 kJ m l  

  ( ) -1

diss 2

°
∆H H , g = 435.9 kJ mol  

  ( ) 8 -1

f

°
∆H benzene, g = 2.9 kJ mol  

Solution:  

 To compute resonance energy, we compare the calculated value of
f

°∆H  

(benzene, g) with the given one. To calculate
f

°∆H  (benzene, g), we add 

the following reactions. 

   6 6
6C(g) 6H(g) C H (g)+ →

 
( )C C C C C H

H 3 3 6°
− = −∆ = − ε + ε + ε

 

   6C(graphite) C(g)→6  
1H 6 718.4 kJ mol−°∆ = ×  

      2
3H (g) 6H(g)→

       
1H 3 435.9 kJ mol−°∆ = ×     

    6C(graphite) + 3H2(g) → C6H6(g) 

  The corresponding enthalpy change is 

  
( ) [ ] 1

C C C C C Hf
H 3 3 6 6 718.4 + 3× 435.9  kJ mol−°

− = −∆ = − ε + ε + ε + ×
 

= [–(3×331.4 +3×591.1+6×718.4+3×435.9] kJ mol–1 



  The given 
0

f
H∆  is

0

f
H∆  (benzene, g) = 82.9 kJ mol–1 

 This means benzene becomes more stable by (352.8 – 82.9) kJ mol–1,  

  i.e., 269.7 kJ mol–1. This is its resonance energy. 

----------------------------------------------------------------------------------- 

 

Experimental Determination of Heat of Reaction 

 Calorimeter is used to determine heat of reaction. There are two types 

of Calorimeters: 

 (a) Bomb Calorimeter      (b) Water Calorimeter 

 Bomb Calorimeter: The calorimeter used for determining enthalpies of 

combustion known as the bomb calorimeter is shown in figure. This 

apparatus was devised by Berthelot (1881) to measure the heat of 

combustion of organic compounds. A modified form of the apparatus 

shown in figure consists of a sealed combustion chamber, called a bomb, 

containing a weighed quantity of the substance in a dish along with 

oxygen under about 20 atm pressure.  

+ _

Insulating

Container

Water

Steel Bomb
Sample

Bomb Calorimeter

← O2

Ignition Wires

 
 Bond Energy 

 When bond is formed between the two free atoms in a gaseous state to 

form a molecular product in a gaseous state, some heat is always 

evolved which is known as the bond formation energy or the bond 

energy. The bone energy may be referred to as heat of formation of the 

bond. 

 Alternatively, bond energy may be defined as the average amount of 

energy required to dissociate (i.e. break bonds) of that type present in 

one molecule of the compound. Thus, bond energy of C – H in methane 

(CH4) is the average value of the dissociation energies of the four C – H 

bonds.  

 ∆Hreaction = 

  








− )veasbetakento(bondof

formationforuseddataenergyBond

  + 








+ )veasbetakento(bondof

ondissociatiforuseddataenergyBond

 

  ∆Hreaction = BE(R) - B.E.(P) taking Bond Energies as +ve values. 

 

 Bond Enthalpy:  

 The average energy required to break a bond in gaseous molecule to 

produce gaseous species.  Enthalpy of Reaction: 

 ∆H = ∆ (bond energy of bonds broken) - ∆ (bond energy of bonds formed) 



 Bond dissociation Energy. The energy required to break a particular 

bond in gaseous molecule to form gaseous species.  

 

 Lattice energy:  

 Enthalpy change when one mole of gaseous ions condenses to form a 

solid crystal lattice. 

 eg.  Na+(g) + Cl
- (g) → NaCl (s). 

 Born- Haber's cycle is useful in determination of lattice energy & related 

problems. 

 

 Resonance energy:   

 (observed heat of formation) - (calculated heat of formation). 

----------------------------------------------------------------------------------  

Q-13: Calculate the heat of formation of acetic acid from the following data: 

(i) CH3COOH(l) +2O2(g) → 2CO2(g)+2H2O(l);  ∆H = –207.9 kcal 

 (ii) C(s) + O2(g) →   CO2(g)  ∆H = –94.48 kcal 

 (iii)  H2(g) + 2
1

 O2(g) →   H2O(l) ∆H = –68.4 kcal 

Solution:  

 Method-1:  The required equation is 

   2C(s) + 2H2(g) + O2(g) = CH3COOH(l); ∆H = ? 

 This equation can be obtained by multiplying Eq. (ii) by 2 and also Eq. 

(iii) by 2 and adding both and finally subtracting Eq.(i)  

 [2C+2O2 +2H2+O2 –CH3COOH(l)–2O2 = 2CO2 + 2H2O –2CO2 – 2H2O] 

  )(COOHCH3
H l∆

   = 2 × (–94.48) + 2 (–68.4)– (–207.9) 

     = –188.96 – 136.8 + 207.9 

      = –325.76 + 207.9 = –117.86 kcal 

 Method-2:   From eq. (ii) and (iii) 

  Enthalpy of CO2 =  – 94.48 kcal 

  Enthalpy of H2O =  – 68.4 kcal 

  Enthalpy of O2   =  0 (by convention) 

  ∆H of Eq. (i) = Enthalpies of products = Enthalpies of reactants  

    –207.9 = 2 × (–94.48) + 2(–68.4) – )(COOHCH3
H l∆

 

  )(COOHCH3
H l∆

 = –188.96–136.8+207.9=–235.76 +207.9=–117.86 kcal 

 

Q-14: How much heat will be required to make 2 kg of calcium carbide (CaC2) 

according to the following reaction? 

  CaO (s) + 3C(s) →  CaC2(s) + CO(g) 

 The heats of formation of CaO(s), CaC2(s) and CO(g) are –151.6, –14.2 

and –26.4 kcal respectively. 

Solution: ∆H = ∆H°f(products) – ∆H°f(reactants)  

       = [ ∆H°f(CaC2) + ∆H°f(CO)] – [ ∆H°f(CaO) + 3H°f(C)] 

 

       = [–14.2 –26.4] – [–151.6 + 3 × 0] 



        = –40.6 + 151.6 = 111.0 kcal 

  For formation of 64 g of CaC2
 111.0 Kcal of heat is required.  

  So, heat required for making 2000 g of  

   CaC2 = 64

0.111

 × 2000 = 3468.75 kcal 

 

Q-15:  Calculate heat of combustion of ethene: 

  
C = C

H

H

H

H  + 3 O = O →  2 O=C=O + 2H –O–H 

 From bond energy data:  C=C    C–H     O=O    C=O     O–H 

   K.E. KJ mol–1  619    414 499  724     460 

Solution:  

∆H = sum of bond energies of reactants – Sum of bond energies of products 

     = [ ∆H(C=C)+4 ∆H(C–H)+3× ∆H(O=O)] – [4 × ∆H(C=O)+ 4 × ∆H(O–H)]  

     = [619 + 4 × 414 + 3 × 499] – [ 4× 724 + 4 × 460] 

     = –964 kJ mol–1 

 

 

Q-16: Calculate the lattice energy for the reaction  

  Li+ (g) + Cl–(g) →  LiCl (s)  

 From the following data: 

 ∆Hsub(Li) = 160.67 kJ mol–1; 2
1

  ∆  (Cl2) = 122.17 kJ mol–1 

 I.P. (Li) = 520.07 kJ mol–1; E.A. (Cl) = –365.26 kJ mol–1 

 and ∆Hºf (LiCl) = – 401.66 kJ mol–1 

 

Solution:   

 Applying the equation 

  – Q = ∆H + 2
1

 D + I.P. – E.A. + U 

  And substituting the respective values, 

  – 401.66 = 160.67 + 122.17 + 520.07 – 365.26 + U 

             U = – 839.31 kJ mol–1 

Q-17: Bond dissociation enthalpies of H2(g) & N2(g) are 436.0 kJ mol–1 and 

941.8 kJ mol–1 and enthalpy of formation of NH3(g) is – 46 kJ  mol–1. 

What is enthalpy of atomization of NH3(g)? What is the average bond 

enthalpy of N–H bond? 

 

Solution :  

 N2(g) + 3H2(g) →  2NH3(g); ∆H = –2 × 46 kJ/mol 

 ∆H   =  S(B.E.)R – S(B.e.)P  

         = (941.8 + 3 × 436) – (6x) = –2 × 46 kJ/mol 

      (here x = B.E. of N–H bonds) 

     x  =  380.3 kJ mol–1 



  NH3 →  N + 3(H)   

  Heat of atomization = 3 × 390.3 = 1170.9 kJ mol–1 

---------------------------------------------------------------------------------- 
 

13. Limitations of First law of Thermodynamics 

 

 Though the first law of thermodynamics gives us the exact equivalence 

of heat and work, whenever there is a change of heat into work or vice 

versa, but it suffers from the following two limitations: 

(i) No indication is available as regards the direction in which the change 

will proceed. 

(ii) It gives no idea about the extent to which the change takes place. 

  

Spontaneous and Non-Spontaneous Processes  

 

1. Spontaneous Process: A physical and chemical change take place by 

itself by its own i.e., without the help of an external source is called 

spontaneous process.  

(i) Some processes proceed on their own, e.g. Water always flows down a 

hill, heat flows from a body at higher temperature to a body at lower 

temperature. 

(ii) Some processes require proper initiation but once properly initiated they 

continue on their own e.g. Kerosene oil once ignited continues to burn 

till whole of it has been consumed or exhausted. 

(iii) Some processes proceed only so long as the external energy is 

available. e.g. Electrolysis of water continues so long as current is 

passed and stops as soon as current is cut off. “The process which can 

take place by itself or after proper initiation, under the given set of 

conditions, is called a spontaneous process.” the term “Spontaneous” 

simply means that given process is feasible or possible. Therefore, 

Spontaneous processes are also called as feasible or probable 

processes. Spontaneous process may or may not be instantaneous. But 

all instantaneous process is spontaneous. 

 It may be pointed out that the term “Spontaneous” should not mean 

that the process occurs “instantaneously”. It simply implies that process 

has an urge to proceed or it is practically possible. 

 e.g. (i) Processes which occur on their own without proper initiation. 

   (a) HCl(g) + NH3(g) →  NH4Cl(s) 

   (b) H2O(l) →  H2O(g) 

    Water keeps on evaporating from ponds and rivers etc. 

   (c) Sugar dissolves in water and forms a solution. 

   (d) 2NO(g) + O2(g) →  2NO2(g) 

  (ii) Processes which require initiation 

(a) In domestic oven, once coal (carbon) is ignited it keeps  

on burning 

    C(s) + O2(g) →∆
  CO2(g) 



   (b) CH4(g) + 2O2(g) →∆
 CO2(g) + 2H2O(l) 

 From the above discussion we conclude that spontaneous process is the 

one which has natural tendency to occur. 

 

2. Non-Spontaneous Process: A process which can neither take place by 

itself nor by initiation is called as non- spontaneous reaction.  

 (i) Decomposition of water into H2 and O2 is non-spontaneous. 

However, water can be decomposed by passing an electric current 

through it, in a process called electrolysis. 

   H2O(l)  → yElectricit
2H2(g) + O2(g) 

  The process will continue if electric current is supplied and 

the supply of electricity is stopped the decomposition stops. 

 (ii) Water cannot be made to flow up the hill, without the help of 

a machine. 

 (iii) Gold ornaments do not get tarnished in air even after several 

years. This shows that gold does not combine with oxygen in the 

air. 

 Driving Force for a Spontaneous Process: The natural tendency of 

various processes to occur spontaneously indicated that there must be 

some driving force behind them. 

 

Entropy 

 

 It may be defined as the measure of degree of randomness in the 

molecule. It is represented by the symbol S. 

 

Characteristic of Entropy:  

(i) It is a state of function    

(ii) It is an extensive property 

 (iii) The exact value may be determined by applying the III law of 

thermodynamics 

 The change in entropy during a process when a system undergoes 

charge from one state to another is represented as S. 

  Thus ∆S = Sfinal - Sinitial 

 and for chemical reaction ∆S = Sproduct - SReactant 

 If ∆S > 0 heat is absorbed and if ∆S < 0 heat is evolved. 

 The change of matter from state to another state is called phase 

transition.  

Entropy change at the time of phase transition are as follows.  

Calculation of Changes in Entropy 

(a) Reversible Process at Equilibrium: 

 T

q
S vRe=∆

 = Sfinal - Sinitial 

 (i) In a reversible reaction heat gained in the forward reaction 

is equal to heat lost in the reverse reaction. 

  Hence in a reversible cyclic process the net charge in entropy is  



                zero. This is called Clausius Theorem 

 (ii) Suniverse = Ssystem +SSurrounding 

  Ssystem =  T

q )system(vRe

Ssurrounding = T

q )gsurroundin(vRe

 

  Heat gained by system = heat lost by surrounding 

  ⇒  SRev(system)= QRev(surrounding)  

  ⇒  Suniverse = T

q )system(vRe

+ T

q )gsurroundin(vRe

  

    = T

q )system(vRe

- T

q )system(vRe

  

  Hence Suniverse (Rev)=0 

 

 (iii) Suniv > 0 for irreversible process. 

 (iv) Entropy change for isothermal process:  

  E = q + w 

  E = 0 (Isothermal process) ⇒q = -w 

  ∆S = 2.303 nR log v2/v1  

  Also ∆S = 2.303 nR log p1/p2 

 (v) Entropy change in isobaric process 

   ∆S = 2.303 Cp log T2/T1 

 (vi)  Entropy change for Isochoric process 

∆S = 2.303 Cv log T2/T1 

 (vii) Entropy changes during phase transformation  

   ∆S = T

q vRe

 

 (a)  Entropy of fusion: The  entropy  changes  taking place 

when 1 mole of a solid substance change into liquid form, at the 

melting temperature. 

   ∆S fusion = fusion

fusion

T

H∆

 

 (b)  Entropy of vaporization is the entropy change when one mole 

of a liquid changes into vapours at boiling point. 

   ∆S vap = Svap – Sliquid = intpoboiling

ionvapourisat

T

H∆

 

 (c)  Entropy of sublimation is the entropy change when one mole 

of a solid changes into vapours at sublimation temperature. 

   ∆S sub = sub

sub

T

H∆

 

  (d)  Hence for any physical transformation 

   ∆S transition = transition

transition

T

H∆

 

 (ix)  Let a given mass of a liquid be heated from temperature T1 

to T2. Assuming specific heat of liquid to be constant between T1 



and T2 and that no change occurs the amount of heat required to 

raise the temperature by dT is given by 

  dq = mCdT 

   ∆S = mC ln (T2/T1) 

 

Second law of thermodynamics: 

 

 The entropy of the system and surrounding remains constant in a  

reversible equilibrium process, while increases in an irreversible  

process.   

∆S  total  =∆S system + ∆S surroundings  

 

It can be defined in number of ways as follows 

i)In nature all naturally occurring processes are spontaneous processes  

going to completion. Hence, entropy of the universe increases and tends  

to be maximum (thermodynamically irreversible).  

ii)Without the help of an external agency, a spontaneous process  

cannot be reversed e.g., heat cannot be itself flow from a colder to  

hotter body. 

iii)The complete conversion of heat into work is impossible without  

leaving some effect elsewhere. 

iv)All spontaneous processes are accompanied by a net increase of  

entropy. 

 

Gibbs free energy: 

 

 Gibbs free energy is defined as, the energy available in the system for 

conversion into useful work.  

 It is thermodynamic quantity of a system, the decrease in whose value 

during a process is equal to the useful work done by the system.  

  G = H – TS 

 where H is heat content, T is the absolute temperature and S is the 

entropy of the system.  

For the isothermal processes,  

  ∆G = ∆H – T∆S (This equation is known as Gibb’s Helmholtz 

equation) 

  ∆H = H2 – H1 is the enthalpy change of the system 

 ∆G= Gibbs Free Energy (measurement of useful work) 

i) ∆G >0 for non- spontaneous reactions. 

ii) ∆G <0 for spontaneous reactions. 

iii) ∆G >0, at equilibrium. 

 

� If ∆G = +ve, T∆S = +ve : T∆S >∆H Then ∆G <0 hence the reaction 

become spontaneous. 

� Standard free energy change and equilibrium constant are related as   

 ∆G= ∆G0 +2.303 RT logQ 

 Q= quotient  

At equilibrium ∆G=0, then ∆G0 =-2.303 RT log K 



K=Equilibrium constant 

� Free energy change and emf of the are related to 

∆G0 = - nE0
cel l  F  (or) ∆G = - nE0

cell  F 

Where n= number of electrons loss or gain 

  E0
celStandard electrode potential  

  F= Faraday (96500C)     

� Criteria for Equilibrium and spontaneity: 

All spontaneous processes are quantitatively decided by temperature, 

enthalpy change and entropy change. 

a) Spontaneity and enthalpy change (∆H): The value of enthalpy change 

describes the spontaneity of process quantitatively as 

   ∆H = +ve    Non-spontaneous  

∆H = 0        Equilibrium state 

∆H = -ve     Spontaneous  

b) Spontaneity and total entropy change(∆S) 

∆S total   =∆S system  +∆S surroundings    

The value of entropy change describes the spontaneity of process 

quantitatively as 

∆S total   = +ve Spontaneous 

∆S total   = 0 Equilibrium state  

∆S total   =-ve Non-spontaneous 

c) Effect of temperature on spontaneity of process: 

 

∆H ∆S ∆G Reaction will be 

spontaneous at  

-ve +ve -ve All temperatures  

-ve -ve -ve Low temperature  

-ve -ve +ve High temperature  

+ve +ve +ve Low temperature  

+ve +ve -ve High temperature  

+ve -ve +ve All temperatures 

 

� Percentage of fuel efficiency= ∆G/∆H x100 

 

Third Law of thermodynamics:  

 

� This Law is applicable only for perfectly crystalline substances. 

� The entropy of a perfectly crystalline substance approaches zero as the 

absolute zero of temperature is approached.  

� It forms the basis from which entropy at other temperatures can be 

measured, lim (T
→

0) S=0 

� The entropy of a solid is zero at the absolute zero of temperature. 

� It is impossible to reduce the temperature of any system to absolute 

zero by any process. 

� At any pressure, the entropy of every crystalline solid in thermodynamic 

equilibrium at absolute zero is zero. 



 

