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Bond – an attractive force that holds two 
atoms together.

Atoms bond to obtain a more stable 
electronic configuration.

Chemical Bonds

3
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Types of Chemical Bonds:  
• Ionic bond: Electrostatic attraction between 

cations and anions.  Occurs between metals 
and non-metals.

• Covalent bond: Sharing of outermost 
electrons 'ties' atoms together.   Occurs 
between non-metals.

• Metallic bond: Outer electrons are 'shared' 
by all atoms.  Occurs between metals.

Chemical Bonds

4
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• Molecular compounds are substances formed when __________ combine by 
________ electrons to form covalent bonds.

• The atoms combine to form discrete molecules in such a way as each atom 
attains a noble gas configuration (surrounded by 8 e–).

• The distance between the atoms when energy is at a minimum is called the 
____________. 

Molecular Compounds – 
Covalent Bonding

5
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Covalent Ionic Metallic

Types of Chemical Bonds

6
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• Binary Compounds – composed of only 
two elements, though may have more 
than two atoms:

NaCl, KF, CaCl
2
, Fe

2
O

3
 …

• Binary ionic compounds consist of 
cations (usually metals) and anions 
(usually nonmetals), e.g., MgCl2
• Charges must cancel out to give the 

compound a neutral charge overall

Binary Ionic Compounds

8
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Naming Ions

9

●Cation (metal) – name is the same as the 
element, + 'ion'

●Fixed charge cations – metals that only form 
one cation (such as Group 1 and 2 metals):

Li+1 → lithium ion, Ca+2 → calcium ion

●Variable charged cations – metals that may 
form different cations (most transition metals).
Use Roman numerals to show the charge:

Fe+2 → iron (II) ion
Fe+3 → iron (III) ion
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Naming Ions

1
0

●Anion (non-metal) – use the root of the element 
name, change the ending to 'ide', + 'ion':

S → S-2 
sulfur → sulfide ion

N → N-3 
nitrogen → nitride ion

O → O-2 
oxygen → oxide ion
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Naming Ionic Compounds

1
1

●List the cation first, then the anion
●Do not include 'ion' in the name
●Names must be distinctive, in order to 
distinguish between similar compounds, such 
as with variable-charged metals

NaCl – sodium chloride
CaF

2
 – calcium fluoride

FeI
2
 – iron (II) iodide

FeI
3
 – iron (III) iodide
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Naming Ionic Compounds

1
2

For ionic compounds with variable charged cations:

●Basically, all metals are variable charged, except for: 

Group 1, Group 2, Ag+1, Zn+2, Cd+2, Al+3, Ga+3  
 
●For all other metals, the Stock System (Roman 
Numerals) must be used:

Cu
2
O – copper (I) oxide

CuO – copper (II) oxide



Group Ion usually 
formed

1 (1A) +1
H can form -1 ion

2 (2A) +2

13 (3A) +3

14 (4A) +/-4

15 (5A) -3

16 (6A) -2

17 (7A) -1

18 (8A) 0
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Fixed charge cations

1
4



To determine the charge on a variable charge 
cation, treat the formula as an algebraic 
expression:

To determine the iron charge in Fe
2
O

3
 

●let Fe = x and O = y (x and y are ionic 
charges)
●the charges of the ions must add up to the 
overall charge, which is 0 in this case, so
2x + 3y = 0

●we know that y = -2 (oxide ion)
2x + 3 (-2) = 0
x = +3

●so Fe
2
O

3
 is named iron (III) oxide 
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Writing ionic compound formulas

1
6

●The formula shows a ratio of one ion to the other.

