Review

Molecular Bonding
Assumptions:


Hopefully you know by now what an ionic and a covalent bond is.  If you don’t, look it up right now before you read any further.  This review covers primarily chapters 8 and 9 of the Zumdahl book.

Shared pairs: outer electron pairs attracted by two nuclei.

Unshared pairs: outer electron pairs attracted to one nucleus.

Method 1: Valence Shell Electron Pair Repulsion (VSEPR)

Electron pairs spread out as far as possible from each other.

Repulsion strengths: unshared-unshared > unshared-shared > shared-shared

Summary of Shapes:

1. Linear. 180°. Group II elements central atom. 2 electron pairs, usually nonpolar molecules. Ex. BeF​​2 

2. Linear. 120°. Group III elements central atom.  3 electron pairs, usually nonpolar molecules. Ex. AlH​3
3. Tetrahedral. 109.5°. Group IV elements central atom.  4 electron pairs, usually nonpolar molecules.  Ex. CH4
4. Trigonal pyramid. Less than 109.5°.  Group V elements.  4 electron pairs, but 1 pair does not partake in bonding.  Always polar molecules.  Ex. NH3
5. Angular.  Less than 109.5°.  Group VI elements.  4 electron pairs, but 2 pairs do not partake in bonding.  Ex. H2O.

Special Cases:

6. Trigonal bipyramidal.  5 electron pairs.  Can be polar or nonpolar depending on atoms around central atom.  Ex. PCl5.

7. Octahedral.  6 electron pairs.  Polar or nonpolar.  Ex. SF​6.

Multiple Bonds:

1. Two atoms can form covalent bonds by sharing more than one pair of electrons.

2. Double bonds: two atoms share 2 pairs of electrons between them.

3. Triple bonds: Two atoms share 3 pairs of electrons between them.

4. Multiple bonds are very rigid and do not rotate.  They are shorter than single bonds and contain more energy.

Sigma and Pi Bonds:

1. Sigma bonds are formed by the direct overlap of 2 s orbitals, and s and a p orbital or 2 p orbitals.

2. Pi bonds are formed by the parallel overlap of 2 p orbitals.

Note: These types of bonds are used in the following methods, so it is important to understand them.

Method 2: Hybrid Orbitals

Overview:  Here s and p orbitals combine to form a different kind of orbital, a combination.  In order to do so, electrons in the orbital can be promoted into the higher energy p orbital.  These new orbitals are then arranged around the atom in similar shapes to that of method one.  The same number of hybrid orbitals are created from the atomic orbitals (s and p).  One electron from the atom goes into each of these new hybrid orbitals.  When the atom bonds to another atom, each hybrid orbital will be able to take on one more electron.

Summary of the Hybrid Orbital Shapes

1. Linear. 2 electrons, 1 s and 1 p give 2 sp orbitals.  Group II elements.

2. Trigonal pyramid.  3 electrons, 1 s and 2 p give 3 sp orbitals. Group III elements.

3. Tetrahedral. 4 electrons, 1 s and 3 p give 4 sp orbitals. Group IV elements.

4. Trigonal pyramid. 5 electrons. 1 s and 3 p give 4 sp orbitals, one orbital has 2 electrons in it so that orbital can’t bond.

5. Angular. 6 electrons. 1 s and 3 p give 4 sp orbitals.  Two orbitals have two electrons in it so those two orbitals can’t bond.

Method 3: Resonance


This method is primarily for molecules that have multiple bonds where the bonds seem to be the same length.  This theory is to support the experimental evidence that some molecules, though only have one or two multiple bonds, do not do not show this in data that


Definition: Equivalent alternative structures for a molecule

1. Count up the total number of valence electrons that each atom has in the molecule.  You can get this number by looking at what column the atoms are in on the periodic table.

2. Write the central atom first and then place the other atoms around the central atom.  Place one bond (2 electrons) between each atom to start.

3. Fill in the other electrons until each atom has a full octet ((happy atoms().  You should not use any more electrons than what you first counted in step 1.

4. Repeat steps two and three until each atom has the multiple bond.

Method 4: Molecular Orbital Theory


This is probably one of the best methods at explaining what is going on inside the molecule.  Here the atomic orbitals combine to form molecular orbitals.  These orbitals belong to the MOLECULE, not the individual atoms.  However, they are formed from the atomic orbitals of each atom.  Again the s and p orbitals of the atoms unite to form the molecular orbitals.  You get the same number of molecular orbitals as atomic orbitals.

1. Bonding orbitals: formed by the overlap of 2 s orbitals or 2 p orbitals.  They form 2 sigma p or 2 pi p orbitals, respectively.  Bonding orbitals have lower energy, more stable.

2. Antibonding orbitals: formed by the non-overlap of 2 s orbitals or two p orbitals.  They form two sigma star s, 2 sigma star p, or 2 pi star p orbitals respectively.  The antibonding orbitals have higher energy that the bonding orbital, less stable.

Rules

1. Electrons coming from atomic orbitals fill lower molecular orbitals first.

2. If there are two molecular orbitals of the same energy, the electrons will fill each orbital before pairing will begin.

3. Bond order: tells us if a bond will exist (even a molecular sometimes) 

0.5* (bonding electrons – antibonding electrons).

If the bond order is 0 a bond will not form.

Paramagnetic: Unpaired electrons in molecular orbitals.

Diamagnetic: Paired electrons in molecular orbitals.

Isomers:

1. Structural: Same molecular formula, but different structural arrangement of main chain atoms.

2. Geometric: Same molecular formula, but different arrangement of atoms about a multiple bond.

3. Functional: Organic compounds with the same formula, but the non-hydrocarbon part of the molecule bonded in a different way.

4. Positional: Same formula, but different arrangement of atoms attached to the main chain.

Polar Molecules

1. Polar bonds: shared pair of electrons is attracted more strongly to one atom.  Method to determine this is by looking at the electrons activities.  The atom with the greater electronegativity will draw the electrons closer to it.

2. Polar molecules: If the polar bonds all pull in equal directions, then the molecule is nonpolar.  If the polar bonds do not pull equally in all directions, then the molecule is polar.

3. Dipole: Polar molecule.

4. Hint: The elements in column 5 and 6 always produce polar molecules.

Complex ions:


Definition: The clustering of polar molecules or negative ions around a positive ion.

1. Ligands: Molecules or negative ions that are attached to one central positive ion. 

2. Coordination number: The number of ligands around a central positive ion. C.N. 2 linear:   C.N. 4 either tetrahedral or square planer.  C.N. 6 (the most common CN) Octahedral
Naming Complex Ions (Follow this order)

1. negative ligands

2. molecular ligands
3. central ion
4. Roman numeral for central ion if more than one oxidation state.
5. –ate ending, if the ion is negative.
You may need to brush up on oxidation numbers of elements, ions, and molecules.