 

~~~~~~ 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



OBJECTIVE QUESTIONS 

 

1. The difference heats of reaction at constant pressure and constant volume for the 

reaction  2C6H6 (l) + 15O2 →12CO2(g) + 6H2O(l) at 250 C in KJ is: 

 1. -7.43     2. +3.7 

 3. -3.72     4. +7.43 

2. For  an endothermic reaction where ∆ H represents the enthalpy of the reaction in 

KJ/mol, the minimum value for the energy of activation will be: 

 1. less than ∆ H    2. zero 

 3. more than ∆ H    4. equal to ∆ H 

3. The ∆ 0

fH  for CO2 (g), CO (g) and H2O (g) are -393.5, -110.5 and -241.8 KJ mol-1 

respectively. The standard enthalpy change (in KJ mol-1) for the reaction  

 CO2 (g) + H2 (g) →CO (g) + H2O (g) is 

1. 524.1     2. +41.2 

3. -262.5     4. 41.2 

4. In thermodynamics, a process is called reversible when: 

 1. Surrounding and system change into each other    

 2. There is no boundary between system and surroundings    

 3. The surroundings are always in equilibrium with the system    

 4. The system changes into the surroundings spontaneously. 

5. One mole of a non- ideal gas undergoes a change of state (2.0 atm, 3.0L, 95K) 

→(4.0 atm, 5.0L, 245K) with a change in internal energy, ∆ U=30.0L-atm. 

The change in enthalpy (∆ H) of the process in L-atm is 

 1. 40.0     2. 42.3 

 3. 44.0      

 4. not defined, because pressure is not constant  

6. Which of the reaction defines∆ 0

fH  

 1. C(diamond) + O2 (g) →CO2(g) 2. 1/2 H2 (g) + 1/2 F2 (g) →HF(g) 

 3. N2 (s) + 3H2 (g) →2NH3 (g) 4. CO (g) + 1/2 O2 (g) →CO2 (g) 

7. Spontaneous adsorption of a gas on solid surface is an exothermic process 

because: 

 1. ∆ H increases for system  2. ∆ S increases for gas 

 3. ∆ S decreases for gas   4. ∆ G increases for gas  

8. ∆ Hvap = 30 KJ/mol and ∆ Svap = 75 Jmol-1 k-1. Find temperature of vapour, at one 

atmosphere. 

 1. 400 K     2. 530 K 

 2. 298 K     4. 250 K 

9. 2 moles of an ideal gas expanded isothermally and reversibly from 1 L to 10 L at 

300 K. what is the enthalpy change? 

 1. 4.98 KJ     2. 11.47 KJ 

 3. -11.47 KJ     4. 0 KJ 

10. When one mole of Monoatomic ideal gas at TK undergoes adiabatic change under 

a constant external pressure of 1 atm changes volume from 1 L to 2 L. the final 

temperature in Kelvin would be. 

 1. T/ 22/3     2. T + 2/3X0.0821 

 3. T      4. T – 2/3X0.0821 



11. A Monoatomic ideal gas undergoes a process in which the ratio of P to V at any 

instant is constant and equal to 1. What is the molar heat capacity of the gas 

 1. 4R/2     2. 3R/2  

 3. 5R/2     4. 0 

12. The direct conversion of A to B is difficult, hence it is carried out by the following 

shown path  

    C     →   D 

  ↑                  ↓  

  A  B   

Given ∆ S(A→ C)  = 50 eu 

     ∆ S(C→D)  = 30 eu 

          ∆ S(B→D)  = 20 eu       where eu is entropy unit, then ∆  S(A→ B)  is  

1. +100 eu     2. + 60 eu 

3. -100 eu     4. -60 eu 

13. N2 + 3H2  2NH3  

 Which is correct statement if N2 is added at equilibrium condition? 

1. The equilibrium will shift to forward direction because according to IInd law of  

     thermodynamics the entropy must increases in the direction of spontaneous   

     reaction. 

2. The condition for equilibrium  
2 2 3

3 2N H NHG G G+ =  where G is Gibbs free energy 

per mole of the gaseous species measured at the partial pressure. The 

condition of equilibrium is unaffected using catalyst, which increases the rate 

of birth the forward and backward reactions the same extent 

3. The catalyst will increase the rate of forward reaction by α and that of 

backward        

reaction by β  

4. Catalyst will not alter the rate of either of the reaction 

14. The value of log10 K for reaction A B is (given : 0

rH∆ 298K = -54.07 KJ  

mol-1, 0

r S∆ 298k= 10 KJ-1 mol-1 and R = 8.314 JK-1 mol-1; 2.303X8.314X298 = 

5705) 

 1. 5      2. 10 

 3. 95      4. 100  

15. For the process H2O (l) (1 bar, 273K) →H2O (g) (1 bar, 373 K) the correct set 

of thermodynamic parameters is  

 1. ∆ G =0, ∆ S = +ve   2. ∆ G = 0, ∆ S = -ve 

 3. ∆ G = +ve, ∆ S = 0   4. ∆ G = -ve, ∆ S = +ve 

 

 

MORE THAN ONE ANSWER CORRECT: 

 

1. Identify the intensive quantities from the following: 

 1. enthalpy      2. temperature  

 3. volume     4. refractive index 

2. The following is (are) endothermic reaction (s) 

 1. combustion of methane   2. decomposition of water 

 3. dehydrogenation of ethane to ethylene 

 



Level – I 

 

1. A gas occupies 2 litre at STP,. It is provide 300 joule heat so that its 

volume becomes 2.5 litre at 1 atm. The change in its internal energy is : 

 (A) zero  (B) 249.37 j  (C) 149.18 j  (D) 

124.18 j 

 

2. Two litre of  N2 at 0ºC and 5 atm pressure are expanded isothermally 

against a constant external pressure of 1 atm until the pressure of gas 

reaches 1 atm. work of expansion is : 

  [ assuming gas to be ideal ] 

 (A) 710.10 j  (B) 610.10 j  (C) 810.10 j  (D) 

none 

 

3. For a reaction at 25ºC enthalpy change (H) & entropy change (S) 

are –11.7 × 103 J mol–1 and – 105 J mol–1 K–1 respectively, then the 

reaction will be : 

 (A) spontaneous (B) non spontaneous     (C) reversible (D) irreversible 

 

4. The diagram show a P – V graph of thermodynamic behaviour of an ideal 

gas. The complete work done in process,  A →B →C →D →A  

is : 

 
 (A) zero  (B) – 6000 J  (C) 1000 J  (D) –5000 J 

 

5. Standard heat enthalpy of Fe2O3 and Al2O3 are –196.5 and –399.1 

kcal, then Hº for  

  2Al + Fe2O3 →2Fe + Al2O3 will be : 

 (A) –202.6 kcal (B) 102.6 kcal  (C) –152. 4 kcal (D) –188.7 kcal 

 

6. For which of the following reaction, will H be equal to E . 

 (A) H2(g) + O2(g) →H2O(l)  (B) H2(g) + I2(g) →2HI(g) 

 (C) 2NO2(g) →N2O4(g)   (D) 2SO3(g) →2SO2(g) + 

O2(g) 

 

7. The enthalpies of all elements in their standard state at 25ºC and one 

atmospheric pressure are  

 (A) same       (B) always positive (C) always negative       (D) 

zero 

 



8. For a reaction M2O(s) 2M(s) + 2

1

 O2(g); H = 30 kJ mol–1 & S 

= 0.07 kJ K–1 mol–1 at 1 atm. The reaction would not be spontaneous 

at temperature : 

 (A) < 428.57 K (B) > 428.57 K (C) 428.57 K  (D) 273 K  

 

9. Although the dissolution of ammonium  chloride  in  water is an 

endothermic reaction , even then it is spontaneous because : 

 (A) H is positive, S is –ve   (B) H is +ve, S is zero 

 (C) H is positive, TS < H   (D) H is +ve, S is 

positive and H < TS 

10. From the thermochemical reactions , 

 C(graphite) + 2

1

O2 CO ;  H = –110.5 kJ 

 CO + O2 CO2  ;  H = –283.2 kJ 

 the heat of reaction of C(graphite) + O2 CO2 is : 

 (A) +393.7 kJ  (B) –393.7 kJ  (C) –172.7 kJ  (D) 

+172.7 kJ 

 

11. H and E for the reaction S(s) + 
3

2
O2(g) SO3(g) are related as : 

 (A) H = E –0.5 RT    (B) H = E –1.5 RT 

 (C) H = E + RT     (D) H = E + 1.5 RT 

 

12. A process is spontaneous at all temperature if : 

 (A)H > 0 and S > 0   (B) H > 0 and S < 0 

 (C) H = 0 and S < 0   (D) H < 0 and S > 0 

 

13. For which reaction from the following, S will be maximum ? 

 (A) Ca(s) + O2(g) CaO(s)  (B) CaCO3(s) CaO(s) + 

CO2(g) 

 (C) C(s) + O2(g) CO2(g)  (D) N2(g) + O2(g) 2NO(g) 

 

14. The heat of formation (Hºf) of H2O(l) is equal to : 

 (A) zero     (B) molar heat of combustion of H2(l) 

 (C) molar heat of combustion of H2(g) (D) sum of heat of formation of 

H2O(g) and O2(g) 

 

15. In the evaporation of water, the entropy : 

 (A) decreases     (B) increases  

 (C) does not change    (D) sometimes increases, 

sometimes decreases 

 

Level – II 

 



1. The heat of ionisation of formic acid is 1.5 kJ/mol; 9.2 g formic acid on 

reaction with 7 g ammonium  hydroxide  evolves 10.8 kJ of  heat . The  

heat  of  ionisation of ammonium hydroxide is :     [ 1 cal = 4.2 J ] 

 (A) 1.02 kJ/mol (B) 2.04 kJ/mol (C) 3.54 kJ/mol (D) 10.8 kJ/mol 

 

2. For the reactions , (i)  H2(g) + Cl2(g) = 2HCl(g) + x kJ 

    (ii)  H2(g) + Cl2(g) = 2HCl(l) + y kJ 

 which one of the following statements is correct ? 

 (A) x > y  (B) x < y  (C) x – y =0  (D) x = y 

 

3. The  heat of neutralisation of strong base and strong acid is 57.0 kJ. 

The heat released when 0.5 mole of HNO3 solution is added to 0.20 

mole of NaOH solution is : 

 (A) 57.0 kJ  (B) 28.5 kJ  (C) 11.40 kJ  (D) 34.9 kJ 

4. The standard heat of formation of sodium ions in aqueous solution from 

the following data : 

  Heat of formation of NaOH (aq) at 25ºC = –470.7 kJ 

  Heat of formation of OH– (aq) at 25ºC = –228.8 kJ  is : 

 (A) –251.9 kJ  (B) 241.9 kJ  (C) –241.9 kJ  (D) 

251.9 kJ 

 

5. One mole of anhydrous MgCl2 dissolves in water and liberates 25cal/mol 

of heat. Hhydration of MgCl2 = –30 cal/mol. Heat of dissolution of 

MgCl2.H2O is  

 (A) + 5 cal/mol (B) –5 cal/mol  (C) 55 cal/mol  (D) –55 

cal/mol 

6. Following enthalpy changes are given 

 -D glucose (s) -D glucose (aq)   H = 10.72 kJ 

 -D glucose (s) -D glucose (aq)   H = 4.68 kJ 

 -D glucose (s) -D glucose (aq)   H = 1.16 kJ 

 Calculate enthalpy change in  

 -D glucose (s) -D glucose (s)    

 (A) 14.24 kJ  (B) 16.56 kJ  (C) –7.2 kJ  (D) 4.88 

kJ 

 

7. The  value  of Hº for the reaction Cu+(g) + I–(g)  CuI(g) is –446 

kJ mol–1. If the ionisation energy of Cu(g) is 745 kJ mol–1 and the 

electron affinity of I(g) is –295 kJ mol–1, then the value of Hº for the 

formation of one mole of CuI(g) from Cu(g) and I(g) is : 

 (A) –446 kJ  (B) 450 kJ  (C) 594 kJ  (D) 4 kJ 

 

8. AB, A2 and B2 are diatomic molecules. If the bond enthalpies of A2, AB 

and B2 are in the ratio 1 : 1 : 0.5 and the enthalpy of formation of AB 

from A2 and B2 is –100 kJ mol–1, what is the bond enthalpy of A2 ? 



 (A) 400 kJ mol–1(B) 200 kJ mol–1 (C) 100 kJ mol–1 (D) 300 

kJ mol–1 

 

9. Hf(x) , Hf(y) Hf(R) and Hf(S) denotes  the  enthalpies  of  

formation  of  x, y,  R and S respectively. The enthalpy of the reaction, 

x + y  R  + S is given by : 

 (A) Hf(x)  + Hf(y)     (B) Hf(R) + Hf(S)  

 (C) Hf(x)  + Hf(y) Hf(R) –Hf(S)   (D) Hf(R) + 

Hf(S)  – Hf(x)  – Hf(y)  

 

10. If H+ + OH– = H2O + 13.7 kcal, then heat of complete neutralisation of 

one gram mole of H2SO4 with strong base will be : 

 (A) 13.7 kcal  (B) 27.4 kcal  (C) 6.85 kcal  (D) 

3.425 kcal 

 

11. In which of the following neutralization reactions, the heat of 

neutralization will be highest ? 

 (A) HCl and NaOH    (B) CH3COOH and NaOH 

 (C) CH3COOH and NH4OH   (D) HCl and NH4OH 

 

12. If        H2 + 
1

2
O2 H2O ;     H = –68.09 kcal 

  K + H2O + water  KOH (aq) + 
1

2
H2 H = –48.0 kcal 

       KOH + water  KOH (aq)   H = –14.0 kcal 

 the heat of formation of KOH is : 

 (A) –68.39 + 48 –14.0   (B) –68.39–48.0 +14.0 

 (C) +68.39–48.0 + 14.0   (D) +68.39 + 48.0 – 14.0 

 

13. The heat of combustion of yellow phosphorus and red phosphorus are –

9.91 kJ and –8.78 kJ respectively. The heat of transition of yellow 

phosphorus to red phosphorus is : 

 (A) –18.69 kJ   (B) + 1.13 kJ  (C) + 18.69 kJ (D) –1.13 

kJ 

 

14. In which of the following change entropy decreases : 

 (A) crystallisation of sucrose from solution (B) dissolving sucrose in 

water 

 (C) melting of ice    (D) vaporisation of camphor 

 

15. If enthalpy of vaporisation of water is 186.5 kJ/mol, the entropy of 

vaporisation will be : 

 (A) 0.5   (B) 1.0   (C) 1.5   (D) 

2.0 

 

 

Level – III 



 

1. In an isothermal irreversible expansion of an ideal gas : 

 (A) U = 0     (B) –q = nRT[1 - P2/P1] 

 (C) H 0     (D) all of these 

 

2. Which of the following mathematical relations are correct for an ideal 

gas ? 

 (A) TV

H








∂
∂

  = 0 (B)   T
p

H









∂
∂

= 0  (C) Cp – CV > R (D) T

V

V

C








∂
∂

 = 0 

 

3. An adiabatic process is one in which  

 (A)   all energy is transferred as heat 

 (B)   no energy is transferred as heat 

 (C)   the temperature of a gas decreases in a reversible adiabatic 

expansion 

 (D)   dU dW 

 

4. When the gas ideal and the process is isothermal : 

 (A) p1V1 = p2V2 (B) U1 = U2  (C) H1 H2  (D) W = 

0 

 

5. Which of the following statements are correct ? 

 (A)  the work done by the system on the surroundings is negative 

 (B)  the work done on the system by the surroundings is positive 

 (C)  the heat absorbed by the system from the surroundings is positive 

 (D)  the heat absorbed by the surroundings from the system is 

negative 

 

6. Which of the following is a path function as well as an extensive 

property ? 

 (A) temperature    (B) internal energy 

 (C) molar heat capacity   (D) heat capacity 

 

7. For ideal diatomic gases : 

 (A) Cp = (7/2)R (B) Cp = (3/2)R (C) CV = (5/2)R (D) CV = (3/2)R 

 

8. When a solid melts there will be : 

 (A) an increase in enthalpy   (B) a decrease in free energy

  

 (C) no change in enthalpy   (D) a decrease in internal 

energy 

 

9. Which of the following are thermodynamically stable ? 

 (A) C(diamond) (B) C(graphite) (C) P4(white)  (D) P4(red) 

 

10. The standard molar enthalpy of CO2 is equal to 

 (A)  the standard molar enthalpy of combustion of gaseous carbon 



 (B)  the standard molar enthalpy of combustion of carbon (graphite) 

 (C)  the sum of the standard molar enthalpies of formation of CO and 

O2 

 (D)  - 394 kJ mol-1 

 

11. Which of the following statements are correct ? 

 (A) the entropy of an isolated system increases in an irreversible 

process 

 (B) the entropy of an isolated system remains unchanged in a 

reversible process 

 (C) Entropy can never decrease 

 (D) S(system) as well as (surroundings) are negative quantities 

12. Which of the following statements are correct ? 

 (A)  when G = 0, the system is at equilibrium 

 (B)  when G < 0, the process will be spontaneous 

 (C)  when G is negative, the process is said to be exergonic 

 (D)  when G is positive, the process is said to be endergonic 

 

13. Which of the following relations are correct ? 

 (A) G = H - TS    (B) G = H + T pT

)G(






∂
∆∂

 

 (C) G = H + TS    (D) G = H + nRT 

 

14. In the following table, which of the options are correct ? 

  H S Nature of reaction 

 (A)  (-) (+)  spontaneous at all temperatures 

 (B)  (+)  (-)  nonspontaneous regardless of temperature 

 (C)  (+)  (+)  spontaneous only at high temperature 

 (D)  (-) (-)  spontaneous only at low temperature 

 

15. For an ideal gas : 

 (A) PT

E








∂
∂

 = 0 (B)   VT

E








∂
∂

= 0 (C)  TT

E








∂
∂

= 0 (D)  TV

E








∂
∂

= 0  

 

16. C(s) 
1

2
O2  CO(g), H° = –26 kcal mol–1 

 CO(g) +
1

2
 O2(g)  CO2(g), H° = –68 kcal mol–1 

 Which is/are correct statement(s) ? 

 (A)   heat of formation of CO2 is –68 kcal mol–1 

 (B)   heat of combustion of C(s) is –26 kcal mol–1 

 (C)  heat of combustion of CO(g) –68 kcal mol–1 

 (D)  heat of formation of CO(g) is –26 kcal mol–1 

 

17. Variation of heat of reaction with temperature is given by Kirchoff’s 

equation which is : 



 (A) H2 = H1 + CP(T2 – T1)  (B)  T

HH 12

∆
∆−∆

 = CP 

 (C)  T

)H(d

∆
∆

= CP    (D) None of these 

 

18. The factors that influence the heat of reaction are : 

 (A)  the physical state of reactants and products  

 (B)  the temperature 

 (C)  the pressure or volume   

 (D)  the method by which the final products are obtained 

Level – IV 

 

Instruction : From Question (1 to 7) match the items under list (1) 

with items under list (2) .  Select the correct answers from the 

sets (A), (B), (C) and (D). 

 

1. Match the following : 

  Column I      Column II 

 (i)  A process carried out infinitesimally slowly (a) E = 0, H = 

0  

 (ii)  A process in equilibrium   (b) sublimation 

 (iii)  A(s) A(g)    (c) G = 0 

 (iv)  Cyclic process     (d) reversible 

 (A)  i-c, ii-d, iii-a, iv-b    (B)  i-c, ii-d, iii-b, iv-a   

 (C)  i-d, ii-c, iii-a, iv-b    (D)  i-d, ii-c, iii-b, iv-a   

 

2. Match the following 

  Column I      Column II 

 (i)  Extensive properties P, V & T   (a)  density (at 

constant pressure) 

 (ii)  closed system     (b)  bursting of tyre 

 (iii)  path function      (c)  additive in nature 

 (iv)  adiabatic      (d)  E constant 

 (v)  intensive properties    (e)  heat 

 (A)  i-c, ii-d, iii-e, iv-b, v-a   (B)  i-d, ii-c, iii-b, iv-e, v-a 

 (C)  i-c, ii-e, iii-d, iv-b, v-a   (D)  i-e, ii-d, iii-c, iv-a, v-b 

 

4. Match the following 

  Column I      Column II 

 (i) Exothermic      (a) H positive 

 (ii) Endothermic     (b)  Hf(P) – Hf(R)   

 (iii)  Heat of reaction    (c) H negative 

 (iv) Change in free energy    (d)  BER – BEP 

 (v)  Spontaneous process    (e)  G negative 

        (f)  H – TS 

 (A)  i-c, ii-a, iii-bd, iv-f, v-e   (B)  i-d, ii-c, iii-b, iv-e, v-a 

 (C)  i-c, ii-e, iii-d, iv-b, v-a   (D)  i-e, ii-d, iii-c, iv-a, v-b 

 



5. Match the following 

  Column I      Column II 

 (i) Enthalpy change at constant pressure  (a)  E = q + w   

 (ii) First law of thermodynamics   (b)  qP – ngRT 

 (iii)  Enthalpy change at constant volume  (c) E + PV 

 (iv) Change in degree of randomness  (d)  initial

rev

T

q

 

 

        (e) qV + ngRT  

 (A)  i-e c , ii-a , iii-b , iv-d   (B)  i-c e , ii-b , iii-a , iv-d 

 (C)  i-c , ii-a , iii-b , iv-d   (D)  i-e c , ii-a , iii-d , iv-b 

6. Match the following 

  Column I      Column II 

        G       H   S        T 

 (i) non spontaneous, exothermic  (a) –ve       +ve    

+ve        high 

 (ii) spontaneous, endothermic  (b)  +ve       +ve    +ve

        low 

 (iii)  non spontaneous, increase in entropy (c) +ve       –ve    –

ve        high 

 (A)  i-c , ii-a , iii-b     (B)  i-a , ii-b , iii-c  

 (C)  i-b , ii-a , iii-c    (D)  i-c , ii-b , iii-a 

 

7. Match the following  

 (i)  Heat of formation    (a)  + ve   

  

 (ii)  Heat of combustion    (b)  – ve 

 (iii) Heat of neutralization    (c) zero  

 (iv) Heat of dissociation of strong electrolyte  

 (A)  i-a b , ii-b , iii-c , iv-c   (B)  i-a c , ii-b , iii-b , iv-c 

 (C)  i-a b , ii-c , iii-b , iv-c   (D)  i-c , ii-b a , iii-b , iv-c 

 

KEY 

Level – I 

 

1.  B  2.  C  3.  D  4.  D  5.  A  6.  B  7.  B 

 

8.  A  9.  B  10.  B  11.  A  12.  D  13.  

B  14.  C 

 

15.  B   

Level – II 

 

1.  B  2.  B  3.  C  4.  C  5.  A  6.  D  7.  D 

 

8.  A  9.  D  10.  B  11.  A  12.  B  13.  

D   14.  A  

 



15.  A  

 

Level – III 

 

1.  A B  2.  A B D 3.  B C  4.  A B  5.  A B C D

 6.  A C  7.  A B 

 

8.  A B  9.  B C  10.  B D 11.  A B C 12.  A B C D 13.  

A B   

 

14.  A B C D  15.  C D 16.  C D 17.  A B C 18.  A B C 

 

Level – IV 

 

1.  D  2.  C  3.  A  4.  A  5.  A  6.  A 

 7.  B 

CHEMICAL THERMODYNAMICS 

 

1. Among the following, the set of parameters that represents path function, is  

 a) q+w b) q c) w d) H-TS 

 1) b and c 2) a and d 3) b, c and d 4) a, b and c  

2. For a diatomic ideal gas in a closed system, which of the following plots does not 

correctly describe the relation beteen various thermodynamic quantities  

  

3. The combination of plots which does not represent isothermal expansion of an 

ideal gas is  

  

 1) 2 and 4 2) 1 and 4 3) 2 and 3 4)  1 and 3  

4. Five moles of an ideal gas at 1 bar and 298 K is expanded into vacuum to double 

the volume. The work done is  

 1) zero  2) CV(T2-T1) 3) –RT in V2/V1 4) –RT(V2-V1)  

5. Lattice enthalpy and enthalpy of solution of NaCl are 788 kJ mol-1 and 4 kJ mol-1, 

respectively. The hydration enthalpy of NaCl is  

 1) -780 kJ mol-1 2) 780 kJ mol-1 3) -784 kJ mol-1 4) 784 kJ mol-1  

6. If enthalpy of atomization for Br2(l) is x kJ/mol and bond enthalpy for Br2 is y 

kJ/mol, the relation between them  

 1) is x<y 2) does not exist  3) is x>y 4) is x=y  

7. For silver, 1 1( )pC J K mol− − =23+0.01T. If the temperature (T) of 3 moles of silver is 

raised from 300K to 1000K at 1 atm pressure, the value of ∆H will be close to  



 1) 13 kJ 2) 16 kJ 3) 62 kJ 4) 21 kJ  

8. Which one of the following equations does not correctly represent the first law of 

thermodynamics for the given processes involving an ideal gas (Assume non-

expansion work is zero)  

 1) adiabatic process : ∆U=-w  2) Isochoric process : ∆U=q 

 3) Isothermal process : q=-w  4) Cyclic process : q=-w  

9. 5 moles of an ideal gas at 100 K are allowed to undergo reversible compression 

till its temperature becomes 200K. If CV=28J K-1 mol-1, calculate ∆U and ∆pV for 

this process. (R=8.0 J K-1 mol-1) 

 1) ∆U=2.8kJ; ∆(pV)=0.8kJ 2) ∆U=14kJ; ∆(pV)=4kJ 

 3) ∆U=14kJ; ∆(pV)=18kJ 4) ∆U=14kJ; ∆(pV)=0.8kJ  

10. During compression of a spring the work done is 10 kJ and 2 kJ escaped to the 

surrounding as heat. The change in internal energy ∆U (in kJ) is  

 1) -8 2) 12 3) 8 4) -12  

11. The difference between ∆H and ∆U (∆H-∆U), when the combustion of one mole 

of heptanes (1) is carried out at a temperature T, is equal to  

 1) -3RT 2) -4RT 3) 4RT 4) 3RT  

12. Enthalpy of sublimation of iodine is 24 cal g-1 at 2000C. If specific heat of I2(s) and 

I2(vap) are 0.055 and 0.031 cal g-1 K-1 respectively, then enthalpy of sublimation of 

iodine at 2500C in cal g-1 is  

 1) 22.8 2) 11.4 3) 5.7 4) 2.85  

13. An ideal gas is allowed to expand from 1L to 10L against a constant external 

pressure of 1 bar. The work done in kJ is  

 1) +10.0 2) -0.9 3) -2.0 4) -9.0  

14. Consider the reversible isothermal expansion of an ideal gas in a closed system at 

two different temperatures T1 and T2 (T1<T2). The correct graphical depiction of 

the dependence of work done (w) on the final volume (V) is  

 

 

15. An ideal gas undergoes isothermal compression from 5 m3 to 1 m3 against a 

constant external pressure of  

4 N m-2. Heat released in this process is used to increase the temperature of 1 

mole of Al. If molar heat capacity of Al is 24 J mol-1K-1, the temperature of Al 

increases by  

 1) 2K 2) 1K 3) 2/3 K 4) 3/2 K  

16. Given : 

 i) 
0 1

( ) 2( ) 2( ) ;graphite g g rC O CO H xkJ mol
−+ → ∆ =     ii) 

0 1

( ) 2( ) ( )

1
;

2
graphite g g rC O CO H ykJ mol−+ → ∆ =  

 
0 1

( ) 2( ) 2( )

1
;

2
g g rg

CO O CO H zkJ mol−+ → ∆ =  



Based on the above thermochemical equations, find out which one of the following 

algebraic relationships is correct  

 1) z=x+y  2) x=y-z 3) x=y+z 4) y=2z-x  

17. The combustion of benzene (l) gives CO2(g) and H2O(l) . Given that heat of 

combustion of benzene at constant volume is -3263.9 kJ mol-1 at 250C; heat of 

combustion (in kJ mol-1) of benzene at constant pressure will be (R=8.314 J K-1 

mol-1) 

 1) 4152.6 2) -452.43 3) 3260 4) -3267.6  

18. An ideal gas undergoes a cyclic process as shown in figure : 

  

 

1

1

1

1

5 ,

2 ,

5

3

BC

AB

AB

CA

U kJ mol

q kJ mol

W kJ mol

W kJ mol

−

−

−

−

∆ = −

=

= −

=

 

 Heat absorbed by the system during process CA is  

 1) 18 kJ mol-1 2) +5 kJ mol-1 3) -5 kJ mol-1 4) -18 kJ mol-1  

19. For which of the following reactions, ∆H is equal to ∆U 

 1) 2( ) 2 4( )2 g gNO N O→   2) ( ) 2( ) 2( )2 g g gHI H I→ +     

 3) 2( ) 2( ) 3( )2 2g g gSO O SO+ →  4) 2( ) 2( ) 3( )3 2g g gN H NH+ →   

20. Given, C(graphite) + 2( ) 2( )g gO CO→ ; 0 1393.5rH kJ mol−∆ = −  

 
0 1

2( ) 2( ) 2 ( )

1
, 285.8

2
g g l rH O H O H kJ mol−+ → ∆ = −  

 0 1

2( ) 2 ( ) 4( ) 2( )2 2 ; 890.3g l g g rCO H O CH O H kJ mol−+ → + ∆ = +  

 Based on the above thermochemical equations, the value of 0

rH∆ at 298K for the 

reaction,  

 C(graphite)+2H2(g) →CH4(g) will be  

 1) -74.8 kJ mol-1 2) -144.0 kJ mol-1 3) +74.8 kJ mol-1 4) +144.0 kJ mol-1  

21. ∆U is equal to  

 1) adiabatic work 2) isothermal work 3) isochoric work 4) isobaric work  

22. For a reaction, ( ) ( ) ; 3g lA A H RT→ ∆ = − . The correct statement for the reaction is  

 1) |∆H|<|∆U| 2) ∆H=∆U≠ 0 3) |∆H|>|∆U| 4) ∆H=∆U=0  

23. The enthalpy change on freezing of 1 mol of water at 50C to ice at -50C is (Given : 

fus∆ H=6 kJ mol-1 at 00C,Cp(H2O,l)=75.3J mol-1 K-1, Cp(H2O,s)=36.8 J mol-1K-1) 

 1) 5.81 kJ mol-1 2) 6.56 kJ mol-1 3) 6.00 kJ mol-1 4) 5.44 kJ mol-1  

24. A gas undergoes change from state A to state B. In this process, the heat 

absorbed and work done by the gas is 6J and 8J, respectively. Now gas is brought 

back to A by another process during which 3J of heat is evolved. In this reverse 

process of B to A  

 1) 10J of the work will be done by the surrounding on gas  

 2) 10J of the work will be done by the gas 3) 6J of the work will be 

done by the surrounding on gas  

 4) 6J of the work will be done by the gas   



25. The heats of combustion of carbon and carbon monoxide are -393.5 and -283.5 kJ 

mol-1 respectively The heat of formation (in kJ) of carbon monoxide per mole is  

 1) 110.5 2) 676.5 3) -676.5 4) -110.5  

26. If 100 moles of H2O2 decompose at 1 bar and 300K, the work done (kJ) by one 

mole of O2(g) as it expands against 1 bar pressure is (R=8.3J K-1 mol-1) 

2 2( ) 2 ( ) 2( )2 2l l gH O H O O+⇌
 

 1) 124.50 2) 249.00 3) 498.00 4) 62.25  

27. The heat of atomization of methane and ethane are 360 kJ/mol and 620 kJ/mol, 

respectively. The longest wavelength of light capable of breaking the C-C bond is 

(Avogadro number = 6.02x1023, h=6.62x10-34Js) 

 1) 1.49x103nm 2) 2.48 x103nm 3) 2.48 x104nm 4) 1.49 x104nm  

28. For complete combustion of ethanol, 2 5 ( ) 2( ) 2( ) 2 ( )3 2 3l g g lC H OH O CO H O+ → + , the 

amount of heat produced as measured in bomb calorimeter, is 1364.47kJ mol-1 at 

250C. Assuming ideality the enthalpy of combustion, ,CH∆  for the reaction will be 

(R=8.314kJ mol-1) 

 1) -1350.50 kJ mol-1 2) -1366.95 kJ mol-1 3) -1361.95 kJ 

mol-1 4) -1460.50 kJ mol-1  

29. A piston filled with 0.04 mol of an ideal gas expands reversibly from 50.0mL to 

375mL at a constant temperature of 37.00C. As it does so, it absorbs 208J of 

heat. The values of q and w for the process will be (R=8.314 J/mol K) (in 

7.5=2.01) 

 1) q=+208J, w=+208J  2) q=+208J, w=-208J

   

 3) q=-208J, w=-208J  4) q=-208J, w=+208J

   

30. The standard enthalpy of formation of NH3 is -46kJ mol-1. If the enthalpy of 

formation of H2 from its atoms is -436 kJ mol-1 and that of N2 is -712kJ mol-1, the 

average bond enthalpy of N-H bond in NH3 is  

 1) -1102 kJ mol-1 2) -964 kJ mol-1 3) +352 kJ mol-1 4) +1056 kJ mol-1  

31. Oxidising power of chlorine in aqueous solution can be determined b the 

parameters indicated below : 

1/ 2

2( ) ( ) ( ) ( )1/ 2 eg hyddiss
H HH

g g g aqCl Cl Cl Cl
− −− ∆ ∆∆ − −→ → → The energy involved in the 

converstion of ½ 2( )gCl  to ( )aqCl−  (using data, 
2

1240 )diss ClH kJ mol− −∆ = will be  

 1) +120 kJ mol-1 2) +152 kJ mol-1 3) -610 kJ mol-1 4) -850 kJ mol-1  

32. The internal energy change (in J) when 90 g of water undergoes complete 

evaporation at 1000C is __________ (Given : vapH∆ , for water at 373 K = 41 

kJ/mol, R=8.314 J K-1mol-1) 

33. The heat of combustion of ethanol into carbon dioxide and water is -327k cal at 

constant pressure. The heat evolved (in cal) at constant volume and 270C (if all 

gases behave ideally) is (R=2 cal mol-1K-1)_______ 

34. The standard heat of formation (
0

298f H∆ ) of ethanehydrogen and graphite are -

1560, -393.5 and  

 -286 kJ/mol, respectively is  

35. The magnitude of work done by a gas that undergoes a reversible expansion 

along the path ABC shown in the figure is  



  

 

36. At constant volume, 4 mol of an ideal gas when heated from 300K to 500K 

changes its internal energy by 5000J. The molar heat capacity at constant volume 

is  

37. The true statement amongst the following is  

 1) S is a function of temperature but ∆Sis not a function of temperature  

 2) both ∆S and S are not functions of temperature 

 3) S is not a function of temperature but ∆S is a function of temperature  

 4) S is not a function of temperature but ∆S is function of temperature 

38. A process will be spontaneous at all temperature if  

 1) ∆H>0 and ∆S>0 2) ∆H<0 and ∆S>0 3) ∆H>0 and 

∆S<0 4) ∆H<0 and ∆S<0  

39. The incorrect match in the following is  

 1) ∆G0=0, K=1 2) ∆G0<0, K<1 3) ∆G0<0, K>1 4) ∆G0>0, K<1  

40. The entropy change associated with the converstion of 1 kg of ice at 273K to 

water vapours at 383 K is (specific heat of water liquid and water vapour are 4.2 

kJ K-1 kg-1 and 2.0 kJ K-1 kg-1; heat of liquid fusion and vapourisation of water are 

334 kJ kg-1 and 2491 kJ kg-1 , respectively)  (log 273=2.436, log 373=2.572, log 

383=2.583) 

 1) 2.64 kJ kg-1 K-1 2) 9.26 kJ kg-1 K-1 3) 8.49 kJ kg-1 K-1 4) 7.90 kJ kg-1 K-1  

41. A process has ∆H=200J mol-1 and ∆S=40J K-1mol-1. Out of the values given 

below, chose the minimum temperature above which the process will be 

spontaneous  

 1) 5K 2) 20K 3) 12K 4) 4K  

42. The process with negative entropy change is  

 1) dissolution of iodine in water  2) sublimation of dry ice  

 3) synthesis of ammonia from N2 and H2 4) dissociation of 

CaSO4(s) to CaO(s) and SO3(g)  

43. The blocks of the same metal having same mass and at temperature T1 and T2, 

respectively, are brought in contact with each other and allowed to attain thermal 

equilibrium at constant pressure. The change in entropy, ∆S, for this process is  

 1) 1 2

1 2

2
2

p

T T
C In

TT

 +
 
 

 2) 
2

1 2

1 2

( )

4
p

T T
C In

TT

 +
 
 

 3) 1 2

1 2

( )
2

4
p

T T
C In

TT

 +
 
 

 4) 

1

2
1 2

1 2

( )
2 p

T T
C In

TT

 
+ 

 
  

  

44. The standard reaction Gibbs energy for a chemical reaction at an absolute 

temperature T is given by  

 0

rG∆ =A-BT, where A and B are non-zero constants. Which of the following is true 

about this reaction 

 1) Exothermic if A>0 and B<0 2) Endothermic if A<0 and B>0 



 3) Endothermic if A>0 4) Exothermic if B<0  

45. The reaction, MgO(s)+C(s →Mg(s)+CO(g), for which 0

rH∆ =+491.1 kJ mol-1 and 

0

rS∆ =198.0 J K-1 mol-1, is not feasible at 298 K. Temperature above which 

reaction will be feasible is  

 1) 2040.5K 2) 1890.0K 3) 2480.3K 4) 2380.5K  

46. The standard electrode potential E0 and its temperature coefficient 
OdE

dT

 
 
 

for a 

cell are 2V and  

-5x10-4V K-1 at 300K respectively. 2 2

( ) ( ) ( ) ( )s aq aq sZn Cu Zn Cu+ ++ → + . The standard 

reaction enthalpy ( 0

rH∆ ) at 300K in kJ mol-1 is, [Use R=8 J K-1 mol-1 and 

F=96,000 C mol-1] 

 1) -412.8 2) 192.0 3) -384.0 4) 206.4  

47. Which of the following lines correctly show the temperature dependence of 

equilibrium constant K, for an exothermic reaction  

  

 1) A and B 2) B and C 3) C and D 4) A and D  

48. Given  

 (i) 0 1

2 3( ) ( ) 2( )2 4 3 ; 1487.0s s g rFe O Fe O G kJ mol−→ + ∆ = +  

 (ii) 
0 1

( ) 2( ) 2( )2 2 ; 514.4g g g rCO O CO G kJ mol−+ → ∆ = −  

 Free energy change, 0

rG∆  for the reaction  

 2 3( ) ( ) ( ) 2( )2 6 4 6g g s gFe O CO Fe CO+ → +  will be  

 1) -112.4 kJ mol-1 2) -56.2 kJ mol-1 3) -168.2 kJ mol-1 4) -208.0 kJ mol-1  

49. 
0

fG∆  at 500K for substance ‘S’ in liquid state and gaseous state are +100.7 kcal 

mol-1 and +103 kcal 

  mol-1, respectively. Vapour pressure of liquid ‘S’ at 500K is approximately equal 

to (R=2 cal K-1 mol-1) 

 1) 0.1 atm 2) 10 atm 3) 100 atm 4) 1 atm  

50. For which of the following processes, ∆S is negative  

 1) C(diamond) →C(graphite) 2) N2(g, 273K) →2H(g)  

