Structure and Bonding

The chapter "Structure and Bonding” lays the foundation for understanding molecular structures,
types of bonds, and the forces that hold atoms and molecules together. Below is a detailed

breakdown of the key concepts, derivations, mechanisms, and examples for each topic.

1. Hybridization

Definition: Hybridization is the mixing of atomic orbitals in an atom to form new hybrid orbitals that

are equivalent in energy and suitable for forming bonds in specific molecular geometries.
Types of Hybridization:
1. sp Hybridization:
e Occurs when one s orbital and one p orbital mix.
* Forms two linearly oriented hybrid orbitals at a bond angle of 180°.
s Example: BeCls.
2. sp’ Hybridization:

* One s orbital and two p orbitals mix to form three orbitals in a trigonal planar

arrangement at 120°.
* Example: BF3, ethene (CoHy).
3. sp® Hybridization:

* One s orbital and three p orbitals mix to form four orbitals in a tetrahedral geometry
(bond angle = 109.5°).

* Example: Methane (CHy).
4. sp*d and sp*d*:
s sp>d: Forms trigonal bipyramidal geometries, e.g., PCl5.

« sp3d?: Forms octahedral geometries, e.g., SFg.

Mechanism of Hybridization:
1. ldentify the valence shell electrons.
2. Promote an electron if necessary to form sufficient bonding sites.
3. Mix the orbitals to generate hybrid orbitals.

4. Arrange hybrid orbitals in space to minimize repulsion (based on VSEPR theory).



2. Bond Lengths and Bond Angles
Bond Length:
¢ Defined as the equilibrium distance between the nuclei of two bonded atoms.
¢ Factors affecting bond length:
1. Atomic size: Larger atoms result in longer bonds.
2. Bond multiplicity: Single bonds > double bonds > triple bonds in length.

3. Hybridization: More s -character reduces bond length (sp < sp? < sp®).

Bond Angle:
¢ Defined as the angle between two adjacent bonds in a molecule.
¢ Determined by the electron pair repulsion:

¢ Example: Bond angle in CHy4 (109.5°) vs NH3 (107°) due to lone pair-bond pair repulsion.

Example:

In water (H20), the bond angle (104.5°) is smaller than that in methane due to the two lone pairs on

oxygen repelling bond pairs.

3. Bond Energy

Definition: The amount of energy required to break one mole of bonds in a molecule in the gaseous

state.

Key Factors:
1. Bond length: Shorter bonds are stronger and have higher bond energy.
2. Bond multiplicity: Triple bonds > double bonds > single bonds in strength.

3. Electronegativity difference: Greater difference leads to stronger bonds.

Example:
The bond energy of O=0 (498 kJ/mol) is higher than O-O (146 kJ/mol) due to the double bond.

4. Localized and Delocalized Chemical Bonds

* Localized bonds: Electrons are confined to a specific bond between two atoms.

s Example: C-H bonds in methane.

s Delocalized bonds: Electrons are shared among multiple atoms.

* Example: Benzene (m-electrons are delocalized across the ring).



5. van der Waals Interactions

Definition: Weak intermolecular forces that arise due to temporary or permanent dipoles.

Types:

1. London Dispersion Forces:
¢ Temporary dipoles induce attractive forces.
¢ Example: Interaction between noble gases.

2. Dipole-Dipole Interactions:
¢ Permanent dipoles align to attract each other.
* Example: HCl molecules.

3. Hydrogen Bonding:

e A special case of dipole-dipole interaction involving H and highly electronegative atoms like

O, N, orF.

6. Inclusion Compounds and Clathrates
¢ Inclusion Compounds: Formed when one molecule fits into the cavities of another.
¢ Example: Cyclodextrins trapping guest molecules.

¢ Clathrates: Cage-like structures where guest molecules are trapped within a host lattice.

¢ Example: Methane hydrates.

7. Charge Transfer Complexes

¢ Formed when an electron donor transfers electrons to an electron acceptor within a molecular

complex.

¢ Example: lodine in benzene forms a charge transfer complex.

8. Resonance

Definition: The phenomenon where a molecule can be represented by two or more valid Lewis

structures.

Rules:

1. The resonance structures must have the same positions of nuclei.

2. Structures with minimal formal charges are preferred.

Example:
Benzene (CgHg):

¢ Resonance hybrid is more stable than individual structures.



9. Hyperconjugation
* Delocalization of g-electrons of a C-H bond into an adjacent empty p-orbital or m-bond.

* Enhances stability of alkenes and carbocations.

Example:
Stability order: CH3-CH™ < (CH3)2C™.

10. Aromaticity

Definition: A molecule is aromatic if it follows Huckel's rule (4n 4+ 2) m-electrons and is planar with

conjugated bonds.

Example:

Benzene (6 m-electrons, aromatic), cyclobutadiene (4 mt-electrons, non-aromatic).

11. Inductive and Field Effects
e Inductive Effect: Polarization of o-bonds due to electronegativity differences.
* Example: -1 effect of NOs.

+ Field Effect: Electrostatic interactions influencing reactivity.

12. Hydrogen Bonding
¢+ Types:
1. Intermolecular: Between molecules (e.g., water).

2. Intramolecular: Within the same molecule (e.g., salicylaldehyde).



Answers to Important Questions

1. Explain the concept of hybridization with examples of sp, sp®, and sp®.

Hybridization is the mixing of atomic orbitals in an atom to form new hybrid orbitals suitable for

bonding.
s sp Hybridization: Involves the mixing of one s orbital and one p orbital.
s  Geometry: Linear, bond angle = 180°,

*  Example: BeCls (beryllium chloride). Be atom has no lone pairs, and the Cl atoms are

bonded at opposite ends of the molecule.
« sp? Hybridization: Involves one s orbital and two p orbitals.
s Geometry: Trigonal planar, bond angle = 120°.

