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CHEMICAL BONDING
CHEMICAL BOND :  

(I) A force that acts between two or more atoms to hold them together as a stable molecule.
(II) It is union of two or more atoms involving redistribution of e– among them.
(III) This process accompanied by decrease in energy.
(IV) Decrease in energy  Strength of the bond.
(V) Therefore molecules are more stable than atoms.

CAUSE OF CHEMICAL COMBINATION  

1. Tendency to acquire minimum energy :

(I) When two atoms approaches to each other. Nucleus of one atom attracts the electron of another atom.
(II) Two nuclei and electron of both the atoms repells each other.
(III) If net result is attraction, the total energy of the system (molecule) decreases and a chemical

bond forms.

(IV) So Attraction  1/energy  Stability.
(V) Bond formation is an exothermic process

2. Tendency to acquire noble gas configuration :

(I) Atom combines to acquire noble  gas configuration.
(II) Only outermost electron i.e. ns, np and (n-1)d electrons participate in bond formation.
(III) Inert gas elements do not participate, as they have stable electronic configuration and hence minimum

energy. (Stable configuration 1s2 or ns2np6)

CLASSIFICATION OF BONDS :

CHEMICAL BONDS

  (A)
Ionic 
bond

(Energy     200 KJ/mole)

    (B)
Covalent 
   bond

      (C)
Co-ordinate 
     bond

   (D)
Metalic 
  bond

STRONG BOND
   (Inter atomic)

     (E)
Hydrogen 
   bond

(Energy     2 - 40  KJ/mole)

        (F)
Vander waal's 
       bond

  WEAK BOND
(Inter Molecular)

(10 - 40 KJ) (2 - 10 KJ)

ELECTROVALENT OR IONIC BOND :  
(I) The chemical bond formed between two or more atoms as a result of the complete transfer of one or

more electrons from one atom to another is called Ionic or electrovalent bond.
(II) Electro +ve atom loses  electron (group IA to IIIA)
(III) Electro –ve atom gains electron (group VA to VIIA)
(IV) Electrostatic force of attraction between cation and anion is called ionic bond or electrovalent bond.

Electronegativity difference  nature of ionic bond.
Example IA and VIIA group elements form maximum ionic compound.

Na
2, 8, 1

+ Cl
2, 8, 7

1e–

  Na
2, 8

+  +       Cl
2, 8, 8

–

(Ne configuration) (Ar  configuration)

(V) More  the distance between two elements in periodic table more will be ionic character of bond.
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Representation of formula of compounds :

(a) Write the symbols of the ions side by side in such a way that positive ion is at the left and negative
ion is at the right as A+B–

(b) Write their electrovalencies in figure at the top of each symbol as AxBy

(c) Now apply criss cross rule as  
A     B

yx
, i.e formula AyBx.

Examples : Calcium chloride   
Ca     Cl

12
  = CaCl2

CONDITIONS FOR FORMING IONIC BONDS :
(a) Ionisation energy (b) Electron affinity (c) Lattice energy
Factors affecting lattice energy :
(i) Magnitude of charge  U  z+ z– (Ionic charge)

Lattice energy  Magnitude of charge
NaCl MgCl2 AlCl3
Na+ Mg+2 Al+

– Lattice energy increases
– Size of cation decreases.

(ii) Size of Cation : – Lattice energy 
–rr

1


 

LiCl   NaCl KCl RbCl CsCl
– Size of cation increasing
– Size of anion is constant
– Lattice energy decreases

(d) Overall lowering of energy :
Energy must be released during bond formation.
Energy changes are involved in the following steps –

  A + IE = A+ + e–  and  B + e– = B– + EA
This concludes that for lower value of IE and higher value of EA there is more ease of formation of the
cation & anion respectively and consequently more chances of electrovalent bond formation.

DETERMINATION OF LATTICE ENERGY :
Born-Haber Cycle (Indirect Method) :
It inter relates the various energy terms involved during formation of an ionic compound.
It a thermochemical cycle based on the Hess’s law of constant heat summation.
Hess’s Law is the net enthalpy change of a chemical reaction or of any process always remain same
whether the reaction takes place in one step or many steps as given in following flow chart.

M (s) + 
2
1

 X2 (g)   M+ X– (s),  Hf

Hf = heat of formation of M+X– H(sub) = heat of sublimation of M
E1 = ionisation energy of M        H(diss) = heat of dissociation of X2
Heg = electron gain enthalpy of X     HL.E. = Lattice energy of M+ X–.
So according to Hess’s law.
Hf = H(sub) + E1+ H(diss) + Heg + HL.E.

HYDRATION :
All the simple salts dissolve in water, producing ions, and consequently the solution conduct electricity.
Since Li+  is very small, it is heavily hydrated. This makes  radius of hydrated Li+  ion   large and hence it
moves only slowly. In contrast, Cs+   is the least hydrated because of its bigger size and thus the radius of
the Cs+  ion is smaller then the radius of hydrated Li+,  and hence hydrated Cs+  moves faster, and conducts
electricity more readily.
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Table

Ion Ionic radius     Ionic mobility Approx.
(Å)   at infinite dilution radius of hydrated ion (Å)

Li+ 0.76 33.5 3.40
Na+ 1.02 43.5 2.76
K+ 1.38 64.5 2.32
Rb+ 1.52 67.0 2.28
Cs+ 1.67 68.0 2.28

Some water molecules touch the metal ion and bond to
it, forming a complex. These water molecules constitute
the primary shell of water. Thus Li+ is tetrahedrally
surrounded by four water molecules forming coordinate
covalent bond between metal ion and four water molecules
using a lone pair of electrons on each oxygen atom.