 3) H2(g) →2H(g)  4) N2(g, 1atm) →N2(g, 5 atm)  

51. An ideal gas undergoes isothermal expansion at constant pressure. During the 

process  

 1) enthalpy increases but entropy decreases  2) enthalpy remains 

constant but entropy increases  

 3) enthalpy decreases but entropy increases 4) both enthalpy and 

entropy remain constant   



52. For the reaction, 
0

( ) ( ) ( ) ( ) ( ) ,g g g g gA B C D D H+ → + + ∆ and 
0S∆  are, respectively, -29.8 

kJ mol-1 and  

 -0.100 kJ K-1 mol-1 at 298K. The equilibrium constant for the reaction at 298 K is  

 1) 1.0x10-10 2) 10 3) 1 4) 1.0x1010  

53. A reaction at 1 bar is non spontaneous at low temperature but becomes 

spontaneous at high temperature. Identify the correct statement about the 

reaction among the following  

 1) ∆H is negative while ∆S is positive  2) both ∆H and ∆S are 

negative  

 3) ∆H is positive while ∆S is negative  4) both ∆H and ∆S are 

positive  

54. The following reaction is performed at 298K. ( ) 2( ) 2( )2 2g g gNO O NO+ ⇌ . The 

standard free energy of formation of NO(g) at 298 K (Kp=1.6x1012) 

 1) 8660- 
12

(1.6 10 )

(298)

In

R

×
 2) 0.5[2x86,600-R(298)in(1.6x1012)] 

 3) R(298) In (1.6x1012)-86600 4) 86600+R(298)In (1.6x1012)  

55. The incorrect expression among the following is  

 1) in isothermal process, wreversible=-nRT in 
f

i

V

V
 2) In K=

0 0H T S

RT

∆ − ∆
 

 3) 
0 /G RTK e−∆=    4) 

system

total

G
T

S

∆
= −

∆
  

56. The entropy change involved in the isothermal reversible expansion of 2 moles of 

an ideal gas from a volume of 10 dm3 to a volume of 100 dm3 at 270C is 

 1)  28.3 J mol-1 K-1 2) 35.8 J mol-1 K-1 3) 32.3 J mol-1 K-1 4) 42.3 J mol-1 K-1  

57. For a particular reversible reaction at temperature T, ∆H and ∆S were found to 

be both +ve. If Te is the temperature at equilibrium, the reaction would be 

spontaneous when  

 1) T=Te 2) Te>T 3) T> Te 4) Te is 5 times T  

 

1) 1 2) 3 3) 1 4) 1 5) 3 6) 3 7) 3 8) 1 9) 2 10) 3 

11) 2 12) 1 13) 2 14) 1 15) 3 16) 3 17) 4 18) 2 19) 2 20) 1 

21) 1 22) 3 23) 2 24) 3 25) 4 26) * 27) 1 28) 2 29) 2 30) 3 

31) 3 

32) 18

9

4

9

4 

33) -

3

2

6

4

0

0 

34) -

1

9

2

.

5 

O

R 

-

8

5

35) 48 

36) 6.

2

5 

37) 2 38) 2 39) 2 40) 2 



.

0

0 

41) 1 42) 3 43) 2 44) 3 45) 3 46) 1 47) 1 48) 2 49) 1 50) 4 

51) 2 52) 3 53) 4 54) 2 55) 2 56) 1 57) 3 58)  59)  60)  

 

Only one option correct type  

1. The standard state Gibbs free energies of formation of ( )graphiteC  and ( )diamondC  at 

T=298K are 0 1 0

( )[ ] 0 ; [ ] 2.9 1f graphite f diamondG C kJ mol G C kJ mol−∆ = ∆ = − . The standard 

state means that the pressure should be 1 bar, and substance should be pure at a 

given temperature. The converstion of graphite [C(graphite)] to diamond [C(diamond)] 

reduces its volume by 2x10-6 m3 mol-1. If C(graphite) is converted to C(diamond) 

isothermally atT=298K, the pressure at which C(graphite) is in equilibrium with 

C(diamond), is [Useful information: 1J = 1 kg m2s-2; 1 Pa = 1 kg m-1s-2: 1 bar = 

105Pa] 

 1) 29001 bar 2) 58001 bar 3) 14501 bar 4) 1450 bar  

2. One mole of an ideal gas at 300 K in thermal contact with surroundings expands 

isothermally from 1.0 L to 2.0 L against a constant pressure of 3.0 atm. In this 

process, the change in entropy of surroundings ( )surrS∆ in J K-1 is (1 L atm = 101.3 

J) 

 1) 5.763 2) 1.013 3) -1.013 4) -5.763  

3. For the process : 2 ( ) 2 ( )l gH O H O→  at T=1000C and 1 atmosphere pressure, the 

correct choice is  

 1) 0 & 0system surroudingsS S∆ > ∆ >  2) 0 & 0system surroudingsS S∆ > ∆ <  

 3) 0 & 0system surroudingsS S∆ < ∆ >  4) 0 & 0system surroudingsS S∆ < ∆ <   

4. The standard enthalpies of formation of CO2(g), 2 ( )lH O  and glucose(s) at 250C are -

400 kJ/mol, -300 kJ/mol and -1300 kJ/mol, respectively. The standard enthalpy 

of combustion per gram of glucose at 250C is  

 1) +2900 kJ 2) -2900 kJ 3) -16.11 kJ 4) +16.11 kJ  

5. Using the data provided, calculate the multiple bond energy (kJ mol-1) of a C ≡C 

bond in C2H2. That energy is (take the bond energy of a C-H bond as 350 kJ mol-

1) 

 1

( ) 2( ) 2 2( )2 ; 225s g gC H C H H kJ mol−+ → ∆ =  

 1

( ) ( )2 2 ; 1410s gC C H kJ mol−→ ∆ =  

 1

2( ) ( )2 ; 330g gH H H kJ mol−→ ∆ =  

 1)  1165 2) 837 3) 865 4) 815  

6. The species which by definition has zero standard molar enthalpy of formation at 

298 K is  

 1) 2( )gBr  2) 2( )gCl  3) 2 ( )gH O  4) 4( )gCH   

7. For the process, 2 ( )lH O (1 bar, 373 K) 2 ( )gH O→  (1 bar, 373 K) the correct set of 

thermodynamic parameters is  



 1) 0,G S ve∆ = ∆ = +  2) 0,G S ve∆ = ∆ = −  3) , 0G ve S∆ = + ∆ =  4) ,G ve S ve∆ = − ∆ = +

  

8. The value of log10K for a reaction A B⇌ is (Given : o

rH∆ 298K=-54.07 kJ mol-1, 

298 10o

rS K J∆ =   

 K-1 mol-1 and R=8.314 J K-1 mol-1, 2.303x8.314x298=5705) 

 1) 5 2) 10 3) 95 4) 100  

9. The heat capacity of liquid water at constant pressure, Cp is 18 cal deg-1 mol-1. 

The value of heat capacity of water at constant volume CV is approximately 

 1) 18 cal deg-1 mol-1. 2) 16 cal deg-1 mol-1. 3) 10.8 cal deg-1 

mol-1. 4) cannot be predicted   

10. When one mole of monoatomic ideal gas at T K undergoes adiabatic change under 

a constant external pressure of 1 atm changes volume from 1 litre to 2 litre, the 

final temperature in Kelvin would be  

 1) 
(2/3)2

T
 2) 

2
0.0821

3
T + ×  3) T 4) 

2
0.0821

3
T − ×   

11. The enthalpy of vapourisation of liquid is 30 kJ mol-1 and entropy of vapourisation 

is 75J mol-1 K-1. The boiling point of the liquid at 1 atm is  

 1) 250K 2) 400K 3) 450K 4) 600K  

12. Two moles of an ideal gas is expanded isothermal and reversibly from 1 litre to 10 

litre at 300K. The enthalpy change (in kJ) for the process is  

 1) 11.4 kJ 2) -11.4 kJ 3) 0 kJ 4) 4.8 kJ  

13. Which of the reaction defines 
0

fH∆ ? 

 1) ( ) 2( ) 2( )diamond g gC O CO+ →  2) (2) 2( ) ( )

1 1

2 2
g g gH F HF+ →  

 3) 2( ) 2( ) 3( )3 2g g gN H NH+ →  4) ( ) 2( ) 2( )

1

2
g g gCO O CO+ →   

14. One mole of a non-ideal gas undergoes a change of state (2.0 atm, 3.0 L, 95 K) 

→(4.0 atm, 5.0L, 245 K) with a change in internal energy, U∆ =30.0 L atm. The 

change in enthalpy ( H∆ ) of the process in L atm is 

 1) 40.0 2) 42.3 3) 44.0       4) not defined, because 

pressure is not constant.   

15. Which one of the following statements is false  

 1) work is a state function  2) temperature is a state function 

 3) change in the state is completely defined when the initial and final states are 

specified  

 4) work appears at the boundary of the system   

16. In thermodynamics, a process is called reversible when  

 1) surroundings and system change into each other  

 2) there is no boundary between system and surroundings  

 3) the surroundings are always in equilibrium with the system 

 4) the system changes into the surroundings spontaneously   

17. The 0

fH∆  for CO2(g), CO(g) and H2O(g) are -393.5, -110.5 and -241.8 kJ mol-1 

respectively. The standard enthalpy change (in kJ) for reaction 

2( ) 2( ) ( ) 2 ( )g g g gCO H CO H O+ → +  is  



 1) 524.1 2) 41.2 3) -262.5 4) -41.2  

One or more than one options correct type 

18. A reversible cyclic process for an ideal gas is shown below. Here, P,V and T are 

pressure, volume and temperature, respectively. The thermodynamic parameters 

q,w,H and U are heat, work, enthalpy and internal energy, respectively.  

  

 The correct option(s) is (are)  

 1) 2 2 1& ( )AC BC ABq U w P V V= ∆ = −  2) 2 2 1( ) &BC BC ACw P V V q H= − = ∆  

 3) &CA CA AC BCH U q U∆ < ∆ = ∆  4) &BC AC CA CAq H H U= ∆ ∆ > ∆   

19. An ideal gas is expanded from 1 1 1( , , )p V T  to 2 2 2( , , )p V T  under different conditions. 

The correct statement(s) among the following is(are) 

 1) if the expansion is carried out freely it is simultaneously both isothermal as 

well as adiabatic. 

2) the work done by the gas is less when it is expanded reversibly from V1 to V2 

under adiabatic conditions as compared to that when expanded reversibly from V1 

to V2 under isothermal conditions  

 3) The work done on the gas is maximum when it is compressed irreversibly from 

( 2 2,p V ) to ( 1 1,p V ) against constant pressure p 

4) the change in internal energy  of the gas is (i) zero, if it is expanded reversibly 

with T1=T2, and (ii) positive, if it is expanded reversibly under adiabatic conditions 

with 1 2T T≠  

20. An ideal gas in a thermally insulated vessel at internal pressure = P1, volume = V1 

and absolute temperature = T1 expands irreversibly against zero external 

pressure, as shown in the diagram. The final internal pressure, volume and 

absolute temperature of gas are P2, V2 and T2, respectively. For this expansion 

  

 1) q=0 2) 2 1T T=  3) 2 2 1 1PV PV=  4) 2 2 1 1PV PV
γ γ=   

21. The reversible expansion of an ideal gas under adiabatic and isothermal conditions 

is shown in the figure. Which of the following statement(s) is(are) correct 



  

 1) 1 2T T=  2) 3 1T T>  3) wisothermal>wadiabatic  4) 

isothermal adiabaticU U∆ > ∆   

22. For an ideal gas, consider only P-V work in going from an initial state X to the 

final state Z. The final state Z can be reached by either of the two paths shown in 

the figure. Which of the following choice(s) is(are) correct ? [Take ∆S as change 

in entropy and w as work done] 

  

 1) X Z X Y Y ZS S S→ → →∆ = ∆ +∆  2) X Z X Y y zw w w→ → →= +   

 3) X y Z X Yw w→ → →=   4) X Y Z X YS S→ → →∆ = ∆   

23. Among the following, the state function(s) is(are) 

 1) internal energy  2) irreversible expansion work  

 3) reversible expansion work  4) molar enthalpy   

One integer/Numerical value correct type  

24. A closed tank has two compartments A and B, both filled with oxygen (assumed 

to be ideal gas). The partition separating the two compartments is fixed and is a 

perfect heat insulator (figure 1). If the old partition is replaced by a new partition 

which can slide and conduct heat but does not allow the gas to leak across (figure 

2), the volume (in m3) of the compartment A after the system attains equilibrium 

is  

  

25. The surface of copper gets tarnished by the formation of copper oxide. N2 gas was 

passed to prevent the oxide formation during heating of copper at 1250 K. 

However, the N2 gas contains 1 mole % of water vapour as impurity. The water 

vapour oxidises copper as per the reaction given below :  

 ( ) 2 ( ) 2 ( ) 2( )2 s g s gCu H O Cu O H+ → +  



PH2 is the minimum partial pressure of H2 (in bar) needed to prevent the 

oxidation at 1250K. The value of in (PH2) is (Given : total pressure = 1 bar, R 

(universal gas constant) = 8 J K-1 mol-1, in (10)=2.3, Cu(s) and Cu2O(s) are 

mutually immiscible. 

 At 1250 K:2Cu(s)+ 0 1

2( ) 2 ( )1/ 2 ; 78,000g sO Cu O G J mol−→ ∆ = −  

 0 1

2( ) 2( ) 2 ( )1/ 2 ; 1,78,000g g gH O H O G J mol−+ → ∆ = −  G is the Gibbs energy.) 

26. One mole of an ideal gas is taken from a to b along two paths denoted by the 

solid and the dashed lines as shown in the graph below. If the work done along 

the solid line path is ws and that along the dotted line path is wd, the integer 

closest to the ratio /d sw w  is  

  

27. In a constant volume calorimeter, 3.5g of a gas with molecular weight 28 was 

burnt in excess oxygen at 298.0K. The temperature of the calorimeter was found 

to increase from 298.0K to 298.45K due to the combustion process. Given that 

the heat capacity of the calorimeter is 2.5 kJ K-1, the numerical value for the 

enthalpy of combustion of the gas in kJ mol-1 is  

Comprehension type : 

Comprehension - 1 

 

 When 100 mL of 1.0 M HCl was mixed with 100 mL of 1.0 M 

NaOH in an insulated beaker at constant pressure, a temperature increase of 

5.70C was measured for the beaker and its contents (expt. 1). Because the 

enthalpy of neutralization of a strong acid with a strong base is a constant (-57.0 

kJ mol-1), this experiment could be used to measure the calorimeter constant. 

In a second experiment (Expt. 2), 100mL of 2.0 M acetic acid (Ka=2.0x10-5) was 

mixed with 100 mL of 1.0 M NaOH (under identical conditions to expt. 1) where a 

temperature rise of 5.60C was measured. 

 (Consider heat capacity of all solutions as 4.2 J g-1 K-1 and density of all solutions 

as 1.0g mL-1) 

28. Enthalpy of dissociation (in kJ mol-1) of acetic acid obtained from the Expt. 2 is  

 1) 1.0 2) 10.0 3) 24.5 4) 51.4  

29. The pH of the solution after Expt. 2 is  

 1) 2.8 2) 4.7 3) 5.0 4) 7.0  

Comprehension - 2 

A fixed mass ‘m’ of a gas is subjected to transformation of states from K to L to M 

to N and back to K as shown in the figure. 



  

30. The pair of isochoric processes among the transformation of state is  

 1) K to L and L to M 2) L to M and N to K 3) L to M and M 

to N 4) M to N and N to K  

31. The succeeding operations that enable this transformation of states are  

 1) heating, cooling, heating, cooling  2) cooling, heating, cooling, heating 

 3) heating, cooling, cooling, heating  4) cooling, heating, heating, cooling   

Matching list type  

32. Match the thermodynamic processes given under column I with the expressions 

given under column II 

 Column – I  Column – II 

 A) Freezing of water at 273 K and 1 atm P) q=0 

 B) Expanstion of 1 mol of an ideal gas into  Q) w=0 

 a vacuum under isolated conditions 

 C) Mixing of equal volumes of two ideal  R) 0sysS∆ <  

 gases at constant temperature and pressure  

 in an isolated container  

 D) Reversible heating of H2(g) at 1 atm S) ∆U=0 

  from 300K to 600K, followed by reversible  

 cooling to 300 K at 1 atm 

   T) ∆G=0 

33. Match the  transformation in column I with appropriate options in Column II 

 Column – I  Column – II 

 A) 2( ) 2( )s gCO CO→   p) Phase transition 

 B) 3( ) ( ) 2( )s s gCaCO CaO CO→ +  q) Allotropic change 

 C) 2( )2 gH H→   r) ∆H is positive 

 D) ( , ) ( , )white solid red solidP P→  s) ∆S is positive 

   t) ∆S is negative  

1) 3 2) 3 3) 2 4) 3 5) 4 6) 2 7) 1 8) 2 9) 2 10) 1 

11) 2 12) 3 13) 2 14) 3 15) 1 16) 3 17) 2 
18) 2,

3 

19) 1,

2

,

3 

20) 1,

2

,

3 

21) 1,

3

,

4 

22) 1,

3 

23) 1,

4 

24) 2.

2

2 

25) -

1

4

.

6 

26) 2 27) 9 28) 1 29) 2 30) 2 



31) 3 32)  33)  34)  35)  36)  37)  38)  39)  40)  

 

34)  A-R,T, B-P,Q<S, C-P,Q<S, D-P,Q,S,T 

35) A-p,r,s; B-r,s; C-t, D-q,r,t 

 

PRACTICE QUESTIONS 

1. Which of the following is intensive property  

 1) free energy 2) specific heat  3) heat capacity  4) entropy   

2. Which of the following conditions will always lead to non-spontaneous change at all 

temperatures  

 1) ,H ve S ve∆ = − ∆ = −  2) ,H ve S ve∆ = + ∆ = +  

 3) ,H ve S ve∆ = + ∆ = −  4) ,H ve S ve∆ = − ∆ = +   

3. 2 mole of an ideal gas at 27
0
C is expanded reversibly from 2 lit to 20 lit. The entropy change 

will be (R=2  

 cal/mole K) 

 1) 92.1 cal K
-1

 mol
-1

 2) 0 cal K
-1

 mol
-1

 3) 4 cal K
-1

 mol
-1

 4) 9.2 cal K
-1

 mol
-1

  

4. Heat of combustion for C(s), H2(g) and CH4(g) are -94, -68 and -213 kcal/mol. Then heat of 

formation of  

 CH4 will be  

 1) -17 kcal 2) -111 kcal 3) -170 kcal 4) +17 kcal 

5. If bond enthalpy of N ≡N, H-H and N-H bonds are x1, x2 and x3 respectively, 0

fH∆  for NH3 

will be  

 1) 
1 2 33 6x x x+ −   2) 1 2 3

1 3
3

2 2
x x x+ −  3) 3 1 2

1 3
3

2 2
x x x− −  4) 

3 1 26 3x x x− −   

6. Which of the following represents standard enthalpy of formation of CO2(g) 

 1) ( ) 2 2( ) ( )GraphiteC O g CO g+ →  2) 2 2

1
( ) ( ) ( )

2
CO g O g CO g+ →  

 3) ( 3 2

1
( ) ( )

2
GraphiteC O g CO g+ →  4) ( 2 22 2 ( ) 2 ( )GraphiteC O g CO g+ →   

7. For the reaction, 2 2( ) ( ) 2 ( )H g Cl g HCl g+ →  

 1) 
P Vq q<  2) 

P Vq q>  3) 
P Vq q=  4) 0Pq =   

8. A system which can neither exchange matter nor energy with the surrounding is called  

 1) open system 2) isolated system  3) closed system 4) both 1 and 2  

9. The enthalpy change for the reaction is called 2 4 2 2 23 2 2C H O CO H O+ → +  

 1) enthalpy of formation  2) enthalpy of vaporization  

 3) enthalpy of sublimation  4) enthalpy of combustion   

10. Which of the following equations correctly represents the 0

fH∆ of ethane  

 1) ( ) 2( ) 2 6( )2 3diamond g gC H C H+ →  2) 2 6( ) 2( ) 2 6( )g g gC H H C H+ →  

 3) ( ) 2( ) 2 6( )2 3graphite g gC H C H+ →  4) ( ) 2( ) 2 64 6 2 ( )graphite gC H C H g+ →  

11. Process IV will be  

 1) Isobaric  2) Adiabatic  

 3) Isochoric 4) Isothermal   

12. The change in Gibb’s free energy at equilibrium is  

 1) zero 2) minimum 3) negative  4) maximum 

  

 

13. The heat of solution of MSO4 is -15.9 kcal and that of MSO4.5H2O is 2.8 kcal. The  



 heat  of hydration of MSO4 is  

 1) +18.7 kcal 2) -18.7 kcal 3) -15.9 kcal 4) -2.8 kcal  

14. An endothermic reaction is spontaneous when  

 1) H T S∆ > ∆  2) H T S∆ < ∆  3) H T S∆ = ∆  4) G∆ =0  

15. 0H E∆ = ∆ =  is a feature of  

 1) isothermal change  2) isobaric change  3) isochoric change 4) adiabatic change   

16. According to the set of conditions given below, which is not true  

 1) isothermal  - ∆U(Int E) = 0 2) Equilibrium - ∆G=0 

 3) In vacuum – Work done = 0 4) Cyclic process – Work done = 0  

17. If bond energies of H2, Cl2 and HCl are x, y and z kJ/mole respectively, then enthalpy of 

formation of HCl  

 is  

 1) x+y-2z 2) 0.5x+0.5y-z 3) z-x-y 4) x-y-z  

18. If 2 2 34 3 2A O A O+ →  and heat produced is 2000 kJ, then CombustionH∆  of ‘A’ is  

 1) -2000 kJ/mole 2) -1000 kJ/mole 3) -500 kJ/mole 4) -250 kJ/mole  

19. Given that  

 0

2 2( ) ( ) ( );C s O g CO g H aj+ → ∆ = −  

 0

2 22 ( ) 2 ( );CO g O CO g H bj+ → ∆ = −  

 The enthalpy of formation of CO(g) will be  

 1) 
( )

2

a b−
 2) (2a+b) 3) 

( 2 )

2

b a−
 4) (b-2a)  

20. The standard enthalpies of formation of NO2(g) andN2O4(g) are 8 kcal-mol
-1

 and 2 kcal-mol
-1

 

respectively.  

 The heat of dimerisation of NO2 in gaseous state is  

 1) 10 kcal mol
-1

 2) 6.0 kcal mol
-1

 3) -14 kcal mol
-1

 4) -6.0 kcal mol
-1

  

21. If water is formed from H
+
 ions and OH

-
 ions, the heat of formation of water, ∆H is  

 1) -13.7 kcal 2) +13.7 kcal 3) -63.4 kcal 4) +63.4 kcal  

22. In a chemical reaction ∆H=150kJ and ∆S=100 JK
-1

 at 300K. ∆G would be  

 1) zero 2) 300 kJ 3) 330 kJ 4) 120 kJ  

23. Heat given to a system under isochoric process is equal to  

 1) W 2) qp 3) ∆U 4) ∆H  

24. Entropy is a measure of disorder. For perfect crystalline substances at 0K, entropy becomes  

 1) minus 2) zero 3) constant  4) very low   

25. A system is provided 50J of heat and work done on the system is 10J. The change in internal 

energy during  

 the process is  

 1) 40J 2) 60J 3) 80J 4) 50J  

26. For which change H U∆ ≠ ∆  

 1) 2( ) 2( ) ( )2g g gH I HI+ ⇌  2) ( ) ( ) ( ) 2 ( )aq aq aq lHCl NaOH NaCl H O+ → +  

 3) ( ) 2( ) 2( )s g gC O CO+ ⇌  4) 2( ) 2( ) 3( )3 2g g gN H NH+ →   

27. Molar heat capacity of water in equilibrium with the ice at constant pressure is  

 1) zero 2) infinity (∞) 3) 40.45 kJ K
-1

 mol
-1

 4) 75.48 JK
-1

 mol
-1

  

28. Which one of the following statement is false  

 1) work is a state function  2) temperature is a state function 

 3) change in the state is completely defined when initial and final states are specified  

 4) work appears at the boundary of the system   

29. The enthalpy of vaporization of a liquid is 30 kJ mol
-1

 and entropy of vaporization is 75 J mol
-1

 

K
-1

 . The  

 boiling point of the liquid at 1 atm is  



 1) 250 K 2) 400 K 3) 450K 4) 600 K  

30. The species which by definition has ZERO standard molar enthalpy of formation at 298 K is  

 1) 2( )gBr  2) 2( )gCl  3) 2 ( )gH O  4) 
4( )g

CH  

31. Which of the following is not a state function  

 1) H 2) U 3) q 4) G  

32. Which of the following is intensive property  

 1) temperature  2) heat  3) mass  4) volume   

33. Closed system can exchange (with surroundings) 

 1) heat  2) matter 3) heat and matter 4) neither heat nor matter  

34. System and surroundings together constitute  

 1) the earth 2) the solar system  3) galaxy 4) universe   

35. ∆E and ∆H both are zero in  

 1) isobaric process 2) adiabatic process 3) isochoric process 4) cyclic process   

36. The heat of neutralization of four acids P, Q, R, S are -13.7, -9.4, -11.2 and -12.4kcal, 

respectively when  

 they are neutralized by a common base. The acidic character obeys the order  

 1) P>Q>R>S 2) P>S>R>Q 3) S>R>Q>P 4) S>Q>R>P  

37. Heat of combustion of CH4, C2H4 and C2H6 are -890, -1411 and -1560 kJ/mol respectively. 

Which has the  

 lowest calorific fuel value in kJ/g 

 1) CH4 2) C2H4 3) C2H6 4) all of these   

38. In which of the following H U∆ = ∆  

 1) 2 2 3( ) 3 ( ) 2 ( )N g H g NH g+ →  2) 2 2( ) ( ) ( )C s O g CO g+ →  

 3) 
5 3 2( ) ( ) ( )PCl g PCl g Cl g→ +  4) 

3 2( ) ( ) ( )CaCO s CaO S CO g→ +   

39. For the combustion of C3H8(g) at constant temperature H U∆ −∆ (g) is 

 1) -RT 2) +RT 3) -3RT 4) +3RT  

40. Enthalpy of solution of BaCl2 and BaCl2. 2H2O are –x and y kJ/mol respectively. The enthalpy 

of hydration  

 of BaCl2 to BaCl2.2H2O is  

 1) (x-y)kJ 2) (y-x)kJ 3) -(x+y)kJ 4) (x+y)kJ  

41. The placed in thermoflask is an example of  

 1) open system  2) close system  3) isolated system  4) it can’t act as system 

  

42. According to first law of thermodynamics  

 1) U∆ =q-w 2) U∆ =q+ H∆  3) U∆ =q+w 4) U∆ =q H∆   

43. A system absorbs 10kJ of heat and does 4 kJ of work. The internal energy of the system  

 1) decreases by 6 kJ 2) increases by 6 kJ 3) decreases by 14 kJ 4) increases by 14 kJ  

44. Energy required to dissociate 4g of gaseous H2 into free gaseous atoms is 872 kJ at 25
0
C. The 

bond energy  

 of H-H bond will be  

 1) 8.72 kJ 2) 4.36 kJ 3) 436 kJ 4) 43.6 kJ  

45. The dissociation energy of CH4g is 360 kcal mol
-1

 and that of C2H6 (g) 620kcal
-1

 . The C-C 

bond energy is  

 1) 260 kcal mol
-1

 2) 180 kcal mol
-1

 3) 130 kcal mol
-1

  4) 80 kcal mol
-1

 

46 When 1g of anhydrous oxalic acid is burnt at 25
0
C, the amount of heat liberated is 2.835 kJ. 

H∆  combustion is (Molecular weight of oxalic acid  = 90) 

 1) 255.15 kJ 2) 445.65kJ 3) 295.24 kJ 4) 155.16 kJ  

47. The standard free energy change 
0G∆ is related to K (equilibrium constant) as  

 1) 
0G∆ =-2.303 RT logK 2) 

0G∆ =2.303 RT logK  



 3) 
0G∆ = RT logK  4) 

0G∆ =-RT logK  

48. For the melting of NaCl heat required is 7.26kcal mol
-1

 and S∆ increases by 6.73 cal mol
-1

 K
-1

. 

The melting  

 point of the salt is  

 1) 805.75
0
C 2) 500K 3) 1.77K 4) 1.77

0
C  

49. The standard entropies of N2(g), H2(g) and NH3(g) are 191.5, 130.5, 192.6 JK
-1

 mol
-1

. The 

value of 
0S∆  of  

 formation of ammonia is  

 1) -98.9 JK
-1

mol
-1

 2) zero 3) +129.4 JK
-1

mol
-1

 4) -29.4 JK
-1

mol
-1

  

50. The correct thermodynamic conditions for the spontaneous reaction at lall temperature is  

 1) H∆ <0 and S∆ <0 2) H∆ <0 and S∆ =0  3) H∆ >0 and S∆ <0 4) H∆ <0 and S∆ >0  

51. The heat of combustion of carbon to CO2 is -393.5kJ/mol. The heat released upon formation of 

35.2g of  

 CO2 from carbon and oxygen gas is  

 1) -630 kJ 2) -3.15 kJ 3) -315 kJ 4) +315 kJ  

52. Standard enthalpy of vapourisation (0)

vapH∆ for water at 100
0
C is 40.66 kJ mol

-1
. The internal 

energy of vapourisation of water at 100
0
C (in kJ mol

-1
) is  

 1) +43.76 2) +40.66 3) +37.56 4) -43.76  

53. The heat of neutralization of HCl by NaOH is -55.9 kJ/mole. If the heat of neutralization of 

HCN by NaOH  

 is -12.1 kJ/mole, the energy of dissociation of HCN is  

 1) -43.8 kJ 2) 43.8 kJ 3) 68 kJ 4) -68 kJ  

54. Standard entropies of X2, Y2 and XY3 are 60,40 and 50 JK
-1

 mol
-1

 respectively. For the 

reaction 2 2 3

1 3
: 30

2 2
X Y XY H kJ+ → ∆ = −  to be at equilibrium, the temperature should be  

 1) 750 K 2) 1000 K 3) 1250 K 4) 500 K  

55. Three moles of an ideal gas expanded spontaneously into vacuum. The work done will be  

 1) infinite  2) 3 joules  3) 9 joules 4) zero   

56. Bond dissociation enthalpy of H2, Cl2
 
and HCl are 434,242 and 431 kJ mol

-1
 respectively. 

Enthalpy of  

 formation of HCl is  

 1) 245 kJ mol
-1

 2) 93 kJ mol
-1

 3) -245 kJ mol
-1

 4) -93 kJ mol
-1

  

57. Following reaction occurring in an automobile 

8 18 2 2 22 ( ) 25 ( ) 16 ( ) 18 ( )C H g O g CO g H O g+ → + . The sign of H∆ , S∆  and G∆  would be  

 1) -,+,+ 2) +,+,- 3) +,-,+ 4) -,+,-  

58. In the reaction : 2 33/ 2 2S O SO x+ → +  Kcal and 2 2 31/ 2SO O SO y kcal+ → + , the heat of 

formation of  SO2 is  

 1) (2x+y) 2) (x-y) 3) (x+y) 4) (y-2x)  

59. For the reaction 2 5 2 2 2( ) 3 ( ) 2 ( ) 3 ( ),C H OH l O g CO g H O l+ → + which one is true  

 1) H E RT∆ = ∆ −  2) H E RT∆ = ∆ +  3) 2H E RT∆ = ∆ +  4) 2H E RT∆ = ∆ −   

60. When 1 mol of gas is heated at constant volume temperature is raised from 298 to 308 K. Heat 

supplied to the gas is 500 J. Then which statement is correct  

 1) 500 , 0q U J w= ∆ = − =  2) 500 , 0q U J w= ∆ = =  

 3) 500 , 0q w J U= = ∆ =  4) 0, 500 ,U q w J∆ = = = −   

61. Unit of entropy is  

 1) JK
-1

 mol
-1

 2) J mol
-1

 3) J
-1

 K
-1

 mol
-1

 4) JK
 
mol

-1
  

62. In a closed insulated container a liquid is stirred with a paddle to increase the temperature 

which of the following is true  

 1) 0, 0E W q∆ = ≠ =  2) , 0E W q∆ = ≠  3) 0, 0E W q∆ = = ≠  4) 0, 0W E q= ∆ = ≠   



63. For which one of the following equations is 0

reactH∆ equal to 0

fH∆  for the product  

 1) 2 3 2 3( ) ( ) ( )N g O g N O g+ →  2) 4 2 2 2( ) 2 ( ) ( ) 2 ( )CH g Cl g CH Cl l HCl g+ → +  

 3) 2 4( ) 2 ( ) ( )Xe g F g XeF g+ →  4) 2 22 ( ) ( ) 2 ( )CO g O g CO g+ →   

64. The work done during the expansion of  a gas from a volume of 4dm
3
 to 6 dm

3
 against a 

constant external pressure of 3 atm is (1 L atm = 101.32 J) 

 1) -6 J 2) -608 J 3) +304 J 4) -304 J  

65. Identify the extensive quantities from the following  

 1) specific heat  2) heat capacity 3) pressure 4) molar entropy  

66. Which of the following element is having non-zero value of heat of formation  

 1) C(graphite) 2) S(rhombic) 3) O3 4) O2 

67. A reaction A+B →C+D+q is found to have a negative entropy change and exothermic. The 

reaction will be  

 1) feasible at high temperature only  2) feasible at low temperature only 

 3) not feasible at any temperature only 4) feasible at any temperature   

68. Which is correct for adiabatic process 

 1) W= ∆U 2) q= ∆U 3) W=q 4) W=-q  

69. The enthalpy change for the reaction is called 2 4 2 2 23 2 2C H O CO H O+ → +  

 1) enthalpy of formation  2) enthalpy of vaporization  

 3) enthalpy of sublimation  4) enthalpy of combustion   

70. 3 moles of an ideal gas expands isothermally and reversibly from 2 litre to 20 litre at 27
0
C. The 

work done is  

 1) -17.2 kJ 2) +17.2 kJ 3) +11.5 kJ 4) -11.5 kJ  

71. (Cp-Cv) for 10 moles of ideal gas will be 

 1) 10R 2) 
10

R
 3) R 4) 5R  

72. For isothermal process on an ideal gas  

 1) q=-W 2) ∆H=0 3) ∆U=0 4) all of these   

73. If bond energies of H2, I2 and HI are x,y and z kJ/mole respectively, then enthalpy of formation 

of HI is  

 1) x+y-2z 2) 0.5x+0.5y-z 3) z-x-y 4) x-y-z  

74. Which of the following equations correctly represents the 0

fH∆ of ethane  

 1) ( ) 2( ) 2 6( )2 3diamond g gC H C H+ →  2) 2 4( ) 2( ) 2 6( )g g gC H H C H+ →  

 3) ( ) 2( ) 2 6( )2 3graphite g gC H C H+ →  4) ( ) 2( ) 2 64 6 2 ( )graphite gC H C H g+ →  

75. In which of the following process entropy change ( )S∆  is negative  

 1) ( ) ( )l gHg Hg→  2) graphite diamondC C→  3) 3( ) 3( )s aqAgNO AgNO→  4) 2( ) 2( )s gI I∆→  

 



KEY 

 

1) 2 2) 3 3) 4 4) 1 5) 2 6) 1 7) 3 8) 2 9) 4 10) 3 

11) 3 12) 1 13) 2 14) 2 15) 1 16) 4 17) 2 18) 3 19) 3 20) 3 

21) 1 22) 4 23) 3 24) 2 25) 2 26) 4 27) 2 28) 1 29) 2 30) 2 

31) 3 32) 1 33) 1 34) 4 35) 4 36) 2 37) 2 38) 2 39) 3 40) 3 

41) 3 42) 3 43) 2 44) 3 45) 4 46) 1 47) 1 48) 1 49) 1 50) 4 

51) 3 52) 3 53) 2 54) 1 55) 4 56) 4 57) 4 58) 4 59) 1 60) 2 

61) 1 62) 1 63) 3 64) 2 65) 2 66) 3 67) 2 68) 1 69) 4 70) 1 

71) 3 72) 4 73) 2 74) 3 75) 2      

 

 

 



CHEMICAL EQUILIBRIUM 

 

CHEMICAL EQUILIBRIUM 

PHYSICAL EQUILIBRIUM CHEMICAL EQUILIBRIUM 

Ex. Ice Water

Molecular Equilibrium Ionic  Equilibrium 

PCl
5  (g)

    PCl
3  (g)   

+ Cl
2 (g) CH

3
 COOH (l)    CH

3 
COO- (l)+ H+ (l)

 
 

� In a reversible reaction, a state at which both forward and backward reactions occur at same 

speed is known as Equilibrium state. 

� At equilibrium the concentration of reactants is equal to the concentration of products. 

 

� Equilibrium is dynamic in nature i.e., both forward reaction and the reverse (backward) 

reaction continue to takeplace simultaneously with equal rates. 

 Chemical equilibrium: Equilibrium involving chemical reaction is considered as chemical 

equilibrium. 

 Characteristic of chemical equilibrium: 

i. Equilibrium is possible only in a closed system at a given temperature. 

ii. At equilibrium, all measurable properties such as pressure, concentration, density and colour 

of the system become constant and remain unchanged thereafter. 

iii. A chemical equilibrium can be established only when none of the products is allowed to 

escape out. 

iv. Chemical equilibrium can be approached from either direction i.e., from the reactant direction 

as well as from the product direction. 

 Ex :N2O4  ⇌  2NO2 

     (Colourless)   (Reddish brown)  

 This equilibrium can be attained either by decomposition of N2O4 or by the formation of N2O4. 



v. A catalyst affects the forward and the backward reactions equally. So, a catalyst only helps in 

attaining the equilibrium earlier. 

vi. The magnitude of the equilibrium constant represents the extent of the process proceeds 

before equilibrium is attained. 

Homogenous equilibrium:The equilibrium in which all the reactants and products are exist in 

same physical state is called homogenous equilibrium. 

  ��(�) + ��(�)⇌ 2��(�) 

  	
��(�)⇌ 	
�(�) + 
��(�) 

  ��(�) + ��(�)⇌ 2��(�) 


�
��
���(�) +���(�)⇌ 
�
���(�) + 
�����(�) 

 

Heterogeneous equilibrium: The equilibrium in which all the reactants and products are exist 

in different physical states is called heterogeneous equilibrium. 

  Ex : 3 2( ) ( ) ( )CaCO s CaO s CO g+⇌  

  4 3 2( ) ( ) ( )NH HS s NH g H S g+⇌
 

Law of massof action (Guldberg &Waage):According to this law, rate of reaction is directly 

proportional to product of active masses of reactants at given temperature. 

 Rate of reaction α  [Reactants] 

 [] represents active mass 

 Active mass means molar concentration 

 Law of chemical equilibrium: Consider a general reaction 

 aA+bB⇌ cC+dD 

 According to Law of mass action 

 Rate of forward reaction (rf)α [A]
a
[B]

b
 

  rf = kf [A]
a
[B]

b
 

  Kf=forward reaction rate constant  

  Acc. to law of mass action 

  Rate of Backward reaction (Kb)α [C]
c
[D]

d
 

  Kb = Backward reaction rate constant at equilibrium  

  Kf[A]
a
[B]

b
=Kb[C]

c
[D]

d 

K=
tan

tan

f

b

Krate cons t of forward reaction

rate cons t of backward reaction K
=  

  
��

��
= �� =

[�]�[�]�

[�]�[ ]�
 

