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Kössel-Lewis Theory

In order to explain the formation of chemical bonds in terms of electrons, a number of attempts 
were made, but it was only in 1916 when Kössel and Lewis succeeded independently in giving a 
satisfactory explanation. They were the first to provide some logical explanation of valence electrons 
that was based on the inertness of the noble gases. This theory helps to explain electrovalency and 
covalency of elements in simple compounds. Atoms try to attain a stable electronic configuration 
by losing, gaining, or sharing electrons.

Octet rule: Atoms need to lose, gain, or share electrons to achieve a stable noble gas electronic 
configuration with eight electrons in the outermost shell.
Except for a few elements like hydrogen and helium that form doublets, all the other elements 
form octets to attain a stable electronic configuration. The elements having a stable electronic 
configuration, i.e., having a complete octet is represented in Fig. 1.

• Valence bond theory

• Concept of orbital overlap
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Fig. 1: Noble gas electronic configuration
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Note

In the Lewis structures, only the valence electrons are represented.

Lewis Dot Structure

According to the Lewis theory

• Each bond formed is a result of sharing an electron pair between the atoms.
• Each combining atom contributes at least one electron to the shared pair.
•  The combining atoms attain the noble gas electronic configuration as a result of the sharing 

of electrons.

Lewis structure of O
2

Oxygen atoms have six electrons in their valence shell. It requires 
two electrons to complete its octet. So each oxygen atom shares 
two electrons with another oxygen atom to complete its octet 
and four valence electrons exist as lone pairs. Hence, two oxygen 
atoms form a double bond resulting in the following Lewis electron 
dot structure:

Fig. 2: Lewis structure of O
2

O O

O O

Fig. 3: Structure of O
2
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Note

The theoretical charge over an individual atom in a molecule or an ion is known as formal charge. 
It is used to know the stability of a structure.

Formal Charge

The Lewis dot structures do not represent the actual shape of the molecules.
In polyatomic ions, the net charge is possessed by the ion as a whole and not by an individual atom. 
However, it is feasible to assign a formal charge on each atom. A formal charge is an imaginary 
charge or a fake charge.

Formula for formal charge 

Or

Carbon has four valence electrons and hydrogen has one valence electron. To complete its octet, 
carbon needs four electrons, whereas hydrogen requires one electron to complete its duplet. So, 
the Lewis dot structure of CH

4
 can be drawn as follows:

Lewis structure of CH
4

H

HH

H

C

Fig. 4: Lewis structure of CH
4

H

H

Fig. 5: Structure of CH
4

Valence electrons in 
the free atom

Non-bonding
electrons 

- - 1
2 

 Bonding electrons 

Where,
F.C. = Number of formal charge
V = Number of valence electrons in the free atom
L = Number of non-bonding electrons
B = Number of bonding electrons

F.C. = V - L - 1
2 

 (B)

H
H

C
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Calculate the formal charge on the central nitrogen atom in N
3
-.

Examples

Formal charge on oxygen atoms in ozone

The formal charge can be calculated as follows:

Formal charge on terminal N-atoms

Formal charge on central N-atom

F.C. = V - L - 1
2 

 (B)

F.C. = 5 - 4 - 1
2 

 × 4 = -1

F.C. = 5 - 0 - 1
2 

 × 8 = +1

N N N

-

Formal charge on oxygen atom (1) = 6 - 6 - 
 
 
 

1

2
 × 2 = -1

Formal charge on oxygen atom (2) = 6 - 2 - 
 
 
 

1

2
 × 6 = +1

Formal charge on oxygen atom (3) = 6 - 4 - 
 
 
 

1

2
 × 4 = 0 Fig. 6: Lewis dot structure of ozone
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Fig. 7: Illustration of formal charge of ozone
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Note

A formal charge is used to give the relative stability of the possible Lewis structures. If the formal 
charge on the atoms is least, the energy of that structure will be the lowest and the structure will 
be most stable. 

Exceptions to the Octet Rule

The octet rule is quite useful for understanding the structures of most of the compounds formed by 
the second period elements of the periodic table. There are four types of exceptions to the octet 
rule. 