           

PROPERTIES OF IONIC COMPOUNDS :

(a) Physical state : Ionic compounds are hard, crystalline and brittle due to strong force of attraction.
(b) Isomorphism : Simple ionic compounds do not show isomerism but isomorphism is their important
characteristic. Crystals of different ionic compounds having similar crystal structures are known to be
isomorphs to each other and the phenomenon is known as isomorphism.

e.g. ,  FeSO4 .7H2O | MgSO4 . 7H2O

Conditions for isomorphism :
(i) The two compounds must have the same formula type e.g., MgSO4 & ZnSO4 ; BaSO4 & KMnO4 are

isomorphous because they have same formula type. All alums are isomorphous because they have
same general formula :

M2SO4 . M2 (SO4)3 . 24H2O
M = monovalent ;  M = trivalent

(ii) The respective structural units, atoms or ions need not necessarily be of same size in the two
compounds but their relative size should be little different.

(iii) The cations of both compound should be of similar shape or structure (isostructural). Similarly
anions of both compounds should be isostructural.
(a) SO4

2– and MnO4
–  have same shape i.e. tetrahedral, so isomorphous.

(b) NaNO3 & NaClO3 they have same formula type yet they are not isomorphous because
NO3

–  is trigonal planar but ClO3
– pyramidal.

NO3
–  (sp2) ClO3

–   (sp3)

(iv) The respective structural units should have same polarisation property.
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(c) Boiling point and melting point –
Ionic compounds have high boiling point and melting point due to strong electrostatics force of attraction
among oppositely charged ions.

(d) Conductivity –
It depends on ionic mobility. In solid state - No free ions - Bad conductor of electricity.
In fused state or aqueous solution Due to free  ions - Good conductor of eletricity.
conductivity order : Solid state > Fused state < Aqueous solution

(e) Solubility –
Highly soluble in water (Polar solvents). Example : NaCl in water
(I) The Na+  ions get associates with– vely charged ‘O’ of water
(II) And Cl– ions associates with +vely charged ‘H’ of water.

Oxygen atom of H O give its electron to Na2

+
–

H
O 2

Na+

+

–

H
O2

+ –H O2

+

–

H
O2

+

–
H O2

+

–
H

O2

+
–

H O2

+

     

H atom of H O gain electron from Cl2
– 

+
–

H
O 2

Cl–
+

–

H
O2

+ –H O2

+

–

H
O2

+

–
H O2

+

–
H

O2

+
–

H O2

(III) Thus charge on Na+  and Cl– decreases and electrostatics force of attraction also decreases which
leads to free ion.

(IV) The energy released due to interaction between solvent and solute is called solvation energy.If
water is used as solvent it is called hydration energy.
(V) For an ionic compound to be soluble in water – Hydration energy > Lattice energy

Lattice energy  
ilitySolub

1

Hydration energy  Solubility.

Hydration energy (H)  –r
1

r
1


  {r+ & r– are radius of cation and anion}

   (VI) Hydration energy mainly depends on the cation radius because the value –r
1

 is negligible in

comparison to r
1

.

   (VII) Down the group both the lattice energy  & hydration energy decreases, if decreases in lattice is
greater than hydration energy, solubility increases down the group and vice versa.

POLARISATION :  
(Fajan’s Rule) (Covalent nature in ionic bond) :
Polarisation Power :
The  ability of cation to polarise  a nearby anion is called Polarisation power of cation.

             C + A– C + A–

Polarizability :

(I) ability of anion  to get polarised by the cation.
(II) Polarisation of anion causes some sharing of electron between the ions so ionic bond  acquires

certain covalent character.
(III) Polarisation  Covalent  character
(IV) Magnitude of polarisation depends upon a no. of factors, suggested by Fajan and are known as

Fajan’s rule.
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Fajan’s rule : (Factors Affecting Polarisation) :

(a) Size of cation : - Polarisation of the anion increases as the size of cation decreases.

Polarisation  cationofsize
1

In a group –
BeCl2
MgCl2 - Size of cation increases

CaCl2 - Covalent character decreases

SrCl2 - Ionic character increases

BaCl2

 Greatest polarising power of Be2+, shows its maximum covalent character
In a period –

Na+, Mg+2,  Al+3,  Si+4

- Size of cation decreases

- Covalent charater increases
(b) Size of anion : - If the size of the anion increases for a given cation, the covalent character

increases/Nature Polarisation   size of anion.

CaF2

CaCl2 - Size of anion increases

CaBr2 - Covalent character increases

Cal2 - Ionic character decreases

(c) Charge on cation and anion : -

 Polarisation  charge on cation anion
(I) Charge on cation  Polarisation (covalent character)

eg. NaCl MgCl2 AlCl3 SiCl4
Na+ Mg2+ Al3+ Si4+

- Charge on cation increases
- Covalent character increases
- Ionic character decreases (M.P. decreases)

Charge on anion  polarisation  covalent nature  
.P.M

1

(d) Electronic configuration of cation : -
Polarisation capacity of cation having pseudo inert gas configuration is high. If the size of cations
is same than that of cation having inert gas configuration.
CuCl (M.P. 442°C) – Cu+ 2, 8, 18    (Covalent)
NaCl (M.P. 800°C) – Na+ 2, 8     (Ionic)
Cu+ and Na+ both the cation (Pseudo & inert) have same charge and size but polarising power
of Cu+ is more than Na+ because –
Zeff of ns2p6 (inert) < Zeff. of ns2p6d10 (pseudo)
  Na+ <    Cu+

(Ionic) (Covalent)
So CuCl has more covalent character than NaCl.
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COVALENT BOND :
The Lewis-Langmuir theory can be understood by considering the formation of the chlorine molecule, Cl2.
The Cl atom with electronic configuration, [Ne]10 3s2 3p5, is one electron short of the argon configuration.
The formation of the Cl molecule can be understood in terms of the sharing of a pair of electrons between the
two chlorine atoms, each chlorine atom contributing one electron to the shared pair. In the process both

Cl ClClCl +

8e– 8e–

or Cl – Cl
Covalent bond between two Cl atoms

chlorine atoms attain the outer shell octet of the nearest noble gas (i.e., argon). The dots represent electrons.
Such structures are referred to as Lewis dot structures.

