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Section 8.1 – Chemical Bonds, Lewis 
Symbols, and the Octet Rule

• Whenever two atoms or ions are strongly 
attached to each other, we say there is a 
chemical bond between them.

• There are three general types of chemical 
bonds: ionic, covalent, and metallic.



Ionic Bond
• An ionic bond is the electrostatic forces that 

exist between ions of opposite charge.
• Ionic bonds normally occur between a metal 

and a nonmetal.



Covalent Bond
• A covalent bond results from the sharing of 

electrons between two atoms.
• Covalent bonds normally occur between two 

or more nonmetals.



Metallic Bond

• Metallic bonds are the attractions between 
the positive nuclei of metal atoms and the 
sea of electrons.



Lewis Symbols
• The electrons involved in chemical bonding 

are the valence electrons which are those 
residing in the outermost occupied shell of an
atom.

• The Lewis symbol for an element consists of 
the chemical symbol for the element plus a 
dot for each valence electron.

• The number of valence electrons is the same 
for elements in the same group.



Octet Rule
• Most elements follow the octet rule which 

states that atoms tend to gain, lose, or share 
electrons until they are surrounded by eight 
valence electrons.

• An octet of electrons consists of full s and p 
subshells in an atom.

• Elements that do not follow the octet rule 
include hydrogen and helium. They follow the
duet rule.



Section 8.2 – Ionic Bonding
• An ionic bond involves the transfer or 

electrons between a cation and an anion.
• The loss of electrons is always an 

endothermic process.
• The gaining of electrons is generally an 

exothermic process.
• When ions come together, energy is released,

so ionic compounds are stable.



Lattice Energy
• Lattice energy is the energy required to 

completely separate a mole of a solid ionic 
compound into its gaseous ions.

• All are large positive values, indicating that 
the ions are strongly attracted to one another
in these solids.



Lattice Energy

• Coulomb’s law is as follows:

Eel = Q1Q2

        d

• Thus, for a given arrangement of ions, the 
lattice energy increases as the charges on the
ions increase and as their radii decrease.



Sample Exercise 8.1

• Arrange the following ionic compounds in 
order of increasing lattice energy: NaF, CsI, 
and CaO.



Practice Exercise
• Which substance would you expect to have 

the greatest lattice energy, MgF2, CaF2, or 
ZrO2?



Ionic Bonds and Electrons
• Most atoms form ionic bonds in order to 

achieve noble gas configuration.

• Ex: Na = [Ne]3s1, Na+ = [Ne]

• Ex: Cl = [Ne]3s23p5, Cl- = [Ar]



Sample Exercise 8.2
• Predict the ion generally formed by 

a. Sr
b. S
c. Al



Practice Exercise
• Predict the charges on the ions formed when 

magnesium reacts with nitrogen.



Transition Metal Ions
• Since ionization energies increase rapidly for 

each successive electron removed, the lattice
energies of ionic compounds are generally 
large enough to compensate for the loss of 
up to 3 electrons.

• This means that charges above 3+ are 
uncommon.



Transition Metal Ions
• Since transition metals have d sublevel 

electrons, they do not generally form ions that 
have a noble gas configuration.
• When forming ions, transition metals lose the 

valence-shell s electrons first, then as many d 
electrons as are required to reach the charge of 
the ion.
• Ex: Fe = [Ar]3d64s2

         Fe2+ = [Ar]3d6

         Fe3+ = [Ar]3d5



Section 8.3 – Covalent Bonding
• Ionic compounds tend to be brittle, have high

melting points, are crystalline, and can be 
cleaved (break with a smooth surface).



Lewis Structures
• The formation of covalent bonds can be 

represented using Lewis symbols.
• The unpaired electrons are drawn as dots, 

and the bonding electrons are drawn as a 
dash. 



Sample Exercise 8.3
• Predict the formula of the stable binary 

compound formed when nitrogen reacts with
fluorine, and draw its Lewis structure.



Practice Exercise
• Compare the Lewis symbol for neon with the 

Lewis structure for methane, CH4. In what 
important way are the electron arrangements
about neon and carbon alike? In what 
important respect are they different? 



Multiple Bonds
• A single bond consists of 1 pair of electrons.
• A double bond consists of 2 pairs of 

electrons.
• A triple bond consists of 3 pairs of electrons.



Bond Length
• The distance between the nuclei of the atoms

involve in a bond is called the bond length for
the bond.

• As a general rule, the distance between 
bonded atoms decreases as the number of 
shared electrons increases.



Section 8.4 – Bond Polarity and 
Electronegativity

• The concept of bond polarity helps describe 
the sharing of electrons between atoms.

• When two identical atoms bond, the electron
pairs must be shared equally. (Ex. Cl2 and H2)

• A nonpolar covalent bond is one in which the 
electrons are shared equally.



Polar Bond
• In a polar covalent bond, one of the atoms 

exerts a greater attraction for the bonding 
electrons than the other.

• If the difference in relative ability to attract 
electrons is large enough, an ionic bond is 
formed.



Electronegativity

• Electronegativity is the ability of an atom in a 
molecule to attract electrons to itself.



