
Table 5.1   Covalent Bonding Patterns

Element Frequency of 
pattern

Number of 
bonds

Number of 
lone pairs

Example

H always 1 0  H

B most common 3 0  
B

C most common 4 0
 

C C C or or 

 rare 3 1  C

N, P, & As most common 3 1  
N

 common 4 0
 

N

O, S, & Se most common 2 2  
OorO

 common 1 3  O

 rare 3 1  O

F, Cl, Br, & I most common 1 3  X
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   5.5  Drawing Lewis Structures

After studying chemistry all morning, you go out to mow the lawn. While adding 
gasoline to the lawnmower’s tank, you spill a bit, so you go off to get some soap and water 
to clean it up. By the time you get back, the gasoline has all evaporated, which starts 
you wondering…why does gasoline evaporate so much faster than water? We are not 
yet ready to explain this, but part of the answer is found by comparing the substances’ 
molecular structures and shapes. Lewis structures provide this information. You will 
see in Chapter 12 that the ability to draw Lewis structures for the chemical formulas of 
water, H2O, and hexane, C6H14, (one of the major components of gasoline) will help 
you to explain their relative rates of evaporation. The ability to draw Lewis structures 
will be important for many other purposes as well, including explaining why the soap 
would have helped clean up the spill if the gasoline had not evaporated so quickly. 

Simple Procedure
There are two general techniques for drawing Lewis structures. Because atoms 

of the nonmetallic elements usually have their most common bonding pattern, the 
simplest technique for drawing Lewis structures is to attempt to give each atom its 
most common bonding pattern as listed on Table 5.1.  
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To illustrate how Lewis structures can be drawn using the information on Table 5.1, 
let’s figure out the Lewis structure of methanol, CH3OH, which is often called methyl 
alcohol or wood alcohol. Methanol is a poisonous liquid that is used as a solvent. 
When drawing its Lewis structure, we assume that the carbon atom will have four 
bonds (represented by four lines), the oxygen atom will have two bonds and two lone 
pairs, and each hydrogen atom will have one bond. The Lewis structure below meets 
these criteria.  

CH

H

H

O H

 Methanol, CH3OH   
   (methyl alcohol) 

Methanol is an alcohol, which is a category of organic compounds, not just the 
intoxicating compound in certain drinks. Alcohols are organic compounds that possess 
one or more –OH groups attached to a hydrocarbon group (a group that contains only 
carbon and hydrogen). Ethanol, C2H5OH, is the alcohol in alcoholic beverages (see 
Special Topic 5.1: Molecular Shapes, Intoxicating Liquids, and the Brain), while the 
alcohol in rubbing alcohol is usually 2‑propanol (Figure 5.15). These alcohols are also 
called ethyl alcohol, C2H5OH, and isopropyl alcohol, C3H7OH. 

    

H OC

H

H

HC

H

H

     

H C

H

H

C

H

H

HO

C H

H
      Ethanol, C2H5OH                   2‑propanol, C3H7OH
          (ethyl alcohol)                          (isopropyl alcohol)

Check to see that each of these compounds follows our guidelines for drawing Lewis 
structures.

Figure 5.15
Products Containing Alcohols
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Methanol, CH3OH
A poison

Ethanol, C2H5OH
An intoxicant

Web
Molecules
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objeCtive 21

  exerCise 5.3 - Drawing Lewis Structures from Formulas   

Draw a Lewis structure for each of the following formulas: 
a. nitrogen triiodide, NI3 (explodes at the slightest touch)
b. hexachloroethane, C2Cl6 (used to make explosives)
c. hydrogen peroxide, H2O2 (a common antiseptic)
d.  ethylene (or ethene), C2H4 (used to make polyethylene)   

objeCtive 21

  example 5.3 - Drawing Lewis Structures from Formulas

Draw a Lewis structure for each of the following formulas: 

a. phosphine, PH3 (used to make semiconductors)

b. hypochlorous acid, HOCl (used to bleach textiles)

c. CFC‑11, CCl3F (used as a refrigerant)

d. C2H2, acetylene (burned in oxyacetylene torches) 

Solution 

a.  Phosphorus atoms usually have three covalent bonds and one lone pair, and 
hydrogen atoms have one covalent bond and no lone pairs. The following Lewis 
structure for PH3 gives each of these atoms its most common bonding pattern. 