 Kc= Equilibrium constant in terms of concentration. 

� Consider a general gaseous reaction 

 aA+bB⇌ cC+dD 

 
( ) ( )

( ) ( )

c d

D
p a b

A B

P P
K

P P
= Kp= equilibrium constant in terms of partial pressure  



 Relation between Kp& ( ) ng

cK RT ∆
 

 ng∆ = no.of moles of gaseous products – no.of moles of gaseous reactants 

 If ng∆ = 0 then Kp=Kc 

 If ng∆ = +ve then Kp>Kc 

 If ng∆ = -ve then Kp<Kc 

 

 

 

 Characteristics of equilibrium constant: 

i. The equilibrium constant for a particular reaction is always constant depending upon the 

temperature of the reaction and is independent of the initial concentration of the reactants.  

ii. If the reaction is reversed, the value of equilibrium constant is inversed (reciprocated). 

 Ex : 2 2( ) ( ) 2 ( ) 50cH g I g HI g K+ =⇌  

 
1

2 2

1 1
2 ( ) ( ) ( ) 0.02

50
c

c

HI g H g I g K
K

+ = = =⇌  

iii. If the reaction is multiplied by a factor (h) thenthe value of equilibrium constant becomes 

1 ( )hC cK K=  

If the reaction is multiplied by 2, the equilibrium constant for the new equation is square of  

‘K’ (K
2
).  

 Ex : 2 eq cA B C K K+ =⇌  

  
1 22 2 4 ( )eq c cA B C K K K+ = =⇌

 

If the reaction is divided by 2, the equilibrium constant for the new equation is square root of  

‘K’  =       
K ) 

  
!

�
" + 1/2% ⇌ �'( = �)	 = (��)

+

, 

iv. The pure solids and liquids are not considered for calculation of Kc because they have constant  

concentration, if one of the reactant or products is gas then we can calculate Kp. 

v. If the equation is written in two steps having equilibrium constants K1, K2 then K= K1 x K2. 

vi. At equilibrium: 

i) Rate of forward reaction = rate of backward reaction  

ii) Concentration (mole/litre) of reactant and product becomes constant 

iii) ∆G=0 

iv) Q=Keq 

Applications of equilibrium constant: 

i) Predicting the extent of a reaction 

a) If Kc>10
3
, products predominate over reactants. i.e., IfKc is very large, the reaction 

proceeds nearly to completion. 

b) If Kc<10
-3

, reactants predominate over products i.e., if Kc is very smell, the reaction 

proceeds to a very small extent 



c) If Kc is in the range of 10
-3

 to 10
3
, appreciable concentration of both reactants and 

products are present 

ii) Predicting the direction of the reaction 

 For the reaction aA+bB⇌ cC+dD 

At any stage of the reaction, other than the stage of chemical equilibrium, 

concentration ratio, as given by the expression for the law of chemical equilibrium is 

called concentration quotient (or) reaction quotient. It is visually represented by Qc or 

Q thus 

  Concentration quotient 
[ ] [ ]

[ ] [ ]

c d

a b

c D
Qc

A B
=  

a) If Q=K, the reaction is in equilibrium 

b) If Q>K, Q will tend to decrease 50 as to become equal to K. As a result, the reaction 

will proceed in the backward direction 

c) If Q<K, Q will tend to increase. As a result, the reaction will proceed in the forward 

direction 

iii) Calculating equilibrium concentrations relationship between Equilibrium constant (Kc), 

Reaction quotient (Q) and Gibb’s energy (G) 

 
0G G RTChQ∆ = ∆ +  

 At equilibrium ∆ G=0 and Q=K 

 ∆ G
0
-RTChK ⇒  K=

0 /G RTe−∆  

 
0 2.303 logG RT K∆ = −  

 
0 0 & 1G K∆ < > for a spontaneous reaction 

 
0 0 & 1G K∆ > < for a non- spontaneous reaction. 

� G∆  is negative, then the reaction is spontaneous and proceeds in forward direction. 

� G∆  is positive, then the reaction is non- spontaneous and proceeds in backward direction. 

� G∆ =0 , then the reaction is in equilibrium state. 

� Equilibrium constant in terms of mole fraction: 

When the amount of reactants and products is expressed in mole fraction, we get a new 

equilibrium constant and is expressed asKx. 

Consider a general reaction in equilibrium 

aA+bB⇌ cC+dD 

The amount of reactants and products in mole fraction is represented as  

The amount of A = xA (mole fraction o f A) 

The amount of B = xB (mole fraction o f B) 

The amount of A = xc  (mole fraction o f C) 

The amount of A = xD (mole fraction o f D) 

The equilibrium constant Kx

( ) ( )

( ) ( )

c d

c d

a b

a b

x x

x x
=  



 

Le-Chatelier’s Principle:When a system in dynamic equilibrium is subjected to a stress such as 

change in concentration, pressure or temperature, the equilibrium shifts in a direction that 

opposes or reduces the stress. 

 Factors affecting equilibrium: 

 Effect of concentration change: 

 A + B        ��⇀↽��  C+D  

� When the concentration of reactants (A,B)increases or the concentration of products 

(C,D)decreases in the equilibrium, the forward reaction is favoured. 

� When the concentration of products increases or the concentration of reactants decreases in 

the equilibrium, the backward reaction is favoured. 

 Effect of pressure change: 

� Increase in pressure shifts the equilibrium in the direction of decreasing gaseous moles. 

 CO(g) +3 H2(g) ��⇀↽��CH4(g) + H2O(g) 

 1mole + 3 moles    1 mole   1 mole  

 High pressure favours the forward reaction. 

� Decrease in pressure shifts the equilibrium in the direction of increasing gaseous moles. 

 

� The number of moles of gaseous reactants and products are equal there is  nopressureeffect. 

 H2(g) + I2(g) ��⇀↽�� 2HI (g) 

 N2(g) + O2(g) 
→← 2NO (g) 

 Effect of change in temperature  

� Increase in temperature shifts the equilibrium in the forward direction for endothermic 

reaction. 

  

� Decrease in temperature shifts the equilibrium in the forward direction for exothermic 

reaction. 

 N2(g) + 3H2(g) 
→← 2NH3(g) ∆ H= -93.38 KJ mol-1 

 
2SO2(g) +O2(g) 

→←  2SO3(g)∆ H= -189 KJ mol-1 

 2NO2(g) 
→← N2O4(g) ∆ H= -57.2 KJ mol-1 

Effect of addition of inert gas: 

� Addition of inert gas at constant volume has no effect in the state of equilibrium. 

� Addition of inertgas at constant pressure will shift towards the side where the number of 

moles per unit volume increases. If the number of moles of reactants and products are equal, 

then there is no effect of addition of inert gas. 

 Effect of catalyst: 



� Catalyst has no effect on the equilibrium state because italters both forward and backward 

reaction rates equally. 

� Relation between degree of dissociation (α ) and vapourdensity.  

 Degree of dissociation (α ) =
( 1)

D d

n d

−
−

or (α )=
D d

d

−
 

 D=Vapour density before dissociation 

 d= Vapour density after dissociation  

 n= number of moles obtained from one mole of dissociating species. 

 

� Molecular weight = 2 x vapour density 

 Then (α )= t o

o

M M

M

−
 

 Mt = Theoretical (calculated) molecular weight. 

Mo = observed (experimental) molecular weight. 

� Calculation of degree of dissociation using pressure temperature relation  

(α )= 2 2 1

2 1

tT P T P

T P

−
 

` VAPOUR PRESSURE OF LIQUID: 

It is the pressure exerted by the vapour over its liquid when it is in equilibrium with the liquid. 

Vapour pressure of water is also called aqueous tension 

 
22 2( ) ( ); p H OH O l H O g K P=⇌ = constant at fixed temperature 

 Hence V.P. of liquid is independent of pressure, volume and concentration change. 

 e.g. at 25
0
C, vapour pressure of water ≈  24mm of Hg 

� Relative Humidity = 2

2Pr

Partial pressure of H O vapours

Vapour essure of H O at that temp
 

 

 

 

THERMODYNAMICS OF EQUILIBRIUM: 

 

For a general reaction, ,mA nB pC qD G+ + ∆⇌  is given by  

 ∆G
0
=∆g

0
+2.303 RT  log10Q 

 ∆G
0
=-2.303 RT log10K 

 ∆G
0
=∆H

0
-T∆S

0
 

 Log10K=-
0 01

.
2.303 2.303

H S

RT R

∆ ∆
+  

 If plot of ink vs
1

T
is plotted then it is a straight line with slope = 

0H

R

∆
− and intercept =

0S

R

∆
 



  
 

 Vant Hoff equation - 
0

1

2 2 1

1 1
log

2.303

K H

K R T T

   ∆
= −   

   
 

 Note:∆H
0
 should be substituted with sign 

� For endothermic (∆H>0) reaction value of the equilibrium constant increases with the rise in 

temperature 

� For exothermic (∆H<0) reaction, valueof the equilibrium constant decreases with increase in 

temperature 

 

 

 

  



 

OBJECTIVE QUESTIONS 

 

1. A saturated solution of iodine in water is 1.25x10
-3

(M). In any saturated solution of I2 

concentration of I2 is 1.25x10
-3

(M). In 1L of 0.1 (M) solution I
-
 , it is seen that 51.25x10

-3
 mol 

of I2 can be dissolved maximum. In the aqueous solution of I
-
 (aq), I2 (aq) undergoes complex 

formation, I2(aq)+I
-
 CK���⇀↽���  3 ( )I aq− . What is the value of KC  

 1) 750 2) 800 3) 
1000

51.25
 4) 1  

2. In a reaction vessel of 2L capacity 3 mol of N2 reacts with 2 mol of O2 to produce 1 mol of NO. 

What is the molar concentration of N2 at equilibrium 

 1) 1.25 2) 1.50 3) 0.75 4) 2.0  

3. In the system,  

 3( ) 2 ( ) ( ) ( )2g g s gLaCl H O Heat LaClO HCl+ + +⇌ is established. More 

water vapor is added to reestablish the equilibrium. The pressure of water vapor is doubled. 

The factor by which pressure of HCl is changed is  

 1) 2 2) 2  3) 3  4) 5   

4. Which of the following graphs are correct for the given reaction : 

 2( ) 2( ) 2 ( ) ( )g gH CO H O g CO g+ +⇌  

 Assume initially only H2 and CO2 are present  

 1)  2)  3)  4)   

5. In a chemical reaction 2 3 33 2N H NH+ ⇌ , at equilibrium point  

 1) equal volumes of N2 and H2 are reacting  2) Equal masses of N2 and H2 are reacting 

 3) the reaction has stopped  

 4) the same amount of ammonia is formed as is decomposed into N2 and H2  

6. The approach of the following equilibrium was observed kinetically from both directions 

 2

4 2 2 3( )PtCl H O Pt H O Cl Cl− − −+ +⇌  

At 25
0
C, it is found 

2
5 1 2 34

4 2 3

[ ]
(3.9 10 )[ ] 2.1 10 / . )[ ( ) ][ ]

d PtCl
s PtCl Lmol s Pt H O Cl Cl

dt

−
− − − − − −−

= × − ×  

 Value of Kc when fourth Cl
-
 is complexes in the reaction : 

 2

2 3 4 2( )Pt H O Cl Cl PtCl H O− − −+ +⇌  is  

 1) 1.85x10
-2

mol/L 2) 1.86x2 mol/L 3) 53.85 L/mol 4) 8.19x10
-8

 L/mol-s 

7. An equilibrium mixture has the following composition  

 [CO]=0.022M, [CO2]=0.033M [H2O]=0.022M, [H2]=0.020 M 

 The value of equilibrium constant Kc for the reaction  

 2 2 2( ) ( ) ( ) ( )CO g H g CO g H O g+ +⇌ , is  

 1) 0.73 2) 1.50 3) 1.25 4) 1.36  

8. A quantity of PCl5 was heated in a 2L vessel at 525K. It dissociates as : 

 5 5 2( ) ( ) ( )PCl g PCl g Cl g+⇌  

At equilibrium 0.2 mol, each of PCl5, PCl3 and Cl2 is found in the reaction mixture. The 

equilibrium constant Kc for the reaction is  



 1) 0.2 2) 0.5 3) 0.1 4) 0.05  

9. The equilibrium constant for the reaction 

 2 2( ) ( ) 2 ( )H g I g HI g+ ⇌  

 Is 32 at a given temperature. The equilibrium concentrations of I2 and HI are 0.5x10
-3

 and  

 8x10
-3

M respectively. The equilibrium concentration of H2 is  

 1) 1x10
-3

M 2) 0.5 x10
-3

M 3) 2 x10
-3

M 4) 4 x10
-3

M  

10. A mixture with [N2O4]=0.090 mol/L and [NO2]=0.135 mol/L is at equilibrium. The value of Kc 

for the equilibrium 

 2 4 2( ) 2 ( )N O g NO g⇌ is  

 1) 0.4 2) 1.5 3) 0.15 4) 0.2  

11. A quantity of PCl5 was heated in a 10L vessel at 525 K. 5 3 2( ) ( ) ( )PCl g PCl g Cl g+⇌  is  

 1) 0.04 2) 0.4 3) 0.02 4) 0.05  

12. For the reaction, 2( ) ( ) 2 ( )C s CO g CO g+ ⇌ , the partial pressures of CO2 and CO are 2.0 and 

4.0 atm respectively at equilibrium. The Kp for the reaction is  

 1) 2.0 atm 2) 0.5 atm 3) 4.0 atm 4) 8.0 atm  

13. The decomposition of N2O4 to NO2 is carried out at 280
0
C in chloroform. When equilibrium is 

reached, 0.2 mol of N2O4 and 2x10
-3

 mol of NO2 are present in a 2 L solution, the equilibrium 

constant for the reaction 2 4 22N O NO⇌  is  

 1) 1x10
-2

 2) 2 x10
-3

 3) 1 x10
-5

 4) 2 x10
-5

  

14. One mole of SO3 was placed in a 2.0 L container at a certain temperature. The following 

equilibrium was established  

 3 2 22 ( ) 2 ( ) ( )SO g SO g O g+⇌  

At equilibrium, the container was found to contain 0.5 mol of SO2. The value of Kc for the 

reaction is  

 1) 0.5 2) 0.25 3) 1.0 4) 0.125  

15. For 4 3 2( ) ( ) ( )NH HS s NH g H S g+⇌ , If Kp=64 atm
2
, equilibrium pressure of mixture is  

 1) 8 atm 2) 16 atm 3) 64 atm 4) none of these   

16. For the system A(g)+2B(g) ⇌C(g)the equilibrium concentration is  

 A=0.06 mol L
-1

; B=0.12 mol L
-1

 

 C=0.216 mol L
-1

 the Keq for the reaction is  

 1) 250 2) 416 3) 4x10
-3

 4) 125  

 

Applications of Equilibrium constant (K) 

17. The equilibrium constant of the reaction 2 2( ) ( ) 2 ( )A g B g AB g+ ⇌  at 373K is 50. If 1L of flask 

containing 1 mol of A2(g) is connected to 2L flask containing 2 mol B2(g) at 100
0
C, the amount 

of AB produced at equilibrium at 100
0
C would be  

 1) 0.93 mol 2) 1.87 mol 3) 2.80 mol 4) 3.74 mol  

18. In a closed system : A(s) ⇌ 2B(g)+3C(g), if the parital pressure of C is doubled, then partial 

pressure of B will be   

 1) two times the original pressure  2) one – half of its original value  

 3) 
1

2 2
 times the original value  4) 2 2  times the original value   

19. For the reaction, N2(g)+3H2(g) 32 ( ) 93.6 /
eqK

NH g H kJ mol→ ∆ = −←  



 For reaction, 
'

2 2 3

1 3
( ) ( ) '

2 2

eqK

N g H NH g H→+ ∆←  which of the following is/are correct  

 1) at any given temperature K’eq < Keq   

 2) On increasing temperature Keq increases at a greater proportion than K’eq 

 3) both 1 and 2 are correct  4) neither 1 nor 2 is correct   

20. Starting with 2 mol of PCl5 in 1 L container, 0.5 mol of PCl5 dissociates till equilibrium at 25
0
C 

is reached. Equilibrium constant KC is  

 1) 6 2) 4.5 3) 1/6 4) none   

21. In the reaction A B C D+ +⇌  The initial concentration of A is double the initial concentration 

of B. At equilibrium, the concentration of B was found to be one – third of the concentration of 

C. The value of equilibrium constant is  

 1) 1.8 2) 1.008 3) 0.0028 4) 0.08  

22. 4g of hydrogen react with 9.023 x 10
23

 molecules of chlorine to form HCl gas. The total 

pressure after the reaction was found to be 700 mm. The partial pressure of HCl will be  

 1) 3900 mm 2) 600 mm 3) 700 mm 4) 350 mm  

23. Mol of PCl3(g) and 2.0 mol of Cl2(g) were placed in a 3L flask and heated to 400K. When 

equilibrium was established, only 0.70 mol of PCl3(g) remained. What is the value of 

equilibrium constant for the reaction  

 3 3( ) ( )PCl g PCl g⇌  at 400 K  

 1) 0.25 2) 1.31 3) 0.76 4) 2.6  

24. For the reaction 5 3 2( ) ( ) ( )PCl g PCl g Cl g+⇌ , the moles of each component PCl5, PCl3 and 

Cl2 at equilibrium were found to be 2. If the total pressure is 3 atm. The Kp will be  

 1) 1 atm 2) 2 atm 3) 3 atm 4) 1.5 atm  

25. A 10L box contains O3 and O2 at equilibrium at 2000 K. Kp=4.17x10
14

 atm for 2O3 ⇌ 3O2. 

Assume that 
2 3O OP P>>  and if total pressure is 7.33 atm, then partial pressure of O3 will be  

 1) 9.71x10
-5

atm  2) 9.71 x10
-7

atm 3) 9.71 x10
-6

atm 4) 9.71 x10
-2

atm  

26. In an aqueous solution of volume 500 mL, when the reaction of 
22 2Ag Cu Cu Ag+ ++ +⇌ , 

reached equilibrium the [Cu
2+

] was xM. When 500 mL of water is further added, at the 

equilibrium [Cu
2+

] will be  

 1) 2x M 2) x M 3) between xM and x/2 M 4) less than x/2 M

  

27. For reaction ; ( ) ( ) ( )g g gA B AB+ ⇌ , we start with 2 mol of A and B each. At equilibrium 0.8mol 

of AB is formed. Then how much of A changes to AB 

 1) 20% 2) 40% 3) 60% 4) 4%  

28. The partial pressure of CH3OH(g), CO(g)  and H2(g) in equilibrium mixture for the reaction, 

CO(g)+2H2(g) ⇌CH3OH(g) are 2.0, 1.0 and 0.1 atm respectively at 427
0
C. The value of Kp 

decomposition of CH3OHto CO and H2 is  

 1) 10
2
 atm 2) 2x10

2
 atm

-1
 3) 50 atm

2
 4) 5x10

-3
 atm

-2
  

29. XY2 is 600 mm Hg, the total equilibrium pressure is 800 mm Hg. Calculate K for the reaction 

assuming that, the volume of the system remains unchanged  

 1) 50 2) 100 3) 166.6 4) 400  

30. What weight of solid ammonium carbamate (NH2COONH4) when vaporized at 200
0
C will 

have a volume of 8.96 L at 1.0 atm pressure ? Assume that the solid completely decomposes 

into CO2 and NH3 at 200
0
C and 1.0 atm 



 1) 4g 2) 6g 3) 5g 4) 10g  

31. At temperature ,T, a compound AB2(g) dissociates according to the reaction : 

2 22 ( ) 2 ( ) ( )AB g AB g B g+⇌  with a degree of dissociation x, which is small compared with 

unity. The expression for Kp, in terms of x and the total pressure P is  

 1) 
3

2

Px
 2) 

2

3

Px
 3) 

3

3

Px
 4) 

2

2

Px
  

32. When 20g of CaCO3 were put into 10L flask and heated to 800
0
C, 35% of CaCO3 remained 

unreacted at equilibrium, Kp for decomposition of CaCO3 is  

 1) 1.145 atm 2) 0.145 atm 3) 2.146 atm 4) 3.145 atm  

33. For the reversible system : ( ) ( ) ( ) ,g g gX Y Z+⇌  a quantity of X was heated at constant pressure 

P at a certain temperature. The equilibrium partial pressure of X was found to be P/7. What is 

the value of KP at given temperature  

 1) 6 P/7 2) 9 P/7 3) 36 P/7 4) 6 P  

34. For the reaction 

 2 2 2( ) 2 ( ) 2 ( ) (1)SnO s H g H O g Sn+ +⇌  

Calculate Kp at 900 K, where the equilibrium steam – hydrogen mixture was 45% H2 by 

volume  

 1) 1.49 2) 1.22 3) 0.67 4) none of these   

35. For the reaction A(g)+3B(g) ⇌ 2C(g) at 27
0
C, 2 mol of A, 4 mol of B, and 6 mol of C are 

present in 2L vessel. If KC for the reaction is 1.2, the reaction will proceed in  

 1) forward direction   2) backward direction  

 3) neither direction   4) none of these   

36. The equilibrium constant for the reaction CO(g)+H2O(g) ⇌CO2(g)+H2(g) is 5. How many 

moles of CO2 must be added to 1 liter container already containing 3 mol each of CO and H2O 

to make 2 M equilibrium concentration CO 

 1) 15 2) 19 3) 5 4) 20  

37. Pure PCl5 is introduced into an evacuated chamber and comes to equilibrium at 247
0
C and 2.0 

atm. The equilibrium gaseous mixture contains 40% chlorine by volume. Calculate Kp at 247
0
C 

for the reaction 

 PCl5(g) ⇌ PCl3(g)+Cl2(g) 

 1) 0.625 atm 2)  4 atm 3) 1.6 atm 4) none of these   

38. The following  

 
1

2

14 1

2

3 1

2 2

2 ( ) ( ) ( ); 10

( ) ( ) ( ); 6 10

P

P

CO g C s CO g K atm

CO g Cl g COCl g K atm

− −

− −

+ =

+ = ×

⇌

⇌
 

 What is the equilibrium constant KC for the following reaction at 1120 K 

 2 2 2( ) ( ) 2 ( ) 2 ( )C s CO g Cl g COCl g+ + ⇌  

 1) 3.31x10
11

M
-1

 2) 5.5 x10
10

M
-1

 3) 5.51 x10
6
M

-1
 4) none of these   

39. Assume that the decomposition of HNO3 can be represented by the following equation  

 3 2 2 24 ( ) 4 ( ) 2 ( ) ( )HNO g NO g H O g O g+ +⇌  

And the reaction approaches equilibrium at 400 K temperature and 30 atm pressure. At 

equilibrium partial pressure of HNO3 is 2 atm. Calculate KC in (mol/L)
3
 at 400 K  

(Use : R=0.08 atm.L/mol.K) 

 1) 4 2) 8 3) 16 4) 32  



40. Ammonium carbamate dissociates as 2 4 3 2( ) 2 ( ) ( )NH COONH s NH g CO g+⇌ In a closed 

vessel containing ammonium carbamate in equilibrium, ammonia is added such that parital 

pressure of NH3 now equals to the original total pressure. Calculate the ratio of partial pressure 

of CO2 now to the original partial pressure of CO2 

 1) 4 2) 9 3) 4/9 4) 2/9  

41. 22 ( ) 2 ( ) ( )NOBr g NO g Br g+⇌ . If nitrosyl bromide (NOBr) is 40% dissociated at certain 

temperature, and a total pressure of 0.30 atm. Kp for the reaction 

 2NO(g)+Br2(g) ⇌ 2NOBr(g) is  

 1) 45 2) 25 3) 0.022 4) 0.25  

42. A mixture of 0.3 mol of H2 and 0.3 mol of I2 is allowed to react in a 10 litre evacuated flask at 

500
0
C. If the value of Kc is 64, the amount of iodine that remains unreacted at equilibrium is  

 1) 0.15 mol 2) 0.06 mol 3) 0.03 mol 4) 0.2 mol  

43. 4.5 mol each of hydrogen and iodine were heated in a 10 liter vessel. At equilibrium, 3 mol of 

HI was formed.  The equilibrium constant for the reaction is  

 1) 1.0 2) 10.0 3) 5.0 4) 0.33  

44. For the reaction A+B ⇌C+D, equilibrium concentration of [C]=[D],0.5M if we start with 1 

mol each of A and B. Percentage of A converted into C if we start with 2 mol of A and 1 mol of 

B, is  

 1) 25% 2) 40% 3) 66.66% 4) 33%  

45. Equilibrium constant K changes with temperature. At 300 K, equilibrium constant is 25 and at 

400 K it is 10. Hence, backward reaction will have energy of activation 

 1) equal to that of forward reaction  2) less than that of forward reaction 

 3) greater than that of forward reaction   

 4) given values are not sufficient to explain given statement   

46. For the reaction  

 2 4 3 2( ) 2 ( ) ( )NH COONH s NH g CO g+⇌  

The equilibrium constant KP = 2.92x10
-5

atm
3
. The total pressure of the gaseous products when 

1 mol of reactant is heated will be  

 1) 0.0194 atm 2) 0.0388 atm 3) 0.0582 atm 4) 0.0667 atm  

47. For the following equilibrium : (omitting charges)  

 

1

2 2

2 3 2

3

:

:

:

: 3

eq

eq

eq

eq

I M Cl MCl K

II MCl Cl MCl K

III MCl Cl MCl K

IV M Cl MCl K K

β

β

β

+ → =

+ → =

+ → =

+ → =

 

 Then relation between 1 2, ,K β β  and 3β  is  

 1) 
1 2 3kp p p pβ β β= + +  2) 1 2 3K β β β=  

 3) log K= 1 2 3log log logβ β β+ +  4) all of these   

48. The equilibrium constant, KC for the reaction  

 2 2 22 ( ) ( ) 2 ( )H g S g H S g+ ⇌  

 Is 1.1x10
-7

 at 975K. The value of KC for the reaction  

 2 2 2

1
( ) ( ) ( )

2
H S g H g S g+⇌  would be  



 1) 3x10
-3

 2) 1x10
-4

 3) 3.3 x10
3
 4) 3.3 x10

-4
  

49. The equilibrium constant for the reaction 

 2 2( ) ( ) ( )COCl g CO g Cl g+⇌  

 Is 5x10
-2

. The equilibrium constant for the reaction, 

 2 2( ) ( ) ( )CO g Cl g COCl g+ ⇌  would be  

 1)  5x10
-2

 2) -5x10
-2

 3) 20 4) 2x10
-2

  

50. 56g of N2 and 6.5g of H2 were kept at 400
0
C in 1L vessel. The equilibrium mixture contained 

25.5g of NH3. The value of KC for the above reaction in mol
2
/L

2
 is  

 1) 1.8 2) 18 3) 21 4) 30  

51. One mole of SO3 was placed in a two litre vessel at a certain temperature. The following 

equilibrium was established in the vessel  

 3 2 2( ) 2 ( ) ( )SO g SO g O g+⇌  

 At equilibrium, the vessel was found to contain 0.5 mol of SO3. The value of K would be  

 1) 0.25 2) 0.125 3) 0.5 4) 1  

52. AB dissociates as  

 22 ( ) 2 ( ) ( )AB g A g B g+⇌  

When the initial pressure of AB is 500mm Hg, the pressure becomes 625 mm Hg when the 

equilibrium is attained. Calculate Kp for the reaction assuming volume remains constant. 

 1) 500 2) 125 3) 750 4) 375  

53. For the equilibrium N2O4(g) ⇌ 2NO2(g), the equilibrium constant Kp=0.112 at 298K. If the 

partial pressure of NO2 in the equilibrium mixture is 0.40 atm, the partial pressure of N2O4 

would be  

 1) 0.28 atm 2) 0.56 atm 3) 2.8 atm 4) 1.43 atm  

54. The equilibrium N2+O2 ⇌ 2NO is established in a reaction vessel of 2.5 L capacity. The 

amounts of N2 and O2 taken at the start were respectively 2 mol and 4 mol. Half a mol of 

nitrogen has been used up at equilibrium. The molar concentration of nitric oxide is  

 1) 0.2 mol/L 2) 0.4 mol/L 3) 0.6 mol/L 4) 0.1  

55. 6 mol of A were mixed with 4 mol of B in a 5L container. At equilibrium, the reaction mixture 

was found to contain 4 mol of C according to the reaction  

 2 ( ) ( ) 2 ( ) ( )A g B g C g D g+ → +  

 The equilibrium constant KC for the reaction is  

 1) 0.2 2) 4.0 3) 0.5 4) 5.0  

56. For the equilibrium  

 
|

3

3 2 2 3 3 3( ) ( )

tan tan

CH

CH CH CH CH g CH CH CH g

n Bu e iso bu e

− −

− −

⇌

 

If the value of KC is 3.0, the percentage by mass of isobutane in the equilibrium mixture would 

be  

 1)  75% 2) 90% 3) 30% 4) 60%  

57. Two moles of HI was heated in a sealed tube at 440
0
C till the equilibrium was reached. HI was 

found to be 20% decomposed. The equilibrium constant for dissociation is  

 1) 16 2) 0.625 3) 0.1 4) 0.0625  

58. N2+3H2⇌ 2NH3. This is gaseous phase reaction taking place in 1L flask at 127
0
C. Starting 

with 1 mol of N2 and 3 mol of H2, equilibrium mixture required 500 mL of 1M HCl. Hence KC 

is approximately  



 1) 0.06 2) 0.08 3) 0.03 4) 2.05  

59. One mole each of A and B and 3 mol each of C and D are placed in 1L flask, if equilibrium 

constant is 2.25 for A+B⇌C+D, equilibrium concentration of A and C will be in the ratio  

 1) 2:3 2) 3:2 3) 1:2 4) 2:1  

 

Le Chatellier’s Principle  

60. In the gaseous equilibrium 

 A+2B⇌C+Heat, the forward reaction is favoured : 

 1) low P, High T 2) Low P, Low T 3) High P, Low T 4) High P, High T 

61. The equilibrium, SO2Cl2(g) ⇌ SO2(g)+Cl2(g) is attained at 298 K in a closed container and an 

inert gas, He is introduced. Which of the following is/are correct  

 1) concentration of SO2(g), Cl2(g) and SO2 Cl2(g) remain unchanged  

 2) more Cl2(g) is formed  3) concentration of SO2(g) is reduced  

 4) more SO2Cl2(g) is formed   

62. The volume of a closed reaction vessel in which the equilibrium :  

 2SO2(g)+O2(g) ⇌ 2SO3(g) sets is halved, Now  

 1) The rates of forward and backward reactions will remain the same  

 2) the equilibrium will not shift  3) the equilibrium will shift to the right  

4) the rate of forward reaction will become double than that of reverse reaction and the 

equilibrium will shift to the right   

63. Which of the following factors will enhance the amount of C2H4(g) present at equilibrium in 

the following reaction for which the enthalpy change H∆  is negative  

 C2H4(g)+H2(g) ⇌  C2H6(g) 

 1) increasing temperature decreasing pressure  2) removal of some H2(g) 

 3) adding some C2H6(g) 4) all of these   

64. In the Haber’s process, for manufacturing ammonia, the reaction N2(g)+3H2(g) ⇌ 2NH3(g) is 

performed at 200 atm pressure in the presence of a catalyst and at a temperature for the process 

because  

 1) the yield is maximum at this temperature  2) catalyst is active only at this temperature  

 3) the energy needed for the reaction is easily obtained only at this temperature  

4) the rate of catalytic reaction is fast enough and the yield is also appreciable for this 

exothermic reaction at this temperature  

65. For the reaction : PCl5(g) ⇌ PCl3(g)+Cl2(g). The forward reaction at constant temperature is 

favoured by  

 1) introducing an inert gas at constant volume  

 2) introducing chlorine gas at constant volume  

 3) introducing an inert gas at constant pressure  4) none of these   

66. Which of the following reactions will not be affected by increasing the pressure  

 1) 5 3 2( ) ( ) ( )PCl g PCl g Cl g+⇌  2) 2 2( ) ( )2 ( )N g O g NO g+ ⇌  

 3) 3 2( ) ( ) ( )CaCO g CaO s CO g+⇌  4) 2 2 2( ) ( ) ( ) ( )CO g H O g CO g H g+ +⇌  

67. In each of the following equilibria, pressure is made four times after equilibrium is set up. In 

which case yield of the product (s) is maximum  

 1) 2 4 2( ) 2 ( )N O g NO g⇌  2) 2 2( ) ( ) ( ) ( )C s H O g CO g H g+ +⇌  

 3) 2 2 3 22 ( ) 3 ( ) ( ) 3 ( )Fe s H O g Fe O s H g+ +⇌  4) 2 2 2( ) 3 ( ) 2 ( )N g H g NH g+ ⇌   



Degree of Dissociation, Vapour Density and Simultaneous Equilibria : 

68.  0.020g of selenium vapour at equilibrium occupies a volume of 2.463 mL at 1 atm and 27
0
C. 

The selenium is in a state of equilibrium according to reaction 

 2 23 ( ) ( )Se g Se g⇌  

 What is the degree of association of selenium  

 (Atomic weight of Se=79; 
3

41 2.463 10
10 )

0.0821 300

−
−× ×

=
×

 

 1) 0.205 2) 0.315 3) 0.14 4) none of these   

69. Two moles of ammonia was introduced in an evacuated vessel of 1L capacity. At high 

temperature, the gas undergoes partial dissociation according to the equation  

 3 2 22 ( ) ( ) 3 ( )NH g N g H g+⇌  

 At equilibrium the concentration of ammonia was found to be 1 mol. What is the value of K ? 

 1) ¾=0.75 mol
2
L

-2
 2) 3/2=1.5 mol

2
L

-2
 3) 27/16=1.7 mol

2
L

-2
 4) 27/64=0.42 mol

2
L

-2
  

70. For the reaction 2 2 2H I HI+ ⇌  

 The value of equilibrium constant is 9.0. The degree of dissociation of HI will be  

 1) 2 2) 2/5 3) 5/2 4) 1/2  

71. HI was heated in a sealed tube at 440
0
C till the equilibrium was established. The dissociation of 

HI was found to be 22%. The equilibrium constant for dissociation is  

 1) 0.282 2) 0.0786 3) 0.0199 4) 1.99  

 

KEY 

1) 2 2) 1 3) 2 4) 1 5) 4 6) 3 7) 1 8) 3 9) 4 10) 4 

11) 1 12) 4 13) 3 14) 4 15) 2 16) 1 17) 2 18) 3 19) 1 20) 3 

21) 1 22) 2 23) 3 24) 1 25) 2 26) 4 27) 2 28) 4 29) 2 30) 2 

31) 1 32) 1 33) 2 34) 1 35) 1 36) 2 37) 3 38) 1 39) 4 40) 3 

41) 1 42) 2 43) 1 44) 4 45) 3 46) 3 47) 4 48) 3 49) 3 50) 1 

51) 2 52) 2 53) 4 54) 2 55) 2 56) 1 57) 2 58) 3 59) 1 60) 3 

61) 1 62) 4 63) 4 64) 4 65) 3 66) 2,4 67) 4 68) 2 69) 3 70) 2 

71) 3          

 



HYDROGEN  

 PREPARATION: 

1. Bosch method: Reaction of hydrocarbons and water 

Hydrogen was prepared by reaction of steam on hydrocarbons or coke at high temperature in 

the presence of catalyst. 

 CnH2n+2  + n H2O 1270 /K catalyst→ nCO + (2n +1) H2 

 C + H2O →CO + H2 

 Water gas shift method: 

 CO is converted to CO2 by passing steam over iron oxide to form more Hydrogen. 

 CO + H2O 2 3673 /K Fe O→CO2 + H2 

The above method is called as Bosch process. 

2. LANE’S PROCESS: 

3 Fe + 4H2O (steam) →Fe2O3 + 4H2 

3. Hydrogen can be prepared by action of water or dilute mineral acid on metals. 

2Na(s) + H2O (l) →  2 NaOH + H2 

The above reaction is vigorous reaction. To minimize the rate of reaction, alkali metals are 

used in the form of amalgams (metal and mercury alloy is called as amalgam). 

2Na(Hg) + 2 H2O →2 NaOH + H2 + 2 Hg 

4. By the action of steam or hot water: 

Like Mg, Zn, Fe metals react with hot water or steam and produce hydrogen gas. 

5. By reaction of water with metal hydrides: 

NaH + H2O →  NaOH + H2 

CaH2 + H2O →  Ca(OH)2 + 2 H2 

6. Electrolysis of water: 

By large scale hydrogen is prepared by electrolysis of acidulated /acidified water  

2 H2O (l) Electrolysis→  2H2 (g) + O2(g) 

7. Hydrogen can also be prepared by reaction of metals like Zn, Al, Be etc., with alkalies.  

Zn + 2NaOH →Na2ZnO2 (sodium zincate) + H2 

Be + 2NaOH →  Na2BeO2 (sodium berylate) + H2 

PROPERTIES OF HYDROGEN: 

1. Hydrogen is colourless, tasteless and highly combustible gas. 

2. Dihydrogen exists in two forms.  i. Ortho hydrogen  ii. Para hydrogen 

In ortho hydrogen two nuclei have parallel spin, where as in para hydrogen two nuclei  has 

opposite spin. These two forms of hydrogen are called as nuclear spin isomers. 

H H HH
 

Ortho Hydrogen                      Para hydrogen 



Two nuclei with parallel spin   Two nuclei with opposite spin  

Total nuclear spin= ½ + ½= 1  Total nuclear spin= ½ - ½ =0 

Due to difference in nuclear spin, ortho and para hydrogens have different physical properties 

like boiling point, specific heat, thermal conductivity etc.. 

Para hydrogen has lower internal energy and hence at absolute zero temperature a sample of 

hydrogen contains only para form. At high temperature percentage of ortho hydrogen 

increases.  

1. Hydrogen is less reactive at room temperature due to high dissociation energy  

(436KJmol
-1

) and smaller bond length(74pm). 

2. Except noble gases and Fe, Co etc. hydrogen react with almost all elements. 

H2 + 2 Na 573K→  2NaH  

2 H2 + O2 
970K→  2 H2O 

H2 + F2 
dark→ 2 HF (l)  

3. Hydrogen reacts with CO at 700K under pressure in the presence of catalyst forms methanol. 

CO +  2H2 
2 3

700K,200atmos

ZnO/Cr O
→CH3OH 

4. Hydrogen acts as reducing agent.  