●The ionic charges must cancel out so that the overall 
charge is neutral

●Always list the metal first, then the non-metal

●Select subscripts to balance charges

●Reduce subscripts if needed to obtain the lowest 
whole number ratio between ions
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   Write the name of the following compounds:

a)  NaBr

b)  CrCl3

   Write the chemical formula of the following

    compounds:

c)  Zinc nitride

d)  Copper(I) oxide

Practice: Ionic Compounds

1
7
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• Polyatomic Ions
• Charged group of two or more atoms joined 

together by covalent bonds

• Oxoanions
• Polyatomic anions containing oxygen in 

combination with one or more other 
elements

• Examples: acetate (C2H3O2
-), nitrate (NO3

-), 
carbonate (CO3

2-), perchlorate (ClO4
-), 

sulfate (SO4
2-) (See Table 4.3)

Common Polyatomic Ions

1
8



Polyatomic Ions

These are covalently bonded atoms with an overall 
charge (an ionic 'molecule'):

NO
3

-1 – nitrate ion
ClO

3
-1 – chlorate ion

C
2
H

3
O

2
-1 – acetate ion

OH-1 – hydroxide ion
SO

4
-2 – sulfate ion

CO
3

-2 – carbonate ion
PO

4
-3 – phosphate ion

H
3
O+1 – hydronium ion

NH
4

+1 – ammonium ion (NH
3
 – ammonia) 



Oxyions (oxoanions)

Polyatomic ions containing oxygen and another 
non-metal

●Most common forms end in 'ate'
●One less oxygen ends in 'ite'
●Two less oxygens, 'hypo' prefix and 'ite' suffix
●One more oxygen, 'per' prefix and 'ate' suffix

ClO-1 – hypochlorite ion
ClO

2
-1 – chlorite ion

ClO
3
-1 – chlorate ion

ClO
4
-1 – perchlorate ion
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Write the names of the following compounds:

a)  Cr(ClO4)3

b)  NH4NO3

Write the chemical formulas for the following 
compounds:

a)  Lithium bicarbonate

b)  Calcium hypobromite

Practice: Polyatomic Ions

2
1
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• Binary Molecular Compounds (e.g., SO3)
• Compounds consisting of two nonmetals

• First element in the formula is named first.
S = sulfur

• Second element name is changed by adding 
suffix -ide.

O = oxygen →  oxide
•  Add prefixes to identify quantity of atoms (see 

Table 4.4).
SO3 = sulfur trioxide

Naming Molecular Compounds

2
2
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Naming Molecular Compounds

2
3

●The formula name must indicate the subscripts

●use prefixes to show subscripts

●The prefix 'mono' is not used on the first element 
listed

●Remember that molecules have fixed numbers of 
atoms linked together, so DO NOT reduce coefficients 
to lower ratios
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1. Do not use the prefix 
mono- when naming first 
element:  

     SO3   monosulfur trioxide

2. Prefixes ending with o 
or a are modified when 
used with elements 
beginning with vowels; 

     P4O10   tetraphosphorus  
   decaoxide

Rules for Using Prefixes

2
4
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• Binary Acids
• Contain hydrogen and a monoatomic anion 

(e.g., Cl-, S2-)
• Most common binary acids are halogen 

(e.g., HCl, HBr)
• Acid names:

•  the prefix “hydro” + the halogen base name 
+  the suffix “ic” +  the word acid.

• Example HBr – hydrobromic acid

Binary Acids

2
6
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If oxoanion name ends in: 
-ate 
-ite

Corresponding acid ends in:
-ic
-ous

Oxoacids

2
7
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Identify each of the following as a molecular 
compound, an ionic compound, or an acid.  
Name or give formulas for the compounds.

a) K2Cr2O7

b) Na3N
c) NO2

d) H2CrO4

e) Sodium carbonate
f) Sulfurous acid
g) Iron(II) phosphate

Practice: Naming 
Compounds and Acids

2
8



– For elements in standard state, use chem. 
symbols

• Except for diatomic elements:
● H

2
, N

2
, O

2
, F

2
, Cl

2
, Br

2
, and I

2
 exist as 

diatomic molecules in their standard 
states

● These seven gases are H
2
 + “7”
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• Gilbert Lewis (1916)
• Proposed that atoms form chemical 

bonds by sharing electrons to acquire 
electron configuration of a noble gas

• Octet Rule
• Atoms tend to lose, gain, or share 

electrons to obtain a set of 8 valence 
electrons (ns2np6)

Lewis Theory

3
2
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• Lewis Symbols (Dot Structures)
• Chemical symbol for an atom surrounded 

by one or more dots representing valence 
electrons

• “Dots” arranged around elemental symbol
•  First 4 electrons = unpaired (top, sides, bottom)
•  Next 4 added to form pairs 
•  Examples:  Na·  (one valence e-), ·Mg· (two e-)

Lewis Symbols

3
3



© 2014 W. W. Norton Co., Inc.