P H

H

H

b.  Hydrogen atoms have one covalent bond and no lone pairs, oxygen atoms 
usually have two covalent bonds and two lone pairs, and chlorine atoms usually 
have one covalent bond and three lone pairs. 

H O Cl

c.  Carbon atoms usually have four covalent bonds and no lone pairs. Fluorine 
and chlorine atoms usually have one covalent bond and three lone pairs. The 
fluorine atom can be put in any of the four positions around the carbon atom. 

CCl

Cl

F

Cl

d.  Carbon atoms form four bonds with no lone pairs, and hydrogen atoms form 
one bond with no lone pairs. To achieve these bonding patterns, there must be 
a triple bond between the carbon atoms. 

CH C H
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Sample Study 
Sheet 5.2 

Drawing Lewis 
Structures from 
Formulas

Tip-off   In this chapter, you may be given a chemical formula for a molecule or 
polyatomic ion and asked to draw a Lewis structure, but there are other, more subtle 
tip‑offs that you will see in later chapters. 

General STepS   See fiGure 5.16 for a Summary of TheSe STepS.
STep 1 Determine the total number of valence electrons for the molecule or polyatomic 

ion. (Remember that the number of valence electrons for a representative 
element is equal to its group number, using the A‑group convention for 
numbering groups. For example, chlorine, Cl, is in group 7A, so it has seven 
valence electrons. Hydrogen has one valence electron.)
    For uncharged molecules, the total number of valence electrons is the sum 

of the valence electrons of each atom. 
    For polyatomic cations, the total number of valence electrons is the sum of 

the valence electrons for each atom minus the charge.
    For polyatomic anions, the total number of valence electrons is the sum of 

the valence electrons for each atom plus the charge.
STep 2 Draw a reasonable skeletal structure, using single bonds to join all the atoms. 

One or more of the following guidelines might help with this step. (They are 
clarified in the examples that follow.)
   Try to arrange the atoms to yield the most typical number of bonds for 

each atom. Table 5.1 lists the most common bonding patterns for the 
nonmetallic elements. 

   Apply the following guidelines in deciding what element belongs in the 
center of your structure. 

Hydrogen and fluorine atoms are never in the center. 
Oxygen atoms are rarely in the center. 
The element with the fewest atoms in the formula is often in the center. 
The atom that is capable of making the most bonds is often in the center. 

   Oxygen atoms rarely bond to other oxygen atoms. 
   The molecular formula often reflects the molecular structure. (See Example 

5.7.)
   Carbon atoms commonly bond to other carbon atoms.

STep 3 Subtract two electrons from the total for each of the single bonds (lines) 
described in Step 2 above. This tells us the number of electrons that still need 
to be distributed.

STep 4 Try to distribute the remaining electrons as lone pairs to obtain a total of 
eight electrons around each atom except hydrogen and boron. The atoms in 
reasonable Lewis structures are often surrounded by an octet of electrons. The 
following are some helpful observations pertaining to octets. 

objeCtive 22

General Procedure

The shortcut described above works well for many simple uncharged molecules, but 
it does not work reliably for molecules that are more complex or for polyatomic ions. 
To draw Lewis structures for these, you can use the stepwise procedure described in the 
following sample study sheet.
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   In a reasonable Lewis structure, carbon, nitrogen, oxygen, and fluorine 
always have eight electrons around them. 

    Hydrogen will always have a total of two electrons from its one bond.
    Boron can have fewer than eight electrons but never more than eight. 
   The nonmetallic elements in periods beyond the second period (P, S, Cl, 

Se, Br, and I) usually have eight electrons around them, but they can have 
more. (In this text, they will always have eight electrons around them, but 
if you go on to take other chemistry courses, it will be useful to know that 
they can have more.)

   The bonding properties of the metalloids arsenic, As, and tellurium, Te, are 
similar to those of phosphorus, P, and sulfur, S, so they usually have eight 
electrons around them but can have more. 

STep 5 Do one of the following. 
   If in Step 4 you were able to obtain an octet of electrons around each 

atom other than hydrogen and boron, and if you used all of the remaining 
valence electrons, go to step 6. 

     If you have electrons remaining after each of the atoms other than hydrogen 
and boron have their octet, you can put more than eight electrons around 
elements in periods beyond the second period. (You will not need to use 
this procedure for any of the structures in this text, but if you take more 
advanced chemistry courses, it will be useful.)

