Bonding and Molecular Models
OBJECTIVES:

11.  Identify the relative polarity of bonds based on electronegativity values.

12. State and explain the relationship between the number of bonds, bond length, and bond strength.

13. Draw and explain Lewis structures for molecules and ions.

14. Describe the VSEPR model and explain how it is used to predict shapes and bond angles of molecules.

15. Identify the shape and bond angles for species with two and three negative charge centres.
16. Predict molecular polarity based on bond polarity and molecular shape.

Electronegativity – the relative attraction of an atom for a shared pair of electrons.  Because no two elements have exactly the same electronegativities, in a covalent bond between different elements, one of the atoms attracts the shared pair more strongly than does the other.  

Polarity – higher electronegativity attracts the electrons more strongly, which gives the molecule more polarity.  

A polar covalent bond occurs when one atom is significantly more electronegative than another.  The atom with greater electronegativity gains a slight negative charge because it has a slight excess of electron density.  At the same time, electron density is lost from the atom with lower electronegativity, and that atom gains a slight positive charge.  Partial charges within a molecule are indicated by delta.  A polar bond or a polar molecule is said to be dipolar, or to have a dipole moment.       

A molecule that contains polar bonds is not necessarily a polar molecule. CO2 contains polar bonds, but because of its atomic arrangement, it is non-polar.  The shape of a molecule and the polarity of its bonds together determine whether the molecule is polar or non-polar.   
Bond Strength, Bong Length, and Number of Bonds

Bond energy is the energy required to break a bond and determines the strength of a bond.  Making bonds requires energy and breaking bonds generates energy.  

Bond strength is the energy needed to break a bond; greater in strength, greater the difference in electronegativity.  
The greater the number of bonds, the stronger those bonds will be.

As you move down a group in the periodic table, the atoms form longer bonds.  

Multiple bonds are shorter than single bonds: as the number of shared electrons increases, the bond length shortens.  

The shorter the bonds, the stronger they are.

Look at Table 8.4 and Table 8.5 p.372
Lewis Dot Diagrams and Structures

Octet Rule: the tendency of atoms in molecules to have 8 electrons in their valence shells (2 for hydrogen)  

Lewis Dot Diagrams: Dots around the symbol are the total electrons that are in the outer energy level (largest principle quantum number).  

The Lewis structure of a molecule shows how the valence electrons are arranged among the atoms in the molecule.  Dashes replace dots for bonded electrons 
Bonding electrons – those involved in bonds

Nonbonding electrons or lone pairs – valance electrons not involved in bonding

Double Bond – bond formed by sharing 2 pairs of electrons between 2 atoms

Triple Bond – bond formed by sharing 3 pairs of electrons between 2 atoms

Read p.380-381 and look at the exceptions to the octet rule.

VSEPR (Valence Shell Electron-Pair Repulsion) Model
The shapes of molecules and ions in which valence-shell electron pairs are arranged about each atom so that electron pairs are kept as far away from one another as possible, thus minimizing electron-pair repulsions.  Lone pairs of electrons require more room than bonding pairs and tend to compress the angles between the bonding pairs.

Linear – 180o, 2 bonding pairs of electrons, EX. BeF2
Trigonal Planar – 120o, 3 bonding pairs of electrons EX. BCl3 

Pyramidal or Trigonal Pyramid – 107o, 3 bonding pairs of electrons, 1 nonbonding pair of electrons, EX. NH3
Tetrahedral – 109.5o, 4 bonding pairs of electrons, EX. CH4
Bent or V-shaped – 105o, 2 bonding pairs of electrons, 2 nonbonding pairs of electrons, EX. H2O

Bent or V-shaped – 120o, 2 bonding pairs of electrons, 1 nonbonding pair of electrons, EX. O3