CuO + H2 →Cu + H2O 

5. Hydrogenation of unsaturated hydrocarbons. 

CH2 = CH2 + H2 →  CH3 – CH3  

HYDRIDES:  

Binary compounds of hydrogen and metals, non-metals and metalloids are called as hydrides. 

These hydrides are classified in to following categories depending upon the physical and 

chemical properties. 

i. Saline or Ionic hydrides: These hydrides are formed by combination of hydrogen with s-

block metals.  These hydrides are denser than corresponding metals. In molten state these 

hydrides are conductors. 

  LiH, CaH2. NaH, (Except BeH2 , MgH2)  

ii. Metallic hydrides or Interstitial hydrides: These hydrides are obtained by combining d 

and f- block metals. 

ScH2 , LaH2 

iii. Molecular or Covalent hydrides: These hydrides are obtained by combining p- block 

elements (except Te) and s- block elements Be (BeH2), Mg (MgH2). 

Molecular hydrides once again classified in to Electron deficient (B2H6), Electron precise  

(CH4) and Electron rich hydrides (NH3). 

The elements of VII, VIII and do not form hydrides, this is known as Hydride gap.  



NOTE: C – H bond strength is less than C-D bond strength, so C-D bond cleavage becomes 

difficult, so reaction becomes slow. If C-H bond cleavage is RDS i.e., slowest step.  

� If Zn pieces are added to aqueous FeCl3 solution, deep yellow colour of FeCl3 

fades and changes to light green. But if hydrogen gas is passed in to FeCl3 solution 

there is no change. Why?  

 FeCl3  solution is acidic due to hydrolysis.  

Fe
3+

 Cl3 + 3 H2O ��⇀↽�� Fe(OH)3 + 3HCl 

On addition of Zn pieces nascent hydrogen is released in situ (during the reaction), 

nascent hydrogen being more reactive causes reduction of Fe
3+

 ( deep yellow) changes 

to Fe
2+

 ( Light green). Molecular hydrogen will not effective in this reaction.  

Zn + 2 H
+
 ��⇀↽��  Zn

2+
 + (2H) 

FeCl3 (deep yellow) + (H) →FeCl2 (light green) + HCl  

WATER 

� Water shows maximum density at 4
0
C. 

� P
H
 of pure water is 7at 25

0
C, it is amphoteric in nature. 

� Water reacts with active metals and liberates hydrogen gas. 

2 Na +2 H2O →2 NaOH + H2 

� Water decomposed by fluorine. 

2 F2 + 2 H2 O →  4 HF + O2  

3F2 + 3 H2O →  6 HF + O3  

� Reaction with chlorine: 

Cl2 + H2 O ( cold) →HCl + HOCl 

2 Cl2 + 2H2O  sunlight→  4 HCl + O2 

� Aidic oxides combine with water and produces acids. 

CO2 + H2O →H2CO3 

SO2 + H2O →  H2SO3  

� Basic oxides react with water and produces alkalis. 

Na2O + H2 O →  2 NaOH 

CaO + H2O →  Ca(OH)2 

� Hydrides, carbides, nitrides & phosphides decomposed by water.  

2NaH + H2O →2 NaOH + H2 

CaH2 + 2H2O →  Ca (OH)2 + 2H2 

CaC2 + 2 H2O →  C2H2 + Ca (OH)2 

Al4C3 +12 H2O →  4 Al (OH)3 + 3 CH4  

MgC3 + H2O →CH3-C ≡CH + Mg (OH)3  

� Hydrolysis of salts: 



NaCl+ H2O →  NaOH+ HCl 

K2SO4 + H2O →  2 KOH + H2SO4 

NH4 Cl + H2O →NH4OH + HCl 

CH3COONa + H2O →  CH3COOH + NaOH 

(NH4)2CO3 + 2 H2O →  2 NH4OH + H2CO3  

 

 

           HARD WATER & SOFT WATER 

Water is classified in to two types depending upon the behaviour towards soap solution.  

i. Soft water     ii. Hard water  

Soft water produces lather with soap more readily and hard water does not give foam with soap easily.  

The hardness of the water is categorized in to  

i. Temporay hardness: Due to presence of bicarbonates of calcium and magnesium.   

ii. Permanent hardness: Due to presence of chlorides, sulphates of calcium and magnesium. 

REMOVAL OF HARDNESS OF WATER 

Removal of Temporary hardness:  

A: By boiling  

 Ca (HCO3)2   
boil→CaCO3 + CO2 + H2O 

Mg (HCO3)2   
boil→Mg CO3 + CO2 + H2O 

B: CLARKS METHOD: 

 Ca(HCO3)2 + Ca(OH)2 →  2 CaCO3 ↓+ 2 H2O  

Mg(HCO3)2 + Ca(OH)2 →   CaCO3 ↓+ Mg CO3 ↓+ 2 H2O 

Removal of Permanent hardness:  

A. Washing soda method: In this method soluble calcium and magnesium salts are converted 

into insoluble carbonates. 

CaCl2 + Na2CO3 →  CaCO3 ↓  + 2 NaCl 

Ca SO4  + Na2CO3 →  CaCO3 ↓  +  Na2SO4 

B. Permutit (Na2Al2Si2O8.xH2O) method: In this process sodium ions of permutit are exchanged 

with calcium and magnesium ions when hard water is passed through it. 

 Na2Al2Si2O8.xH2O + Ca
+2

  →  CaAl2Si2O8.xH2O + 2 Na
+2

   

Na2Al2Si2O8.xH2O + Mg
+2

  →  MgAl2Si2O8.xH2O + 2 Na
+2

   

Exhausted permutit can be regenerated by treating with brine solution. 

C. Calgon method: Calcium and magnesium salts of hard water react with calgon 

Na2[Na4(PO3)6]  to give a complex salt.  

2 CaSO4 + Na2[Na4(PO3)6]  →  Na2SO4 + Na2[Ca2(PO3)6]   

2 Mg SO4 + Na2[Na4(PO3)6]  →  Na2SO4 + Na2[Mg2(PO3)6]  



D. Ion exchange resins: Ion exchange resins are giant organic molecules with high    

    molecular weight.  

 Ion exchange resins are two types 

 i. Cation exchange resins: Ca
+2

 + 2 R-H
+ 

 →  CaR2 + 2 H
+
 ( R- resin) 

 ii. Anion resin: R-OH + Cl
-
 or SO4

2-
 →R-Cl Or R2SO4 + OH

-
 

DEGREE OF HARDNESS OF WATER 

Degree of hardness of water can be expressed as parts per million (ppm) 

The number of parts of calcium carbonate or equivalent to various calcium and  

Magnesium salts present in million parts (10
6
) of water is called as degree of  

hardness of water.  

Ex: In a 1000 ml of water sample contains 1mg of MgCl2 and 1 mg of CaCl2, the total  

hardness of water in terms of CaCO3 will be calculated as follows. 

111 grams of CaCl2 = 100 grams of CaCO3 

95 grams of MgCl2   = 100grams of CaCO3 

∴1 mg CaCl2 = 1 mg MgCl2 = 
100 100

X
111 95

 
 
 

 mg of CaCO3 = 1.95mg CaCO3 

∵1 lit (10
3 

parts) water = 1.95 mg CaCO3 

10
6
 parts of water contains= 1.95 g CaCO3  

Degree of hardness of water = 1.95ppm 

NOTE: Protium water dissociates three times more than heavy water. 

Protium bonds are broken more readily than deuterium bonds 

During the electrolysis hydrogen liberated much faster than Deuterium at cathode.  

 

HYDROGEN PEROXIDE 

 

 

 General Preparation: 

  

 1. By the action of cold water (or) cold dil acid on sodium peroxide. (Na2O2) 

  Na2O2 + 2H2O →  2 NaOH + H2O2  

  Na2O2 + 2HCl  →  2 NaCl  +  H2O2  

 

Note: - If litmus is placed in this solution, colour of litmus will be bleached  

   completely due to oxidation of H2O2.  

 2.  By action of cold dil H2SO4 on Barium peroxide  

  BaO2 + H2SO4 →  BaSO4 + H2O2  

 

Note:- With ordinary BaO2, reaction stops after sometime because of formation of  

non- reactive BaSO4. Moreover, BaSO4 catalyses the decomposition of    

H2O2. Therefore hydrated BaO2 is used this reaction.  

   BaO2 . 8H2O + H2SO4 (cold, dil) →  BaSO4 (ppt) + H2O2 + 8H2O  



� Instead of H2SO4, we can use other acid such as phosphoric acid.  

  3BaO2 + 2H3PO4 (cold) →  Ba3 (PO4)2 + 3H2O2  

 3.  MERCK’S PROCESS:- By passing CO2 through a suspension of BaO2 in ice cold water.  

 

  BaO2 + H2O + CO2 →  BaCO3 + H2O2  

 

Manufacture of H2O2:  

 

� By electrolysis of 50% solution of cold H2SO4.  

Electrolysis is done in presence of non-reacting electrodes like Pb, Pt, etc.  

  H2SO4 (50%) cold→  H
-
 + HSO4

 –
  

  H
+
 + e

-
 →  H 

  H + H →  H2} At Anode  

  HSO4
-
 →  HSO4 + e

-
  

  2HSO4 →  H2S2O8      } At cathode  

  The product is vacuum distilled with water.  

  H2S2O8 + H2O Distilled→  H2SO4 + H2SO5 (per mono sulphuric acid) 

  H2SO5 + H2O →  H2SO4 + H2O2.  

 

� Electrolysis of Ammonium bisulphate: 

  NH4 HSO4 
cold→  NH4

+
 + HSO4

-
  

  NH4
+
 + e

-
 →  H + NH3  

  H + H →  H2} At anode  

  HSO4
-
 →  HSO4 + e

-
  

  2HSO4 →  H2S2O8  

H2S2O8 + H2O Distilled→  H2SO4 + H2SO5 (per mono sulphuric acid) 

  H2SO5 + H2O →  H2SO4 + H2O2.  

 

� By Auto-oxidation process: 

 

  

O

O

CH3

H2 / Ni

OH

OH

CH3

(O)

O

O

CH3

+H
2
O

2

2 -Ethyl anthraquinone 2 -Ethyl anthraquinol

 



 

 

� Oxidation of Secondary Alcohol:-  

 

  

CH3 CH CH3

OH Initiator H2O2

High pressure CH3 C CH3

O

+ H
2
O

2

 
   

CONCENTRATION AND STORAGE OF H2O2:-  

The concentration of Hydrogen peroxide is highly difficult and dangerous; H2O2 is an unstable 

compound and will decompose on heating. Therefore, concentration is done carefully in various 

stages; industrial product will be approx 20%.  

 

1. 20% sample is slowly evaporated over a water bath around 45
0
C, percentage of H2O2 is raised 

to 30. 30% Hydrogen peroxide is called perhydrol. 

2. 30% solution is distilled at 50
0
C – 60

0
C under reduced pressure (around 15-20 mm) this gives 

90% sample.  

3. Above 90% sample is kept in vacuum in presence of H2SO4; % is raised to 98%. Water is 

removed by H2SO4.  

4. 98% solution is added with ether and solid CO2 , H2O2 crystals are formed which are melted to 

get 100% H2O2.  

Storage:- H2O2 is highly unstable and decomposes with rough surface with metals like Pt, Au, 

Ag etc., and MnO2, carbon, alkali. Therefore, It is stored in wax-coated bottles free from above 

substances and a little of negative catalyst (reduces rate of reaction), like alcohol, Acetanilide, 

phosphoric acid, stannates etc.  

   PROPERTIES OF HYDROGEN PEROXIDE:  

1. Hydrogen peroxide shows more extensive hydrogen bonding than water,     

    therefore H2O2 is viscous and dense, dipole moment of H2O2 is more than water. 

2. It is weakly acidic (Ka = 1.55x10
-12 

) and with strong bases form two series of salts [Eq.  

              wt of H2O2⇒17). 

  H2O2 + NaOH  →  H2O + NaHO2 (Sodium hydro peroxide) 

  NaHO2 + NaOH →  Na2O2 + H2O (Sodium peroxide) 

 It is powerful oxidizing agent, it is an electron acceptor in acidic and alkaline medium. 

 Generally the reactions are slow in acidic medium, but fast in alkaline medium. 

2. Oxidizing properties: H2O2 acts as an oxidizing agent as well as reducing agent.    

          H2O2  →H2O + (O) 

Oxidation number of oxygen changes to ‘0’ ( zero)  and -2 from -1 while acting as oxidizing 

agent.  

� In acidic  medium: 

H2O2 + 2H
+
 + 2e  → 2H2O : E

o
 = 1.77V (slow) 



� In basic medium: 

H2O2 + 2e → 2OH
- 
: E

o
 = 0.87V (fast) 

Oxidizing Properties: Reaction when it acts as oxidizing agent. 

 1. H2S + H2O2 →  2H2O + S  

 2. PbS (black) + 4H2O2 →  PbSO4(white) + 4H2O  

 3. 2KI + H2O2 →  2KOH + I2  

 4. 2KI + H2SO4 (dil) + H2O2 →  K2SO4 + 2H2O + I2  

 5. NaNO2 + H2O2 →  NaNO3 + H2O  

 6. Na2SO3 + H2O2 →  Na2SO4 + H2O 

 7. Na3ASO3 + H2O2 →Na3ASO4+ H2O  

 8. 2K4 [Fe
II
 (CN)6 ]+ H2O2 + H2SO4 →  K3[ Fe

III
 (CN)6 ]+ 2H2O  

 9. 2FeSO4 + H2SO4 + H2O2 →  Fe2 (SO4)3 + 2H2O  

 10. 2 Cr(OH)3 + 4 NaOH + 3 H2O →  2 Na2CrO4 + 8 H2O 

 11. NH2 – NH2 + 2H2O2 →  4H2O + N2 + heat + increase in volume.  

 12. Hg+ H2O2 →  HgO + H2O 

 13. 2 HCHO + H2O2 → 2 HCOOH + H2  

 14. 
+ H2 O2

OH

 

 

3. Reducing Properties: In the presence of strong oxidizing agents, hydrogen peroxide  

          behaves as a reducing agent in both the medium. 

 H2O2 → 2H
+
 + O2 + 2e 

 Reducing nature in alkaline medium is more effective. 

 H2O2  + 2OH
-
 → 2H2O  + O2 + 2e 

 Reaction when it acts as reducing agent. 

 H2O2  + (O) →H2O  + O2  

1. Ag2O + H2O2 → 2Ag + H2O + O2  

2. NaClO + H2O2 →  NaCl + H2O + O2  

3. KIO4 + H2O2 →  KIO3 + H2O + O2  

4. O3 + H2O2 →  H2O + O2 (mutual reduction)  

5. PbO2 + H2O2 →  PbO + H2O + O2  

6. MnO2 + H2SO4 (dil) + H2O2 →  MnSO4 + 2H2O + O2  

7. Pb3O4 ( red lead) + 6 HNO3 + H2O2 → 3Pb(NO3)2 + 4 H2O + O2 

8. 2KMnO4 + 3H2SO4 (dil) +5 H2O2 →  K2SO4 + 2MnSO4 + 8H2O + 5 O2 



9. K3 [Fe(CN))6 + H2O2 + KOH →  2K4 [Fe(CN))6] + 2H2O + O2  

10. Reaction with potassium dichromate [Dichromate in acid medium]  

K2Cr2O7 + H2SO4 (dil) →  H2Cr2O7 + k2SO4  

 H2Cr2O7 + 4H2O2 →  2CrO5 (Blue unstable) + 5H2O  

     Per chromic acid/Peroxide of chromium decomposes and forms chromic sulphate and  

     oxygen. 

4 CrO5 + 6 H2SO4 → 2 Cr2(SO4)3 + 6 H2O + 7 O2 

   

Cr

O

O O

O
O

  

Blue compound is highly unstable but can be stabilized by little more time by adding amyl 

alcohol, glycerol, etc. [Pentyl alcohol]  

  

Bleaching action of H2O2: Bleaching action of Hydrogen peroxide is due to its oxidizing 

nature. 

H2O2 →H2O + ( O) 

Coloured material +(O) →  Colourless  

 

Addition reaction: When ethylene is treated with H2O2, addition takes place and   

                               produces Ethylene glycol. 

CH2 = CH2 + H2O2 →HO-CH2- CH2-OH 

Reaction with Titanic salts: A Titanic salt is treated with H2O2 in the presence of   a strong 

acid medium changes to yellow or orange colour due to formation of per titanic acid. The 

reaction is used as test for H2O2 and titanic salt.  

Ti (SO4)2 + H2O2 + 2H2O →  2H2SO4 + H2TiO4 (per titanic acid) (yellow to orange)  

 

� Per titanic acid has peroxy bond, structure is not exactly known.  

 

 Strength of H2O2:  

Apart from normal methods, normality and Molarity are used to express the 

 concentration. 

 1. In percentage:- Amount of H2O2 present (in grams) in 100 ml of solution is known as                              

percentage strength  

2. In volume: Volume of oxygen liberated at NTP/  STP by decomposition of 1 volume of    

                       H2O2  sample is called volume strength. 

    2H2O2 
∆→  2H2O + O2  

    2x34 →  22.4 lt 



              68 gm →  22,400 ml at STP. 

� Volume strength of H2O2: 

Volume strength of H2O2 solution is defined as volume of Oxygen evolved at STP in ml 

that is obtained per ml of H2O2 solution.  

Ex: If 1 liter of solution of H2O2 gives 10litres of oxygen at STP volume strength of H2O2 

is 10 volumes. 

Let us say a H2O2 sample is labeled “V” volumes. 

2H2O2 
∆→  2H2O + O2 

 22,400ml of Oxygen is obtained from 68 grams of H2O2 

∴V ml of Oxygen obtained by = 
2 2

68
x  V grams of   H O

22,400
 

Then 1000 ml of H2O2 = 68
x  V grams /

22.4 lit 
Liter  

∴ Strength of H2O2 = 68
x  V

22,400
 

 Molarity of H2O2= 
11.2

V  

 Normality of H2O2 = 
5.6

V  

 Volume strength is related to Normality and Molarity.  

� Volume strength = 5.6 x Normality 

� Volume strength = 11.2 x Molarity  

 

 

Structure of H2O2: Aqueous solution is a tautomeric equilibrium mixture of following 

structures.  

  
H O O H

O

H

H
OTautomerism

   
 Under anhydrous condition, it has open book structure. 

  

O

O

H

H
O - O bond legth  147.5pm      98.5pm

O - H bond length    95 pm     145.8pm
1θ

1θ

2θ

1θ

2θ

  angle     111.50  94.80

  angle    101.90 90.20

Gas Solid 

 

    

� The dipole moment of H2O2 is 2.1D.It suggests that two oxygen and one hydrogen are  lie 

in the one plane and one of the hydrogen is another plane. 

� O – H bond is formed by overlapping of p-orbitals of oxygen with ‘s’ orbitals of Hydrogen. 



� O-O peroxy bond is formed by p-p overlap.  
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QUESTION BANK 

1. The sum of protons, electrons, and neutraons in the heaviest isotope of hydrogen is  

 1) 3 2) 5 3) 4 4) 6  

2. Hydrogen molecule differs from chlorine molecule in the following respect 

 1) hydrogen molecule is non-polar but chlorine molecule is polar  

 2) hydrogen molecule is polar while chlorine molecule is non-polar 

 3) hydrogen molecule can form intermolecular hydrogen bonds but chlorine molecule does not  

 4) hydrogen molecule cannot participate in coordination bond formation but chlorine molecule 

can   

3. Hydrogen directly combines with   

 1) Cu 2) Au 3) Ca 4) Ni  

4. Hydrogen does not combine with  

 1) helium  2) bismuth 3) antimony 4) sodium   

5. Which is the poorest reducing agent  

 1) atomic hydrogen  2) nascent hydrogen  3) dihydrogen  4) all of these   

6. Which of the following reaction produces hydrogen  

 1) 2 4 8 2H S O H O+  2) BaO+HCl 3) Mg+H2O 4) Na2O2+2HCl  

7. When electric current is passed through an ionic hydride in the molten state  

 1) hydrogen is liberated at the cathode  2) hydrogen is liberated at the anode  

 3) hydride ion migrates toward cathode  4) no reaction takes place   

8. Pure hydrogen is obtained by carrying electrolysis of  

 1) water containing H2SO4 2) Water containing NaOH 

 3) Ba(OH)2solution  4) KOH solution   

9. Deuterium differs from hydrogen in  

 1) chemical properties 2) physical properties 3) both 1 and 2 4) radioactive properties  

10. The ratio Cp/Cv for H2 is  

 1) 1.40 2) 1.67 3) 1.33 4) none of these   

11. Alkali metal hydrides react with water to give  

 1) acidic solution  2) basic solution  3) neutral solution  4) hydride ion  

12. When same amount of zinc is treated separately with excess of sulphuric acid and excess of 

sodium hydroxide solution the ratio of volumes of hydrogen evolved is  

 1) 1:1 2) 1:2 3) 2:1 4) 9:4  

13. The property of hydrogen which distinguishes it from alkali metals is its  

 1) electropositive character  2) affinity for non-metal  

 3) reducing character   4) non-metallic character   

14. Hydrogen accepts an electron to form inert gas configuration. In this it resembles  

 1) halogen  2) alkali metals  3) chalcogens  4) alkaline earth metals 

  

15. Which element forms maximum compound in Chemistry  

 1) O 2) H 3) Si 4) C  

16. Hydrogen is not obtained when zinc reacts with  

 1) cold water  2) hot NaOH solution  3) conc. Sulphuric acid  4) Dilute HCl  

17. Ortho and para hydrogen differ in 

 1) proton spin 2) electron spin 3) nuclear charge  4) nuclear reaction   

18. Hydrogen from HCl can be prepared by  

 1) Mg 2) Cu 3) P 4) Pt  

19. Which of the following can adsorb largest volume of hydrogen gas  

 1) finely divided platinum  2) finely divided nickel 

 3) colloidal palladium  4) colloidal platinum   

20. The nuclei of tritium ( )3

1H atom would contain neutrons  

 1) 1 2) 2 3) 3 4) 4  



21. The adsorption of hydrogen by metals is called  

 1) dehydrogenation  2) hydrogenation  3) occulusion  4) adsorption   

22. Which of the following produces hydrolith with dihydrogen  

 1) Mg 2) Al 3) Cu 4) Ca  

23. The metal which displaces hydrogen from a boiling caustic soda solution is  

 1) As 2) Zn 3) Mg 4) Fe  

24. Metals like platinum and palladium can absorb large columes of hydrogen under special 

conditions. Such adsorbed hydrogen by the metal is known as  

 1) adsorbed hydrogen  2) occuluded hydrogen  3) reactive hydrogen  4) 

atomic hydrogen   

25. Ortho-hydrogen and para-hydrogen resembles in which of the following property  

 1) thermal conductivity  2) magnetic properties 

 3) chemical properties  4) heat capacity   

26. Hydrogen can be fused to form helium at  

 1) high temperature and high pressure  2) high temperature and low pressure 

 3) low temperature and high pressure  4) low temperature and low pressure   

27. An element reacts with hydrogen to form a compound A which on treatment with water 

liberates hydrogen gas. The element can be  

 1) nitrogen  2) chlorine  3) selenium  4) calcium   

28. Hydrogen combines with other elements by  

 1) losing an electron  2) gaining an electron 3) sharing an electron  4) all of these   

29. Which of the following explanation is best for not placing hydrogen with alkali metals or 

halogen  

 1) the ionization energy of hydrogen is high for group of alkali metals or halogen  

 2) hydrogen can form compounds  3) hydrogen is a much lighter elements than the 

alkali metals or halogens 

 4) hydrogen atom does not contain any neutron   

30. Which of the halogen has maximum affinity for hydrogen  

 1) F2 2) Cl2 3) Br2 4) I2  

31. Hydrogen acts as a reducing agent and thus resembles  

 1) halogen 2) noble gas 3) radioactive elements 4) alkali metals 

  

32. Which position for hydrogen explains all its properties  

 1) at the top of halogen  2) at the top of alkali metals  

 3) at the top of carbon family 4) none of these   

33. Hydrogen readily combines with non-metals and thus it shows its  

 1) electronegativity character  2) electropositive character 

 3) both 1 and 2 4) none of these   

Water  

34. One mole of calcium phosphide on reaction with excess water gives  

 1) one mole of phosphene  2) two moles of phosphoric acid  

 3) two moles of phosphine  4) one mole of phosphorus pentoxide   

35. Hydrolysis of one mole of peroxodisulphuric acid produces  

 1) two moles of sulphuric acid  2) two moles peroxomonosulphuric acid  

 3) one mole of sulphuric acid and one mole of peroxomonosulphuric acid 

 4) one mole of sulphuric acid, one mole of peroxomono-sulphuric acid, and one mole of 

hydrogen peroxide   

36. Triple point of water is  

 1) 203 K 2) 193 K 3) 273 K 4) 373 K  

37. Heavy water is used in atomic reactor as  

 1) moderator 2) coolant  3) both 1 and 2 4) neither 1 and 2  

38. Permutit is the technical name given to  



 1) aluminates of calcium and sodium  2) hydrated silicate of aluminium and sodium 

 3) silicates of calcium and magnesium  4) silicates of calcium and sodium   

39. Chemical A is used for water softening to remove temporary hardness. A reacts with sodium 

carbonate to generate caustic soda. When CO2 is bubbled through a solution of A, it turns cloudy. 

What is the chemical formula of A  

 1) 3CaCO  2) CaO 3) 2( )Ca OH  4) 3 2( )Ca HCO   

40. Which of the following metal will not reduce H2O 

 1) Ca 2) Fe 3) Cu 4) Li  

41. The H-O-H angle in water molecule is about  

 1) 90
0
 2) 180

0
 3) 102

0
 4) 105

0
  

42. When two ice cubes are pressed over each other, they form one cube. Which of the following 

forces is responsible to hold them together  

 1) hydrogen bond formation 2) van der waals force  

 3) covalent attraction   4) ionic interaction   

43. Metal which does not react with cold water but evolves H2 with steam is  

 1) Na 2) K 3) Pt 4) Fe  

44. The low density of ice when compared to water is due to  

 1) induced dipole – induced dipole interactions  2) dipole – induced dipole interaction 

 3) hydrogen bonding interactions       4) dipole – dipole interactions   

45. Hardness of water is due to the presence of salts of  

 1) Na
+
 and K

+
 2) Ca

2+
 and Mg

2+
 3) Ca

2+
 and K

+
 4) Ca

2+
 and Na

+
  

46. Which of the following reaction produces hydrogen  

 1) Mg+2H2O 2) BaO2+HCl 3) 2 4 8 2H SO O H O+  4) 2 2 2Na O HCl+   

47. Action of water of dilute mineral acids on metals can give  

 1) monohydrogen  2) tritium  3) dihydrogen 4) trihydrogen  

48. Temporary hardness may be removed from water by adding  

 1) CaCO3 2) Ca(OH)2 3) CaCO4 4) HCl  

49. Which of the following pair of ions makes the water hard  

 1) 2

4,Na SO+ −  2) 
3,K HCO+ −  3) 2

3,Ca NO+ −  4) 4 ,NH Cl+ −   

50. Temporary hardness of water can be removed by  

 1) addition of potassium permanganate  2) boiling  

 3) filtration  4) addition of chlorine   

51. Which of the following statements do not define the characteristic property of water “Water is 

a universal solvent” ? 

 1) it can dissolve maximum number of compounds  

 2) it has very low dielectric constant  3) it has high liquid range  4) all of these   

52. Which of the following is not true  

 1) hardness of wter depends on its behavior towardsoap  

 2) the temporary hardness is due to the presence of Ca and Mg bicarbonates  

 3) permanent hardness is due to the presence of soluble Ca and Mg sulphates, chlorides, and 

nitrates  

 4) permanent hardness can be removed by boiling the water   

53. The molarity of pure water at 4
0
Cis  

 1) 1M 2) 2.5M 3) 5M 4) 55.5M  

54. An ionic compound is dissolved simultaneously in heavy water and simple water. Its solubility 

is  

 1) larger in heavy water  2) smaller in heavy water  

 3) solubility is same in both  4) smaller in simple water   

55. Which of the following is not a hard water  

 1) water containing CaCl2 2) water containing dil.HCl 

 3) water containing MgSO4 4) none of these   



56. Which of the following is not true  

 1) Ordinary water is electrolyzed more rapidly than D2O 

 2) Reaction between H2O and Cl2 is much faster than D2 and Cl2 

 3) D2O freezes at lower temperature than H2O 

 4) Bond dissociation energy for D2 is greater than H2  

57. Lead pipes are not used for carrying drinking water because  

 1) they are covered with a coating of lead carbonate  

 2) they are corroded by air and moisture  

 3) water containing dissolved air attacks lead forming soluble hydroxide  

 4) none of these   

58. Which one of the following removes temporary hardness of water  

 1) slaked lime  2) plaster of paris  3) cuprous 4) hydrolith   

59. Molecular weight of heavy water is  

 1) 19 amu 2) 18 amu 3) 17 amu 4) 20 amu  

60. The alum used for purifying water is  

 1) ferric alum 2) chrome alum 3) potash alum 4) ammonium alum  

Hydrogen Peroxide (H2O2) 

61. The species that does not contain peroxide ion is  

 1) 2PbO  2) 2 2H O  3) 2SrO  4) 2BaO   

62. The amount of H2O2 present in 1L of 1.5N H2O2 solution is  

 1) 2.5g 2) 25.5g 3) 3.0 4) 8.0g  

63. In laboratory H2O2 is prepared by  

 1) Cold 2 4 2H SO BaO+  2) HCl+BaO2 3) conc. 2 4 2 2H SO Na O+
 4) H2+O2  

64. In which of the following reactions hydrogen peroxide is a reducing agent  

 1) 2 3 2 2 2 4 2H SO H O H SO H O+ → +    2) 2 2 2 22 2HI H O H O I+ → +  

 3) 2 2 2 3 22 2 2 2FeCl HCl H O FeCl H O+ + → +  4) 2 2 2 22Cl H O HCl O+ → +   

65. H2O2 used in rocket has the concentration  

 1) 50% 2) 70% 3) 30% 4) 90%  

66. H2O2 is always stored in black bottles because  

 1) it is highly unstable  2) its enthalpy of decomposition is high 

 3) it undergo autoxidation on prolonged standing  4) none of these   

67. 0

2 2 2H 2 2 ; 0.68O H O e E V+ −→ + + = −  

 This equation represents which of the following behavior of H2O2 

 1) reducing 2) oxidizing  3) acidic 4) catalytic   

68. On shaking 2 2H O  with acidified potassium dichromate and ether, ethereal layer becomes  

 1) green 2) red 3) blue 4) black  

69. In which of the following reactions, 2 2H O  acts as a reducing agent  

 1) 2 2 2 2 2( ) ( ) ( ) ( ) ( )PbO s H O aq PbO s H O I O g+ → + +  

 2) 2 3 2 2 4 2( ) ( ) ( ) ( )Na SO aq H O aq Na SO aq H O I+ → +  

 3) 2 2 22 ( ) ( ) 2 ( ) ( )KI aq H O aq KOH aq I s+ → +  

 4) 2 2 2 3 2( ) ( ) ( ) ( )KNO aq H O aq KNO aq H O I+ → +   

70. The volume of oxygen liberated from 0.68g of H2O2 is  

 1) 112 mL 2) 224 mL 3) 56 mL 4) 336 mL  

71. There is a sample of 10 volume of hydrogen peroxide solution. Calculate its strength  

 1) 3.00% 2) 4.045% 3) 2.509% 4) 3.035%  

72. The oxide that gives hydrogen peroxide (H2O2) on the treatment with a dilute acid (H2SO4) is  

 1) MnO2 2) PbO2 3) Na2O2 4) TiO2  

73. The reaction of 2 2 2 22H S H O S H O+ → +  manifests  



 1) acidic nature of 2 2H O  2) alkaline nature of 2 2H O  

 3) oxidizing nature of 2 2H O  4) reducing action of 2 2H O   

74. The volume strength of 1.5 N 2 2H O  solution is  

 1) 8.4 L 2) 4.2 L 3) 16.8L 4) 5.2L  

75. The volume of oxygen liberated from 15mL of 20 volume 2 2H O  is  

 1) 250 mL 2) 300 mL 3) 150 mL 4) 200 mL 

76. The strength in volumes of a solution containing 30.36 g/L of H2O2 is 

 1) 10 volume 2) 20 volume 3) 5 volume 4) none of these   

77. Which substance does not speed up decomposition of 2 2H O   

 1) glycerol 2) Pt 3) Gold 4) MnO2  

78. Which substance cannot be reduced by 2 2H O  

 1) KMnO4/ 2 4H SO  2) K2Cr2O7/ 2 4H SO  3) Ag2O 4) Fe
3+

  

79. Consider the following redox reaction  

  
 Correct statement is  

 1) Product C is H2O obtained by the reducing of O2 

 2) B can be recycled to A by reduction with Pd/H2 or Raney Ni/H2 

 3) 2 2H O  obtained is concentrated under the reduced pressure  

 4) all of the above   

80. H2 is manufactured by allowing steam to react with red hot coke at about 1250 K 

 1250

2 2

KC H O CO H+ → +  

 Select the correct statement(s) 

 1) mixture of CO and H2 is called water gas  2) mixture of CO and H2 is called synthesis gas 

 3) this is a redox reaction 4) all of the above   

81. H2O2 is marked “22.4 colume”. How much of it (in mL) are required to oxidize 3.4g H2S gas  

 1) 100 mL 2) 50 mL 3) 10 mL 4) 5 mL 

82. 100 mL of sample of hard water is passed through a column of the cation exchange resin H2R. 

The water coming out of the column requires 20 mL of 0.025 M NaOH for the titration. Thus, 

hardness of water expressed as ppm of Ca
2+

 ion is  

 1) 100 2) 50 3) 40 4) 20  

83. In Calgon’s method of removing permanent hardness, Ca
2+

 and Mg
2+

 remain soluble due to the 

formation of complex  

 1) 
2 2 6 18[ ]Na Na CaPO  2) 

4 6 18[ ]Na CaPO  3) 
3 4[ ]Ca NaPO  4) none of these   

84. Pure de-mineralised (de-ionised) water free from all soluble mineral salts is obtained by 

passing hard water through  

 1) cation exchange resin which removes dissolved cations  

 2) anion exchange resin which removes dissolved anions 

 3) both 1 and 2 4) none of the above   

85. Variation of various properties of H2, D2 T2 are shown graphically 

  



 Unknown property is constant. This is  

 1) critical temperature  2) freezing point  

 3) bond length   4) latent heat of fusion  

86. Atomic hydrogen is formed in the following reaction  

 2 ( ) 2 ( )TungstenH g H g→  

 It is a powerful reducing agent. Which reaction does not show the reducing nature of hydrogen  

 1) 22HgO H Hg H O+ → +  2) 22CuO H Cu H O+ → +  

 3) 3 3AgNO H Ag HNO+ → +  4) Na H NaH+ →   

KEY 

 

1) 3 2) 4 3) 3 4) 1 5) 3 6) 3 7) 2 8) 3 9) 2 10) 1 

11) 2 12) 1 13) 4 14) 1 15) 2 16) 3 17) 1 18) 1 19) 3 20) 2 

21) 3 22) 4 23) 2 24) 2 25) 3 26) 1 27) 4 28) 4 29) 3 30) 1 

31) 4 32) 4 33) 2 34) 3 35) 3 36) 3 37) 3 38) 2 39) 3 40) 3 

41) 4 42) 1 43) 4 44) 3 45) 2 46) 1 47) 3 48) 2 49) 2 50) 2 

51) 4 52) 4 53) 4 54) 2 55) 4 56) 3 57) 3 58) 1 59) 4 60) 3 

61) 1 62) 2 63) 1 64) 4 65) 4 66) 3 67) 1 68) 3 69) 1 70) 2 

71) 4 72) 3 73) 3 74) 1 75) 2 76) 1 77) 1 78) 4 79) 4 80) 4 

81) 2 82) 1 83) 1 84) 3 85) 3 86) 4     
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S-BLOCK ELEMENTS [ALKALI (I – GROUP) AND ALKALINE EARTH (II- GROUP) METALS] 
 

SNO PROPERTY ALKALI METALS ( GROUP- IA ELEMENTS) 
ALKALINE EARTH METALS 

(GROUP- IIA ELEMENTS) 

1 

ELEMENTS  Li, Na, K, Rb,   Cs &  Fr (Fr -Radio active metal) 

   
Silvery  white        yellow 

Li, Na, K, Rb- silvery white, Cs- Yellow 

Cu, Au along with Cs are intense coloured   

(Alkali-ash of plants) 

Li can be stored by wrapping it with wax coated paper 

while others stored in under hydrocarbons.  

Be, Mg,  Ca, Sr, Ba & Ra (Ra -radio active metal) 

  
Silvery        pale yellow 

white   

2 GENERAL 

ELECTRONIC 

CONFIGURATION  

ns1 ns2 

3 OXIDATION STATE  Always forms mono (+) ve cations, cannot form dipositive 

cations due to high second Ionization Energy. 

Always forms dipositive cations. 

4 FLAME TEST 

( Metal salts with low IE 

can exhibit 

characteristic flame 

colour) 

HCl is used to convert a 

non-volatile salt to 

volatile chloride. When 

mixture of salts is 

subjected to flame test, 

more EN element 

exhibits its colour first. 

Li- Crimson red 

Na- Golden yellow 

K – pale violet or lilac 

Rb – Red violet 

Cs – Blue violet  

  

 

Be & Mg cannot impart colour to the flame test 

due to high IE values. 

Ca- Brick red 

Sr- Crimson red 

Ba- Apple green 

4 IONIC RADII Li+< Na+ < K+ < Rb+ < Cs+ 

Increasing ionic radii 

Be2+ < Mg2+< Ca2+ < Sr2+< Ba2+ 

 HYDRATION ENERGY Order of hydration energy: Li+> Na+ > K+ > Rb+ > Cs+ 