    If you do not have enough electrons to obtain octets of electrons around 
each atom (other than hydrogen and boron), convert one lone pair into 
a multiple bond for each two electrons that you are short. (See Example 
5.5.)

If you would need two more electrons to get octets, convert one lone pair 
in your structure to a second bond between two atoms. 
If you would need four more electrons to get octets, convert two lone 
pairs into bonds. This could mean creating a second bond in two different 
places or creating a triple bond in one place. 
If you would need six more electrons to get octets, convert three lone 
pairs into bonds. 
Etc. 

STep 6 Check your structure to see if all of the atoms have their most common 
bonding pattern (Table 5.1). 
   If each atom has its most common bonding pattern, your structure is a 

reasonable structure. Skip Step 7. 
   If one or more atoms are without their most common bonding pattern, 

continue to Step 7.
STep 7 If necessary, try to rearrange your structure to give each atom its most common 

bonding pattern. One way to do this is to return to Step 2 and try another 
skeleton. (This step is unnecessary if all of the atoms in your structure have 
their most common bonding pattern.) 

example   See Examples 5.4 to 5.7.
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1 - Count total valence electrons

2 - Draw a provisional skeletal structure

7 - Try again6 - Check for common bonding patterns

5- Check for octets 
(experiment with multiple bonds if necessary)

4 - Distribute remaining valence electrons

3 - Count remaining electrons

Done

No

Yes

Figure 5.16
Lewis Structure Procedure
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example 5.4 - Drawing Lewis Structures

Draw a reasonable Lewis structure for methyl bromide, CH3Br, which is an ozone 
depleting gas used as a fumigant.

Solution
Let’s start with the stepwise procedure for drawing Lewis structures.

STep 1 To determine the number of valence electrons for CH3Br, we note that carbon 
is in group 4A, so its atoms have four valence electrons; hydrogen has one 
valence electron; bromine is in group 7A, so its atoms have seven valence 
electrons.

                                                                      C          H          Br
CH3Br     Number of valence e−  =  1(4)  +  3(1)  +  1(7)  =  14

STep 2 Before setting up the skeleton for CH3Br, we check Table 5.1, which reminds 
us that carbon atoms usually have four bonds, hydrogen atoms always have 
one bond, and bromine atoms most commonly have one bond. Thus the 
following skeleton is most reasonable. 

H

H

CH Br

objeCtive 22
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STep 3 We started with 14 total valence electrons for CH3Br, and we have used eight 
of them for the four bonds in the skeleton we drew in Step 2. 

Number e− remaining = total valence e− − number of bonds                 
                                   
                                   = 14 − 4(2) = 6

2 e− 

1 bond 

STep 4 After Step 3, we have the following skeleton for CH3Br and six valence 
electrons still to distribute. 

H

H

CH Br

Hydrogen atoms never have lone pairs, and the carbon atom has an octet of 
electrons around it from its four bonds. In contrast, the bromine atom needs 
six more electrons to obtain an octet, so we put the remaining six electrons 
around the bromine atom as three lone pairs. 

H

H

CH Br

STep 5 The structure drawn in Step 4 for CH3Br has an octet of electrons around the 
carbon and bromine atoms. Hydrogen has its one bond. We have also used all 
of the valence electrons. Thus we move on to Step 6.

STep 6 All of the atoms in the structure drawn for CH3Br have their most common 
bonding pattern, so we have a reasonable Lewis structure. 

H

H

CH Br

STep 7 Because the atoms in our structure for CH3Br have their most common 
bonding pattern, we skip this step.

Shortcut    The shortcut to drawing Lewis structures described at the beginning of 
this section can often be used for uncharged molecules such as CH3Br. Carbon atoms 
usually have four bonds and no lone pairs, hydrogen atoms always have one bond, and 
bromine atoms most commonly have one bond and three lone pairs. The only way 
to give these atoms their most common bonding patterns is with the following Lewis 
structure, which is the same Lewis structure we arrived at with the stepwise procedure. 

 H

H

CH Br
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example 5.5 - Drawing Lewis Structures

Formaldehyde, CH2O, has many uses, including the preservation of biological 
specimens. Draw a reasonable Lewis structure for formaldehyde.

Solution
STep 1 Carbon is in group 4A, so its atoms have four valence electrons. Hydrogen 

has one valence electron. Oxygen is in group 6A, so its atoms have six valence 
electrons. 

                                                                      C           H          O
CH2O     Number of  valence e−  =  1(4)  +  2(1)  +  1(6)  =  12

STep 2 There are two possible skeletons for this structure. We will work with skeleton 
1 first. 

