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8.3/8.4 – Covalent Bonding/Bond Polarity and Electronegativity 

Bond polarity – measure of how equally or unequally the electrons in any covalent bond are shared 

Nonpolar covalent bond – One in which the electrons are shared equally 

Polar covalent bond – one of the atoms exerts a greater attraction for the bonding electrons than the other 

Electronegativity ( ) – The ability of an atom in a molecule to attract electrons to itself (no units) 

 Increases across a group and decreases down a group (local maximums, however, with late transition metals) 

 Ranges from 0.7-4.0 

Polar molecules – Centers of positive and negative charge do not coincide (         ) 

 Can also be written with arrows showing electron density instead of deltas:    ⃗⃗⃗⃗ ⃗⃗ ⃗⃗ ⃗⃗ ⃗⃗   

Dipole – When two electrical charges of equal magnitude but opposite sign are separated by a distance 

Dipole moment ( ) – Measure of magnitude of a dipole:      and measure in Debyes (D) 

Degree of covalent bonding increases with oxidation state number 

Metals with oxidation states of higher than +4, they can no longer form ionic bonds (covalent) 

Metalloids and nonmetals form covalent molecules 

Attraction between molecules is a lot weaker than in molecules that are covalent 

Metalloids may form covalent compounds with nonmetals 

Valence electrons is equal to group number usually (eg: Chromium is in VIA so it has 6) 

8.5 – Drawing Lewis Structures 

*When asked how many “lone pairs,” make sure that they are pairs 

Steps: 

1) Sum the valence electrons from all atoms (add electrons if it’s a negative anion and vice versa for cations) 
2) Make the central atom the least electronegative that’s not hydrogen and connect outer atoms with single bonds 
3) Subtract the amount of electrons used for the single bonds 
4) Complete the octet around all the atoms bonded to the central atom and subtract to find remaining 
5) Place any leftover electrons on the central atom 
6) If there are not enough electrons to give the central atom an octet, try multiple bonds (it’s okay if it goes over though) 

Formal charge – Charge the atom would have if all the atoms in the molecule had the same electronegativity (equal sharing) 

Steps: 

1) All unshared electrons are assigned to the atom on which they are found 
2) For any bond, half of the bonding electrons are assigned to each atom in the bond 
3) Subtract the number of electrons assigned to the atom from the number of valence electrons in the neutral atom 

The formal charge should add up to zero on a neutral atom while adding up to the charge of an ion when doing it for an ion 

 Most stable ones are closest to zero 
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Negative charges residing on more electronegative atoms is more dominant than one that has negative charges on the less 
electronegative element 

Formal charges are not the actual charges for the atoms; however, formal charges typically equal the charge of the molecule 

Formal charges assume perfect covalency while oxidation numbers assume that the more electronegative elements holds  
electrons in a bond 

Oxyacids and oxyanions have a central atom surrounded by the OH and O groups 

 There are no –O-O- (peroxy) fragments in these formulas 

 

For reactions, make sure to split up into each atom on the reactant side. Sum up products if it’s ionic but not if it’s covalent 

(Magnesium bromide from elements) 

(Phosphorous trifluoride from elements) 

8.6 – Resonance Structures 

When one Lewis structure cannot accurately depict a molecule and multiple are needed, these are resonance structures that differ 
by positions of lone pairs, multiple bonds, and formal charges 

Electrons in resonance structures spend equal times in both arrangements, and they are delocalized 

Resonance hybrid structures can be drawn, which is one structure with dashed lines (instead of solid) for bonds that are delocalized 

Resonance hybrid structures have the average formal charge for the parts of the molecule that alternate between 
structures 

 - Benzene has special delocalization drawings 

8.7 – Exceptions to the Octet Rule 

Species with odd number of electrons, species that are electron deficient, and species with an expanded octet can be exceptions to 
the octet rule 

Some ions and molecules have odd numbers of electrons (free radicals like NO or OH) that are unstable and reactive 

Boron and hydrogen are the only atoms that can have less than eight electrons 

3rd row atoms or below can expand the octet of atoms if need be due to d orbital placement (hypervalent) 

 Typically only occurs when he large, central atom is bonded to small electronegative atoms like F, Cl, and O 

8.8 – Strengths of Covalent Bonds 

Bond Enthalpy (D) – Enthalpy change for breaking a particular bond in one mole of a gaseous substance (eg: D(C-H)) 

Shorter bonds (stronger) have higher bond enthalpies 

When comparing bond lengths of molecules, if there are resonance structures, treat it as the average bond order for comparisons 
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Average bond enthalpies are used frequently because some bond pairs can only be found in polyatomic molecules, and the bonds 
change slightly with the other atoms in the molecule 

       (                               )   (                               ) 

Or:  
       (              )   (             ) 

 This is approximate and only works for gas phase reactions 

  More accurate method: enthalpy of reaction from enthalpies of formation, calorimetry, or Hess’ Law 

Average bond lengths are usually used 