LEWIS OCTET RULE : 

(I) Every atom has a tendency to complete its octet outermost.
(II) H has the tendency to complete its duplet.
(III) To acquire inert gas configuration atoms loose or gain electron or share electron.
(IV) The tendency of atoms to achieve eight electrons in their outer most shell is known as Lewis octet
rule.

H × HO

Obeys octet rule

× ×

Doesn't obeys octet rule

×Cl ClBe

EXCEPTION OF OCTET RULE :

(a) Incomplete octet molecules : - or (electron defficient molecules)
Compound in which octet is not complete in outer most orbit of central atom.
Examples - Halides of IIIA groups, BF3, AlCl3, BCl3, hydride of III A/13th group etc.

B× ×

×

Cl 

Cl 

Cl 








selectron6onlyhasBoron

BClIn 3

Other examples - BeCl2 (4e–), ZnCl2(4e–), Ga(CH3)3 (6e–)

(b) Expansion of octet or (electron efficient molecules)

Compound in which central atom has more than 8e– in outermost orbits.    
P

Cl 
Cl ×

Cl 

×

×

×Cl ×

Cl 

Cl Cl 

Electron dot formula of PCl5
Example - In PCl5, SF6, IF7, the central atom P, S and I contain 10, 12,
and 14 electrons respectively.

(c) I-Pseudo inert gas configuration : -

(i) Cations of transition metals, which contains 18 electrons in outermost orbit
Examples :  Ga+3, Cu+, Ag+, Zn+2, Cd+2, Sn+4, Pb+4 etc.
Electronic configuration of Ga -  1s2, 2s22p6, 3s23p63d10, 4s24p1

Electronic configuration of Ga+3 -  1s2, 2s2 2p6, 
3s23p63d10

18e–

(d) Odd electron molecules : -
Central atom have an unpaired electron or odd no (7e–, 11e– etc) of electrons  

× ON
××

× ×

7e– 8e–
in their outer most shell.
Examples : NO, NO2 ClO2 etc.
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COORDINATE BOND (DATIVE BOND) :
The bond formed between two atom in which contribution of an electron pair is made by one of them while the
sharing is done by both.

(i) 
4NH  (ammonium ion) Nx

x

H
• x

H
x•

H •x H+ H – N – H
|
H

|
H

+

     Donor         Acceptor

(ii) O3 (ozone) or
O

O

O
Other examples : H2 SO4 , HNO3  , H3O+ , N2O, [Cu(NH3)4]2+

FORMAL CHARGE :

Lewis dot structures, in general, do not represent the actual shapes of the molecules. In case of polyatomic
ions, the net charge is possessed by the ion as a whole and not by a particular atom. It is, however, feasible
to assign a formal charge on each atom. The formal charge of an atom in a polyatomic molecule or ion may
be defined as the difference between the number of valence electrons of that atom in an isolated or free state
and the number of electrons assigned to that atom in the Lewis structure. It is expressed as :

  

Modern Theories of Covalent bond :
(i) Valence bond theory (VBT)
(ii) Valence shell electron pair repulsion (VSEPR) theory
(iii) Molecular orbital theory (MOT)

VBT :
Orbital Overlap Concept
In the formation of hydrogen molecule, there is a minimum energy state when two hydrogen atoms are so
near that their atomic orbitals undergo partial interpenetration. This partial merging of atomic orbitals is
called overlapping of atomic orbitals which results in the pairing of electrons. The extent of overlap decides
the strength of a covalent bond. In general, greater the overlap the stronger is the bond formed between two
atoms. Therefore, according to orbital overlap concept, the formation of a covalent bond between two atoms
results by pairing of electrons present, in the valence shell having opposite spins.

Directional Properties of Bonds
The valence bond theory explains the formation and directional properties of bonds in polyatomic molecules
like CH4 , NH3 and H2O , etc. in terms of overlap and hybridisation of atomic orbitals.

Overlapping of Atomic Orbitals
When two atoms come close to each other there is overlapping of atomic orbitals. This overlap may be
positive, negative or zero depending upon the properties of overlapping of atomic orbitals. The various
arrangements of s and p orbitals resulting in positive, negative and zero overlap are depicted in the following
figure.

The criterion of overlap, as the main factor for the formation of covalent bonds applies uniformly to the
homonuclear/heteronuclear diatomic molecules and polyatomic molecules. In the case of  polyatomic
molecules like CH4 , NH3 and H2O, the VB theory has to account for their characteristic shapes as well. We
know that the shapes of CH4 , NH3 , and H2O molecules are tetrahedral, pyramidal and bent respectively.
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Positive overlap Negative overlap

 

 

Zero overlap

Figure : Positive , negative and zero overlaps of s and p atomic orbitals

Types of Overlapping and Nature of Covalent Bonds
The covalent bond may be classified into two types depending upon the types of overlapping :
(i) sigma() bond, and  (ii) pi () bond

(i) Sigma () bond : This type of covalent bond is formed by the end to end (hand-on) overlap of bonding
orbitals along the internuclear axis. This is called as head on overlap or axial overlap. This can be formed by
any one of the following types of combinations of atomic orbitals.
 s-s overlapping : In this case, there is overlap of two half filled s-orbitals along the internuclear axis as
shown below :

 s-p overlapping: This type of overlap occurs between half filled s-orbitals of one atom and half filled p-
orbitals of another atom.
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 p-p overlapping : This type of overlap takes place between half filled p-orbitals of the two approaching
atoms.