•  Molecules with incomplete octet of the central atom
In some compounds, the number of electrons surrounding the central atom is less than 
eight.
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This type of exception is especially observed in the case where the central atoms have less 
than four valence electrons.

• Molecules with odd electrons 
The octet rule is not satisfied for some atoms in 
a molecule having an odd number of electrons.  
For example, NO and NO

2
. In these 

compounds, the total number of electrons is 
odd. Hence, the octet of some of the atoms 
in such molecules will always be incomplete.

• Molecules with expanded octet 
In the periodic table, for the elements 
of the third period and beyond, d (along 
with s and p) orbitals are also available for 
bonding. Hence, many compounds of these 
elements have more than eight electrons 
after bonding in valence shell around 
the central atom. This is termed as the 
expanded octet and such compounds are 
known as hypervalent compounds. 

For example, PCl
5
 and SF

6
. In both the 

compounds, the central atom has more than 
eight electrons in their outermost shells. In 
PCl

5
, phosphorus has 10 electrons, whereas 

in SF
6
, sulfur has 12 electrons in its outermost 

shell. 

•  Formation of xenon and krypton compounds 
Some noble gases like Xe and Kr that have 
a complete octet before bonding but still 
form bonds with oxygen and fluorine. These 
compounds are formed due to the small size 
and high electronegativity of the oxygen 
and fluorine atoms that help in excitation of 
electrons. Hence, the expanded octets can 
be seen in these compounds.
Examples: XeF

2
, XeF

4
, and XeOF

4
.

For example, BF
3
 and BeCl

2
. In both the 

molecules, the octet of the central atom is 
not complete. Such compounds are known 
as hypovalent compound. In BF

3
, the boron 

atom has only six electrons in its valence 
shell, whereas in BeCl

2
, the beryllium atom 

has only four electrons in its outermost shell 
after bonding. 

Fig. 8: Lewis structure of BF
3
 and BeCl

2

CI CIBe
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F

B
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N
+

Fig. 9: Lewis structure of NO and NO
2
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Fig. 10: Examples of hypervalent compounds 

Xe

Fig. 11: Lewis structure of XeF
2
, XeF

4
 and 

XeOF
4

•  The Lewis concept and the octet rule does not give any explanation regarding the various 
shapes attained by the different molecules. 

• It does not explain the relative stability of the molecules.

Other limitations of octet rule

CI

CICI

P

CI

CI

F

F

XeF F XeF F F

F

F

F
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Solution

Based on octet rule

Which of the following compounds are the exceptions of the Lewis octet rule? 

(a) OF
2
 and H

2
O

(a) 

(b) 

(b) BeH
2
 and NO (c) KrF

2
 and ClF

3
(d) CH

4
 and NH

3

Compound OF
2

H
2
O

Lewis dot 
structure F F

O
O

H H

Oxygen and fluorine have six and 
seven electrons, respectively, in 
their valence shell before forming 
a bond. However, from the Lewis 
structure of OF

2
, we can say that 

after bonding oxygen and fluorine 
both have eight electrons in their 
valence shell. Hence, it follows the 
octet rule.

Hydrogen and oxygen have one 
and six electrons, respectively, in 
their valence shell before forming 
a bond. However, from the Lewis 
structure of H

2
O, we can say that 

after bonding oxygen has eight 
and hydrogen has two electrons in 
their valence shell and both oxygen 
and hydrogen have filled the octet 
and doublet, respectively. Hence, it 
follows the octet rule.

Compound BeH
2

NO

Lewis dot 
structure

HH Be N O

Beryllium and hydrogen have two 
and one electrons, respectively, in 
their valence shell before forming 
a bond. However, after forming 
the bond (shown by the Lewis 
structure), beryllium has four and 
hydrogen has two electrons in their 
valence shell. So, hydrogen has a 
complete doublet but beryllium has 
an incomplete octet. Hence, it does 
not follow the octet rule.

Oxygen and nitrogen have six and 
five electrons, respectively, in their 
valence shell before forming a bond. 
However, after forming the bonds 
(shown by the Lewis structure,) 
oxygen has eight and nitrogen has 
seven electrons in their valence 
shell. So, oxygen has a complete 
octet but nitrogen does not. Hence, 
it does not follow the octet rule.
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(c) 

(d) 

So, options (b) and (c) are the correct answers.