Unpaired dots = 
bonding capacity

Main Group 
Elements: Members 
of same family have 
same # valence 
electrons, similar 
bonding capacities

Lewis Symbols for Elements

3
4





Valence electrons (ve)

 The outer electrons are called “valence 
electrons” or “bonding electrons”

 Most atoms want to get 8 v.e. (octet 
rule), which they do by gaining, losing, 
or sharing electrons.
–Main exception: Hydrogen wants 2 v.e.

 Noble gases already have 8 v.e. 
(except helium which has 2), which is 
why they almost never react.
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• A Nonmetal and a Metal: 
• Metals lose valence electrons to achieve noble 

gas electron configuration.  
• Nonmetal gain electrons to achieve noble gas 

electron configuration.

[Ne]      [Ar]e- transfer

Lewis Structures: Ionic Bonds

3
7







 



  ::: ClNaClNa
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• Bonding pair of electrons
• Shared electrons form covalent bonds, and 

count as valence electrons for both atoms
• Single bond: Two atoms sharing one pair e-.

• H:H, or H–H

• Lone pair: Pair of e- that is not shared.
 

•      or             (lone pairs)

Lewis Structures: Molecular 
Compounds

3
8

··

··
- -H O HH O H: :··

··
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1. Determine the # of valence electrons:
– Sum valence electrons for all atoms in 
molecule; add/subtract electrons to 
account for ionic charges

2. Arrange atoms in pattern that shows how 
they are bonded:

– Atom with least electronegativity is 
usually central; other atoms arranged 
around this atom
– Connect atoms with single bonds

Drawing Lewis Structures

3
9



© 2014 W. W. Norton Co., Inc.

3. Complete octets of atoms connected to 
central atom by adding lone pairs.

4. Compare the # of electrons in structure to 
the # determined in step 1:

– Place remaining electrons around central 
atom. 

5. Complete octet around central atom (if 
needed) by converting one or more lone 
pairs on adjacent atom into bonding pairs.

Drawing Lewis Structures

4
0
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• Double Bond:
• Two electron pairs shared by two atoms
• Represented as a double line ( = ).

• Example:  O2  →  

• Triple Bond:
• Three electron pairs shared by two atoms
• Represented as triple line (  )
• Example:  N2  →

Multiple Bonds

4
1

•• •• •• ••

•• •• •• ••
O O O = O:: ®

N N N N: ::: : : :® º



© 2014 W. W. Norton Co., Inc.

   Draw the Lewis structure for MgF2.

Practice: Lewis Structures

•  Collect and Organize:
•  Analyze:
•  Solve:
•  Think about It:

4
2
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   Draw the Lewis structure for: H2O, 
H2CO, and CH4.

Practice: Lewis Structures

•  Collect and Organize:
•  Analyze:
•  Solve:
•  Think about It:

4
3



© 2014 W. W. Norton Co., Inc.

Chapter Outline

• 4.1 Types of Chemical Bonds
• 4.2 Naming Compounds and Writing Formulas
• 4.3 Lewis Structures
• 4.4 Electronegativity, Unequal Sharing, and Polar Bonds 
• 4.5 Vibrating Bonds and the Greenhouse Effect
• 4.6 Resonance
• 4.7 Formal Charge:  Choosing among Lewis Structures
• 4.8 Exceptions to the Octet Rule
• 4.8 The Lengths and Strengths of Covalent Bonds

4
4



© 2014 W. W. Norton Co., Inc.