        

Figure

(ii) pi() bond : In the formation of  bond the atomic orbitals overlap in such a way that their axes remain
parallel to each other and perpendicular to the internuclear axis. The orbitals formed due to sidewise overlapping
consists of two saucer type charged clouds above and below the plane of the participating atoms.

Figure
Strength of Sigma and pi Bonds :
Basically the strength of a bond depends upon the extent of overlapping- In case of sigma bond, the overlapping
of orbitals takes place to a larger extent. Hence, it is stronger as compared to the pi bond where the extent
of overlapping occurs to a smaller extent. Further, it is important to note that pi bond between two atoms is
formed in addition to a sigma bond. It is always present in the molecules containing multiple bond (double or
triple bonds)

BOND PARAMETERS   

(I) Bond Lengthe (Bond distance) (II) Bond Angle (III) Bond Energy
(I) Bond Lenght :- The average distance between the nucleus of two atoms is known as bond lenght,

normally it is represented in Å. eg. A B

 It depends mainly on electronegativilties of constituent atoms
Case - I Electronegativity difference is zero then-

Bond length = rA + rB
Or dA –B = rA + rB

whereA is covalent radius of A
rB is covalent radius of A
XA is electronegativity of A
XB is electronegativity of B

If rA = rB then Bond length = 2rA or 2rB
Case II Electronegative difference is not equal to zero then-

Bond length is given by shomaker & Stevenson formula is Bond length = rA + rB – 0.09 (XA – XB)
Difference in electronegativities

Factors affecting  Bond Length :-

(a) electronegativity :- Bond lengh EN
1


  ( While B.E. EN)

H–F < H–Cl < H–Br < H–I

(b) bond order or number of bonds :- Bond length orderbondorbondofNumber
1



Bond energy Number of bond
e.g. C–C, C = C, C C

Bond length 1.54 Å 1.34 Å 1.20 Å   gsinincrea
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Bond energy 80 140 180–200K.Cal.   gsinincrea

C—0 C    O C    O
1.43 Å 120 Å 1.13Å

C    N C    N C    N 

1.47 Å 1.28 Å 1.15 Å

(c) Resonace :- (due to resonance bond length affected)
eg.1. Benzene
C—C bond length 1.54Å          but bond length is between
C—C bond length 1.34 Å  single & double bond is = 1.39 Å

eg. 2.Bond length of C—O in CO2 is 1.15 Å Resonance occurs in CO2 a follows-

 O     C     O  O  — C      O   – + O C — O+          –

Bond length = 1.15 Å (Between double & triple bond)

(d) Hybridisation : - Bond length  characters
1

3 3                               sp     sp                         

                            

Ethane  1.54 Å
3 2                               sp     sp                         

                            

1.51 Å

3                               sp     sp                         

                            

1.47 Å
2                               sp     sp                         

                            

2 1.46 Å
2                               sp     sp                         

                            

1.42 Å
                               sp     sp                         

                            

1.37 Å

S-
ch

ar
ac

te
r i

nc
re

as
es

(II) Bond Angle :- The angle between any two adjacent bond is known as bond angle. It is represented
in degree (°), min (‘) and second (‘’)
Factors affecting the bond angle-
(a) Number of bond : Bond angle  Number of bonds (Bond order)

109° 120° 180°

  C    C   C    C C    C

(b) Hybridisation :-
Case 1
When hybridisation is same, bonded atoms are same, central atom and lone pair are different.

Then bond angle    
pairloneofNo.

1

Example :- CH4 3HN
•• ••

••2OH

Hybridisation sp3 sp3 sp3

Bond angle 109 > 107 > 105
  No 1.p.   one 1.p. two 1.p.
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Case-II
When hybridisation is same, bonded atoms are same lone pair is same but central atom is different.
Then bond angle  electrongativity of central atom

Example:-
3HN

••
3HP

••
3HAs

••

Bond angle 107° 93° 91°

– Eletronegativity decreasing
– Bond angle will decrease

Case-III
When hybridisation is same, lone pair are same, Central atom is same, bonded atoms are different.

sp3 OF2 103 – 105° Electronegativity

sp3 Cl2O 109 –  111° of bonded atom is

sp3  Br2O 116 –  118° decreasing

Here bond angle 
atombondedoftivityelectronga

1  size of side atom

 (III) Bond Energy (BE) :- Bond energy may be difined as-
(a) Bond formation energy:- Energy released when any bond is formed is known as bond formation
   energy or bond energy.
(b) Bond dissociation energy :- Energy required to dissociate any bond is known as bond dissociation
   energy.
    Calculation of released energy is more diffcult than the dissociation energy therefore dissociation
   energy of bond is calculated and is assumed as bond energy or bond formation energy.

Case-I In diatomic molecule :
Bond energy = bond dissociation energy

eg :- N2 > O2 > H2 > F2
Case-II For polyatomic molecule :-

Bond energy   Bond dissociation energy (D)

eg;-
|

|

H

H

HCH   Bond energy = per CH bond is 99.5 K. Cal/mole

Theoritical values of bond dissociation energy (D) of individual CH bonds CH4 are given below-
D (CH3H) = 102 K Cal/mole
D (CH2H) = 105 K Cal/mole
D (CHH) = 108 K Cal/mole
D (CH) = 83 K Cal/mole

Hence bond energy E per CH bond in methane 4
398

 = 99.5 K Cal/mole.

