
Chemical Bonding
Chapter 9 

 



 
     

 
 

    

 
 
 
 
 
 
 

 
 



Covalent Bonds and Ionic Bonds:  Octet Rule 
Explain each of the following observations in terms of the "octet rule": 

• Na atoms and Cl atoms will combine to form NaCl. 

 

 

 

 

 Why does NaCl exist as an ionic solid? 

 

• Cl atoms will react with other Cl atoms to make Cl2. 

 

 

 

 

 

  

• H atoms will react with Cl atoms to make HCl. 

 

 

 

 

 

 Why do HCl and Cl2 exist as a diatomic molecules? 

 





Electronegativity and Polar Bonds 
Consider the compounds F2, Cl2, and ClF.  Draw Lewis structures for these compounds. 

 

 

 

• The bonding in ClF is similar to the bonding in the other two compounds, but 
there is one important difference.  What is this difference? 

 

 

 

We say that the bonding in ClF is polar. 

 

• We can define electronegativity as the attraction that an atom exerts on a shared 
pair of electrons.   



Lewis Structures: Rules 
These rules are helpful guidelines.  Practice using them until they become second-nature. 

1.  Count the total number of valence electrons that must appear in the structure. 

 •Be sure to account for the extra or fewer electrons in a polyatomic ion! 

2.  Arrange the atoms in the correct arrangement for the molecule or ion. 

 •A few guidelines: 
  •Molecules are often written in the order that the atoms are connected. 
  •The least electronegative atom is usually the central atom. 
  •Hydrogen and fluorine are always terminal atoms. 

 •In oxyacids (H2SO4, HNO3, etc.), the oxygen atoms are bonded to the central atom, and 
the hydrogen atoms are bonded to the oxygens. 

3.  Connect each adjacent atom with a single bond.  (Use lines for bonds.) 

4.  Complete the octets of terminal atoms by filling in lone pairs of electrons.  (Use dots!) 

 •Remember that hydrogen should only have two electrons. 

5.  Add leftover electrons to the central atom (even if that gives it more than an octet). 

6.  Try multiple bonds if the central atom lacks an octet. 

 •As a guide for where to place multiple bonds in order to minimize formal charges, the 
total number of bonds to any uncharged atom is usually given by its position on the 
periodic table.  This is a guideline, not a hard-and-fast rule! 

 Group #: 1A 2A 3A 4A 5A 6A 7A 
Example: H Be B C N O F 
# of bonds: 1 2 3 4 3 2 1 

7.  Check formal charges on each atom, and write in any non-zero formal charges. 

 •Formal charge = (# of valence e- in free atom) œ (# of dots and lines around atom) 
 •The sum of the formal charges on all atoms will equal zero for a neutral molecule, and 

will equal the charge on the ion for a polyatomic ion. 
 •Lewis strucutres should be drawn to minimize formal charges. 
 •In general, negative formal charge should go on the most electronegative atoms. 

8.  Check for resonance, and indicate it if necessary. 

9.  Check your Lewis structure. 

 •Have you drawn the correct number of valence electrons? 
 •Do all atoms have octets?  (Except for examples of reduced or expanded octets.) 
 •Have you minimized formal charges? 



Lewis Structures: The Octet Rule 
Using the rules for Lewis structures, provide Lewis structures for each of the following: 

NH3 (ammonia) 

 

 

 

 

 

 

 

H2CO (formaldehyde) 

 

 

 

 

 

 

 

C2H2 {HCCH} (acetylene) 

 

 

 

 

 

 

 





Lewis Structures: Ions and Resonance 
Using the rules for Lewis structures, provide Lewis structures for each of the following: 

NH4+  (the ammonium ion) 

 



Lewis Structures: Ions and Resonance 
Using the rules for Lewis structures, provide Lewis structures for each of the following: 

NO3œ  (the nitrate ion) 

 

 

 

 

 

 

 

 

 

 

 

Is there anything arbitrary about your structure for NO3œ?  What does this signify? 

 



Lewis Structures: Formal Charge 
• There are several possible ways of connecting the atoms to form N2O  

(nitrous oxide).  Should it be NœNœO?  or NœOœN? What is the actual structure of 
N2O? 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

• The OClœ ion will react with H+ to form hypochlorous acid (HClO).  What is its 
preferred structure: HOCl or HClO? 



Lewis Structures: Less than an Octet 
Using the rules for Lewis structures, provide Lewis structures for each of the following: 

BH3 

 

 

 

 

 

 

 

 

 

CH3 

 

 

 

 

 

 

 

 

• What is unusual about these structures?  How can we identify these important 
exceptions in drawing Lewis structures? 



Lewis Structures: More than an Octet 
Using the rules for Lewis structures, provide Lewis structures for each of the following: 

IF3 

 

 

 

 

 

 

 

XeF4 

 

 

 

 

 

 

 

SO32œ  (Let's think carefully about this one!) 

 

 

 

 

 

 



Which is the best Lewis structure for SO3
2- 

S

O

O O

S

O

O O

 A                                     B 





Bond Enthalpies: Sample Problem 
 
 
Using the bond enthalpy table, estimate ΔH for the following reaction: 
 

2H2 (g)  + O2 (g) →  2 H2O (g) 



Reactions: Moving Electrons to Make Bonds  

 
     

 
 

    

•  In many reactions to form a bond we first need to break some bonds.   Bonds are made of electrons, 
to break a bond we need to move  electrons, and this requires energy.  We have said that energy can 
take many forms thermal, electrical etc. Last week we did an experiment where we broke a bond by 
adding light energy. 

Here is the reaction: 
 
H2 (g)  +  Cl2 (g)   +  hν à   2HCl (g) 
 
 
hν means energy in the form of light.  Below is the energy of light for each of the following 
wavelengths: 
 
Color  Wavelength   Energy (E=hc/λ) in Joules
 
Red  700 nm   2.84 x10-19 

 
Orange  600 nm   3.31 x10-19   
 
Yellow  550 nm   3.61 X 10-19 

 
Green  500 nm   3.98 x10-19 
 
Blue  450 nm   4.42 x10-19 
 
Violet  400 nm   4.97 x 10-19 

 
•   In order to start the reaction we are going to need to add enough energy to move electrons. 
 