Electronegativity Trends
• When moving across a period there, is 

generally a steady increase in 
electronegativity.

• When moving down a group, there is a 
decrease in electronegativity.



Bond Polarity
• The greater the difference in 

electronegativity between two atoms, the 
more polar their bond.

Bond Electronegativity Difference
       nonpolar <0.5
          polar                 0.5 – 2.0 
          ionic            >2



Sample Exercise 8.4

• In each case, which bond is more polar? 
Indicate in each case which atom has the 
partial negative charge.

a. B-Cl or C-Cl

b. P-F or P-Cl



Practice Exercise
• Which of the following bonds is most polar: 

S-Cl, S-Br, Se-Cl, or Se-Br?



Polar Molecules
• A molecule such as HF, in which there is a 

partially positive and partially negative end, is
called a polar molecule.

• Polar molecules align themselves with the 
negative end of the molecule and the positive
end of another molecule attracting each 
other.



Dipole Moment
• Whenever a distance separates two electrical charges 

of equal magnitude but opposite sign, a dipole is 
established.
• The quantitative measure of the magnitude of a 

dipole is called the dipole moment ().
 = Qr

 = dipole moment (debyes (D) = 3.34 x 10-30 coulomb-
meters)
Q = charge (units of 1.60 x 10-19 C)
r = distance (m)



Dipole Moment
• The dipole moment increases as the 

magnitude of charge that is separated 
increases and as the distance between the 
charges increases.



Sample Exercise 8.5
• The bond length in the HCl molecule is 1.27Å.
     a. Calculate the dipole moment, in debyes, 
that would result if the charges on the H and Cl 
atoms were 1+ and 1-, respectively. 

     b. The experimentally measured dipole 
moment of HCl(g) is 1.08D. What magnitude of 
charge, in units of e, on the H and Cl atoms 
would lead to this dipole moment?



Practice Exercise
• The dipole moment of chlorine 

monofluoride, ClF(g), is 0.88D. The bond 
length of the molecule is 1.63Å.

     a. Which atom is expected to have the 
partial negative charge?

     b. What is the charge on that atom, in units 
of e?



Bond Length
• As we proceed from HF to HI, the 

electronegativity difference decreases and 
the bond length increases.



Molecular Compounds
• When covalent bonding is dominant, most 

compounds exist as molecules, have low 
melting and boiling points, and exhibit 
nonelectrolyte behavior.

• When ionic bonding is dominant, most 
compounds are brittle solids, have a crystal 
lattice structure, have high melting points, 
and exhibit strong electrolyte behavior.



Ionic or Covalent?
• A simple approach to decide whether a bond 

is ionic or covalent is to assume that a bond 
between a metal and a nonmetal is ionic and 
a bond between two nonmetals is covalent.
• The problem with this approach is that there 

are many exceptions.
Ex: SnCl4 = metal and nonmetal

                          = covalent



Ionic or Covalent?
• Another approach to tell if a bond is ionic or 

covalent is to compare the electronegativity 
difference between the two bonded atoms.

Bond Electronegativity Difference
          Ionic >2
          Polar           0.5 – 2.0
      Nonpolar                         >0.5
      



Transition Metals
• The problem with this method is that there is 

no difference in the electronegativity values 
for the transition metals that have multiple 
charges.

• The rule of thumb is that the higher the 
charge (+4 or higher) on a transition metal, 
the more covalent the bond.



Section 8.5 – Drawing Lewis 
Structures

• Rules for drawing Lewis dot structures:
      1. Add up valence electrons from all atoms.
      2. Write the symbols for the atoms to show 

which atoms are attached to which, and 
connect them with a single bond.
       **To know how the atoms will be arranged, 

use the following hints. 
Sometimes the formula is written in the 

order that the atoms are bonded. Ex: HCN. 
If there is a single atom, it is usually in the 
middle. Ex: SO42-.



Rules for Lewis Structures
3. Complete octets around all atoms bonded to
the central atom. (Exception: Hydrogen only 
needs 1 bond so no extra electrons should ever
be added.)
4. Place any leftover electrons on the central 
atom.
5. If there are not enough electrons to give the 
central atom an octet, try multiple bonds.



Sample Exercise 8.6
• Draw the Lewis structure for phosphorus 

trichloride, PCl3.



Practice Exercise
• How many valence electrons should appear 

in the Lewis structure for CH2Cl2?

• Draw the Lewis structure.



Sample Exercise 8.7
• Draw the Lewis structure for HCN. 



Practice Exercise
• Draw the Lewis structure for 

a. NO+ ion

b. C2H4



Sample Exercise 8.8
• Draw the Lewis structure for the BrO3

- ion.



Practice Exercise
• Draw the Lewis structure for 

a. ClO2
- ion

b. PO4
3- ion



Formal Charge
• The formal charge of an atom in a molecule is

the charge the atom would have if all the 
atoms in the molecule had the same 
electronegativity. (**Remember that formal 
charges are not real charges!)

Formal charge = valence electrons – electrons 
in Lewis structure



Formal Charge
• When more than one Lewis structure can be 

drawn for a molecule, formal charges can be 
used to pick the most accepted structure.