 Bond dissociation energy (D) is related to the state of hybirdisation.
Factors affecting the bond energy : -

(a)  Electronegativity     (b) Bond order       (c)  Atomic size      (d) Bond polarity
(e) Resonance             (f) Hybridisation      (g) Lone pair electron

(a)  Electronegativity :- Bond energy EN
eg.  HF > HCl > HBr > HI

(b) Bond order :- Bond energy  Bond order
eg.  CC       <       C = C <                        C  C

 79 K. Cal,                  143.3 K. Cal.,                  199.0 K. Cal.
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(c) Atomic size :- Bond energy sizeAtomic
1



eg. CC             <          CN        <    NN
Exception :- In case of halogen group, order of bond energy is-

Cl  Cl  >  Br  Br  > F  F >  I  I
Because of higher electron densityb and small size of F atoms, repulsion between of two F atom,
weakens the bond energy.
Other ex. S – S > O – O      C – C > Si – Si > Ge – Ge

(d) Bond Polarity :- Bond energy  polarity
eg. HF > HCl  > HBr  > HI

(e) Resonance :- Bond energy increases due to resonance
 eg.   In benzene bond energy of CC increases due to electrons of C = C.

(f) Hybridisation :- Bond energy  s-character in hybrid orbitals.
eg. spsp   > sp2sp2   > sp3sp3

s. character- 50%       33.3%    25%

(g) Lone pair of electrons :-  Bond energy electronsofpairlone
1



C    C  > N    N > O    O >    F    F
×××

×
××

××
×
×

××

××

××

××

××

× ×× ×

Size of F and O atoms small so their bond energy should be high (small atomic radius) but it is
actually less due to lone pair of electrons present on F and O atoms, which repells each other in FF
and OO type of bonds.

VALENCE SHELL ELECTRON PAIR REPULSION (VSEPR) THEORY :

Lewis concept is unable to explain the shapes of molecules. This theory provides a simple procedure to
predict the shapes of covalent molecules. Sidgwick and Powell in 1940, proposed a simple theory based on
the repulsive interactions of the electron pairs in the valence shell of the atoms. It was further developed and
redefined by Nyholm and Gillespie (1957).

The main postulates of VSEPR theory are as follows :
(i) The shape of a molecule depends upon the number of valence shell electron pairs [bonded or nonbonded)

around the central atom.
(ii) Pairs of electrons in the valence shell repel one another since their electron clouds are negatively charged.
(iii) These pairs of electrons tend to occupy such positions in space that minimise repulsion and thus maximise

distance between them.
(iv) The valence shell is taken as a sphere with the electron pairs localising on the spherical surface at maximum

distance from one another.
(v) A multiple bond is treated as if it is a single electron pair and the two or three electron pairs of a multiple bond

are treated as a single super pair.
(vi) Where two or more resonance structures can represent a molecule, the VSEPR model is applicable to any

such structure.

The repulsive interaction of electron pairs decreases in the order :
lone pair (p) - lone pair (p) > lone pair (p) - bond pair (bp) > bond pair (bp) -bond pair (bp)

Nyholm and Gillespie (1957) refined the VSEPR model by explaining the important difference between the
lone pairs and bonding pairs of electrons. While the lone pairs are localised on the central atom, each
bonded pair is shared between two atoms. As a result, the lone pair electrons in a molecule occupy more
space as compared to the bonding pairs of electrons. This results in greater repulsion between lone pairs of
electrons as compared to the lone pair - bond pair and bond pair - bond pair repulsions. These repulsion
effects result in deviations from idealised shapes and alterations in bond angles in molecules.
For the prediction of geometrical shapes of molecules with the help of VSEPR theory it is convenient to
divide molecules into two categories as (i) molecules in which the central atom has no lone pair and (ii)
molecules in which the central atom / ion has one or more lone pairs.
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Shape (molecular geometry) of Some Simple Molecules / ions with central atom  / ion having no
Lone Pairs of Electrons (E).
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Shape (molecular geometry) of Some Simple Molecules/Ions with central atom / ions having One
or More Lone Pairs of Electrons (E).

Table

HYBRIDISATION :  

Consider an example of Be compound :-
If it is formed without hybridisation then -

Cl       Be       Cl
s – p p – p

both the Be–Cl bonds should have different  parameters and p-p bond strength >s-p bond strength.
Practically bond strength and distance of both the Be-Cl bonds are same.
This problem may overcome if hybridisation of s and p-orbital occurs.

Hybridisation :
(I) It is introduced by pauling, to explain equivalent nature of covalent bonds in a molecule.
(II) Definition : Mixing of different shapes and approximate equal energy atomic orbitals, and redistribution

of energy to form new orbitals, of same shape & same energy. These new orbitals are called hybrid
orbitals. and the phenomenon is called hybridisation.
Now after considering s-p hybridisation in BeCl2

Cl         Be         Cl
sp – sp sp – p

bond strength of both the bonds will be equal.
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Characteristic of Hybridisation :

(I) Hybridisation is a mixing of orbitals and not electrons. Therefore in hybridisation
full filled, half filled and empty orbitals may take part.

(II) Number of the hybrid orbitals formed is always be equivalent to number of atomic Structure of
hybrid orbital orbital which have taken part in the process of hybridisation.

(III) Each hybrid orbital having two lobes, one is larger and other is smaller. Bond will be formed from large
lobe.

(IV) The number of hybrid orbitals on central atom of a molecule or ion = number of  bonds
 +  lone pair of electron.
(i) The 1st bond between two atoms will be sigma.
(ii) The other bond between same two atoms will be pi bond.
(iii) Maximum two pi bonds may be present on a single atom.
(iv) The electron pair of an atom which do not take part in bond formation called as lone pair of
electron.
(v) One element can represent many hybridisation state depending on experimental conditions for
example, C showing sp, sp2 and sp3 hybridisation in its compounds.
(vi) Hybrid orbitals are differentiated as sp, sp2, sp3 etc.