» Example: BF; (boron trifluoride). The boron atom forms three equivalent sp® hybrid orbitals

for bonding with three fluorine atoms.
« sp® Hybridization: Involves one s orbital and three p orbitals.

* Geometry: Tetrahedral, bond angle = 109.5°.

¢ Example: CH, (methane). The carbon atom forms four equivalent sp? hybrid orbitals for

bonding with hydrogen atoms.

2. Derive Huckel’s rule and apply it to determine aromaticity in benzene and naphthalene.

Huckel’s Rule: A planar, cyclic molecule is aromatic if it contains 4n + 2 m-electrons, where n is a

non-negative integer.
Derivation:
* Aromaticity requires delocalized m-electrons in conjugated systems.
e Only systems with 41 + 2 m-electrons show stabilization due to full delocalization.

e Molecular orbital theory explains that aromatic compounds form fully filled bonding orbitals.



Application:

» Benzene (CgHp): It has 6 m-electrons (n = 1), satisfying 4n + 2 = 6. Therefore, benzene is

aromatic.

» Naphthalene (C'gHg): It has 10 m-electrons (n = 2), satisfying 4n 4+ 2 = 10. Hence,

naphthalene is aromatic.

3. Discuss van der Waals interactions and their significance in molecular properties.
Van der Waals interactions are weak intermolecular forces and include:
1. London Dispersion Forces: Temporary dipoles induce attraction between molecules.
* Example: Noble gases condense due to dispersion forces at low temperatures.
2. Dipole-Dipole Interactions: Occur between molecules with permanent dipoles.
¢ Example: HCI molecules.
3. Dipole-Induced Dipole Forces: A permanent dipole induces a dipole in a neighboring molecule.

¢ Example: Interaction between water and oxygen.

Significance:

s They affect boiling/melting points: Larger dispersion forces increase boiling points (e.g.,

halogens).

¢ Influence solubility: Polar molecules dissolve in polar solvents due to dipole-dipole forces.

4. What are charge transfer complexes? Explain with an example.

Charge transfer complexes are formed when an electron-rich donor molecule interacts with an

electron-deficient acceptor molecule.
Mechanism:
s The donor molecule partially transfers electrons to the acceptor, creating an attraction.
* Example: Benzene-lodine Complex.
s Benzene acts as the donor and iodine as the acceptor.

* The interaction results in a stable molecular complex with unique absorption spectra.



5. Compare and contrast inductive and resonance effects.

Property Inductive Effect Resonance Effect

Nature Involves g-electrons. Involves delocalization of m-electrons.
Cause Due to electronegativity differences. Due to conjugated m-bond systems.

Range Operates over a short distance. Operates over the entire conjugated system.
Example (-1 Effect)* NO,, CN (withdraw electrons). Benzene resonance structures stabilize it.

6. Explain the structure and bonding in water, including hydrogen bonding.
Water (H;0) has a bent structure with an sp® hybridized oxygen atom.
s Bond angle: 104.5° due to lone pair-bond pair repulsion.

* Bond length (O-H): 95.7 pm.

Hydrogen Bonding:

* The oxygen atom forms intermolecular hydrogen bonds with hydrogens in neighboring

molecules.

* This leads to unique properties like high boiling/melting points, surface tension, and ice's lower

density.

7. Describe the difference between localized and delocalized bonding with examples.
* Localized Bonding: Electrons are confined between two specific atoms.
* Example: The C-H bonds in ethane (CH3-CH3).
* Delocalized Bonding: Electrons are shared across multiple atoms.

* Example: Benzene (Cy; H;), where mr-electrons are delocalized across the ring.



8. Explain the role of hyperconjugation in stabilizing carbocations.
Hyperconjugation: Delocalization of g-electrons from C-H bonds adjacent to a carbocation.
Mechanism:
* Adjacent o-bonds interact with the empty p-orbital of the carbocation, delocalizing positive
charge.
Example:

e Stability order of carbocations:

CH; < (CH;),CH" < (CH;)3C".
e Tertiary carbocations are most stable due to the maximum number of hyperconjugative

structures.

9. Describe clathrate formation and its significance in environmental chemistry.

Clathrates are cage-like structures where guest molecules (e.g., CHs, CO;) are trapped inside a host

lattice (e.g., water ice).
Formation:

* At high pressure and low temperatures, water forms hydrogen-bonded cages trapping gas

molecules.

Significance:
s Methane hydrates (clathrates) store large quantities of methane under ocean floors.

e They are potential energy sources but pose risks of greenhouse gas release during melting.

10. Explain the factors affecting bond length and bond energy with examples.
Factors Affecting Bond Length:
1. Atomic Size: Larger atoms form longer bonds.
s  Example: H-F (92 pm) vs H-CI (127 pm).
2. Bond Multiplicity: Multiple bonds are shorter due to stronger attraction.
e Example: C=C (120 pm) < C=C (133 pm) < C-C (154 pm).
3. Hybridization: Higher s-character shortens bonds.

e Example: sp (C=C) < sp® (C=C) < sp® (C-C).

Factors Affecting Bond Energy:

1. Bond Length: Shorter bonds are stronger.

s Example: H-F (565 ki/maol) > H-Cl (432 kJ/mol).



2. Electronegativity Difference: Greater polarity increases bond strength.

¢ Example: H-F has higher bond energy due to strong polarity.
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