Compound KrF
2

ClF
3

Lewis dot 
structure F Kr F

F

F

F CI

Krypton and fluorine have eight and 
seven electrons, respectively, in 
their valence shell before forming 
a bond. However, after forming the 
bond, there is an expansion of octet 
in krypton. Hence, it does not follow 
the octet rule.

Chlorine and fluorine both have 
seven electrons in their valence shell 
before forming a bond. However, 
after forming three bonds, there is 
an expansion of octet in chlorine. 
Hence, it does not follow the octet 
rule.

Compound CH
4

NH
3

Lewis dot 
structure

C

H

H

H

H
N HH

H

Carbon and hydrogen have four 
and one electrons, respectively, in 
their valence shell before forming 
a bond. However, after forming the 
four bonds, carbon has a complete 
octet and hydrogen has a complete 
doublet. Hence, it follows the octet 
rule.

Nitrogen and hydrogen have five 
and one electrons, respectively, in 
their valence shell before forming 
a bond. However, after forming 
the three bonds, nitrogen has a 
complete octet and hydrogen has a 
complete doublet. Hence, it follows 
the octet rule.
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Solution

Solution

Application of octet rule

Based on octet rule

Which of the following Lewis diagrams is/are incorrect? 

Out of the following, how many compounds violate the octet rule?            

(a) Na+ O CI

(i) CO
2

(b) 

CI

CI

CI

CIC

(v) H
2
O

(ii) PCl
5

(vi) IF
7

(iii) SiF
4

(vii) BF
3

(iv) BrF
5

(viii) PCl
3

(c) 

H

HH

H

N S
2-

2

+

(d) 
H H

H HN N

(a)  In the given Lewis dot structure, by losing the outermost electron, sodium has eight electrons 
in its valence shell. However, due to sharing of one electron, oxygen has only six electrons and 
chlorine has eight electrons. Hence, there is a violation of the octet rule because oxygen has 
an incomplete octet and this is an incorrect Lewis dot structure.

(b)  In the given Lewis dot structure, carbon has formed four bonds and due to sharing carbon has 
eight electrons in its outermost shell. Similarly, chlorine has eight electrons in its valence shell. 
Hence, it follows the octet rule and it is the correct Lewis dot structure. 

(c)  In the given Lewis dot structure, sulfur has only six electrons in its valence shell and has an 
incomplete octet. On the other hand, due to the formation of four single bonds, nitrogen has 
eight electrons in its valence shell. Hence, due to an incomplete octet of sulfur, the octet rule is 
violated and this is an incorrect Lewis dot structure.

(d)  In the given Lewis dot structure, both the nitrogen atoms are forming three bonds and also 
have one lone pair. Hence, both the nitrogen atoms have eight electrons in their valence shell. 
Hence, it follows the octet rule and it is the correct Lewis dot structure. 

Therefore, options (a) and (c) are the correct answers.

Compounds

Electrons around central atom
(Valence electrons + 

Electrons shared by side 
atoms)

Electrons around side atoms
(Valence electrons + 

Electrons shared by central 
atoms)

Octet rule 

CO
2

Carbon ⇒ 4 + 4 = 8 Oxygen ⇒ 6 + 2 = 8 Follows

PCl
5

Phosphorus ⇒ 5 + 5 = 10 Chlorine ⇒ 7 + 1 = 8 Violates  
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Solution

Application of octet rule

Which of the following Lewis structures of CO
2
 is incorrect? 

SiF
4

Silicon ⇒ 4 + 4 = 8 Fluorine ⇒ 7 + 1 = 8 Follows

BrF
5

Bromine ⇒ 7 + 5 = 12 Fluorine ⇒ 7 + 1 = 8 Violates 

IF
7

Iodine ⇒ 7 + 7 = 14 Fluorine ⇒ 7 + 1 = 8 Violates 

PCl
3

Phosphorus ⇒ 5 + 3 = 8 Chlorine ⇒ 7 + 1 = 8 Follows

H
2
O Oxygen ⇒ 6 + 2 = 8 Hydrogen ⇒ 1 + 1 = 2 Follows

BF
3

Boron ⇒ 3 + 3 = 6 Fluorine ⇒ 7 + 1 = 8 Violates 

Out of eight, four compounds violate the octet rule.