    (vii) The order of repulsion between Ip & bp is : Ip - Ip  > Ip  - bp > bp - bp
    (viii) The directional properties in hybrid orbital is more than atomic orbitals. Therefore hybrid orbitals

form stronger sigma bond. The directional property of different hybrid orbitals will be in following order.
sp < sp2  < sp3  < sp3d < sp2d2 < sp3d3

Difference between hybridisation & overlapping

  Overlapping       Hybridisation

 It occurs between orbitals of two atoms  It occurs among orbitals of the same atom

 Only half filled orbitals takes part in  Any type of orbital can participates
overlapping

 It occurs during bond formation bond  Process, just before overlapping.
formed after hybridisation

 Orbital of different energies may participates  It may takes place in ground or in excited
in excited states. state

Inground state– NH3, NCl3, PH3, PCl3,

 Molecular orbitals are formed  Hybridised orbitals are formed

Determination of hybridisation state –
Method (I) :

Count the following pair of e– arround the central atom :
(a) Count all pure  bonded electron pairs (or  bonds) (b) Count all lone pair of electron
(c) Count Co ordinate bond (d) Count negative charge
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Method (II) :
To predict hybridisation following formula may be used :

No. of hybrid orbital = 
2
1

 [Total number of valence e– in the central atom + total number of

   monovalent atoms – charge on cation + charge on anion]

eg. 
4NH 2

1
[5 + 4 – 1] = 4 sp3 hybridisation.

SF4 2
1

[ 6 + 4 ] = 5 sp3d hybridisation.

–2O4S 2
1

[ 6 + 2 ]  = 4 sp3 hybridisation.

(‘O’ is divalent so add only charge on anion)

–O3N 2
1

[5 + 1] = 3 sp2 hybridisation.

If such type of e– pairs are –

two – sp hybridisation

three – sp2 hybridisation

four – sp3 hybridisation

five – sp3d hybridisation

six – sp3d2 hybridisation

seven – sp3d3 hybridisation

DIPOLE MOMENT  
(Ionic Nature in Covalent Bond)
(I) Polarity of any polar covalent bond or moleucule is measured in terms of dipole moment.
(II) For measurement of extent of polarity, Pauling introduced the concept of dipole moment ().

The product of positive or negative charge (q) and the distance (d) between two poles is called dipole
moment.
Here -  = q × d (magnitude of charge × distance)

(III) Dipole moment is a vector quantity i.e. it has both magnitude as well as direction.
(IV) Direction of dipole moment is represented by an arrow pointing from electro +ve to electro -ve element

and from central atom to lone pair of electrons.
 

or central atom lone pair of electron

(V) Unit of dipole moment is Debye
1 Debye = 1 × 10–18 esu cm.

= 1.6 × 10–29 coulomb metre
(VI) In the diatomic molecule  depends upon difference of EN i.e.   EN

order of  : H–F > H–Cl > H–Br > H–I
 = 0 for H–H, F–F, Cl–Cl, Br–Br, O–O

   (VII) For polyatomic molecules  depends on the vector sum of dipole moments of all the covalent bonds.
   (VIII) For PCl5 and SF6, etc.  = 0 due to their regular geometry.
   (IX) Benzene, naphthalene, diphenyl have  = 0 due to planar structure.
   (X) If the vector sum is zero, than compound is non-polar compound or symmetrical compound (and it is

not essential that individual  of every bond should be zero).
Example : (A) BX3, CCl4, SiCl4, CH4, CO2CS2, PCl5, SiH4 etc.
In these examples the bond B–F, C–Cl, C–H, C–O, P–Cl etc. are polar even though compounds are
non-polar.
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(B)  

  •  
•N

H 

H 

H 

3

1

2

 =1.47D

4

NH3
• •     

  •  
•P

H 

H 

H 
EN of P    H

4

PH3
• • 

  • 
 •N

F

 =0.24D

4

NF3
• • 

F

F

Total  = 1 + 2 + 3 + 4 = 1.47D

(XI) Dipole moment of H2O is 1.85 D which is resultant of two O–H bonds.

H

O


H

of H2O of H2S because electronegativity of oxygen is higher than sulphur.
   (XII) Angular structure of molecule have greater dipole moment.

Application of dipole moment :
(I) To determine polarity and geometry of molecule -
(II) To calculate % ionic character :-

100
ofvaluelTheoritica

ofvaluealExperimentcharacterIonic% 





(III) To distinguish cis form or trans form:-
Some important orders of diple moments-

HF > H2O > NH3 > NF3 H2O > H2S
CH3Cl > CH3F > CH3Br > CH3I BF3 < NF3 < NH3
HF > H2O > SO2 > NH3 PH3 < PCI3
NO2

– > NO2 > 
2NO H2O < H2O2

RESONANCE    
(I)  The concept of resonance was introduced by heisen berg (1920) , and later developed by pauling and

ingold, to explain the properties of certain molecules,

(II) It has been found that the observed properties of certain compounds cannot be satisfactorily explained
by writing a single lewis structure. The molecule is then supposed to have many structures, each of
which can explain most of the properties of the molecule but none can explain all the properties of
the molecules. The actual structure is in between of all these contributing structures and is called
resonane hybrid and the different individual structures are called resonating structures or canonical
forms. This phenomeni  is called resonance.

(III) Let us discuss resonance in ozone, according to its resonance structure it should have one single
bond (OO = 1.48Å) but experiments show that both the bonds are same which can be proved by
its resonance hybrid as shown below.

     O
O O

O
O O

O
O O

Resonance hybrid
To calculate bond order in the polyatomic molecule or ion use following  formula :

Bond order = 
StructuressonatingRe

moleculeainbondsofnumberTotal
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eg.

