Chapter 7: Covalent Bonds & Molecular Structure 
Bond Polarity & Electronegativity
· Covalent bonding—sharing (not always equal) of electrons between two atoms
· Two types:
1. Equal sharing—when atoms of the covalent bond are the same
· Ex. N2 or Cl2
2. Ionic bonding—complete transfer of electrons from one atom to another; no sharing
· Must also compare the degree of sharing of electrons—bond polarity 
1. Non-polar covalent bonding—electrons shared equally 
2. Polar-covalent bonding—unequal sharing 
· The more electronegative atom pulls electron closer to itself 
· Electronegativity—the ability of an atom in a molecule to attract electrons to itself 
· Atom with high electronegativity will have high ionization energy and a very negative electron affinity
· Has the ability to attract electrons from other atoms 
· Resistant to giving up its electrons 
· Increases as you go across a table
· Decreases as you go down the table
· Fluorine is the most electronegative, Francium is the least electronegative 
· Assessing Bond Polarity 
· Polarity of a bond can be determined by taking the difference b/w the two electronegativity values
· In polar bond the more electronegative the atom will have the greater share of electron density—acquires partially negative charge 
Drawing Lewis Structures 
1. Sum up all valence electrons from all atoms 
2. Make skeleton structure—attaching atoms together with single bonds
3. Complete the octets of the atoms attached to the central atom first 
· Hydrogen only has two electrons
4. Place any remaining electrons on the central atom 
5. If there are not enough electrons to give the central atom octet—form multiple bonds
6.  If there are too many electrons, the octet around the central atom will have to be expanded 
· Can only be done with central atoms with n>3 (d-subshell) 
Resonance Structures 
· Some molecules not possible to write a single Lewis diagram which correctly reflects the known chemistry of the molecule
· Lewis structures are not correct  
· Resonance Structures—Lewis structures that are equivalent except for the placement of electrons
· When drawing, separate them by a double-headed arrow 
· Indicates the real molecule is the average of the resonance structures
· Resonance in Benzene 
· Benzene has two resonance structures 
· Experimental evidence shows that all six c-c bonds are equal length 
· Benzene is most often represented as a six carbon ring with a circle in the middle to emphasize the delocalized nature of the electrons assigned to the double bonds
Formal Charges
· In some cases possible to drawn more than one Lewis structure with the octet rule obeyed for all the atoms
· Formal charge—the charge an atom would have if all the atoms in the molecule had the same electronegativity 
· Allows to determine the most favourable Lewis structure 
· Formal charges DO NOT represent the real charge of an toms 
· Electronegativity more important in determining the actual charge distribution 
· Determining formal charge on and atom
1. All the unshared (nonbonding)electrons are assigned to the atom on which they are found
2. Half of the boning electrons are assigned to each atom in the bond 
3. Formal charge on an atom equals the number of valence electrons in the isolated atom 
· Minus the number of electrons assigned to the atom in the Lewis structure
4. Sum of all the formal charges of all atoms must equal zero for a neutral molecule or equal the charge for ions 
· Formal charge= # valence electrons - # nonbinding electrons – ½ shared electrons 
· Formal charge= # valence electrons - # nonbinding electrons - # of bonds


· Determining which Lewis structure is favoured 
· Lewis structures that show the smallest formal charges are favoured 
· Lewis structures that have adjacent atoms with formal charges of the same sign are much less favourable 
· Lewis structures that place negative formal charge on the more electronegative atoms are favoured
· Formal charges of opposite signs are usually on adjacent atoms  
Exceptions to the Octet Rule
· There are three exceptions 
1. Molecules with an odd number of electrons 
· These molecules have an odd number of valence electrons 
· Distribute the electrons as best we can to suit electronegativity criteria 
· Ex. NO;  N(3e-)=O(4e-)         N(4e-)=O(3e-) (first one is more favourable because oxygen is more electronegative than nitrogen) 
· Radicals—compounds containing an unpaired electrons 
2. Molecule in which an atom has less than octet
· Elements of groups IIA and IIIA possess only 2 or 3 valence electrons 
· Cannot achieve octet around the central atoms 
· Ex. BF3; BeH2
· In case of BF3 the central atom is fluorine, not boron 
· Fluorine if the most electronegative element taking more than one electron is very unlikely; formal charge 
3. Molecules in which an atom has more than octet 
· Elements in the third period and beyond, have d-orbitals, low enough in energy to accept the extra electron density 
Valence Shell Electron Pair Repulsion (Vesper) Theory 
· Lewis structures good for determining number of bonding and nonbonding electrons in a molecule 
· Do not give information about the shape of the molecule 
· VESPER—used to predict the shape of the molecules from their Lewis structures  
· Electron pairs around the atom will repel each other 
· Results will position themselves as far apart as possible from each other 
· VESPER theory applied to the central atom in a molecule 

