
Steps for Drawing Lewis Structures 

1. H will always be terminal, can only make one single bond, thus H is never in the middle. 

2. Place the least electronegative atom in the middle. 

3. Find the total # of valence electrons (use Group numbers on periodic table).  For ions, 

add electrons for negative, subtract for positive. 

4. Connect the central atom to the other atoms with single lines (sigma bond). (one line = 2 

bonded electrons) 

5. Place lone pairs of electrons around each terminal atom (EXCEPT H) to satisfy octet rule. 

6. Left over pairs go around the central atom.  If the central atom is in 3rd period or 

greater, then it can EXPAND its octet, holding up to 6 pairs of electrons total (bonding 

and lone). 

7. If no electrons are left and the central atom is not yet surrounded by four electron pairs 

(octet rule), convert one or more lone pairs from a terminal atom to a pi bond (double 

bond or triple bond).   Only C, N, O, P, & S can form multiple bonds. 

 

Exceptions to the Octet Rule 

1. Less than 8 electrons – any element before carbon (BALD HEADS!) 

a. Hydrogen = 2; Beryllium = 4; Boron = 6 

2. Expanded Octet – more than 8 electrons; central atoms on the 3rd period or greater 

(periods 3, 4, 5, 6, 7) (ones with d orbitals) 

a. The number of bonds depends on the balance between the ability of the nucleus 

to attract electrons and the repulsion between the pairs. 

3. Odd number of electrons – if the total number of valence electrons is odd, then octet 

rule cannot be obeyed. 

a. Examples: NO, NO2, and ClO2 

 

Resonance 

When a molecule has equally different positions where a double or triple bond can be placed, 

you must draw resonance structures. 

In terms of “bond properties” it is as if the multiple bond “resonates” between all the possible 

positions, giving the bond length and bond strengths a value somewhere between that of a 

pure single or double bond.  The actual structure is an average of all the resonance structures. 

The bonds are more equivalent to a “bond and ½” in terms of length and strength.  

Example: NO2
− 

 



Formal Charge 

Formal charge is a fictitious charge assigned to each atom in a Lewis structure that helps 

distinguish it from other competing Lewis structures for the same molecule.  It is essentially the 

calculated charge for each atom if you completely ignore the effects of electronegativity – 

which isn’t very realistic – but in this case it is helpful. 

Formal Charge = # of valence electrons − # of lone pair electrons – ½ # of bonding electrons 

Formal charge can be used as a criterion for determining which of several possible valid Lewis 

structures provides the best model for predicting molecular structure and properties.  Generally 

you use these parameters to help decide: 

 Neutral molecules must have a total formal charge (sum) of ZERO 

 Ions must have a total formal charge (sum) that equals the charge of the ion 

 Small (or zero) formal charges on each atom are preferred to larger (+ or -) ones 

 When formal charges are unavoidable, the most electronegative atom should have a 

negative formal charge 

 

Practice: 

1. HF 

2. N2 

3. NH3 

4. CF4 

5. NO+  

6. CO2 

7. PH3 

8. SCl2 

9. PCl5 

10. ClF3 

11. XeO3 

12. RnCl2 

13. BeCl2 

14. ICl4− 

15. CO3
2− 