Li+> Na+ > K+ > Rb+ > Cs+ - Size of ions in aqueous 

solution 

Hydrated Li+ is bigger than hydrated Na+ ion due to 

extensive hydration. 

Electrical conductivity order: LiCl < NaCl< KCl< RbCl, CsCl 

Note: The charge density on Li+ is higher than in 

comparison to other alkali metals due to this Li+ is 

extensively hydrated. 

Mobility order of alkali metal ions(in aqueous solution): 
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Li+< Na+ < K+ < Rb+ < Cs+ 

Alkali metals are very good reducing agents as their IP 

values are low. Li is the strongest reducing agent of the 

elements.  

Order of reducing power: Na<K< Rb< Cs<Li 

5 POLARIZING 

POWER(CAPACITY) 

Polarizing 

power
+ve charge

size of cation
α  

Li+> Na+ > K+ > Rb+ > Cs+ - decreasing polarizing power 

 

Be2+ > Mg2+> Ca2+ > Sr2+> Ba2+ 

 Polarizing capacity of 2nd group cations is larger than first group cations due to their smaller size and higher +ve charge 

6 METALS IN LIQUID 

AMMONIA 

All alkali metals dissolve in liquid NH3 and form a blue 

colored solution. 

( ) ( ) ( )3 3 3x
M NH l M NH e NH

−+   + → +     

                            Solvated             Solvated 

                             Cation                  free e−  

                             
                                 Blue coloured solution 

Blue color is due to solvated free electrons. 

This solution is good conductor. Conductivity is high due to 

ammoniated electrons, + ve ions. On evaporation of 

solution we get back alkali metals. 

Except Be, all other alkaline earth metals dissolve 

in liquid ammonia and forms blue colored 

solution. 

( ) ( ) ( )2
3 3 32

x y
M NH l M NH e NH

−
+  + → +  

 

                       Solvated              Solvated 

                         Cation                 free e−  

Blue solution eva p o ra te

∆  → Alkaline earth metal 

Hexa ammoniate [M(NH3)6]
+2  

slowly decomposes→4NH3 + H2 + M(NH2)2 ( Amide) 

7 CONDUCTIVITY • The blue colored solution is conductive due to solvated 

electrons and solvated cations. 

• As the concentration of alkali metal increases, 

conductivity decreases and reaches to a minimum 

value of 0.04 M. 

• Conductivity dramatically increases by increasing 

further concentration. 

 

8 MAGNETIC PROPERTY • Solution is para magnetic due to solvated free 

electrons. 

• As the concentration of alkali metal increases, some of 

the free electrons get paired up and hence 

paramagnetic character decreases. 

 

9  REDUCING 

CHARACTER 

• Solution is more reducing than alkali metal in dry state 

due to solvated free electrons ( e
−
). 

• Blue colored solution evaporate

∆→  alkali metal 
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• Highly concentrated solution of alkali metal in liquid 

NH3 is bronze in color due to formation of metal clustor  

10 DENSITY 

M
d

V

 = 
 

 

• Density of blue colored solution is less than pure 

solvent as free electrons ( e− ) occupy more volume 

 

 

11 

 

SOLUBILITY 

 

Down the group solubility of alkali and alkaline earth metals increases due to decrease in IE. Alkali metals are  

more soluble than alkaline earth metals due low I.E. 

CARBONATES 
12 CARBONATES • General formula: M2CO3 MCO3 

13 PHYSICAL STATE • Solids Solids 

14 SOLUBILITY  Soluble in water  [ ]2 3Li CO  is insoluble  Insoluble in water 

15 THERMAL 

DECOMPOSITION 

• Only Li2CO3 decomposes,  

    
2 3 2 2Li CO Li O CO

∆→ + . Lattice energy of       

    
2Li O  is greater than Li2CO3. Hence decomposes. 

• Other carbonates are thermally stable. 

• Thermal stability of carbonates and bicarbonates 

increases from Li to Cs.  

Temperature of decomposition increases from mg 

to Ba. All carbonates decompose and liberate 

CO2.  

BeCO3 is kept in CO2 atmosphere to prevent its 

decomposition.  

BeCO3 has unusual low thermal stability, because 

it exist as [Be(H2O)4 ]
+2 CO3

-2 

MCO3 →MO+ CO2 

16 THERMAL STABILITY • No decomposition takes place. Therefore all are 

thermally stable except Li2CO3. 

• Lithium bicarbonate prepared only in solution 

state. 

• All other bicarbonates can be prepared in solid state.  

Larger anion like CO3
2- is stabilized by larger 

cation. 

Size of the cation increases from Be2+to Ba2+. 

Hence thermal stability of Alkaline earth metal 

carbonates increases. 

BeCO3 < MgCO3 < CaCO3 < SrCO3 < BaCO3  

 

II A Group carbonates are less stable than IA group carbonates, due to their smaller size. 

 

17 IONIC CHARACTER • Larger the size of cation, greater the ionic character. 

• Except Li2CO3, all other carbonates are ionic. 

• Na2CO3 < K2CO3 < Rb2CO3 < Cs2CO3 increases ionic 

character due to increasing size of cation. 

 

 

IA group carbonates are more ionic than IIA group carbonates due to larger size of cation. 

 

BICARBONATES 
18 BICARBONATES • General formula: MHCO3 M(HCO3)2 
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• Only strong bases like Na2CO3 turns phenolphthalein to 

pink, but bicarbonates don’t .But both can change 

methyl orange to red. 

19 PHYSICAL STATE • Solids except LiHCO3 

• Only alkali metal except Li and ammonium bicarbonate 

are solids.  

• No other metal can form solid bicarbonate. 

Exists only in solution state 

20 SOLUBILITY • All are soluble. 

• KHCO3 contains two 
-

3HCO  units attached by hydrogen 

bonding. Other bicarbonates contain infinite number of 

bicarbonate units with hydrogen bonding. 

• Solubility of KHCO3 > NaHCO3 . NaHCO3 comes near 

they form long chains polymeric form. Where as KHCO3 

form only dimers.  

All are Soluble. 

21 THERMAL 

DECOMPOSITION 
• ∆

3 2 3 2 22 MHCO M CO + CO + H O→  

Soluble            soluble 

• Except Li2CO3 other alkali metal carbonates do not 

decompose on heating. 

( )3 3 2 22
M HCO MCO CO H O

∆
→ ↓ + +  

Solution         insoluble White ppt 

25 THERMAL STABILITY  
3HCO −

 is larger anion. It is stabilized by larger cation.    

 Thermal stability down the group increases due to 

increase   

 in size of cation.  

    
3 3 3 3 3LiHCO <  NaHCO <  KHCO <  RbHCO < CsHCO  

( ) ( ) ( )
( ) ( )

3 3 32 2 2

3 32 2

Be HCO < Mg HCO < Ca HCO <

Sr HCO < Ba HCO
 

 

Alkali metal bicarbonates are more stable than alkaline earth metal bicarbonates. 

 

OXIDES & HYDROXIDES  
26 OXIDES AND 

HYDROXIDES 

• General formula: M2O, MOH 

• ∆

2Li  +  air   Li O→  [Li2O2 is produced in very small 

quantity] 

• 
2 2Na + air  Na O∆→  [Na2O is formed in very small 

quantities] 

• 
2K, Rb, Cs + air  MO

∆→  [Super oxide only is formed] 

• Polarizability order: O2- (oxide) < O2
2- 

(peroxide)  < O2
-  

     (Superoxide). 

   As the polarizability increases distortion increases, 

stability     

   decreases.   

MO, M(OH)2 

∆
M +  air MO→  

Except Be all other metals are easily tarnished in 

air as  a layer of oxide is formed. 
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27 SOLUBILITY • ( )2 2 2 2 2Li O,Na O,K O,Rb O,Cs O  (ionic) 

(ionic character increases down the group) 

• All are soluble and forms corresponding hydroxides.  

2 2 2 2 2Li O Na O K O Rb O Cs

LiOH NaOH KOH RbOH CsOH

O

↓ ↓ ↓ ↓ ↓  

 Increasing order of solubility 

• Basic character of oxides and hydroxides increases 

down the group due to increase in electro positive 

character of elements  

Li2O to Cs2O : Antifluorite 
Cs2O ⇒  CdCl2 type 

O         O
super oxide 

BeO, MgO, CaO,  SrO,  BaO  

            
Covalent          ionic 

• BeO is covalent due to high polarizing 

capacity of Be+2  

• BeO is insoluble due to high lattice energy 

• MgO is sparingly soluble 

Other oxides are soluble in water and form 

their corresponding hydroxides. 

 

( )
( ) ( ) ( ) ( )

2 2 2 2

BeO MgO CaO SrO BaO

insoluble

amphoteric Mg OH Ca OH Sr OH Ba OH

↓ ↓ ↓ ↓  

          Weekly       Quick lime  

                 Basic                           strong bases 

Increasing order of basic character. 

Basic character increases due to increasing 

electropositive character of element. 

BeO: Wurtzite structure (co-ordination no=4) 

Other oxides have face centered cubic structure 

similar to NaCl with Co-ordination no =6 

28 PEROXIDES • General formula: M2O2 

O2    *

2 pzπ
↑

*

2 pyπ
↑

        Paramagnetic 

• O2
-2   

* *

2 2pz pyπ π
↑↓ ↑↓

    diamagnetic 

• All are diamagnetic and colorless 

• Na2O2 absorbs CO &CO2, so it is used in submarines to 

take CO2 to give O2. 

MO2 

 

 

All are diamagnetic and colorless 

29 STABILITY • O2
-2 larger anion stabilized by larger cation. 

• Down the group size of cation increases therefore 

stability of peroxide increases. 
    

2 2 2 2 2 2 2 2 2 2Li O < Na O  < K O  < Rb O  < Cs O  

• 2 2 2 2 2M O   +  H O   MOH + H O→  

 

2 2 2 2 2BeO <  MgO  <  CaO   <  SrO  < BaO  

( )2 2 2 22
MO   +  H O  M OH + H O→  

 Both IA and IIA group peroxides can act as oxidizing agents. The oxidizing capacity depends on stability of peroxides. 

Lesser the stability, greater the oxidizing capacity. 

Alkaline earth metal peroxides are less stable than alkali metal peroxides due to less size of cation and hence alkaline earth 

metal peroxides are more oxidizing than alkali metal peroxides.   2 2 2 2 3 2Na O  +  CO      Na CO  + O→ ↑  

Due to this reaction Na2O2 is used in space shuttles, crowded places, in deep tunnels to provide oxygen. 
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30 SUPER OXIDES 
• General formula: MO2              O2   *

2 pyπ
↑

*

2 pzπ
↑

 

    2O −
* *

2 2py pzπ π
↑↓ ↑

 

• All super oxides are colored and para magnetic due to 

the presence of unpaired electrons( O2
-) 

• K+, Rb+, Cs+ are bigger so they can form monoxides, 

peroxides and super oxides.  

• Super oxides dissolved in water produces hydrogen 

peroxide and O2 

• 2KO2 + 2 H2O →2KOH + H2O2 + O2  

• Super oxide absorb CO2   

•  4KO2 + CO2 →  2K2CO3 + 3O2 

No super oxide of IIA group elements are 

observed 

31 STABILITY • 
2O −

 larger anion is stabilized by larger cation 

• Stability down the group increases due to increase in 

size of cation. 

    2 2 2 2 2LiO < NaO  < KO  < RbO  < CsO  

   Increasing order of stability 

 

32 REACTION WITH 

WATER OR DILUTE 

ACID 

• ( )2 2 2 2 2.MO H O or dil acid MO H O O+ → + +  

• Super oxides are more oxidizing than corresponding 

peroxides. 

• Different types of oxides of alkali metals are prepared 

by passing calculated amount of O2 through alkali 

metal in liquid NH3 solution. 

• 
2 2 2 3 2KO CO K CO O+ → +  

    2KO  is hence used in submarines,  crowded places. 

 

HALIDES 
33 HALIDES • General formula: MX MX2 

 NATURE OF HALIDES • Except LiBr, LiI rest of the halides are ionic. 

• LiBr, LiI are covalent due to high polarizing power of 

Li+, high polarizability of ,Br I− −
. 

Except BeCl2 all other halides are ionic.BeCl2 is 

covalent this is due to small size and high charge 

of Be2+ ions, it has high polarizing power. 

Cl Be Cl

180
0

µ=0

 In vapor state, temperature >1210 K 
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Cl Be

Cl

Be Cl

Cl In vapor state, temperature 

<1210 K exists as dimer 

Covalent bonds=4,      dative bonds=2 

Be

Cl

Cl

Cl

Be Cl
Be

Cl

Cl

Cl

Be

Cl  
Polymeric chain structure in solid state. 

34 SOLUBILITY • LiF is insoluble in water due to high lattice energy, 

other halides are soluble. 

BeF2 is soluble, MgF2 and CaF2 are insoluble 

35 HYDRATED HALIDES • Except Li, no other alkali metal forms hydrated halide 

due to larger cation and smaller positive charge 

density. 

• Li can form hydrated halides with maximum number of 

water molecules = 3 

Can form hydrated halides due to smaller size 

and higher positive charge density. 

 

Tendency to form hydrated halides decreases 

down the group due to decrease in positive 

charge density. 

 

Maximum number of water molecules in hydrated 

Be salts = 4 

36 MELTING POINTS • Sodium halides have more melting point than all other 

halides 

 

37 CARBIDES • Only Li directly combines with ‘C’ to form Li2C2 type of 

carbide other alkali metal carbides are prepared by 

reaction of acetylene with metal (or) passing calculated 

amount of acetylene through alkali metal in liquid NH3 

solution. 

• 
( )

2 2 2 2

, , ,

M C H M C ioniccarbides

Na K Rb Cs

+ →
 

Except Be, all other alkaline earth metals directly 

combine with ‘C’ to form ionic carbides. 

2BeO C Be C+ →  

( )
2 2

, , ,

M C M C

Mg Ca Sr Ba

+ →
 

2 2 2 3Mg C Mg C Mg C∆+ → →  

( Mg2C3 on hydrolysis gives propyne) 

SULPHATES  
38 SULPHATES • General formula: M2So4 MSO4 

39 SOLUBILITY • Except Li2SO4, all other Sulphates are soluble. 

• Solubility and thermal stability decreases from Li to Cs. 

Solubility decreases from Be to Ba.  

BeSO4, MgSO4 are soluble due to high energy of 

salvation of smaller Be+2
  and Mg2+ ions. 

CaSO4 is sparingly soluble 

SrSO4 and BaSO4 are insoluble 

40 THERMAL 

DECOMPOSITION  
• 

2 4 2M SO C M S CO∆+ → +  

•           Reducing agent 

Sulphates on decomposition on heating produce 

corresponding oxides. 
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4MSO C MS CO∆+ → +  

NITRATES 
41 NITRATES • General formula: MNO3 

M2o + HNO3 →2 MNO3 + H2O 

MOH + HNO3 →  MNO3 + H2O 

M2CO3 + 2 HNO3 →  2MNO3 + H2O +CO2 

•  

M(NO3)2 

42 SOLUBILITY • All are soluble All are soluble 

43 THERMAL 

DECOMPOSITION 

 

• 3 2 2MNO MNO O∆→ +  

(M = Na, K, Rb, Cs) 

3 2 2LiNO LiO NO∆→ +  

 

 

All nitrates on heating gives mixtures of NO2 and 

O2 

Be form basic nitrates in addition to normal salts. 

Basic nitrate is covalent in nature 

Be(NO3)2 
∆→[Be4O(NO3)6] + N2O5 

( )3 2 22
M NO MO NO O∆→ + +  

44 THERMAL STABILITY Increases from top to bottom as polarizing power 

increases from top to bottom. 

Generally nitrates of all metals are soluble in water. 

2 LiNO3 →Li2O  + 2 NO2 + O2 

NaNO
3

KNO
3

RbNO
3

CsNO
3

MNO
2 
+ O

2

 

Above 8000C 4 NaNO3  →  2 Na2O + 2 N2 +5 O2  

 

  

Alkali metal nitrates are more stable than alkaline earth metal nitrates. 

 

HYDRIDES  
45 HYDRIDES • General formula: MH MH2 

46 PREPARATION • Direct combination of alkali metal with hydrogen 

• 
22 2M H MH+ →  

BeH2 cannot be prepared by direct combination 

( )2 4 2 n
BeCl LiAlH BeH+ →  polymeric 

2 4 2 8BeCl NaBH BeB H+ →  

47 NATURE OF HALIDES • All are ionic  

• LiH<NaH<KH<RbH<CsH 

Increasing order of ionic character due to larger size of 

BeH2 and MgH2 are polymeric 
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cation. 

• Larger the size of cation, greater the ionic character 

 

CaH2<SrH2<BaH2 are ionic 

Increasing order of ionic character 

48 PHYSICAL STATE • All are solids, on hydrolysis liberates H2 gas.  

49 STABILITY • H −
 is a smaller anion, stabilized by smaller cation. 

• LiH NaH KH RbH CsH> > > >  

Increasing order of stability 

BeH2 > MgH2 > CaH2 > SrH2 > BaH2 

 

Down the group as size of the cation increases, stability of hydride decreases. 

 

50 REDUCING 

CHARACTER 
• All ionic hydrides contain H −

 which is an electron ( e−  ) donor. Hence all ionic hydrides act as reducing 

agents. 

    
1

Reducing character 
Stability

∝ . 

    Down the group the stability of hydrides decreases( due to increase of M-H bond length) hence reducing  

    character increases. 

    More stable II group hydrides are less reducing than less stable I group hydrides  

51 COHESIVE ENERGY • It indicates the force of attraction between the metallic atoms of a particular metal. 

• 
no. of valence 

Cohesive energy  
size of metal atom

e−
∝  

• In a particular group, size increases down the group. Hence cohesive energy decreases. 

• Cohesive energy of II group metals is greater than I group metals due to their smaller size and more e−  

contribution for metallic bond 

52 HARDNESS & M.P • M.P, hardness ∝  cohesive energy 

• Li > Na > K > Rb > Cs 

decreasing order of hardness & M.P 

Be > Mg > Ca > Sr > Ba 

decreasing order of M.P & hardness 

53  CHEMICAL 

REACTIVITY  

• Highly reactive due to low ionization energy. Hence 

they are stored in kerosene.  

• Down the group chemical reactivity increases due to 

decreasing ionization energy  

• Be in massive form is unreactive. No reaction 

with H2O, steam, it cannot be oxidized by air 

below 6000C 

• Powdered Be is reactive, on ignition forms 

BeO + Be3N2 

    3 2

airBe BeO Be N∆→ +  

• Concentrated HNO3 makes be passive due to 

the formation of a thin protective layer of 

BeO. 

• Be dissolves in dilute HCl, H2SO4 & dilute 

HNO3 and liberates H2 gas.  

• Be also dissolves in NH4HF2 
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     Be + NH4HF2 → (NH4)2[BeF4] 

                                        

∆

water soluble complex

 
                        BeF2 + NH4HF2 

NOTE: Anhydrous Be halides cannot be prepared 

using aqueous solution. 

 

 
 

S - BLOCK ELEMENTS (Alkali metals)  

PRACTICE QUESTIONS 

 

1. An amphoteric oxide dissolves in HCl to form a salt. The salt does not impart any colour to the flame and fumes in moist air. The oxide is  

 1) CaO 2) Na2O 3) BeO 4) MgO  

2. Which of the following s-block element form oxide and nitride when treated with air  

 1) K 2) Na 3) Mg 4) Rb  

3. Which of the following metal bicarbonate does not exist in solid state  

 1) 3LiHCO  2) 3NaHCO  3) 3KHCO  4) all of these   

4. The correct order of density of alkali metals is  

 1) Na<K<Rb<Cs 2) K<Na<Rb<Cs 3) Na<K<Cs<Rb 4) K<Na<Cs<Rb  

5. Which of the following compound liberates oxygen on heating  

 1) 2 3Li CO  2) LiOH 3) LiNO3 4) NaOH  

6. Which of the following is correct order of basic strength of hydroxides   

 1) LiOH>NaOH>KOH>RbOH 2) RbOH>NaOH>KOH>LiOH 

 3) RbOH>KOH>NaOH>LiOH 4) LiOH>RbOH>KOH>NaOH  

7. The incorrect reaction for thermal decomposition among the following is  

 1) 
3 2 22 2NaNO NaNO O∆→ +  2) 4 2 2 22NH NO N H O∆→ +  

 3) 
3 2 2 24 2 4LiNO Li O NO O∆→ + +  4) 2 3 2 2

Low

temperature
Na CO Na O CO→ +   

8. KHCO3 can’t be prepared in Solvay’s process because  

 1) KHCO3 is less soluble than NaHCO3  2) KHCO3 is more soluble than NaHCO3 

 3) KHCO3 is insoluble 4) Both KHCO3 and NaHCO3 are equally soluble   
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9. Reaction of KO2 with water produces  

 1) KOH 2) H2O2 3) O2 4) all of these   

10. Which can form super oxide  

 1) Li, K 2) Li, Cs 3) K, Rb 4) Li, Na  

11. Which of the following cation has largest size in aqueous medium  

 1) Li
+
 2) Na

+
 3) K

+
 4) Cs

+
  

12. Number of crystalline water present in washing soda is  

 1) 6 2) 4 3) 10 4) 2  

13. Which is most electropositive element  

 1) Li 2) Na 3) Cs 4) Ba  

14. Which is mismatched regarding the method of preparation  

 1) Na - Down’s process  2) Na2CO3.10H2O – Solvay’s Ammonia process 

 3) NaOH  - Castner Kellner cell 4) NaOH – serpeck’s process   

15. Most covalent compound among following  

 1) CsF 2) Lil 3) Csl 4) NaF  

16. The radioactive members of s block are  

 1) He,H2 2) K, Ra 3) Fr, Ra 4) Cs, Fr  

17. Which of the following oxide of alkali metal is paramagnetic  

 1) Li2O 2) Na2O2 3) KO2 4) MgO  

18. Choose the incorrect match  

 1) Baking soda – NaHCO3 2) Slaked lime – CaO 

 3) Washing soda - 2 3 2.10Na CO H O  4) Plaster of Pairs – CaSO4. 2

1

2
H O   

19. Best reducing agent among the following is  

 1) Li 2) Na 3) K 4) Cs  

20. When sodium is dissolved in liquid ammonia, a solution of deep blue colour is obtained. The colour of the solution is due to  

 1) ammoniated electron  2) sodium ion 

 3) sodium amide  4) ammoniated sodium ion   

21. The main oxides formed on combustion of Li, Na and K in excess of air are, respectively  

 1) 2 2 2, &Li O Na O KO   2) 2 2 2 2, &LiO Na O K O  

  3) 2 2 2 2 2, &Li O Na O KO  4) 2 2 2 2, &Li O Na O KO   

22. Which of the following covalent  

 1) NaCl 2) KCl 3) BeCl2 4) MgCl2  
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23. One mole of magnesium nitride on reaction with excess of water gives  

 1) one mole of ammonia  2) one mole of nitric acid  

 3) two moles of ammonia  4) two moles of nitric acid   

24. Which one of the following on hydrolysis, gives the corresponding metallic hydroxide, H2O2 and O2 

 1) Li2O 2) Na2O2 3) NaO2 4) Na2O  

25. KO2(potassium superoxide) is used in oxygen cylinders in space and submarines because it  

 1) absorbs CO2 and increases O2 content 2) eliminates moisture  

 3) absorbs CO2  4) produces ozone   

26. The correct order of mobility of alkali metal ions in aqueous solution is  

 1) Na K Rb Li+ + + +> > >  2) K Rb Na Li+ + + +> > >  

  3) Rb K Na Li+ + + +> > >  4) Li K Na Rb+ + + +> > >   

27. The alkali metals form salts like hydrides by the direct synthesis at elevated temperature. The thermal stability of these hydrides decreases in 

which of the following order  

 1) CsH>RbH>KH>NaH>LiH 2) KH>NaH>LiH>CsH>RbH 

 3) NaH>LiH>KH>RbH>CsH 4) LiH>NaH>KH>RbH>CsH  

  

 

1) 3 2) 3 3) 1 4) 2 5) 3 6) 3 7) 4 8) 2 9) 3 10) 4 

11) 1 12) 3 13) 3 14) 4 15) 2 16) 3 17) 3 18) 2 19) 1 20) 1 

21) 4 22) 3 23) 3 24) 3 25) 1 26) 3 27) 4    

 

 



S- BLOCK ELEMENTS PART-2 

 

DIFFERENCES OF LITHIUM WITH OTHER ALKALI METALS 

1. Lithium is miscible with only Na at a temperature of 3800C and is immiscible with K, Rb and 

Cs.  

Pairs of remaining alkali metals are miscible in all properties. 

2. LiOH is less basic and decomposes.  

Other alkali metal hydroxides do not decompose. 

3. Li is the only alkali metal that directly combines with N2. 

2

2 3 36 2
H O

Li N Li N LiOH NH+ → → +  

Other alkali metals do not directly combine with N2. 

( )2

2 3 2 32
3

H O
M N M N M OH NH+ → → +  

(M = all Alkaline earth metals) 

4. LiF, Li2CO3, Li3PO4 are insoluble.  

Where as these compounds of other alkali metals are soluble.. Due to high lattice energy of 

LiF, it is insoluble in water. BeF2 is soluble compound but MgF2, CaF2 are insoluble. 

5. LiClO4 is soluble, NaClO4 is sparingly soluble. Mg(ClO4)2 is soluble. Mg(ClO4)2 is called as 

anhydrous and used as drying agent.  

Remaining alkali metal perchlorates are insoluble in water.  

K+ is quantitatively estimated in the form of insoluble KClO4.  

6. Like Aluminium, Be will also forms covalent compounds. 

7. The hydroxides of Be ( Be(OH)2  and Al (Al(OH)3 are amphoteric in nature. 

8.  Like Al , Be is not rapidly attacked by acids due the presence of an oxide layerfilm. 

9. Both Al and Be form fluoro complex ions [BeF4]
2- and AlF6

3. 

DIAGONAL RELATIONSHIP  

Li is diagonally related to Mg, Be is diagonally related to Al. 

REASONS FOR DIAGONAL SIMILARITY: 

1. Similar ionic radii 

0 2 00.76 0.72Li A Mg A+ +≈ ≈  

Properties that depend on ionic radii are similar to Li+ and Mg+2. 

2. 2 0 3 00.42 0.53Be A Al A+ + ≈ ≈   

Ionic radius is not similar but the charge per unit area is similar. 

2

2 3

charge
Charge per unit area

4

2.36 for   &

r

Be Al

π
+ +

=

≅

 

3. Some times diagonal relationship is due to same electro negativity. 

4. The polarizing power of Be+2 is and Al+3 ions  is high. 

5. The standard oxidation potential values of both Be & Al are close to each other.  



6. Be does not exhibit co ordination number more than four, because it has only four vacant 

orbitals. While the other metals of this group will exhibit co-ordinaiton number by utilizing d- 

orbitals.  

NaHCO3 [BAKING SODA]: 

 Decomposition point is in between 500C to 1000C 

Baking Powder: (Improved) 

 30% NsHCO3, 20% NaAlSiO4, 10% ca(H2PO4)2, 40% starch. 

 Starch (filler) increases the mass, volume of substance. 

 ( ) ( )2 4 2 3 42 2
Ca H PO H O Ca OH H PO+ → +  

 
3 4H PO  liberates CO2 from NaHCO3. 

 Role of NaAlSiO4 is to slow down the liberation of CO2. 

    Na2CO3.10H2O [Washing Soda] 

 Na2CO3.H2O [Heavy ash]: Used in glass industry. 

 Na2CO3 [Light ash]: Used in petroleum industry 

Manufacture of Na2CO3: 

1. Leblanc process 

2. Solvay ammonia process 

3. electrolytic method 

1. Leblanc process: (old process) 

[Raw materials: NaCl, H2SO4, Coke, CaCO3]   

Step I: 2 4 4 2 4NaCl + H SO HCl + NaHSO HCl + Na SO→ →  

Anhydrous Na2SO4 is called salt cake. 

Step II: Salt cake to Salt ash: Na2SO4 mixed with CaCO3and coke and strongly heated. 

2 4 3 2 3Na SO   +    C    +    CaCO        Na CO    +   CaS  +  CO→ ↑  

 2H O

2 3Solution of Na CO + CaS→ ↓  2 3

evaporate Solid Na CO→  

Na2CO3 + CaS is called as Black ash 

2. SOLVAY AMMONIA PROCESS (MODERN PROCESS): 

[Raw materials: Brine solution, CaCO3, NH3] 

 Step I:  Purification of brine [if contains Mg+2, Ca+2]. 

Brine is saturated with NH3, allowed to stand for some time to precipitate to settle    
down  

  
3 2 4NH H O NH OH+ →  



  ( )2 4 42
2 2CaCl NH OH Ca OH NH Cl+ → ↓ +  

  ( )2 4 42
2 2MgCl NH OH Mg OH NH Cl+ → ↓ +  

Some times little amount of CO2 is passed through brine which is saturated with 
Ammonia. 

  
( ) ( )2

3 2 4 4 32

CO little
NH H O NH OH NH CO+ → →  

  ( )2 4 3 3 42
MgCl NH CO MgCO NH Cl+ → ↓ +  

  (Remaining)  ppt 

  ( )2 4 3 3 42
CaCl NH CO CaCO NH Cl+ → ↓ +  

  (Remaining)  ppt 

The impurities of Mg+2, Ca+2 are eliminated from brine as their hydroxides and 
carbonates. 

Step II: Excess of CO2 is passed through purified brine which is saturated with NH3 in      

             carbonating tower. 

 ` 
4 2 4 3

NH OH +  CO NH HCO( )  Excess →     

  
4 3 3 4

NaCl + NH HCO NaHCO +NH Cl↓→    

NaHCO3 is actually soluble in water and converted to Na+ and 
3HCO − . But in this case 

even NaCl undergoes dissociation and gives Na+, Cl− . Due to common ion effect (of 

Na+), NaHCO3 is insoluble and precipitated. 

-+

3 3
NaHCO Na +HCO⇌  

NaCl Na Cl+ −→ +  

 Step III: Bi carbonate is separated by filtration and calcinated (2500C) to get sodium  

     carbonate. 

  3 2 3 2 2∆
2NaHCO Na CO +H O+CO→ (Reduced) 

  The CO2 liberated can be re-used for the purification of brine. 

 Step-IV: Recovery of Ammonia: 



                       

CaCO
3

  CO
2

CaO  + H
2
O          Ca(OH)

2

Brine solution 

NH
3

NaHCO
3

precipitate

+ NH
4
Cl

Ca(OH)2

NH
3 
+CaCl

2

Regeneration of NH
3

  Calcinated

Na
2
CO

3+CO
2

Regeneration of CO
2

 

Note: Solvay ammonia process cannot be used for the preparation of K2CO3 as                

         KHCO3 cannot be separated. KHCO3 is highly soluble compound. 

PROPERTIES OF Na2CO3: 

1. 
exposed to ∆

2 3 2 2 3 2 2 3air
Na CO .10H O Na CO .H O Na CO→ →  

Crystalline         heavy ash light ash 

2. Reaction with acid or acidic oxides: 

               

CO2

HCl

Na
2
CO

3
SO2

SiO2

CO
2
 + H

2
O+ NaCl

NaHSO
3

Na2CO3 Na
2
SO

3
+CO

2

Boil with S

Na
2
S

2
O

3

NaHCO
3

Na
2
SiO

3
 + CO

2

 

3. Reaction with metal salts other than alkali metal salts. 

 

BaCl
2

Na
2
CO

3

CuSO
4

BaCO
3
 + NaCl

MgCO
3
  + Mg(OH)

2
CaCO

3

CuCO
3
 + Ca(OH)

2

MgCl2

ZnCl
2

CaCl
2

Pb(CH
3
COO)

2

 ZnCO
3 

+ Zn(OH)
2

 PbCO
3 

+ Pb(OH)
2

Basic Mg  carbonate

Basic Zn  carbonateBasic Cu carbonate(green)

This is the compostion of 
coating on copper articles

 
Note: Salts of Zn+2, Pb+2, Mg+2, Cu+2 have a tendency to undergo hydrolysis 

Fe, Al, Sn also form carbonates but the carbonate undergoes hydrolysis to form 

hydroxides. 

  ( ) ( )2
H O

3 2 3 2 3 3 3
FeCl +Na CO Fe CO Fe OH→ →  

� 50% of Sodium carbonate is used in glass industry. 



� With various sodium phosphate and poly phosphates (water softeners) used for in 

cleaning powder. 

� Na2CO3.H2O Heavy ash used in glass industry. 

� Na2CO3 (anhydrous) from Solvay process 
Recrystallization from hot water→  Na2CO3.H2O (heavy 

ash) used in petroleum and textile industry. 

� Prehistoric times Na2CO3 prepared from Trona, which is obtained dried lake beds of 

Egypt. 

2(Na2Co3.NaHCO3.2H2O)
∆→Na2CO3+ CO2 + 5H2O. 

Trona (Sodium sesqui carbonate) 
 

NaOH [CAUSTIC SODA] 

 Causticisation: Gossage process (using Na2CO3) 

 ( )2 3 32
Na CO + Ca OH  NaOH +  CaCO ↓→  

  Milk of lime      Solution 

 CaCO3 separated, solution containing NaOH is evaporated to get flakes of NaOH. 

 NaOH →  solution is separated evaporate→  flakes of NaOH 

  
 LOWGRIS PROCESS: 

 Na2CO3 heated with Fe2O3 
∆→  NaFeO2 (Sod ferrite) + CO2↑  

 NaFeO2 + H2O →  NaOH (solution)+ Fe2O3 

    
ELECTROLYTIC METHODS: 

 

 I. NELSON CELL       

 

 Cathode = steel (perforated)    

 Anode = graphite      

 Electrolyte = aqueous solution of NaCl  l 

 Electrode reaction:      

 NaCl →Na+ + Cl- 
     

         H2O  ��⇀↽��  H+ + OH- 

         

 At ( )− Cathode : 2H+ + 2e →H2↑      

           

 At (+) anode  : 2Cl-  →Cl2 ↑+ 2e     

  Na+ +OH-   →  NaOH 

In Nelson cell Anode is covered by asbestos diaphragm to prevent mixing of NaOH and Cl2. 

Other wise NaOH + Cl2 →  NaClO + NaCl +H2O takes place. 

  
II. CASTENER KELNER CELL: 

 
Cathode  = Hg  

Anode   = graphite  

Electrolyte = aqueous NaCl 

Reactions : NaCl →Na+ + Cl- 



At cathode : Na+ + e →Na 

    Na+ Hg →NaHg (Moves into middle compartment) 

At anode : 2Cl-  →Cl2 ↑ + 2e 

 
Middle compartment: 

Cathode : Iron 

Anode  : Hg 

Electrolyte : dilute NaOH 

( )− Cathode: 2H ↑  is liberated 

(+) anode: ( ) ( )2x
Na Hg + H O NaOH + x Hg→  

Properties: 

1. Reaction with non metals [F2 (X2 = Cl2 Br2 I2)], P4, S, B, Si 

2. Reaction with metals: Zn, Al, Pb, Sn dissolves and liberates H2. 

3. Reaction with metal salt: [ZnCl2, AlCl3, SnCl2, PbNO3] 

4. Exposed to moist air : NaOH + H2O + CO2 →Na2CO3 

 

 

5. Reaction with non-metals :  

 

NaOH

P
4

S B Si

NaH
2
PO

2
 + PH

3
Na

2
S

2
O

3
+Na

2
S

+ H
2
O

Na
3
BO

3
+ H

2
Na

2
SiO

3
+ H

2

 

  
6. Reaction with metals: Metals like Al, Zn, Sn and Pb dissolves and liberates H2. 
 

        

NaOH

Pb Zn Al Sn

Na
2
[PbO

3
] + H

2
Na2[ZnO2] + H2 Na2AlO2(or) 

Na[Al(OH)4+H2

Na
2
SnO

3
 + H

2

  
7. Reaction with salts: Mn, Fe, Cu, Ni salts forms insoluble hydroxides. 

 

  



 

NaOH

Mn Fe3+ Cu+2 Ni+2

Mn(OH)
2

Fe+2

Fe(OH)
3

Cu(OH)
2

Ni(OH)
2

Fe(OH)
2

 
 
 

8. Reaction with metals: Metals like Al+3, Zn+2, Sn+2 and Cr+3 forms insoluble hydroxides 

which dissolve in excess of NaOH. 

NaOH

Cr+3 Zn+2 Al+3 Sn+2

Na[Cr(OH)
4
]  Na2[ZnO2] + H2 Na2AlO2(or) 

Na[Al(OH)4+H2

Na
2
SnO

2
+ H

2

Cr(OH)
3 Zn(OH)

2
Al(OH)

3
Sn(OH)

2

Excess 
NaOH

Excess 
NaOH Excess 

NaOH
Excess 
NaOH

Solution Solution

Solution
Solution

 

� Baking powder (improved) composition: 30% NaHCO3 + 20% NaAlSiO4 + 10% 

Ca(H2PO4)2 + 40% starch. 

� Role of Ca(H2PO4)2 : To liberate CO2 from NaHCO3. 

     Ca(H2PO4)2 + H2O →H3PO4 (acid) + Ca(OH)2 

� Role of NaAlSiO4 : Slow down the above reaction so that CO2 is given out slowly. 

   SODIUM NITRATE (NaNO3)  

� Available in nature in the form of chilesalt peter. 

� In laboratory it can be prepared by action of HNO3 with NaOH or Na2CO3.  

� NaOH + HNO3 →NaNO3 + H2O 

� Na2CO3 + 2HNO3 →  2 NaNO3 + H2O + CO2  

� When heated with sodium metal, pure Na2O is formed.  

    2 NaNO3 + 10Na →  6Na2O + N2 

� NaNO3 is crystalline solid, on heating above 5000C 2 NaNO3 →2NaNO2 + O2  

    Above 8000C 4 NaNO3 →  2 Na2O + N2 + 5 O2 

 

 