· Follows rules to predict the molecular geometry 
· All valence-cell electron pairs around the central atom are counted equally 
· Regardless of whether they are bonding or nonbonding (lone) pairs 
· Double or triple bonds b/w atoms are treated like a single pair of electrons when predicting molecular shapes 
· Steps in determining the molecular shape
1. Draw the correct Lewis diagram 
2. Sum up the number of nonbonding pairs, single bonds, & multiple bonds (double and triple)
3. Once you have established how many electron pairs there are, essentially determined the electron-pair geometry (charge cloud arrangement) 
· Electron pair geometry vs. molecular geometry 
· Electron pair geometry—provides a general idea of how the bonds and lone pairs are arranged around the central atom
· Molecular geometry—the shape a molecule in terms of the arrangement of atoms in space 
· Will differ from the electron-pair geometry whenever there are lone pairs of electrons about the central atom
· Features of the Trigonal Bipyramid:
· 3 electron pairs in the plane—are in the equatorial position 
· 2 electron pairs distributed about and below the plane—in the axial position
· Axial electrons are 180  ̊apart & 90  ̊to equatorial electrons
· Equatorial electron pairs are 120  ̊ apart
· Lone pairs are always placed in the equatorial position
· Less repulsion on equatorial—lone pairs take up more space  
· Features of the Octahedron 
· 4 electron-pairs in the equatorial positions & 90  ̊ apart 
· 2 electron-pairs distributed in the axial positions 180  ̊apart and 90  ̊ to the equatorial pairs 
· b/c of the symmetry of octahedron it doesn’t matter where one pairs are placed 
· molecules with more than one central atom
· assign the electron-pair and molecular geometry about each central atom separately ; assemble parts 
 

	# of electron pairs
	Electron-pair geometry
	Bonding pairs
	Nonbonding pairs
	Molecular geometry
	Geometry angle 

	2
	Linear
	2
	0
	Linear
	180  ̊

	3
	Trigonal planar
	3
	0
	Trigonal
	120  ̊

	
	
	2
	1
	Bent
	

	4
	Tetrahedral 
	4
	0
	Tetrahedral
	109.5  ̊

	
	
	3
	1
	Trigonal planar
	

	
	
	2
	2
	Bent
	

	5
	Trigonal Bipyramidal
	5
	0
	Trigonal Bipyramidal
	
120  ̊
&
90  ̊

	
	
	4
	1
	Seesaw
	

	
	
	3
	2
	T-shaped
	

	
	
	2
	3
	Linear
	

	6
	Octahedral
	6
	0
	Octahedral
	90  ̊
&
180  ̊

	
	
	5
	1
	Square pyramidal
	

	
	
	4
	2
	Square planar
	



Bond Angles 
· Bond angle decreases ad the number of lone pairs increase 
· Multiple bonds may also affect bond angles 
· Due to high electron density 
· Volume and repulsive effects
· Lone pairs > triple bonds > double bonds > single bonds 
Polarity of Molecules 
· Features of polar molecules 
· Align themselves in electric fields 
· Align themselves with respect to each other
· Align themselves with respect to other ions present 
· Dipole Moment—when a molecule has one end slightly positive and the other slightly negative 
Dipole Moments of Polyatomic Molecules
· Bond dipoles and dipole moments are vector quantities 
· They have magnitude and direction 

· To predict whether a molecule is polar must be able to:
1. Predict bond polarity 
2. Predict molecular geometry 
3. Visualize vector addition in 3-dimention
· Polar Molecules: 
· Bent 
· Trigonal pyramidal 
· Trigonal planar and 1 or 2 bonds are different
· T-shaped 
· Seesaw 
· Non-polar Molecules:
· Linear with identical bonds 
· Trigonal planar & all 3 bonds identical 
· Tetrahedral; all bonds the same 
· Square planar & all bonds the same
· For molecules with 5 & 6 atoms attached to central atom; must consider each case individual 
· Particularly with regards to arrangement of atoms about the central atom 
Valance Bond Theory 
· A covalent bond forms when the orbitals on two atoms overlap 
· Shared region of space b/w orbitals—atomic overlap 
· 2 electrons of opposite spin in the orbital overlap
· Usually one from each atom 
· B/w 2 atoms there is a distance that corresponds to max overlap with min energy
· Corresponds to bond length 
Hybrid Orbitals 
· Valence bond theory; in order for two atoms to bond together must be half-filled orbitals on each atom 
· Some must promote (excite) electron from the s orbital to the p orbital 
· Making two half-filled orbitals available for bonding
· The s and p orbitals ‘mix’ together to form 2 new orbitals—hybridization  
· Of equal energy & shape
· Opposite directions 
· Called sp hybrids 
· Number of hybrid orbitals formed = number of atomic orbitals mixed
· Hybrid orbitals formed are of equal energy
· Hybrid orbitals formed through hybridization; energies b/w s & p orbitals energies
· Hybrid orbitals Will geometrically arrange themselves to min interference with each other 
· Hybridization of s and 2 p orbitals—sp2 hybrid orbital 
· Equal energy
· Trigonal planar
·  Hybridization of s and 3 p orbitals—sp3 hybrid orbital
· Equal energy 
· Tetrahedral 
· Hybridization involving d orbitals 
· S & p combinations only give 4 hybrid orbitals—cannot obtain trigonal bipyramidal & octahedral
· Must use d orbitals 
· Trigonal bipyramidal forms from sp3d
· Octahedral forms from sp3d2
· To determine hybridization 
· Draw Lewis structure 
· Determine electron-pair geometry (VESPER)
· From electron-pair geometry determine hybridization necessary 
Multiple Bonds 
· Sigma bond—orbital overlap lies along internuclear axis (alone line joining the atoms)
· Made from overlap of s, p, hybrid orbitals & combinations of them
· All single bonds are 
· Pi (π) bond—sideways overlap of 2 p orbitals oriented perpendicular to internuclear axis
· Overlaps regions lie above/ below internuclear axis 
· Weaker than sigma bonds
· b/c reduced orbital overlap
· Double bond—1 sigma bond + 1 pi bond
· Triple bond- 1 sigma bond + 2 pi bond 
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