(a)  In the given Lewis dot structure, we can see both oxygen atoms and carbon have eight electrons 
after bonding in their valence shell. Hence, it follows the octet rule and it is a correct Lewis dot 
structure.

(b)  In the given Lewis dot structure, the oxygen to the left and carbon have eight electrons in their 
valence shell but the other oxygen has ten electrons in its valence shell after bonding. Due to 
this, there is a violation of octet rule. Hence, it does not follow the octet rule and it is an incorrect 
Lewis dot structure.

(c)  In the given Lewis dot structure, both oxygen atoms and carbon have eight electrons in their 
valence shell after bonding. Hence, it follows the octet rule and it is the correct lewis dot 
structure.

Therefore, option (b) is the correct answer.

(d) None of these(b) O C O(a) O C O (c) O C O
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Valence Bond Theory

Solution

Application of octet rule

Which of the following are incorrect Lewis structures?

(a)  Sulfur, carbon, and nitrogen have six, four, and five electrons in their valence shells, respectively, 
in their free state. After forming bonds (shown by the Lewis structure), sulfur, carbon, and 
nitrogen have six, six, and eight electrons, respectively. Hence, the octet of sulfur and carbon is 
incomplete and therefore, this is an incorrect Lewis dot structure.

(b)  Chlorine and oxygen have seven and six electrons in their valence shells, respectively, in their 
free state. After forming bonds (shown by the Lewis structure), both chlorine atoms and oxygen 
have six and eight electrons, respectively. Therefore, chlorine has an incomplete octet. Hence, 
this is an incorrect Lewis dot structure.

(c)  Nitrogen and oxygen have five and six electrons in their valence shell, respectively, in their 
free state. After forming bonds (shown by the Lewis structure), nitrogen and both the oxygen 
atoms have nine and eight electrons, respectively. Therefore, there is a violation of octet rule in 
nitrogen. Hence, this is an incorrect Lewis dot structure.

(d)  Chlorine and nitrogen have seven and five electrons in their valence shells, respectively, in their 
free state. After forming bonds (shown by the Lewis structure), all the three chlorine atoms and 
one nitrogen atom will have eight and ten electrons, respectively. Therefore, there is a violation 
of octet rule in nitrogen. Hence, this is an incorrect Lewis dot structure.

Therefore, options (a), (b), (c), and (d) are the correct answers.

Linus Pauling and J.C. Slater proposed the valence bond theory. It works on the principle of 
stability. This theory primarily focuses on the formation of individual bonds from the atomic orbitals 
of the participating atoms during the formation of a molecule. The VBT states that the overlap of 
half-filled atomic orbitals leads to the formation of a chemical bond between two atoms.  

S C N

-
(a) O ON(c) CI CIO(b) 

++ 2-

When the two bonding atoms approach each other, 
the attractive forces (between electrons and nuclei) 
and repulsive forces (between nuclei of two atoms and 
electrons of two atoms) begin to operate. If the attractive 
forces dominate over the repulsive forces, then the two 
nuclei come closer and their energy starts decreasing 
(or stability starts increasing). During this, their atomic 
orbitals overlap and a covalent bond is formed. The bond 
is formed when both the nuclei are at an appropriate 
distance, i.e., where the potential energy is minimum. 
If they come closer, the electronic repulsion as well as 
internuclear repulsion will increase and this leads to an 
increase in the potential energy of the system.

Fig. 12: Illustration of attractive forces 
when two H-atoms approach

+ +

-

- e
A

H
A

e
B

H
B

New forces 

Old forces 

CI

CI

N
(d) 

CI

MAIN ADVANCEDBOARDS
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In the Fig. 12, an old attractive force includes 
attraction between e

A
 and N

A
 and similarly, 

between e
B
 and N

B
, where e

A
 and e

B
 are the 

electrons of hydrogen atom A (H
A
) and hydrogen 

atom B (H
B
), and N

A
 and N

B
 represent the nucleus 

of atom A and atom B, respectively. 
However, as the atoms H

A
 and H

B
 approach each 

other, the new attraction forces between e
A
 and 

N
B
, e

B
 and N

A
 start operating.

