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A covalent bond forms between 2 elements because 
they ________one or more pairs of valence electrons 
between the two atoms.  This allows both of the 
atoms to receive a ________ of valence electrons. 

The two atoms are more stable together than when 
they are apart. 
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Covalent bonding occurs between _________________.  
Electron dot diagrams can be used to determine the number 
of bonds that are likely to occur between two atoms. 

Solo valence electrons (___________) dictate the number of 
bonds the atoms will form.  Paired up electrons 
(____________) are not available to bond.  An atom is only 
happy when all their valence electrons are __________, so 
they share electrons to achieve this. 
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There are three types of electron interactions in 
covalent bonding.  The differences are in the 
number of electrons being shared.  _________ of 
electrons is a single bond, ________ of electrons 
are called a double bond, and _____________ of 
electrons are called a triple bond. 

Dashes represent a bonded pair of electrons 
(shared pair) and dots represent nonbonding pairs 
of electrons (not shared) 
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When we name covalent compounds we will use prefixes.  The subscripts 
beside each atom will be converted to a prefix tacked onto the front of 
each atom (except the first element named never uses the prefix 
__________). 

The second element receives any prefix appropriate and ends with the 
suffix _______ just like in naming ionic compounds 

mono- 1 

di- 2 

tri- 3 

tetra- 4 

penta- 5 

hexa- 6 

hepta- 7 

octa- 8 

nona- 9 

deca- 10 
 

PPRRAACCTTIICCEE  WWIITTHH  NNAAMMIINNGG  PPRRAACCTTIICCEE  WWIITTHH  FFOORRMMUULLAASS  

1. CO2 

2. P3O5  

3. C4H9 

4. H2O 

1. Hexacarbon hexahydride 

2. Boron trifluoride 

3. Pentaiodide decahydride 

4. Carbon monoxide 

 

share 

full set 

nonmetals 

Bonding e- 

nonbonding e- 
paired up 

1 pair 
2 pairs 

3 pairs 

Mono- 

-ide 

Carbon dioxide 

Triphosphorus pentoxide 

Tetracarbon nonahydride 

Dihydrogen monoxide 

C6H6 

BF3 

I5H10 

CO 



Lewis Structures/Molecular Shapes Continued… 

Molecular formulas can be drawn in such a way as to show how the atoms are all connected.  
This is called a structural formula, or a Lewis structure.  It allows us to see how the atoms are 
sharing the electrons between them.  In a Lewis structure a dash represents the shared 
electrons. 

The real key to drawing Lewis structures is the Octet Rule.  Most atoms want 8 valence 
electrons—a full outer energy level.  This gives you an intuitive idea of what to expect.  If you 
draw a Lewis structure and one of the atoms in the molecule doesn’t see 8 electrons, either as 
lone pairs (electrons already matched up-represented by a pair of dots) or shared in covalent 
bonds, you’d better make sure you haven’t made a mistake.  The octet rule won’t work 100% 
of the time, but does most of the time. 

 

Lewis structure for  
ammonia (NH3) 

Drawing Lewis Structures (Revisited) 
1) Start by counting valence electrons 

a. The number of valence electrons for each atom is found from the element’s column in the periodic table. 

Exs: H: 1; B: 3; C, Si: 4; N, P: 5; O, S: 6; F, Cl, Br, I: 7 

b. In a neutral molecule, the total number of valence electrons is the sum for all atoms 

Exs: CH4: 4 + 4(1) = 8; H2O: 2(1) + 8 = 10; N2O: 2(5) + 6 = 16 

c. In a covalently bonded molecular ion, the net charge must be considered in the total count. Add one valence 
electron for each negative charge on the ion; remove one valence electron for each positive charge on the ion. 