O    C
O¯
O¯

CO    Bond order 
3
4

1.33

O    O¯P     

O¯

O¯
PO    Bond order 

4
5

1.25

O    O¯P     

O

O¯
ClO    Bond order 

4
7

1.75

Some special bonding situations:
(a) Electron deficient bonding:
There are many compounds in which some electron deficient bonds are present apart from normal covalent
bonds or coordinate bonds which are 2c-2e bonds( two centre two electron bonds). These electron deficient
bonds have less number of electrons than the expected such as three centre-two electron bonds (3c-2e)
present in diborane B2H6, Al2(CH3)6, BeH2(s) and bridging metal carbonyls.

BeH2(s)     
Al

H C3

H C3

Al
CH3

CH3C

C

HH H

HH H

Al2(CH3)6

But Al2Cl6 have covalent bond only and there is no electron deficient bonding as depicted in the given

structure.  

Cl

Cl

Al

Cl

Cl

Cl

Cl

Al

(b) Back Bonding :
Back bonding generally takes place when out of two bonded atoms one of the atom has vacant orbitals
(generally this atom is from second or third period) and the other bonded atom is having some non-bonded
electron pair(generally this atom is from the second period). Back bonding increases the bond strength and
decreases the bond length. For example, in BF3 the boron atom completes its octet by accepting two 2p-
electrons of fluorine into 2p empty orbital.

     

 Decrease in B – F bond length is due to delocalised p–p bonding between filled p-orbital of F atom and
vacant p-orbital of B atom.

The extent of back bonding is much larger if the orbitals involved in the back bonding are of same size, for
example the extent of back bonding in boron trihalides is as follows :

BF3 > BCl3  > BBr3
There is p-p back bonding in boron trihalide. The extent of back bonding decreases from BF3 to BI3
because of increasing size of p-orbitals participating in back bonding that is from 2p(in F) to 4p(in Br).

  The extent of back bonding decreases if the atom having vacant orbitals is also having some non-bonded
electron pairs on it. So among the atoms of third period the extent of back bonding follows the order

Si > P > S > Cl

 The extent of p-p overlapping 
characteracidLewis

1
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(c) BOND LENGTHS AND  p – d BONDING :           
The bonds between S and O, Se and O, are much shorter than might be
expected for a single bond. In some cases, they may be formulated as localized
double bonds. A  bond is formed in the usual way, In addition a  bond is
formed by the sideways overlap of a p orbital on the oxygen with a d orbital on
the sulphur giving a p– d interaction. This p – d bonding is similar to that
found in the oxides and oxo-acids of phosphorus, and is in contrast to the more
common p – p type of double bond found in ethene.
To obtain effective p – d overlap the size of the d orbital must be similar to size of the p orbital. Thus sulphur
forms stronger  bonds than the larger elements in the group. On crossing a period in the periodic table, the
nuclear charge is increased and more s and p electrons are added. Since these s and p electrons shield the
nuclear charge incompletely, the size of the atom and the size of the 3d orbitals in this series of elements
leads to progressively stronger p – d bonds. Thus in the silicates there is hardly any p–d bonding. Thus
SiO4

4– units polymerize into an enormous variety of structures linked by Si—O—Si  bonds. In the phosphates,
 bonding  is stronger, but a large number of polymeric phosphates exist. In the oxo-acids of sulphur, 
bonding is even  stronger and has become a dominant factor. Thus only a small amount of polymerization
occurs, and only a few polymeric compounds are known with S—O—S  linkages. For chlorine, p – d
bonding is so strong that no polymerization of oxo-anions occurs.

VANDER WAAL’S FORCES  

(a) This type of attractive forces occurs in case of non polar molecules such as H2, O2, Cl2, CH4, CO2
etc.

(b) The existence of weak attractive forces among the nonpolar molecule was first proposed by dutch
scientist J.D. Vander Waal

(c) Vander waal force  molecular weight
  Atomic weight
  Boiling point

Types of Vander Waal’s force : -
(i) Ion dipole attraction - This force is between an ion such as Na+ and a polar molecule such as HCl

+ +–

Na+ HCl
(ii) Dipole Dipole attraction - It is again in between two polar molecules such as HF and HCl

+

HF    HCl(g)
(iii) Ion induced dipole attraction - In this case a neutral molecule is induced by an ion as a dipole as

shown in fig

+     +   +

  Na+     Cl2
Before induction     after induction

(iv) Dipole - Induced dipole attraction : In this case a neutral molecule is induced as a dipole by
another dipole as shown in fig.

    +  

    + +

e.g.    HCl     Cl2
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(v) Induced dipole - induced dipole attraction or London dispersion force between two non polar molecules
as in Cl2, He etc.

+
+

           Cl2     Cl2
Note: The relative strength of various bonds is as  follows

Ionic bond > Covalent bond > Metallic bond > H-bond  > Vander waal bond

HYDROGEN BOND  
Definintion :
(I) It is an electrostatic attractive force between covalently bonded hydrogen atom of one molecule and

an electonegative atom (F, O, N)
(II) It is not formed in ionic compounds
(III) H–bond forms in polar covalent compouds, (not in non-polar)
(IV) It is also known as dipole-dipole attraction

    H— F– .... H+ — F–...... H+ — F–

Main condition for H-bonding : -
(I) H— should be covalently bonded with high electro–ve element like F, O, N
(II) Atomic size of electro–ve element should be small.

Decreasing order of atomic size is–
     N      >      O      >      F

Decreasing order of atomic size is–
     F      >      O      >      N

           (4.0)           (3.5)           (3.0)

(III) Strength of H–bond  Electronegativity of Z (element)  Zofsizeatomic
1

(IV) Hydrogen bonding occurs in HCN, due to (–C N) triple bond (sp hybridisation), electronegativities of
carbon and nitrogen increases.