The new repulsive forces occur between the electrons of the two hydrogen atoms (e
A
 and e

B
) and 

also occur in between the nucleus of the two hydrogen atoms (N
A
 and N

B
).

•  Stage 1: When the internuclear distance is large, say, r = 300 pm, there is no interaction between 
the two H-atoms. So, the potential energy is nearly zero.

•  Stage 2: When both the nuclei come closer and reach a point (r = 74 pm) where the net attractive 
force is equal to the net repulsive force, the potential energy is minimum. This internuclear 
distance is known as critical distance (r

0
) also known as the bond length of that molecule. For 

H
2
, the critical distance or bond length is 74 pm.

•  Stage 3: With a further decrease of internuclear distance, the repulsion dominates and there is 
a steep rise in the potential energy of the system.

+ +

-

-

H
B

H
A

e
B

e
A

Fig. 13: Illustration of repulsive forces 
when two H-atoms approach

Potential energy diagram of H
2

Fig. 14: Potential energy diagram of hydrogen molecule
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•  It can be concluded that as the value of r decreases till the critical value r
0
, the potential energy 

decreases. After the critical value, if they move further closer, the potential energy increases.

•  At r = 74 pm, the potential energy is minimum, i.e., -435.8 kJ per mol-1. This minimum potential 
energy is known as bond energy. -435.8 kJ mol-1 energy implies that 435.8 kJ energy is released 
during the formation of one mole of the H

2
 molecules and the same amount of energy is required 

to break the bonds in one mole of the H
2
 molecules.
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Concept of Orbital Overlap

At a minimum energy state, the two hydrogen atoms are so close that their atomic orbitals undergo 
a partial interpenetration. A part of an electron cloud of each of the two atomic orbitals become 
common for both the nuclei. This partial penetration of orbitals is known as overlapping of atomic 
orbitals that result in the sharing of electrons. The extent of overlap decides the strength of a covalent 
bond. The greater the extent of overlap, the stronger is the bond formed between the two atoms.

Partial interpenetration of 
atomic orbitals

Electron pair is shared

Orbitals overlapping

Conditions of overlap

•  Covalent bond: Each orbital must have one electron with an opposite spin.

• Single electron
• Opposite spin

• Fully filled orbital
• Empty orbital

Orbitals
overlap via

Covalent bond Coordinate bond

•  Coordinate bond: One orbital should have a lone pair and the other must be empty.

•  In a covalent as well as in a coordinate bond, overlapping orbitals must be appropriately oriented.

H

H

H

HN
+

N H
+

+

Fig. 16: Formation of a coordinate bond

H

H

H

Fig. 15: Formation of a covalent bond

+

s-orbital s-s overlaps-orbital
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3. Zero overlap
If two orbitals cannot overlap properly due to the difference in their orientation or are overlapping 
with both the phases equally, then it is known as a zero overlap. 

Note

Not all the overlapping orbitals result in bond formation.

Types of overlaps

Types of overlap

Positive Negative Zero

Fig. 17: Positive overlap

p
z

p
x

p
x

p
z s

p
z

+ +

+++ + -- -

--

Fig. 18: Negative overlap

p
z

p
z

p
z

s

p
x

p
x

+

+

+

+ + +--

-

-

-

+

+

+

+-

-

y

z

x

-

p
x

p
x

Fig. 19: Zero overlap

s

p
y

1. Positive overlap
If two orbitals having the same phase overlap, then it is known as a positive overlap

2. Negative overlap
If two orbitals having the opposite phase overlap, then it is known as a negative overlap.
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Coordinate Bond or Dative Bond

Fig. 20: Illustration of coordinate bond formation between A and B

Directional Properties of Bond

Covalent bonds are directional in nature. It means that the atoms do not approach in any arbitrary 
direction to the nuclei but prefer only a certain direction depending on the type of orbitals 
overlapping to form bonds. 
On the other hand, ionic bonds are non-directional in nature, which means that there is no specific 
position preferred by an ion around an oppositely charged ion. It can approach from any direction.

