
 

Hybridization 

 

Definition: 

 

Hybridization is the process of mixing atomic orbitals (s, p, and sometimes d) of the same 
atom to produce new hybrid orbitals of equal energy, suitable for forming chemical bonds.  

 

Importance of Hybridization: 

 

Explains molecular shapes and bond angles (aligned with VSEPR theory). 

 

Helps understand equivalent bond strengths and symmetries in molecules. 

 

Types of Hybridization 

 

1. Sp Hybridization 

 

Orbitals Involved: One s orbital and one p orbital mix. 

 

Geometry: Linear, bond angle 180°. 

 

Example: 

 

BeCl₂: Beryllium forms two sp hybrid orbitals to bond with two chlorine atoms. 

 



C₂H₂ (Ethyne): Carbon forms one sigma (σ) bond using an sp orbital and one π-bond using 
an unhybridized p orbital. 

 

 

Representation: 

 

Linear molecule with symmetrical electron density. 

 

 

 

 

2. Sp² Hybridization 

 

Orbitals Involved: One s orbital and two p orbitals mix. 

 

Geometry: Trigonal planar, bond angle 120°. 

 

Example: 

 

BF₃: Boron forms three equivalent sp² hybrid orbitals. 

 

C₂H₄ (Ethene): Each carbon atom uses sp² hybrid orbitals for sigma bonding; unhybridized 
p orbitals form the π-bond. 

 

 

 

 



3. Sp³ Hybridization 

 

Orbitals Involved: One s orbital and three p orbitals mix. 

 

Geometry: Tetrahedral, bond angle 109.5°. 

 

Example: 

 

CH₄ (Methane): Carbon forms four equivalent sp³ hybrid orbitals to bond with four 
hydrogen atoms. 

 

NH₃ (Ammonia): Nitrogen forms three sp³ orbitals for bonding; the lone pair slightly 
reduces bond angles to 107°. 

 

H₂O: Oxygen forms two sigma bonds, and the two lone pairs distort the tetrahedral angle to 
104.5°. 

 

 

 

 

4. Sp³d Hybridization 

 

Orbitals Involved: One s orbital, three p orbitals, and one d orbital mix.  

 

Geometry: Trigonal bipyramidal, bond angles 90° and 120°. 

 

Example: 



 

PCl₅: Phosphorus forms five sp³d orbitals for bonding. 

 

 

 

 

5. Sp³d² Hybridization 

 

Orbitals Involved: One s orbital, three p orbitals, and two d orbitals mix. 

 

Geometry: Octahedral, bond angles 90°. 

 

Example: 

 

SF₆: Sulfur forms six sp³d² orbitals to bond with six fluorine atoms. 

 

 

 

 

 

 

Localized Chemical Bonds 

 

Definition: 

 



Localized bonds are bonds where the shared electron pair is restricted to the region 
between two atoms. 

 

Characteristics: 

 

Bonding electrons are fixed and not shared with other atoms. 

Typically sigma (σ) bonds, which are strong and directional. 

 

Examples: 

 

1. H₂O: The O-H bonds are localized. 
2. CH₄: The four C-H bonds are independent and localized. 
3. NH₃: N-H bonds are localized; the lone pair does not participate in delocalization.  

 

Sigma vs. Pi Bonds in Localized Systems: 

 

Sigma (σ) Bonds: Formed by head-on overlap of orbitals, always localized. 

 

Pi (π) Bonds: Formed by side-on overlap of p orbitals; can be localized if not part of a 
conjugated system. 

 

 

 

Delocalized Chemical Bonds 

 

Definition: 

 



Delocalized bonds occur when electrons are shared among multiple atoms, rather than 
being confined between two. These are common in systems with conjugation or resonance. 

 

Characteristics: 

 

Delocalized electrons increase stability (resonance stabilization). 

Seen in molecules with π-electrons spread over multiple atoms. 

A key feature of aromatic compounds and conjugated systems. 

 

Examples: 

 

1. Benzene (C₆H₆): 

The π-electrons are delocalized over six carbon atoms in a cyclic structure. 

This gives benzene extra stability and equal C-C bond lengths. 

2. Carbonate Ion (CO₃²⁻): 

The π-electrons in the double bonds are delocalized over three oxygen atoms. 

All C-O bonds have equal lengths. 

 

3. Graphite: 

Delocalized π-electrons spread across the carbon layers, giving it electrical conductivity. 

Aromaticity and Delocalization: 

Aromatic compounds follow Hückel’s Rule: They must have  π-electrons (where n is an 
integer). 

Example: Benzene has 6 π-electrons (n = 1), satisfying the rule and making it aromatic. 

 

Comparison: Localized vs. Delocalized Bonds 

Localized Bonds: 



1. Electrons are confined between two specific atoms. 

2. Typically involve sigma (σ) bonds or localized π-bonds. 

3. Do not participate in resonance. 

4. Provide no additional stabilization to the molecule. 

5. Stronger bonds due to concentrated electron density. 

6. Fixed molecular geometries and directional bonding. 

7. Energy levels of the bonds are specific and unchanging. 

8. Examples: O-H bonds in H₂O, C-H bonds in CH₄, N-H bonds in NH₃. 

 

Delocalized Bonds: 

 

1. Electrons are spread across multiple atoms, forming a shared electron cloud.  

2. Typically involve π-bonds in conjugated systems or aromatic compounds. 

3. Essential for resonance, contributing to molecular stability. 

4. Provide resonance stabilization, lowering the molecule's energy. 

5. Relatively weaker bonds as electron density is distributed. 

6. Often lead to symmetrical or planar molecular geometries. 

7. Energy is lowered due to the delocalization of electrons. 

8. Examples: π-electrons in benzene (C₆H₆), delocalized bonds in CO₃²⁻, graphite. 

 

 

Key Diagrams 

 

1. Hybridization Representations: 

Show overlapping of orbitals (sp, sp², sp³ geometries). 

Illustrate examples like CH₄, BF₃, and PCl₅. 



2. Resonance Structures: 

Draw benzene (C₆H₆) resonance structures. 

Show delocalization in CO₃²⁻. 

3. Molecular Shapes: 

 

Include 3D geometries for sp³ (tetrahedral), sp² (planar), and sp (linear) hybridized 
molecules. 

 

 

 

 

Applications of These Concepts 

 

1. Hybridization: 

Explains molecular shapes (e.g., CH₄ is tetrahedral due to sp³). 

 

Essential for predicting physical and chemical properties of molecules. 

2. Localized Bonds: 

Crucial in explaining basic bonding in small molecules like H₂O and NH₃. 

3. Delocalized Bonds: 

Helps in understanding resonance energy, aromatic stability, and electrical properties of 
materials like graphite. 

 

 

 

 