NC—H..........NC—H.........NC—H 

Types of Hydrogen Bonding

Inter Molecular Intra Molecular

Homo Inter Molecular Hetero Inter Molecular

(A) Intermolecular H–bond
H–bond formation berween two or more molecules of eithe the same or different compounds known as
Inter molecular H–bonding
These are two types.
(i) Homointermolecular :- H–bond between molecules of same compounds.

eg.
H H

H H HH

H H

O OO

H H H F

F

FH
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(ii) Hentro intermolecular :- H–bond between molecules of different compounds.
eg. alcohol, water

 O — H O — H O — H O — H   

   R                 H              R               H   

alcohol       Water        alcohol         alcohol     

(B) Intra molecula H–bond :- It takes place within the molecule.
(i) H–bonded with electronegative elements of a functional group, form H–bond with another

electronegative element present on nearest position on the same molecule.
(ii) This type of H–bond is mostly occured in organic compounds.
(iii) It result in ring formation (Chelation).

eg.

O

N

H

O

O
O–nitrophenol

        

C

O

H

H

Salicylaldehyde

O

         

O

F

H

O–fluorophenol

       

O

H
O

2-6 dihydroxyl benzoate

 C

 H
 O O

Hydrolysis :
Hydrolysis means reaction with water molecules ultimately leading to breaking of O-H bond into H+ and OH–

ions. While the term Hydration means the surrounding of polar molecule or ions by polar molecules of water.
In hydrolysis there is complex formation with water molecule or reaction with water molecule.
Hydrolysis in covalent compounds takes place generally by two mechanisms
(a) By Coordinate bond formation : Generally in halides of atoms having vacant d-orbitals or of halides of
atoms having vacant orbitals.
(b) By H-bond formation : For example in Nitrogen trihalides
(a) Hydrolysis via  coordinate bond formation :
Hydrolysis of SiCl4 (due to presence of vacant d-orbitals on silicon)

(b) By H-bond formation :  Hydrolysis of NCl3 (N has no vacant orbitals)

N

: H O

H
Cl Cl Cl

  NH3 + HOCl

 By similar mechanism there will be hydrolysis of NBr3 and NI3  but NF3 does not undergo hydrolysis mainly
because it is a polar molecule and also the hydrolysis product FOH is an unstable compound.
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Molecular Orbital Theory (MOT) :
The molecular orbital theory was developed by F. Hund and R.S. Mulliken in 1932. The salient features are:

(i) Just as electrons of any atom are present in various atomic orbitals, electrons of the molecule are present in
various molecular orbitals.

(ii) Molecular orbitals are formed by the combination of atomic orbitals of comparable energies and proper
symmetry.

(iii) 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 the atoms in the molecule. Thus an atomic orbital is
monocentric while a molecular orbital is polycentric.

(iv) The number of molecular orbitals formed is equal to the number of combining atomic orbitals. When two
atomic orbitals combine, two molecular orbitals called bonding molecular orbital and anti-bonding
molecular orbital are formed.

(v) The bonding molecular orbital has lower energy and hence greater stability than the corresponding antibonding
molecular orbital.

(vi) 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.

(vii) The molecular orbitals like the atomic orbitals are filled in accordance with the Aufbau principle obeying
the Pauli Exclusion principle and the Hund’s Rule of Maximum Multiplicity. But the filling order of
these molecular orbitals is always experimentally decided, there is no rule like (n + l) rule in case of
atomic orbitals.

Formation of Molecular Orbitals : Linear Combination of Atomic Orbitals(LCAO)
Let us begin by discussing the case of molecular hydrogen. An approximate description of the molecular
orbitals in H2  can be obtained by considering them as Linear Combinations of Atomic Orbitals (LCAOs). Let
us label the nuclei A and B. The lowest energy orbital associated with each nucleus is the 1s orbital, and
each of these atomic orbitals may be represented by wave function A or B. Now each molecular orbital
may also be represented by a wave function which is a suitable linear combination of atomic orbitals; since
A and B are identical atoms their atomic orbitals obviously contribute equally to molecular orbitals. In this
case we can write down two molecular orbitals derived by combining the 1s atomic orbitals, these being

represented by : m =  [A + B] ;  *
m  = [A – B]

The molecular wave functions m and *m are bonding and antibonding molecular orbitals.

Difference between   molecular  orbitals and the  orbitals.
(1) For  overlap the lobes of the atomic orbitals are perpendicular to the line joining the nuclei, whilst for 

overlap the lobes point along the line joining the two nuclei.

(2) For  molecular orbitals,  is zero along the internuclear line and consequently the electron density 2 is
also zero. This is in contrast to  orbitals.

(3) The symmetry of  molecular orbitals is different from that shown by  orbitals. If the bonding  MO is rotated
about the inter nuclear line a change in the sign of lobe occurs. The  bonding orbitals are therefore  ungerade,
where as all  bonding MO’s are gerade. Conversely the antibonding  MO’s are gerade while all   antibonding
MO’s  are ungerade.

ENERGY LEVEL DIAGRAM FOR MOLECULAR ORBITALS :
The energy levels of molecular orbitals have been determined experimentally from spectroscopic data for
homonuclear diatomic molecules of second row elements of the periodic table. The increasing order of
energies of various molecular orbitals for O2 and F2 is given below :
 1s < *1s < 2s < *2s < 2pz < (2px =2py) 

 < (*2px = *2pz) < *2pz.

The increasing order of energies of various molecular orbitals for Be2, B2, C2, N2 etc., is :
1s < * 1s < 2s < *2s < (2px = 2py) < 2pz < (*2px = *2py) < *2pz