Exs: SO4
−2 [6 +4(6) +2 = 32]    PO4

−3 [5 +4(6) +3 = 32]     NH4
+ [5 +4(1) –1 = 8] 

2) Decide what atom is connected to what, which atom is in the center, etc. This is sometimes stated, sometimes 
implied by the formula; for example, in SO4

−2, S is in the middle, with bonds to each O. Generally the atom in the 
center is the atom with more potential bonding spots (fewest number of valence electrons, with the exception of 
Hydrogen). 

3) Draw a single line, implying a shared electron pair, between all bonded atom pairs. Count how many electrons you 
have used (two per bond). 

4) Starting from the outside, and working around the molecule, add lone pairs to each atom to complete the octets.  
(Each H atom is connected to another atom with a bond, so H's are automatically ok.) If your molecule contains 
halogens, complete their octets first. Stop when you have used up your valence electrons. If all octets are complete, 
you are done.  If you have extra electrons then the extra electrons go on the central atom regardless of how many 
bonds it already has. 

Exs:  CH4  NH3  H2O  HF  CCl4  CH2Cl2  PCl3  ICl  HOOH  P4 

5) If you run out of electrons before completing all octets, the molecule has multiple bonds.  Two shared pairs of 
electrons constitute a double bond; three shared pairs of electrons constitute a triple bond. Move a lone pair from an 
atom with a filled octet (not a halogen) to be shared with an adjacent atom that needs electrons to complete its 
octet. Continue forming multiple bonds until you have satisfied the octet rule for each atom. Rewrite the completed 
structure, using lines to indicate bonds. Check that the final structure has the correct number of valence electrons. 
(Do this for any method). 

Examples: O2 N2 CO2 HCN H2CO F2CCF2 HCCH CO CN− 

6) When there are multiple bonds, it is sometimes possible to draw two or more equivalent Lewis structures, each 
satisfying all the rules of valence electron octet theory.  These structures are called “resonance” structures. When 
drawing resonance structures, the positions of the atoms may never change; only the electrons. 

Examples:   SO2   NO3
−   CH3COO−   C6H6   CO3

−2   SO3 

N 

H 

H H 

.. 



 

Formal Charges 

Not all atoms within a neutral molecule need be neutral.  The location of any charges is often important for 
understanding reactivity.  We need to get into the habit of labelling the formal charges on any atom within a molecule.  
The sum total of the formal charges of the atoms involved in a molecule must add up to zero on neutral compounds or 
the ionic charge of polyatomic ions.  The formal charge is pretty easy to determine.  You simply figure out the number of 
valence electrons for a given atom and subtract from it the number of electrons directly associated with the atom.  This 
means that the bonds only count as one electron, since the electrons are being shared. 

Formal Charge = (valence electrons) – (covalent bonds) – (nonbonding electrons) 

Formal charges can also be used to determine which structure might be the most likely to occur between two or more 
structures that are similarly connected.  For example with the sulfate ion (SO4

-2).  The stucture(s) with the lowest set of 
formal charges is the most realistic structure. 

Lewis Structure Summary 

Element 
Frequency of 

pattern 
Number     
of bonds 

Number     
of lone pairs 

Example 

H Always 1 0 
 

B 
Most 

common 
3 0 

 

C 

Most 
common 

4 0 

 

or 
 

or 
 

Rare 3 1 
 

N, P, & As 

Most 
common 

3 1 
 

or 
 

or 
 

Common 4 0 

 

O, S, & Se 

Most 
common 

2 2 
 

or 
 

Common 1 3 
 

Rare 3 1 
 

F, Cl, Br, I 

Most 
common 

1 3 
 

Somewhat 
rare 

3 2 

 

Rare 5 1 
  



 

VSEPR/Geometric Shapes 

The structural formula provides a lot of information (how the molecules atoms are 
connected), it doesn’t give us the shape of the molecule.  Lewis structures are all 
drawn as flat molecules, but what makes their properties unique is their 3-d structures.   
To help with the shape of molecules scientists sometimes use a model called the BALL 
AND STICK MODEL. 