Pauling Electronegativity
 Scale

• Electronegativity (EN):
• Relative ability of an atom to attract electrons in 

a bond to itself. 

Electronegativity

4
5
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Electronegativity Trends

46

• Electronegativity (EN) – attraction for 
bonding (shared) electrons

• The difference in EN between the 
bonding atoms determines if the 
bond is ionic or covalent

• Electronegativity increases moving 
up, to the right in periodic table 
(omitting noble gases).
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EN:   increases across a row;   decreases down a column.

Ionization Energies and 
Electronegativity

4
7
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• Polar Covalent Bond:
• Unequal sharing of bonding pair of electrons  

between atoms
• Results in uneven distribution of charge

• Bond Polarity:
• A measure of the extent to which bonding 

electrons are unequally shared due to 
differences in electronegativity of the bonded 
atoms

Polar Covalent Bonds

4
8



●With a large EN difference (such as between 
metals and non-metals), 
the more electronegative atom takes the 
electrons from the other atom and forms ions.

●If the ENs are identical, both have the same 
attraction, and the bonding electrons are 
shared equally. (non-polar covalent bonds)

●For small EN differences, the electrons are 
shared, but not equally (polar covalent 
bonds)
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Bond Polarity

• Polar (covalent) Bond:
• Partial negative and positive charges (δ+, 

δ–)
• Direction of polarity indicated by arrow 

pointing to more negative end of bond, 
with + sign at positive end

• Degree of polarity depends on differences 
in electronegativity

5
0



EN difference Bond Type

0 – 0.3
Non-polar 
(covalent)

0.3 – 1.7 Polar (covalent)

1.7 + Ionic

Electronegativity values for elements are listed in tables
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•   Bond polarity 
increases as ∆EN 
increases.

∆EN 

0.0

           
 0.9

          
2.1

Bond Polarity

5
2
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  Which of the following bonds in each 
pair are more polar? 
C–S or C–O Cl–Cl or O=O N–H or C–H

•  Collect and Organize:
•  Analyze:
•  Solve:
•  Think about It:

Practice: Polar Bonds

5
3



© 2014 W. W. Norton Co., Inc.

Chapter Outline

• 4.1 Types of Chemical Bonds
• 4.2 Naming Compounds and Writing Formulas
• 4.3 Lewis Structures
• 4.4 Electronegativity, Unequal Sharing, and Polar Bonds 
• 4.5 Vibrating Bonds and the Greenhouse Effect
• 4.6 Resonance
• 4.7 Formal Charge:  Choosing among Lewis Structures
• 4.8 Exceptions to the Octet Rule
• 4.8 The Lengths and Strengths of Covalent Bonds

5
4



© 2014 W. W. Norton Co., Inc.

Vibration Modes

5
5
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• Absorption of energy by atoms:
• Absorb radiation if frequency matches ∆E of 

electron energy levels (Chapter 7)

• Absorption of energy by molecules:
• Absorb infrared radiation if frequency matches 

vibrational modes of molecular bonds = infrared 
active

• Basis of “greenhouse effect”

Bond Stretching

5
6
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●Not all molecules can be accurately 
represented by a single Lewis Structures

● Sometimes two or more structures may be 
drawn with identical formal charges

● In this case the actual structure of the 
molecule is an average of all of the similar 
structures

●These are called Resonance Structures
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Resonance:
When two or more 
equivalent Lewis structures 
can be drawn for one 
compound

Resonance Structures:
Two or more Lewis 
structures with the same 
arrangement of atoms but 
different arrangement of 
bonding pairs of electrons

Resonance Structures: 
Ozone

5
9
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Resonance in Organic 
Compounds

Benzene:
    a) alternating 
single, double bonds

    b) circle indicates 
uniform distribution 
of electrons, 
equivalent
 C–C bonds

6
0
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   Draw all possible resonance structures 
for SO2.