 
~~~~~~~~~~ 

 
 
 



S - BLOCK ELEMENTS (ALKALINE EARTH METALS) 

PRACTICE QUESTIONS 

 

1. Select the correct order of increasing thermal stability of alkaline earth metal carbonates  

 1) 
3 3 3BeCO MgCO CaCO< <  2) 

3 3 3CaCO BeCO MgCO< <  

 3) 3 3 3MgCO BeCO CaCO< <  4) 3 3 3CaCO MgCO BeCO< <   

2. Plaster of Paris hardens by  

 1) giving off CO2 2) Changing into CaCO3  3) giving out water 4) combining with water  

3. Reaction of KO2 with water produces  

 1) KOH 2) H2O2 3) O2 4) all of these   

4. Hybrid state of Be in solid BeCl2 

 1) 3sp  2) 2sp  3) sp 4) 2dsp   

5. 
2 2 2( )Be C H O A Be OH+ → +  

 
4 3 2 3( )Al C H O B Al OH+ → +  Hybridisation of carbon in B and A respectively is  

 1) sp and sp
3
 2) sp

2
 and sp

3
 3) sp and sp 4) sp

3
 and sp

3
  

6. By adding gypsum to cement  

 1) setting time of cement becomes less 2) setting time of cement increases  

 3) colour of cement becomes light  4) shining surface is obtained  

7. Metals form basic hydroxides. Which of the following metal hydroxide is the least basic  

 1) 2( )Mg OH  2) 2( )Ca OH  3) 2( )Cr OH  4) 2( )Ba OH   

8. Which of the following arrangement is correct in respect of solubility in water  

 1) 4 4 4 4 4CaSO BaSO BeSO MgSO SrSO> > > >  

 2) 4 4 4 4 4BeSO MgSO CaSO SrSO BaSO> >> >  

 3) 4 4 4 4 4MgSO CaSO SrSO BaSO BeSO> > >  

 4) 4 4 4 4 4CaSO MgSO SrSO BaSO BeSO> > >  

9. Which pair of the following chlorides do not impart colour to the flame  

 1) BaCl2 and SrCl2 2) BeCl2 and MgCl2 3) CaCl2 and BaCl2 4) BaCl2 and SrCl2  

10. Which one of the following order presents the correct sequence of the increasing basic nature of 

the given oxides  

 1) 
2 3 2 2Al O MgO Na O K O< < <  2) 

2 2 3 2MgO K O Al O Na O< < <  

 3) 2 2 2 3Na O K O MgO Al O< < <  4) 2 2 2 3K O Na O Al O MgO< < <   

11. Choose the incorrect statement in the following  

 1) BeO is almost insoluble but BeSO4 is soluble in water 

 2) BaO is soluble but BaSO4 is insoluble in water  

 3) LiI is more soluble than KI in ethanol 

 4) Both Li and Mg form solid hydrogen carbonates   

12. A solid compound ‘X’on heating gives CO2 gas and a residue. The residue mixed with water 

forms ‘Y’. On passing an excess of CO2 through Y in water, a clear solution ‘Z’ is obtained.On 

boiling ‘Z’ compound ‘X’ is formed. The compound ‘X’ is  

 1) CaCO3 2) Na2CO3 3) K3CO3 4) Ca(HCO3)2  

  

1) 1 2) 4 3) 4 4) 1 5) 4 6) 2 7) 1 8) 2 9) 2 10) 1 

11) 4 12) 1         

 
 



13TH GROUP ELEMENTS 
 

Elements: B, Al, Ga, In & Tl 

 General Electronic configuration: ns2np1 

1. 
3 3 3 2B+HNO  H BO +NO+H O→  

  Or hot conc H2SO4 oxidizing acid 

2. 
3 3 2B+NaOH Na BO +H→ ↑  

3. 
3 2Al+HCl AlCl +H→ ↑  

4. 
2 2Al  +  NaOH NaAlO  +  H→ ↑  

From all above equations B and Al are amphoteric. 

An element that can react with an acid and base is amphoteric. 

� Possible oxidation states are +1, +3 

� Stability of +3 oxidation state decreases down the group, that of +1 oxidation state 

increases. 

� 
+3 +3 +3 +3B   >  Al   >  Ga   >  In  (decreasing order of stability) 

� 
+1 +1 +1Ga   <  In   <   Tl       (increasing order of stability) 

� Tl cannot exhibit stable +3 oxidation state due to inert pair effect. It can exhibit stable 

+1 oxidation state. Hence Tl resembles alkali metals due to +1 oxidation state. 

 

   

Tl+3                               Tl+1

Unstable                      Stable

2e

(Acceptor)

Oxidizing agent
 

 
� Compounds of Tl in +3 oxidation state changes to more stable +1 oxidation state. 

Hence act as oxidizing agents.  

GaX, InX, TlX   existing compounds (Increasing order of stability) 

 

Ga+1                               Ga+3

Less stable              more  Stable

2e

(donor)

Reduzing agent

    

 
  

� Compounds of Ga in +1 oxidation state changes to more stable +3 by donating 

electrons. Hence, it act as reducing agents. 

� Lesser the stability, greater the reducing character. Hence Ga+1 is more reducing than 

In+1. 

 



      Nature of the compounds:  

 

� All Boron compounds are covalent, hence it cannot form B+3 ion in aqueous solution. 

� AlF3 is ionic. 

Other compounds of Al, Ga, In

Anhydrous compounds are covalent

hydrated compounds are ionic 
 

� The hydration energy of tripositive cation Al+3, Ga+3, In+3 is greater than their sum of 

IE1, IE2, IE3, hence hydrated compounds are ionic. 

Ionization Energy: 

� Down the group ionization energy is expected to decrease. 

                  

  B         Highest IE

Al

Ga

 Unexpected

 In

     TlExpected

Expected

un expected

Reason: due to poor 
screening capacity of d- 
orbitals 

Due to very poor shielding 
capacity of f - orbital 
electrons and d -orbital 
electrons 

Lowest IE

 

       Atomic radii: 

         
0 0 0 0 0

    B Al Ga In Tl

0.81A 1.24A 1.25A 1.5A 1.55A≈ ≈
 

 

1. Sudden increase in atomic radii from B to Al is due to large difference in number of e
−
 in  

    the penultimate shell 

2. Due to poor screening effect of d-orbital electrons, there is not much increase in atomic  

    radii from Al to Ga. 

3. Due to poor screening effect of f-orbital electrons, there is not much increase in atomic  

    radii from In to Tl. 

Melting points: 

� Down the group melting point is expected to decrease. 

� Melting point decreases from B to Ga but from Ga to Tl, melting point increases. 



   B

  Ga

  Tl

23000C

300C lowest MP due to Ga
2
  molecules

 

 

� Ga possesses high liquid range i.e. low melting point and high boiling point. Hence used 

as a thermo metric liquid in high temperature thermometers. 

� Melting point of Boron is very high due to large number of strong covalent bonds. 

Metallic character: 
 

 
+3

Al /Al    =   SRP   =   1.66−  

 
+3Ga /Ga    =  SRP  =  0.52−  

 
+3In /In   =   SRP  =   0.32−  

  

Based on the electrode potential values, Al is more metallic and more electropositive than Ga 

and In. Ga and In are less electropositive and less metallic due to poor screening capacity of 

d-orbital electrons. 

     Ability to form complexes: 

� Ability to form complexes ∝  positive charge density ∝
positive charge of cation

size of cation
. 

� Higher the positive charge density, greater the ability to form complexes. 

� Down the group, ability to form complexes decreases due to decrease in positive charge 

density. 

        B+3: [1s2 2s02p0] 

�  Boron can form complexes with maximum coordination number 4. 

Ex., [ ]4BF
−

→  sp3 – tetrahedral - cannot expand co-ordination number more than 4 

due to lack of d-orbitals. 

� Other tripositive cations can form complexes with co-ordination number 6 by providing       

empty d-orbitals. 

     Ex., [ ] 3

6AlF
−

→  Sp3d2 – octahedral 

              

Chemical reactivity:  

 

� Aluminium is more reactive than boron, but it is stable in air and water due to the 

formation of protective oxide layer [Al2O3]. 

� In aluminium industry, the Al oxidized to produce a protective oxide layer by electrolysis 

of dilute H2SO4 using Al anode. This process is called Anodizing. 

Anode:  
2 24 2OH H O O− → +  



  [ ]2 2 3Al O Al O+ →  Anodizing. 

 

  GaX → Ga+3   + Ga   Disproportionation of    

        ( Or)  GaX3 + Ga                   Ga+1 and In+1 particularly in 

                                                        Aqueous solution  

 InX  →  In+3 + In 

     ( Or)    InX3   +  In 

 

        Halides: 
 General formula: MX3 

 General state: ns2 np1 

 Excited state: ns1 np2 

�   All trihalides are classified as electron deficient compounds as they have less number      

         of electrons than octet on the central atom. 

�     All these trihalides can accept a pair of electron to complete the octet, therefore acts  

         as Lewis acids. 

Lewis acidic character: 

 
3 3 3 3BX    >   AlX    >   GaX    >  InX  (Tl forms stable mono halide] 

 
+ -

3 3TlI      Tl   +   I→  (Ionic compound) 

          Lewis acidic character of boron trihalides (BF3, BCl3, BBr3, BI3) 

Based on the EN of surrounding halogen, BF3 should be the strongest Lewis acid BI3 must be 

the weakest lewis acid. 

But experimental order is exactly the reverse of expected order. BI3 is strongest acid, BF3 is 

weakest lewis acid. 

 BF3 < BCl3 < BBr3 < BI3 (Increasing order of lewis acidic character)  

Explanation: 

                    

B

F

F

F

π
filled 2p orbital

  2p vacant orbital

                  

B

Cl

Cl

Cl

π
filled 2p orbital

  2p vacant orbital

 

The Lewis acidic character of these trihalides depends on strength of the π  bond between B 

and halogen. Weaker the π  bond, stronger the Lewis acidic character.  Strength of π  bond 

decreases from BF3 to BI3, hence Lewis acidic character of halides increases. 

The B – F bond length is shorter than sum of the covalent radii of B and F, due to π  bonding 

or back bonding. 

All the three B – F bond lengths are equivalent due to resonance. 
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Formation of complex halides: 

 
BF3 + F

-   [BF
4
]-

 
    Complex halide with C . NO = 4  

 

� Boron will form complexes with maximum covalency 4. 

� Complex halide formation is possible only with smaller F −  but not with larger , ,Cl Br I− − −
. 

� Other tripositive cations can form trihalides with maximum number of co-ordination 

number 6.  

       [ ]-3-

3 6AlF   +  3F AlF→  Complex halide with C.NO-6 

�     Boron halides are monomers whereas other halides are dimers. 

A l

C l

C l

C l

A l

C l

C l

C l
 

 

HYDROLYSIS OF HALIDES: 
 Except Boron trifluoride all other halides undergo hydrolysis. 

 ( )3 2 3
BX    +  3H O    B OH +  3HX→  

  (X = Cl, Br, I)       Ortho Boric acid 

1. ( )3 2 3
BF    +   3H O      B OH   +   3HF→  

[ ]-

3 4BF   +   HF      H BF→   

2. [ ]-- +

3 3BF   +   H OH HOBF +  H→  

Due to reactions 1 or 2, BF3 cannot undergo hydrolysis. 

HYDRIDES: 

                

   M    + H
2
                       MH

3

 

 No other group element forms MH3 type of simple halides. 

 

Complex halides: 

 

3 3BCl     +    NaH      BH  +    NaCl→ □  

  BH
3
   +     Na H   NaBH

4
  Complex hydride

 
EX:- Na[BH4], Li  [AlH4] 

Boron, aluminium can form complex hydrides due to their electron deficient character and 

availability of vacant p-orbital. 



 [ ] [ ] [ ]4 4 4Li BH   <  Na  BH   <   K BH .......... 

 Increasing order of stability and decreasing order of reducing character. 

 [
-

4BH  larger anion is stabilized by larger cations.] 

      BORON HYDRIDES 

                            
                 

n n+4B H              
n n+6B H  

 

 Boranes (Or) Nido boranes   Hydro boranes (or) Arechno boranes 

       
 B2H6 diborane      B4H10 tetra borane 

 B5H9 penta borane – 9     B5H11 penta borane – 11  

 B6H10 hexa borane – 10     B9H15 Nona borane (or) enna borane 

 B10H14 deca borane 

� For a given number of ‘n’ boranes are more stable than hydroboranes. 

� Only diborane reacts with water. 

� All are stable towards hydrolysis except diborane. 

 

B2H6 [DIBORANE]: 

     

B

H

H H

B

H

H

H

  H

  H

1.33A0                                                                  1.19A0

  B.O=1          B.O=0.5

   1.77A0

 terminal hydrogens 

Bridged hydrogens

       
  

� Bridged hydrogen-boron bond length is more than terminal hydrogen-boron bond length. 