A coordinate bond is a bond formed between two nuclei by the overlapping of orbitals (positive 
overlap) where both the electrons come from a single atom and another atom shares an empty 
(vacant) orbital. 

The formation of a coordinate bond requires a lone pair donor and a lone pair acceptor. The lone 
pair donor is also known as the Lewis base and the lone pair acceptor is also known as the Lewis 
acid. A coordinate bond between A and B-atom can be shown as follows: 

This is the reason why p
x
, p

y
, and p

z
 can only form bonds with p

x
, p

y
, and p

z
, respectively, i.e., p

x
 can 

not form a bond with p
y
 and p

z
, p

y
 cannot form a bond with p

x
 and p

z
, and p

z
 cannot form a bond 

with p
x
 and p

y
. 

Only if orbitals show a positive overlap, then a covalent bond will be formed. If the orbitals show 
a negative or a zero overlap, then a covalent bond will not be formed.

Types of overlaps based on 
orientation

Positive

Allowed Not Allowed

Negative Zero

A

A B

B

A B

+ or

Formation of a coordinate bond
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Note

•  Although an orbital with two electrons from a single atom overlaps with an empty orbital of 
another atom to form a coordinate bond, still the coordinate bond shows all the features of a 
regular covalent bond once it is formed.

•  After the formation of a coordinate bond, the donor atom will receive a positive formal charge 
and the acceptor atom will receive a negative formal charge.

Donor Acceptor

Transfer of electron from donor to acceptor

Coordinate bond formation of NH
4

+ from NH
3
 and H+

Coordinate bond formation of H
3
O+ from H

2
O and H+

The lone pair of a nitrogen atom in the ammonia 
molecule is involved in a coordinate bond with H+. 
Thus, ammonia is the donor. On the formation of 
a coordinate bond, nitrogen will receive a positive 
formal charge and H+ will receive a negative formal 
charge, as H+ is the acceptor here. This results in 
the formation of NH

4
+ molecule.

One of the lone pairs of oxygen is involved in a 
coordinate bond formation with H+ and H

3
O+ is 

formed. Here, oxygen is the donor and upon the 
formation of a coordinate bond, it will receive a 
positive formal charge. H+ is the acceptor. 

If any atom forms more bonds than its own covalency, that bond is always a coordinate bond.

Example
N

2
O ⇒ N ≡ N+ - O-

As we know the valency of nitrogen is three, but in N
2
O nitrogen forms four bonds. Hence, the 

fourth bond is a coordinate bond.

How to identify a coordinate bond

Fig. 21: Coordinate bond formation 
between NH

3
 and H+

NH H H

H

H

HN++

H

H

+

Fig. 22: Coordinate bond formation 
between H

2
O and H+

H +
H+

H
O H H

H

O
+



16

© 2020, BYJU'S. All rights reserved

Types of Covalent Bonds  

The covalent bond may be classified into two types depending upon the type of overlapping. 

An end to end overlap of the atomic orbitals along the internuclear axis, or, when the axis of 
orbital is same as their combining axis, it results in the formation of the bond known as sigma (σ) 
bond. This type of overlapping between the atomic orbitals is also known as head-on overlapping 
or axial overlapping. Both the orbitals involved in the overlapping should have one electron with 
opposite spin to each other. Simple sigma bonds are formed by the following three types of 
overlapping:

Case 1: s-s overlap 
The s-orbitals are spherical in shape and hence, 
the axis of the orbitals can be considered in any 
direction. Therefore, the overlapping of two 
s-orbitals always results in a sigma bond.

Sigma (σ) bond

Pi (π) bond

Covalent bond

Sigma bond (𝛔)

Sigma bond (𝛔)

s-s overlap s-p overlap p-p overlap

Fig. 23: s-s overlapping

+

1s 1s

Example: H
2
 molecule

Each hydrogen atom has one electron in their 1s 
orbital. When the two H-atoms combine to form a 
molecule of hydrogen, 1s–1s overlapping between 
the two half-filled 1s orbitals of the hydrogen 
atoms take place along the internuclear axis and 
it results in a sigma bond.