•  Collect and Organize:
•  Analyze:
•  Solve:
•  Think about It:

Practice: Resonance 
Structures

6
1
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Resonance Structures: N2O

• Three possible Lewis structures.  Which 
one is best?

• Formal Charge:
• Determined by the difference between the 

number of valence e- in the free atom and 
the sum of lone pair + ½ bonding e- in a 
molecule

6
3
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• Formal charge (FC):
FC = (# valence electrons) – 

[ (# unshared e-) + 1/2(# of e- in bonding pairs)]

Calculating Formal Charges

6
4
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• Most Stable Resonance Structures:
• Formal charges equal or close to zero
• Negative formal charges on the more 

electronegative element

Choosing the Best Structure

6
5
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  Determine the most stable structure for 
the phosphite ion by calculating formal 
charge for the atoms in each ion.

          O

O       P      O

3-

          O

O       P      O

3-

•  Collect and Organize:
•  Analyze:
•  Solve:
•  Think about It:

Practice: Formal Charge

6
6
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• Molecules having odd number of 
electrons = free radicals
• Example:  NO

• Molecules with atoms having more than 
an octet = expanded valence shell
• Example:  SF6 

Exceptions to the Octet Rule

6
8
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• Nitric Oxide (NO):
• Odd number of valence electrons (11).
• Formal charges:    N = [5 – (3+2)] = 0
                                    O = [6 – (4+2)] = 0
• Structure is reasonable, except for the lack 

of octet on N atom
• Free Radical:
• Odd-electron molecule with an unpaired e- 

in its Lewis structure.  Very reactive!

Odd-Electron Molecules

6
9

• • •

N = O: :
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• Expanded shells observed for elements 
with Z > 12

• Example:  SF6

• Sulfur (S) in SF6 

• Has Z > 12   (Z = 16)

• Bonded to strongly electronegative 
element (F)

• FC for sulfur = 0; FC for fluorine = 0

Expanded Valence Shell

7
0
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• Elements with Z > 12 (3rd row):
• Expand valence shell by using empty d 

orbitals

• Expanded Valence Shells Occur:
• In molecules having strongly 

electronegative elements (F, O, Cl)
• When expanded, shell decreases formal 

charge on central atom

Expanded Valence Shell

7
1
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 What is the Lewis dot structure of SO4
2- 

ion?  Does this ion have resonance 
structures?

•  Collect and Organize:
•  Analyze:
•  Solve:
•  Think about It:

Practice: Expanded Valence 
Shell

7
2



© 2014 W. W. Norton Co., Inc.

Chapter Outline

• 4.1 Types of Chemical Bonds
• 4.2 Naming Compounds and Writing Formulas
• 4.3 Lewis Structures
• 4.4 Electronegativity, Unequal Sharing, and Polar Bonds 
• 4.5 Vibrating Bonds and the Greenhouse Effect
• 4.6 Resonance
• 4.7 Formal Charge:  Choosing among Lewis Structures
• 4.8 Exceptions to the Octet Rule
• 4.8 The Lengths and Strengths of Covalent Bonds

7
3



© 2014 W. W. Norton Co., Inc.

O-to-O Bond Lengths:
-  Single bond (H2O2) = 148 pm
-  Double bond (O2) = 121 pm
-  ?? bond (O3)= 128 pm

Bond Lengths

7
4
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• Bond Length Depends On:
• Identity of the atoms
• # of bonds between them

• Bond Order:
• The # of bonds between two atoms

• 1 for a single bond
• 2 for a double bond
• 3 for a triple bond

Bond Lengths

7
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• Bond Energy:
• Energy needed to break 1 mole of covalent 

bonds in the gas phase
• Breaking bonds consumes energy (+); 

forming bonds releases energy (-)
• Using bond energies to estimate Hrxn

Bond Energies

7
7
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• Calculate the ∆Hrxn for the following 
reaction using bond energies from Table 
4.7.

•  Collect and Organize:
•  Analyze:
•  Solve:
•  Think about It:

Practice: Calculating DHrxn

7
8
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Chapter 4

79