� BH2 groups and bridging hydrogens are in different planes. 

      ( )2 6 3 2 2 3 4
B H   +    4CH I        B H CH→     tetramethyl diborane  

 Above reaction is the evidence to prove that there are 4 terminal hydrogens. These are  

     normal covalent bonds.  

� Bond order of boron-bridged hydrogen bond = 1/2 

� Bond order of boron-terminal hydrogen bond = 1 

� Diborane possess less number of electrons  than required for bond formation. Hence it is 

called electron deficient compound.  

� NOTE: i. Diborane B2H6 has two three centre B…H…B bonds. 

ii. Tetra borane has B4H10 has two B...H...B bonds and one B-B bond. 

iii. In Penta borane-9 ( B5H9 ) boron atoms forms a square based pyramidal  

     with four three centered B…H…B bonds, and multi center bonds from the   

     apical B atom to the four B atoms in the square. 

iv. In penta borane -11 ( B5H11) boron atoms forms a distorted square based  

     pyramid in two of the triangular faces with three center B…H…B bonds  



     and three centre B…B…B bonds in two of the triangular faces. 

 

ORBITAL STRUCTURE OF B2H6: 

  B     s p 3   B    s p 3

 
 2 electron 2 centered bonds = sp3 – s = 4 

 2 electron 3 centered bonds = sp3 – s – sp3 = 2 

 Terminal B-H bonds are normal covalent bonds. 

 Higher boranes have an open cage structure.  

       

   sp3    B                            B    sp3

  H

H

 H

H

Banana bond / Tau bond 
 

CLEAVAGE OF DIBORANE: 

  

1 

 

H

B

H

H

B

H

H
H

 
                             

                      ↓  

                   2BH3 

      Symmetrical cleavage 

H

B

H

H

B

H

H
H

 
 

                       ↓  

           [ BH2]
+  +  [BH4]

- 

        Unsymmetrical cleavage 

2 Bulky bases promote symmetrical 

cleavage 

 

 

Smaller bases like NH3, H
⊙

, CH3-NH2, 

(CH3)2NH cause unsymmetrical cleavage. 

3 In the presence of these bases, both 

bulky groups cannot be attached to 

single boron due to steric hindrance. 

Both bulky groups are attached to 

different borons and hence symmetrical 

cleavage takes place 

Both the smaller bases are attached to the 

same boron due to less steric hindrance 

and hence unsymmetrical cleavage takes 

place 

4 ( ) ( )2 6 3 3 33 3
B H   + 2  N CH   2BH N CH→  [ ]2 6 4B H     +  2 NaH      2  Na BH→  

5 
2 6 3B H   +2  CO     2BH CO→  [ ]+

2 6 3 2 3B H   +  2NH     BH 2NH→  

6 ( )2 6 2 5 3 25
B H   +  2 C H O    2BH OEt→  [ ] [ ]- +

2 6 3 2 4 2 2 3B H  +  CH NH BH BH NH CH→  

 

REACTIONS WITH NH3: 

 

( ) ( ) [ ] [ ]+ -low temperature

2 6 3 2 6 3 2 3 4B H +  2NH excess B H .2NH or BH 2NH BH→  

 

( ) ( )high temperature

2 6 3 n
B H   +  NH excess BN→   (Hybridization of B = sp2) 



      ↓  

                                               Boron nitride (Inorganic graphite) 

                     

  B      N

  B                N

 N                              B

  B      N

  B                N

  B

 N

 B

 
 

( )
0

2:1

2 6 3 3 3 6»100 C
B H   +  NH    B N H→ - Borazole (OR) Borazine (Inorganic benzene) 
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PREPARATION OF B3N3H6: 

 

� [ ] [ ]+ -low temperature ∆

2 6 3 2 6 3 2 3 4 3 3 6B H +2NH B H .2NH : BH 2NH BH B N H→ →  

� By heating equimolar quantity of NH4Cl & BCl3 

 
3 4 3 3 3 3BCl +   NH Cl      B N H Cl

Λ→   4NaBH

3 3 6  B N H→  

    3    :      3  B-trichloro borazine                                                  

                              

N

B

B

N

N

B

Cl

H

Cl

H

Cl

H
Reduction  NaBH

4 B
3 
N

3
H

6

3 RMgX

B
3 
N

3
H

3
R

3  
-      B- trialkyl borazine

         B-tri chloro Borazine

 

 4

+
NaBH

3 3 3 3 3 3 3 3 3 3∆
BCl   + R N H Cl            B N R Cl  B N R H→ →  

    3    :      3              B-trichloro N-trialkyl borazine       N-trialkyl borazine                                  

 2 6 2 3 3 2B H   +  H O    H BO  +   H→ ↑  −− Acidic solution 

 
01400 C

2 6 2 2∆
B H B + 3H→ ↑  



                              Pure Boron 

 
heating

2 6 2 3 2B H   +  air    B O   +   H O→  

 3AlCl

2 6 2 2 5B H   +   Cl    B H Cl→ -  Chloro diborane 

 2 6 2 3 2B H   +   Cl      BCl   +   3H→  

 2excess Cl

2 6 3B H BCl + 6HCl→  

HIGHER BORANES (POLY NUCLEAR BORANES): 

 EX., B4H10, B10H14 

In diborane, only terminal and bridged bonds are present. But in case of higher boranes, 

additional bonds are present. 

 Types of bonds in higher boranes: 

1.  B – H terminal bond  :  2 Electron, 2- centered bonds 

2.  B – H  bridged bond :  2 Electron, 3- centered bonds 

3.  B – B direct bond   :  2 Electron, 2- centered bonds 

4.  B – B – B open bond :  2 Electron, 3- centered bonds 

5. 

  
B B

B
 B-B-B closed bond: 2-Electron, 3-centered bond 

 
� Higher boranes can exhibit Lewis and Bronsted acidic character. 

� Whenever higher borane acts as a Lewis acid, it loses bridged hydrogen, as a result 2  

    Electron, 3- centered bond is converted to 2- Electron 2- centered bonds. 

H+

B                B

- H+

 B - B

  2 e-  , 3 Centered bond

  2 e-  , 2 Centered bond

 

4 10B H    +    RMgX       R-H   +   Mg→  

                                  Alkane 

Number of skeleton electron pairs: 
• Calculated by wade. 

• Each B-H unit = 1 pair 

• Remaining each hydrogen = 1e−
 

• Negative charge = 1e−
 

• B2H6 = 2 + 2 = 4 

• B5H9 = 5 + 2 = 7 

• Any higher borane has n + 2 skeleton e−
 where n is number of boron atoms (Neodo borane) 

• B4H10 = 4 + 3 = 7 

• B5H11 = 5 + 3 = 8 

• Any higher borane with n+3 skeleton e−
 pairs have Archino structure. 



• [ ]-2

5 5B H = 5 + 1 = 6  (n+1 skeleton e−
 pairs) 

• Higher boranes with n+1 skeleton e−
 pairs has closo borane structure. 

Closo boranes: 

 In closo boranes, all types of bonds are present except boron bridged hydrogen bond. 

Preparation of diborane: 

1. ( ) ∆

3 2 3 4 3 4 4 10 4 10 2 62
Mg B   +  H PO     Mg PO +  mixture of boranes mainly containing (B H ),      B H B H→ →

 

2. From boron halides by reduction. 

[ ]3 4 2 6 4BF   +  NaBH    B H  + Na BF→  

3 4   2 6 3BCl   +   LiAlH    B H   +   LiCl  +   AlCl→    

3. 
2

Al

2 3   2 6 2 3H
B O     B H    +    Al O→  

Aluminium forms polymeric hydrides called allanes. (AlH3)n. 

 

 

H    H    H    H

  H      H     H     H

     Al                           Al    Al   
 

H H

Al
 

 

Each aluminum is surrounded by 6 Hydrogens. 

� Gallium forms dimeric hydrides (GaH3)2. 

� Indium also forms polymeric hydrides similar to Aluminium (InH3)2. 

� Thallium cannot form hydride as larger 
1Tl+  cannot stabilize smaller H −

 

HALIDES: 

 
1 1

3Tl I+ −
 : Ionic compound 

 
3Al F      : Ionic compound  

MX
3  −   trihalides 

 

         

  M

  X

  X

  X

Incomplete octet

 Excited configuration of M

   ns1          np2

 
 
Central atom of all these halides have incomplete octet. Hence, classified as electron deficient 

compounds. They are Lewis acids. A pair of electron is accepted into vacant p-orbital to complete 

the octet, hence classified as Lewis acids. 

� Lewis acidic character 

   

 BX3 > Al X3 > Ga X3 > In X3 [Tl cannot form stable tri halide due to inert pair effect] 

� Lewis acidic character of boron tri halides 

 BF3,     BCl3,   BBr3,    BI3. 



Based on the EN of surrounding halogen, BF3 should be the strongest Lewis acid, BI3 should 

be weakest Lewis acid. But actually observed trend is reverse 

BF3 < BCl3 < BBr3 < BI3, increasing order of Lewis acidic character. 

OXY ACIDS OF BORON: 

 
1. H3BO3   : Ortho boric acid 

2. HBO2    : Meta boric acid 

3. H2B4O7  : Tetra boric acid 

[Fluorine is the only non-metallic element, that doesn’t form stable oxy acids due to its 

higher EN and lack of vacant d-orbitals] 

 

H3BO3 (ORTHO BORIC ACID): 

 ( ) ( )
- -

+

3 4
B OH   +   H OH B OH   +  H  ⇌  

 It is a weak mono basic Lewis acid. 

In presence of cis- poly hydroxy compounds, [Catechol, Glycols, Glycerol, Glucose, Fructose] 

equilibrium is shifted towards right side and hence acidic character of ortho boric acid 

increases. 

Reason:  Cis- poly hydroxyl compounds eliminates ( )
4

B OH −    from equilibrium state in the 

form of water soluble complex. Hence equilibrium is shifted towards right. 

 

B

    O             O

    O             O

 
Cis poly hydroxyl compounds are used for titration of NaOH with H3BO3 to find exact end 

point. 

 

EFFECT OF HEAT: 

 

 
0

2

100 C

3 3 2-H O
H BO HBO→  (Metaboric acid) 

 ( )
0

2 2

140 C red hot

2 2 4 7 4 6 2 3-H O -H O
4HBO H B O B O or B O→ →  

 B2O3 is anhydride of orthoboric acid. 

STRUCTURE: 

B

OH

OH

OHIn dilute solution Boric acid  exists as monomer.

 

  In concentrated solution, Boric acid exists as trimer. 



                     

B O

O B

B O

OH

OH

OH

 OH

 sp2 

Boron atoms 

sp3  -  Boron atom

 

 One boron is sp3 (tetrahedral), two borons are sp2 (trigonal planar). 

In solid state, large number of [B (OH)3] units are attached by hydrogen bonding. 

Boric acid contains triangular BO3
3- ion with sp2 hybrid boron. 

     

B

O
-

O
-

O
-

 
 

Preparation of H3BO3: 
1. From B2S3 & BN by reaction with water. 

B2 S3 + 3H2O →  B (OH)3 + H2S 

B N + 3H2O →  B (OH)3 + NH3 

2. From Calomanite: (Ca2B6O11) by passing SO2. 

( )2 6 11 2 2 3 3 32
Ca B O   +  H O  +  SO     Ca HSO  +  H BO→  

H2B4O7 (tetra boric acidic) 

Na2B4O7 (Sodium tetra borate) 

Deca hydrate of sodium tetra borate is called borax (or) Tincol 

Na2B4O7. 5H2O  - Octahedral borax (or) jewellery borax 

Na2B4O7.10H2O  ( )2 4 5 24
Na B O OH .8H O ⇒    

OH B
-

O

O

B

B

O

B
-

O

OH

OH

OH

O

  2 Na+

2 -

 sp2

 

sp2

 sp3

 sp3

 
 

Borax contains two trigonal (sp2) borons and two tetrahedral (sp3) borons. 

Number of B – O – B bonds = 5 

BORAX BEAD TEST: 

 Used for identification of metal ions. 

 Reactions taking place in borax bead test. 

i. Borax when heated in a flame forms a transparent glassy bead (mixture of sodium    

   metaborate and boric anhydride). 

   
∆

2 4 7 2 2 4 7 2 3 2Na B O .H O    Na B O    B O   +  NaBO→ →   

                                                                  
                                                                  Glassy bead 

ii. Glassy bead is dipped into given metal solution and heated. Based on the color, metal can  

    be identified . 



     

4   2 2CuSO   CuO  +  SO   +   O→  

    ( ) ( )oxidising flame redusing flame

2 3 2∆ ∆2
B O +CuO     Cu BO Cu red→ →  

The color in oxidizing, reducing flame is different as different reactions rakes place. Metal 

ions which can form colored metal borates can be identified by this test. 

B2O3 is the intermediate compound. 

Important reactions of borax: 

1. 2 4 7 2 2 4 7Na B O   +   H O     NaOH  +  H B O→  

      Strong Base   weak acid  

             
                    Solution is alkaline.  

2. Borax is used for softening of water.  

    ( )+2 +2 +2 +2 +

2 4 7 4 7 4 7Na B O   +  Mg ,  Ca   Mg B O or   Ca B O  + 2Na→   

3. ( )2 4 7 4 n
Na B O + NH Cl BNΛ→   

( )2 4 7 2 4 2 4 7 4Na B O   +   dil HCl or dil H SO    H B O   +  NaHSO→

Water

∆/red hot  B
2
O

3

Tetra boric acid 

H
3
BO

3
  

 
 

PREPARATION OF BORAX: 

1. From Tincol (crude borax) 

 ( )Recrystalisation
Tincol Borax pure→  

2. From Calomonite by heating with Na2CO3. 

2 6 11 2 3 2 4 7 2 2Ca B O   +   Na CO Na B O + NaBO + CO→ ↑  

3. 3 3 2 3 2 4 7 2H BO    +   Na CO       Na B O  +  CO→  

Test of 
-3

3BO : 

 Salt + concentrated H2SO4 + ethyl alcohol 
Λ→  green flame 

 

B

OH

OH

OH

+

+

+

HO - C
2
H

5

HO - C
2
H

5

HO - C
2
H

5

- 3 H2O
B

OEt

OEt

OEt

 
Tri ethyl borate (volatile compound) burns with green flame. 

 

 3 3 2 4 3 3 4Na BO   +  H SO     H BO   +   NaHSO→  

           Sodium borate 

 

 

OXIDES: 

 B2O3,        Al2O3,   Ga2O3,    In2O3,  Tl2O 

                           

         Amphoteric                Amphoteric             Basic 
          with acidic          

 B2O3 can react with strong acidic oxides like P4O10 and SO3 indicating basic character. 

 4 10 2 3 4P O   +   B O BPO→  

 ( )3  2 2 3 4 3
SO +  H O  +  B O    B HSO→  

 ( ) ( ) ( ) ( )
- -

2 3 2   24 4 2aq
Al O  +  NaOH    NaAlO =   Al OH or Al OH H O   →      



 

 2 3 3 3  2B O   +  NaOH   Na BO +  H O→  

 2 3 4 10 4B O    +   P O   BPO→  

 ( )2 3 3 2 4 3
B O  +  SO   +  H O    B HSO→  

Oxides of Aluminium: 

          Al
2
O

3

Alumina  or Corundum

gama  - Al
2
O

3
 cubic crystal structure 

soft substance due to loose packing

alpha - Al
2
O

3
 Rhombic crystal structure 

hard substance due to close packing
  

 
2 3Al Oγ −  is used as adsorbent, dehydrating agent. 

 
2 3Al Oα −  has high melting point (around 20000C) hence it is used as refractory material. 

Refractory: Substance that is used for coating inner surfaces of furnaces that are used at 

high temperature. 

 ( ) 0 2 33 450 C
Al OH Al O→  

 ( ) ( )
01000 C

2 3 2 3∆3
Al OH or γ-Al O Al O→  (Corundum) 

 2 3 2Al O   +  FeO & SiO  called emery, it is used in sand papers. 

 ( )2 3 2 3 2 3 ∆
Al O   +  Fe O or Cr O →  Rubies (colored) used in jewelry 

 All rubies are example for mixed oxides. 

EXTRACTION OF BORON: 

 Crystal structure of boron is icosahedron with 12 Boron atoms on the corners. 

 Melting point of boron is around 23000C due to large number of strong covalent bonds. 

 Boron has 4 allotropic forms. 

Rhombohedral: 

It exhibits allotropy due to its electron deficient character  

Ores:    i) Na2B4O7.10H2O   Borax 
   ii) Calomonite: Ca2B6O11.5H2O 

   iii) H3BO3 
Two steps are involved in extraction of Boron. 

Step I: Ore  →  B2O3 

Step II: B2O3 →  B [reduction] 

Step I: 

1. B2O3 from Borax. 

( ) ( )2 4 7 2 4 2 4 7 2 4Na B O   +   dil HCl  or   dil H SO   H B O   +  NaCl  or   Na SO→  

25H O red hot ∆

2 4 7 3 3 2 3H B O H BO B O→ →   

2. B2O3 from Calomonite (Ca2B6O11.5H2O) 

i.  2 6 11 2 2 2 3 3 3Ca B O .5H O   H O + SO H BO + CaSO+ →  

            3 3 2 3   H BO
red hot

B O
∆→  

ii. 2 6 11 2 3 2 4 7 2 2Ca B O + Na CO Na B O + NaBO + CO→  



              25H Odilute acid red hot ∆

2 4 7 2 4 7 3 3 2 3Na B O H B O H BO B O→ → →  

Step II: 

 ( ) ( )2 3B O   +  Mg   or  Na  or   K     MgO  +  B→  

            (Amorphous) 
‘C’ is not used as reducing agent as Boron combines directly with carbon and forms boron 

carbide. 

 2 3 2 3B O   +  Al    B   +  Al O→ . Highly exothermic reaction, used in thermite welding. 

 From K [BF4] by reduction: 

 
2 4

2 3 3 2conc. H SO
B O   +   HF    BF   +  H O→  

 [ ]KF

3 4BF K BF→  

 BF3 has no reaction with HF as HF cannot provide F −  ions where as BF3 dissolves in KF. 

 [ ] ( ) ( )4 2K BF    + Mg or Na or    K       B   +   MgF   +  KF→  

 [ ] Al

4 3K BF   B   +  AlF   +   KF→  

PREPARATION OF PURE B: 

1. Van Arkel method: (Pure boron) 

    3 2BI B + I
Λ→  

              pure 

2.  
01400 C

2 6 2∆
B H B + H→  

Pure 

3.  
∆

3 2BCl    +   H   B +   HCl→  

Pure 
Properties of Boron: 

 

( )

[ ]

4

12 3

B  +  C   B C covalent carbide

B C very hard substance, ( Icasohedral crystal structure)

Λ→

⇓  

Threads of Boron carbide are used in making bullet proof cloth. 

Boron carbide rods are used as control rods in nuclear reactors due to greater neutron 

capture cross section area. 

( )2H O

3 2 2
B  +  Mg   Mg B Mg OH +Λ→ →  Mixture of boranes [mainly containing                                      

tetra borane B4H10] 2 6B H∆→  

CHEMISTRY OF ALUMINIUM: 

 Standard Reduction Potential (SRP)  +3Al  / Al  =  -  1.66V  

Based on standard reduction potential value, Al should be more reactive, but it is less 

reactive towards H2O, O2, HCl, Hg due to formation of protective Al2O3 layer. 

 Finely divided Al explosively reacts with O2. 

 ( )
-

+

2 2 4 aq
Al  +  NaOH    NaAlO .2H O  Al OH Na → ≡    

 Al  in NaOH solution exists as hydrated tetra hydroxo aluminate, ( ) ( )
-

24 2
Al OH H O    

 Aluminates have complicated structure which depends on the conc. and PH of the solution. 

 PH (8 – 13) basic solution 



  (H
2
O)

4
 Al  Al (H

2
O)

4
 

OH

OH
 

 
 Exists as dimmer with OH bridging groups. 

 Coordination number of Aluminium = 6 

 ( )3 4 3
AlCl   +   NH OH     Al OH→ ↓  (Freshly precipitate) 

            White gelatenous ppt. 

 Freshly prepared ( )
3

Al OH  exists as ( ) ( )23 3
Al OH H O    

 ( )2 4 2
ZnCl   +  NH OH    Zn OH→ ↓ White ppt 

 Al and Zn can be differentiated by adding excess NH4OH. 

 
( )
( )

( ) ( )
+22

4 3 4

3

Zn OH
  +   NH OH  excess   Zn NH

Al OH

  →  


 

      Water soluble complex 
Zn dissolves in excess NH4OH and forms a water-soluble complex but Al cannot form water 

soluble complex with NH4OH. 

 NaOH is not used as both Zn and Al form water soluble complexes with NaOH. 

HALIDES OF AL: 

 General formula: AlX3. 

 AlF3 is ionic whereas others are covalent. 

 AlF3 AlCl3 AlBr3   &     AlI3 

Solid State 
F F F

FF

  Al

F F F

F
F

  Al

F

 

One Fluorine atom is common 

to both Al atoms 

Octahedral holes of 

cubic packing of 

chlorides are 

occupied by Al.  

Co-ordination 

number = 6 

Always molecular 

dimers. 

Co-ordination number=4 

Al Al

Br

Br

Br

Br

Br

Br
 

Fused state              

Temp > MP  

Co-ordination number 

changes from 6 to 4 

molecular dimer 

Co-ordination 

number changes 

from 6 to 4 

molecular dimer 

No change in Co-

ordination number &, 

structure 

Vapour 

state 

Co-ordination  

number = 4,  

molecular dimer 

Co-ordination 

number = 4, 

molecular dimer 

No change in Co-

ordination number &  

structure 

At very high 

temperature 

10000C 

       

Al

F

F

F

 

Al

Cl

Cl

Cl

 

No change in Co-

ordination number & 

structure 

 



AlCl3, AlBr3, AlI3 dissolve in organic solvents and exist as molecular dimmers with co-

ordination number 4. 

+3 -

3AlX      Al   +  3X→  

( )
+3

+3

2 6
Al     Al H O →   - Hydrated cation 

All these halides in aqueous solution exist as hydrated cation. 

EXTRACTION OF ALUMINIUM: 

Ores: Al2O3      : Corundum 

 Al2O3.H2O    : Diaspore 

  Al2O3.2H2O    : Bauxite 

 

       Bauxite 

             

                    Red Bauxite     White Bauxite 
                (Impurity = FeO)             (Impurity=SiO2) 

                                                         

Purified by

 
        Bayer’s process        Halls process       Serpeck’s Method 
 

COMPOUNDS OF CALCIUM 

 

         CaCO3 
01000 C→  CaO 2H O→  (Ca(OH)2 

Suspended in water→ Milk of lime(Ca(OH)2) ( Suspension) 

 Lime stone    Quicklime           Slaked lime-solid  Clear solution lime water 

 A lime crack with formation of powder is called slaked lime. 

 MORTAR: 

 1 Part of Ca(OH)2 + 3 parts of SiO2 + water 

 GYPSUM: CaSO4.2H2O 

 Sparingly soluble, solubility decreases with increase of temperature. 

 CaCl2 + H2SO4 → CaSO4 + 2 HCl 

 CaCl2 + Na2SO4 → CaSO4 + 2 NaCl 

 Soluble in dilute acids also dissolves in (NH4)2SO4 due to formation of [(NH4)2Ca(SO4)2]. 

 (NH4)2 SO4, CaSO4 H2O.- double salt. 

 Effect of temperature: 

 CaSO4. 2H2O 
heat→  CaSO4. 2H2O 

0120 C→  2 CaSO4.H2O 
0200 C→  CaSO4 

  (Monoclinic Gypsum (Ortho Rhombic)                (Plaster of paris)   (Anhydrous, burnt plaster) 

                                                                                                                                          ↓ ∆ Strong heat 

                                                                                                      CaO + SO2+ O2 

 CaSO4 + CO2 + NH3 + H2O → (NH4)2SO4 + CaCO3 

 (Suspension) 

 

 



         PALSTER OF PARIS (2 CaSO4 H2O  (Or) CaSO4 ½ H2O)Calcium sulphate hemihydrates 

 It has the property of setting to hard mass when a paste with water is allowed to stand for    

          some time. 

� Setting of plaster of paris is exothermic reaction. 

 2CaSO4.H2O   2H O→      CaSO4.2H2O        →    CaSO4.2H2O 

 Plaster of paris
step I−→ Ortho Rhombic 

Step-II

Hardening
→ Monoclinic  

� Setting is catalyzed by NaCl. 

� Setting is retarded by borax, alum. 

� Plaster of paris + alum mixture → Keene cement (setting very hard) 

� Sorel cement; MgO and salt solution of MgCl2 

 
 

 

 
 
 

 
 
 

 
 
 
 

 

 ~~~~~~~~~~~~~~~~ 



 PRACTICE QUESTIONS 

1.  

  
                       Colourless solution 

 The milky appearance in the above test is due to formation of  

 1) 
2( )Ca OH  2) 3 2( )Ca HCO  3) CaCO3 4) CaO  

2. 3 3H BO is a _____ acid  

 1) monobasic acid  2) dibasic acid  3) tribasic acid  4) tetrabasic acid   

3. Inorganic benzene is  

 1) BN 2) 2 6B H  3) 3 3 6B N H  4) H3BO3  

4. Which does not show inert pair effect  

 1) Al 2) Sn 3) Pb 4) Ti  

5. Correct order of atomic radii of group-13 elements  

 1) B<Al<Ga<In<Tl 2) B<Ga<Al<Tl<In 3) B<Ga<Al<In<Tl 4) B<Al<Ga<Tl<In  

6. The hybridization of boron in B2H6 and BH4
-
 is  

 1) 
2 2,sp sp  2) 

3 2,sp sp  3) 
2 3,sp sp  4) 

3 3,sp sp   

7.  

  

 1) 3 6 4&K AlF KBF  2) 4 3 6&KAiF K BF  3) 3 6 3 6&K AlF K BF  4) 
2 4 4&K AlF KBF   

8. How many B-O-B bonds are present in structure of crystalline borax  

 1) 4 2) 3 3) 5 4) 6  

9. Which cannot show stable +3 oxidation state  

 1) Al 2) Ga 3) Tl 4) B  

10. Which is weakest Lewis acid  

 1) 3BF  2) 3BCl  3) 3BBr  4) Bl3  

11. Which is known as inorganic graphite  

 1) AlN 2) BN 3) 2 5Al BrCl  4) 
2( )B BrF   

12. AlCl3 on hydrolysis gives  

 1) 2 3 2,Al O H O  2) 3( )Al OH  3) 2 3Al O  4) 3 2.6AlCl H O   

13. Consider the following reaction : 2 4 7Na B O X Y∆→ + If X is sodium metaborate, then y is  

 1) 
2NaBO  2) 2 5B O  3) 2 3B O  4) HBO2  

14. Which of the following compound contains 3-center -2-electron bond  

 1) 2 6Al Cl  2) B2H6 3) 2( )

2 7Cr O −  4) all of these   

15. Boric acid is an acid because its molecule  

 1) contains replacable H
+
 ion 2) gives up a proton  

 3) accepts OH
-
 from water releasing proton   



 4) combines with proton from water molecule   

16. The increasing order of atomic radii of the following  

 1) Al<Ga<In<Tl 2) Ga<Al<In<Tl 3) Al<In<Ga<Tl 4) Al<Ga<Tl<In  

17. Specify the coordination geometry around and hybridization of N and B atoms in a 1:1 complex 

of BF3 and NH3  

 1) N: tetrahedral, sp
3
; tetrahedral, sp

3
 2) N: pyramidalal, sp

3
; pyramidalal, sp

3 

 3) N: pyramidalal, sp
3
; planar, sp

2
 4) N: pyramidalal, sp

3
; tetrahedral, sp

3
  

18. For 3BCl , 3AlCl  and 3GaCl the increasing order of ionic character is   

 1) 3 3 3BCl AlCl GaCl< <  2) 3 3 3GaCl AlCl BCl< <  

 3) 3 3 3BCl GaCl AlCl< <  4) 3 3 3AlCl BCl GaCl< <    

19. The structure of diborane 2 6( )B H contains  

 1) four 2c-2e bonds and two 3c-2e bonds 2) two 2e-2e bonds and four 3c-3e bonds 

 3) two 2e-2e bonds and four 3e-2e bonds 4) four 2e-2e bonds and four 3e-2e bonds  

20. Reaction of diborane with ammonia gives initially  

 1) 2 6 3.B H NH  2) Borazole 3) 2 6 3.3B H NH  4) 2 3 2 4[ ( ) ] [ ]BH NH BH+ −   

21. The stability of +1 oxidation state among Al, Ga, In and Ti increases in the sequence  

 1) Tl<In<Ga<Al 2) In<Tl<Ga<Al 3) Ga<In<Al<Tl 4) Al<Ga<In<Tl  

22. In borax, the number of B-O-B links and B-OH bonds present are respectively  

 1) five and four  2) four and five  3) three and four 4) five and five   

 

KEY 

 

1) 3 2) 1 3) 3 4) 1 5) 3 6) 4 7) 1 8) 3 9) 3 10) 1 

11) 2 12) 2 13) 3 14) 2 15) 3 16) 2 17) 1 18) 3 19) 1 20) 4 

21) 4 22) 1         

 



14
TH

 GROUP ELEMENTS 

1. ( )
2

3

n

n
SiO

−
units are present in  

 1) pyrosilicates  2) cyclic silicates 3) sheet silicates 4) orthosilicates   

2. Which of the following halide does not exist  

 1) [ ]
2

6SiCl
−

 2) [ ]
2

6GeF
−

 3) [ ]
2

6SnCl
−

 4) [ ]
2

6CCl
−

  

3. The purest and thermodynamically most stable allotrope of carbon respectively is  

 1) fullerene, diamond 2) graphite, diamond 3) fullerene, graphite 4) diamond, fullerene   

4. Which has least first ionization energy 

 1) Si 2) Sn 3) Pb 4) Ge  

5. The number of five membered and six membered rings in C70 fullerene respectively is  

 1) 12,20 2) 12,25 3) 15,20 4) 10,20  

6. Hybrid state of C in CO2 and its dipole moment is  

 1) 
2 , 0sp µ =  2) , 0sp µ >  3) , 0sp µ =  4) 

3, 0sp µ =   

7. The unique ability of carbon to show the maximum catenation is due to  

 1) absence of vacant d-orbital in outer orbit  2) high electronegativity  

 3) strong C-C bond  4) non – metallic nature  

8. Catenation i.e., linking of similar atoms depends on size and electronic configuration of atoms. 

The tendency of catenation in Group 14 elements follows the order  

 1) C>Si>Ge>Sn 2) C>>Si>Ge ≈Sn 3) Si>C>Sn>Ge 4) Ge>Sn>Si>C  

9. Which of the following statement is not correct  

 1) PbCl4 is less stable than SnCl4 but PbCl2 is more stable than SnCl2  

 2) PbO2 is stronger oxidant than SnO2 3) (SiH3)N is stronger base than (CH3)3N  

 4) Sn(II) is a reducing agent but Pb(II) is not   

10. Which of the following is not hydrolysed easily  

 1) CCl4 2) SiCl4 3) GeCl4 4) SnCl4  

11. Which of the following oxide is amphoteric in character  

 1) CaO 2) CO2 3) SiO2 4) SnO2  

12. The basic structural unit of silicates is  

 1) 2

3SiO −  2) 
2

4SiO −
 3) SiO−

 4) 
4

4SiO −
  

13. Cement, the important building material is a mixture of oxides of several elements. Besides 

calcium, iron and sulphur, oxides of elements of which of the group (s) are present in the mixture  

 1) group 2 2) groups 2, 13 and 14   3) groups 2 and 13 4) groups 2 and 14  

14. Which of the following is not isostructural with SiCl4 

 1) 
2

4SO −
 2) 

3

4PO −
 3) 4NH +

 4) 4SCl  
 

KEY 

 

1) 2 2) 4 3) 3 4) 2 5) 2 6) 3 7) 2 8) 2 9) 3 10) 1 

11) 4 12) 4 13) 2 14) 4       

 