+

Fig. 24: Formation of hydrogen molecule

s s s-s σ bond
e.g. H

2
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Case 2: s-p overlap 
Unlike the s-orbitals, any arbitrary axis cannot be 
considered as an axis of orbitals for the p-orbitals. 
In the p

x
, p

y
, and p

z
 orbitals, the lobes are along the 

x, y, and z axes, respectively. Therefore, a sigma 
bond between the s and p-orbitals is possible only 
if an s-orbital overlaps with p

x
, p

y
, and p

z
 along the 

x, y, and z axes, respectively.

Case 3: p-p overlap
Overlapping of the two p-orbitals may result in 
a sigma bond, pi bond, or no bond, i.e., a zero 
overlap depending on the axis of orbitals and 
the internuclear axis. If the axis of two orbitals 
are overlapping and the phase of orbitals are the 
same, then a sigma bond is formed. The electron 
density along the axis increases in this case.

Example: F
2
 molecule

The fluorine (atomic number = 9) atom has an electron configuration 1s2 2s2 2p
x

2 2p
y
2 2p

z
1. The 2p

z
 

orbital of one atom overlaps with the similar orbital of another fluorine atom along the internuclear 
axis leading to the formation of a sigma bond.

All the possible bonds formed by the overlap of s and p-orbitals are illustrated in the following table:

Here, the p-orbital of one atom overlaps with the p-orbital of the other atom along the internuclear 
axis. Considering the z-axis to be the internuclear axis, the p-orbitals that will give rise to the sigma 
bonding are p

z
-p

z
.

Example: HF molecule
Fluorine atom has one half-filled orbital in its 
second energy shell as its electronic configuration
is 1s2 2s2 2p

x
2 2p

y
2 2p

z
1. Here, a 2p

z
 orbital having 

an unpaired electron overlaps with 1s orbital of
one hydrogen atom forming a sigma (σ) bond. 
Hence, one sigma bond is present in the hydrogen 
fluoride  molecule formed due to s-p overlap.

Fig. 25: s-p
z
 overlap

s p
z

s-p
z
 σ bond

Fig. 26: s-p
z
 axial overlap in HF molecule

Fig. 27: p
z
-p

z
 axial overlap

p
z

p
z

p
z
-p

z
 σ bond

Fig. 28: p
z
-p

z
 axial overlap in fluorine molecule

Orbtial interacting
Approaching 

along
Bond formed 

s + p
x

x-axis Sigma

s + p
y

y-axis Sigma

s + p
z

z-axis Sigma

Table 1: Bonds formed by the overlap of s and p orbitals
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Did you know?

Pi (π)bond

d
z
2 orbital is formed by the combination of two orbitals (d

z
2 

-
 
x
2, d

z
2 

-
 
y
2).

According to the arrangement, there should be six d-orbitals (three axial and three nonaxial). However, 
according to the azimuthal quantum number there should be five d-orbitals.
l = 2 for d-orbital
Number of orbitals = 2 × l + 1 ⇒ 2 × 2 + 1 ⇒ 5
Due to this reason, the two axial orbitals mix together and form another axial orbital, i.e., known as 
d

z
2.

If two orbitals have a proper orientation, i.e., the same phase, overlap perpendicular to the internuclear 
axis, the electron density will increase above and below the internuclear axis. Such overlapping is 
known as sideways overlapping and the bond formed by sideways overlapping is known as a pi (𝛑) 
bond.

For example, sideways overlapping can be achieved by two p-orbitals, if their axis is the same but 
the overlapping is perpendicular to the internuclear axis.

Types of pi (π) overlap

1) pπ-pπ overlap

When two p-orbitals having the same orbital axis overlap sidewise, then it is known as a pπ-pπ 
overlap.

d
z
2 is a combination of 

d
z
2 

-
 
x
2 d

z
2 

-
 
y
2

sideways overlapping

+ or

Fig. 29: Sideways overlapping happens in pi bonding.

+

Fig. 30: Illustration of pπ-pπ overlap
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2) pπ-dπ overlap

3) dπ-dπ overlap

When one p-orbital and one d-orbital overlap sidewise, then it is known as a pπ-dπ overlap.