      1. We generally choose the Lewis structure 
in which the atoms bear formal charges 
closest to zero.
      2. We generally choose the Lewis structure 
in which any negative charges reside on the 

more electronegative atoms.



Sample Exercise 8.9
• The following are three possible Lewis structures for 

the thiocyanate ion, NCS-:
     a. Determine the formal charges of the atoms in each

structure.

[:N – C ≡ S:]- [N = C = S]-            [:N ≡ C – S:]-

    b. Which is the preferred structure?

.. ..

.. .. ..
..

..
..



Practice Exercise
The cyanate ion (NCO-) has three possible 
Lewis structures. Draw all three Lewis 
structures, label the formal charges on the 
atoms, and indicate the preferred structure.



Section 8.6 – Resonance Structures
• Resonance structures in which the position of 

the atoms are the same but the placement of 
the electrons is different.

• Neither structure is correct on its own and the 
structure does not oscillate between the two.

• The true structure is a hybrid of the two 
structures because experimental evidences 
shows that the O-O bonds in O3 are of equal 
length. 



Resonance Structures
• In writing resonance structures, the same 

atoms are bonded to each other, so that the 
only difference is in the arrangement of the 
electrons.

• The resonance structures are separated by a 
double-headed arrow. ()



Sample Exercise 8.10
• Which is predicted to have the shorter sulfur-

oxygen bonds, SO3 or SO3
2-?



Practice Exercise
• Draw two equivalent resonance structures for

the formate ion, HCO2
-.



Resonance of Benzene
• Benzene is an aromatic (ring) organic 

molecule with the formula C6H6.
• The resonance of benzene is represented in 

many ways.



Section 8.7 – Exceptions to the Octet 
Rule

• There are 3 main categories of exceptions to 
the octet rule:

1. Odd number of electrons
2. Less than an octet
3. More than an octet



Odd Number of Electrons
• When an odd number of electrons occurs, 

the central atom usually gets the unpaired 
electron.

• If there is no central atom, formal charges 
can be used to pick the correct structure.



Less than an Octet
• Molecules with less than an octet normally 

occur with boron and beryllium. 



More than an Octet
• Molecules with more than an octet can only 

occur for atoms in the third period and 
beyond because of the d orbitals.

• Common elements that have more than an 
octet are S, P, As, some halogens, and some 
noble gases.



Sample Exercise 8.11

• Draw the Lewis structure for ICl4-.



Practice Exercise
a. Which of the following atoms is never found

with more than an octet of valence 
electrons around it: S, C, P, or Br?

b. Draw the Lewis structure for XeF2. 



Multiple Structures
• In general, a Lewis dot structure where the 

octet rule is satisfied without using multiple 
bonds will be preferred. Ex: PO4

3-



Section 8.8 – Strengths of Covalent 
Bonds

• The stability of a molecule is related to the 
strengths of the covalent bonds it contains.

• The strength of a covalent bond between two
atoms is determined by the energy required 
to break that bond.

• The bond enthalpy is the enthalpy change, 
H, for the breaking of a particular bond in 
one mole of a gaseous substance. 



Bond Enthalpy
• We use the designation D(bond type) to 

represent the bond enthalpies.
• When molecules contain multiple identical 

bonds, then we use the average bond 
enthalpy.



Bond Enthalpy
• The bond enthalpy is always a positive 

quantity; energy is always required to break 
chemical bonds.

• The greater the bond enthalpy is, the 
stronger the bond.

• A molecule with strong chemical bonds 
generally has less tendency to undergo 
chemical change than does one with weak 
bonds.



Bond Enthalpy and Reactions
• When calculating the H of a reaction using 

bond enthalpies you use the following 
equation:

Hrxn = (bonds broken) – (bonds formed)



Sample Exercise 8.12
• Using Table 8.4, estimate H for the following

reaction:
                  H    H
                   I     I   

H – C – C – H(g) + 7/2 O2(g)  2 O = C = O(g) + 3 H – O – H(g)

                   I     I
                  H    H



Practice Exercise
• Using Table 8.4, estimate H for the following

reaction:
H – N – N – H(g)  N ≡ N(g) + 2H – H(g)

                                    I     I
                        H    H



Bond Enthalpy and Bond Length
• As the number of bonds between the carbon 

atom increases, the bond enthalpy increases 
and the bond length decreases; that is, the 
carbon atoms are held more closely and 
more tightly together.

• In general, as the number 
   of bonds between two 
   atoms increases, the bond 
   grows shorter and stronger.



Sample Integrative Exercise 
Phosgene has the following elemental 
composition: 12.41% C, 16.17% O, and 71.69% 
Cl by mass. Its molar mass is 98.9 g/mol.
      a. Determine the molecular formula of this 

compound.



Sample Integrative Exercise
b. Draw three Lewis structures for the 
molecule that satisfy the octet rule for each 
atom.



Sample Integrative Exercise
c. Using formal charges, determine which Lewis
structure is the most important one.



Sample Integrative Exercise
d. Using average bond enthalpies, estimate H 
for the formation of gaseous phosgene from 
CO(g) and Cl2(g).