In the ball and stick model a ball represents an atom’s nucleus and inner-shell 
electrons.  The balls are connected with straight sticks, which represent single bonds 
and a pair of shared electrons, or curved sticks to represent multiple bonds or two or 
more pairs of shared electrons.   

 

VSEPR stands for Valence Shell Electron Pair Repulsion.  Basically, the idea is that covalent bonds and lone pair electrons 
like to stay as far apart from each other as possible under all conditions.  This is because covalent bonds consist of 
electrons, and electrons don't like to hang around next to each other much because they have the same charge.   

This VSEPR thing explains why molecules have shape.  If carbon has four atoms stuck to it (as in methane), these four 
atoms want to get as far away from each other as they can.  Instead of developing bond angles of 90˚ between the four 
bonds, they can actually develop bond angles of 109.5˚, which are the largest bond angles that can exist between 4 
bonds.  

Use the chart previously provided to predict the shapes of simple molecules.  In the chart a bonding domain is the 
number of bonds coming off of the central atom.  For instance, NH3 from the table above has 3 bonding domains 
(multiple bonds still count as 1).  Nonbonding domains are the number of lone pair electrons on the central atom.  For 
instance, on NH3 from the table above, the nitrogen has 3 bonds on it and one pair of electrons that are not available to 
be shared with other atoms.  Because the atom has 3 bonds and 1 nonbonding domain, the shape is predicted to be 
trigonal pyramidal. 

Polarity 

How do you tell if a BOND is polar or nonpolar? 

It depends on the electronegativity of the atoms involved in the bond. 

1) When one atom is significantly more electronegative than the other, the covalent 
bond between them is said to be POLAR. 

a. The atom with the greater electronegativity gains a slight negative charge (δ-) 
because it pulls a slight excess of the electron density. 

b. When this happens it pulls some of the electron density from the other atom 
which causes a slight positive charge to accumulate (δ+). 

2) If the bond is composed of atoms that have equal pull on the electrons it sets up a 
situation that we call a NONPOLAR bond. 

a. Nonpolar bonds are formed between two identical atoms like 2 bromine 
atoms, 2 oxygen atoms, or 2 fluorine atoms. 

 
There are 2 polar bonds within a 

water molecule. 

 
No difference in electronegativity 
between two atoms of Fluorine 

How do you tell if a molecule is polar or nonpolar?  

  

1) If all of the bonds are nonpolar then the molecule will be nonpolar as well. 

2) If the there is only one bond in the molecule and it is polar the molecule is polar 
as well. 

3) If the polar bonds collectively set up a DIPOLE in the molecule then the molecule 
is polar. 
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4) If there are some polar bonds and some nonpolar bonds then the polarity of the 
molecule is determined by sum of all the parts.   

a. If the molecule’s shape is a symmetrical shape with the polar bonds being 
distributed symmetrically around the molecule than the molecule is 
nonpolar. 

b. If the molecule has an asymmetrical shape on the whole and there are 
polar bonds which establish an uneven charge distribution in the molecule 
than the molecule is polar.   

i. molecules who’s central atom contains one or more lone pairs often 
fit this criteria (Ex:  H2O  &  NH3) 

ii. symmetrical  molecules can be polar if the atoms attached to the 
central atom are electronegatively different (Ex: CH3Cl & CH2O) 
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Intermolecular Forces or Van de Waals Forces 
Intermolecular forces are 
established between 2 or 
more separate covalent 
molecules.  There is always 
some sort of inter-
molecular force (at least 
dispersion forces) that 
exists between covalent 
molecules.  They are of 
varying weakness with the 
weakest being dispersion 
forces and the strongest 
being hydrogen bonding.  

 They establish networks of 
connections producing the 
interactions necessary for 
the molecules to hold 
together strongly (solids), 
moderately (liquids), or 
loosely (gases).   

 

 

FLOW CHART  TO 
HELP DETERMINE    

THE TYPE OF 
INTERMOLECULAR 

FORCE PRESENT 
BETWEEN 

MOLECULES. 

 



Notes and Examples: 
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