When two d-orbitals having same orbital axis overlap sidewise, then it is known as a dπ-dπ overlap.

Fig. 31: Illustration of pπ-dπ overlap

p
y
 orbital d

xy
 orbital pπ-dπ overlap

+

+

d
xy

 orbital d
xy

 orbital dπ-dπ overlap

Fig. 32: Illustration of dπ-dπ overlap

Orbtial interacting
Approaching 

along
Bond formed 

p
x
 + p

x

x-axis Sigma

y-axis Pi

z-axis Pi

p
y
 + p

y

x-axis Pi

y-axis Sigma

z-axis Pi

Table 2: Bonds formed by the overlap of two p-orbitals
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Summary

1.  Octet rule: Octet rule is the tendency of atoms to have eight electrons in their valence shell. 
Atoms gain, lose, or share the electrons to complete the octet of electrons in their outermost 
shell. The principle of attaining the maximum of eight electrons in the valence shell of atoms is 
known as the octet rule.

2.  According to the Lewis theory, each bond is formed as a result of sharing an electron pair 
between the atoms. Each combining atom contributes at least one electron to the shared pair. 
The combining atoms attain the noble gas electronic configuration as a result of the sharing of 
electrons.

3.  Formal charge: In polyatomic ions, the net charge is possessed by the ion as a whole and not 
by a particular atom. However, it is feasible to assign a formal charge on each atom. A formal 
charge is an imaginary charge or a fake charge.

Where ,
F.C. = Formal charge
V = Number of valence electrons in the free atom
L = Number of non-bonding electrons/Lone pair electrons
B = Number of bonding electrons

4.  Limitations of octet rule

•  The molecules with an incomplete octet of the central atom violate the octet rule. Hypovalent 
compounds are the best examples of it.

• The molecules with unpaired (odd) electrons in any of its atoms violate the octet rule.
• The molecules with expanded octet of the central atom violate the octet rule.

Hypervalent compounds: Compounds in which the number of electrons around the central 
atom is greater than eight. 

•  The formation of xenon and krypton compounds with fluorine and oxygen violates the octet 
rule. It was assumed in the Lewis hypothesis that the noble gases do not form compounds. 

5.  VBT: When the two atoms approach each other, the attractive forces (between electrons and 
the nuclei) and repulsive forces (between two nuclei and electrons) begin to operate. If the 
attractive forces dominate over the repulsive forces, then the two nuclei come closer and their 
energy starts decreasing (or stability starts increasing). During this, their atomic orbitals overlap 
each other and a covalent bond is formed. 

6.  Orbital overlap concept explains the covalent bond formation in the following three steps:
• Partial interpenetration of atomic orbitals
• Orbital overlapping occurs
• Electron pair is shared

7.  For effective overlapping, the orbitals must be appropriately oriented and each unpaired 
electron in both the orbitals must have an opposite spin.

8.  An orbital overlap may be positive, negative, or zero. If both the overlapping lobes of orbitals 
have the same phase, then it results in a positive overlap. If the phases are opposite, then it 
results in a negative overlap. If the orbitals are not appropriately oriented or if one orbital is 
overlapping with the orbital lobes of both the phases simultaneously, then it results in a zero 
overlap.

9.  A covalent bond is formed only if the orbital overlap is positive. A covalent bond can be a sigma 
(σ) bond or a pi (σ) bond. A sigma (σ) bond results from head-on overlapping and a pi (σ) bond 
results from sideways overlapping.

F.C. = V - L - 1
2 

 (B)
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10.  A coordinate bond is formed when two orbitals overlap with one orbital carrying both the 
electrons (Lewis base) and the other one being an empty orbital (Lewis acid). After a coordinate 
bond is formed, it is exactly the same as a covalent bond.

11.  The s-orbitals can only form a sigma bond. p
x
, p

y
, and p

z
 orbitals can only form bonds with p

x
, p

y
, 

or p
z
 orbitals, respectively.

12.  Pi bonds have nodal planes along the internuclear axis, whereas the electron density is maximum 
along the internuclear axis in sigma bonds. There are the following three types of pi overlaps:
• pπ-pπ overlap
• pπ-dπ overlap
• dπ-dπ overlap