H C HO         or       H C H

O

    
      Skeleton 1                         Skeleton 2

STep 3   (Skeleton 1)     Number of e− remaining  =  12 − 3(2)  =  6
STep 4   (Skeleton 1)  The most common bonding pattern for oxygen atoms is two 

bonds and two lone pairs. It is possible for carbon atoms to have one lone pair, 
although that is rare. Thus we might use our six remaining electrons as two 
lone pairs on the oxygen atom and one lone pair on the carbon atom. 

H C HO

STep 5  (Skeleton 1)  The structure above leaves the carbon atom without its octet. 
Because we are short two electrons for octets, we convert one lone pair to 
another bond. Converting the lone pair on the carbon to a multiple bond 
would still leave the carbon with only six electrons around it and would put 
ten electrons around the oxygen atom. Carbon and oxygen atoms always have 
eight electrons around them in a reasonable Lewis structure. Thus we instead 
try converting one of the lone pairs on the oxygen atom to another C−O 
bond. 

H C HO to H C HO

                                                  Structure 1
STep 6  (Skeleton 1)  In structure 1, the carbon atom and the oxygen atom have rare 

bonding patterns. This suggests that there might be a better way to arrange the 
atoms. We proceed to Step 7.

STep 7 To attempt to give each atom its most common bonding pattern, we return to 
Step 2 and try another skeleton.

STep 2 (Skeleton 2)  The only alternative to skeleton 1 for CH2O is 

H C H

O

  Skeleton 2
STep 3  (Skeleton 2)         Number of e− remaining  =  12 − 3(2)  =  6

objeCtive 22
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STep 4  (Skeleton 2)  Oxygen atoms commonly have one bond and three lone pairs, so 
we might use our remaining electrons as three lone pairs on the oxygen atom. 

H C H

O

STep 5  (Skeleton 2)  In Step 4, we used all of the remaining electrons but left the 
carbon atom with only six electrons around it. Because we are short two 
electrons needed to obtain octets of electrons around each atom, we convert 
one lone pair into another bond. 

H C H

O

H C H

O

to
                                                      Structure 2
STep 6  (Skeleton 2)  All of the atoms have their most common bonding pattern, so we 

have a reasonable Lewis structure. 
STep 7  (Skeleton 2)  Because each atom in Structure 2 has its most common bonding 

pattern, we skip this step. 
Because Structure 2 is the only arrangement that gives each atom its most common 
bonding pattern, we could have skipped the stepwise procedure and used the shortcut 
for this molecule.

  example 5.6 - Drawing Lewis Structures

The cyanide polyatomic ion, CN− is similar in structure to carbon monoxide, CO. 
Although they work by different mechanisms, they are both poisons that can disrupt 
the use of oxygen, O2, in organisms. Draw a reasonable Lewis structure for the cyanide 
ion.

Solution
The shortcut does not work for polyatomic ions, so we use the stepwise procedure for 
CN−.
STep 1  Carbon is in group 4A, so its atoms have four valence electrons. Nitrogen is 

in group 5A, so its atoms have five valence electrons. Remember to add one 
electron for the −1 charge.

                                                  C           N       [-] 
CN−     #valence e‑  =  1(4)  +  1(5)  +  1  =  10

STep 2  There is only one way to arrange two atoms. 
C N

STep 3  Number e− remaining  =  10 − 1(2)  =  8
STep 4  Both the carbon atom and the nitrogen atom need six more electrons. We do 

not have enough electrons to provide octets by the formation of lone pairs. 
You will see in the next step that we will make up for this lack of electrons 
with multiple bonds. For now, we might put two lone pairs on each atom. 
C N
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STep 5  Because we are short four electrons (or two pairs) in order to obtain octets, 
we convert two lone pairs into bonds. If we convert one lone pair from each 
atom into another bond, we get octets of electrons around each atom. 

C N −C N to

STep 6  The nitrogen atom now has its most common bonding pattern, three bonds 
and one lone pair. The carbon atom has a rare bonding pattern, so we 
proceed to Step 7. 

STep 7  There is no other way to arrange the structure and still have an octet of 
electrons around each atom, so the Lewis structure for CN− is

C N −

Remember to put the Lewis structures for polyatomic ions in brackets and show the 
charge on the outside upper right. 

example 5.7 - Drawing Lewis Structures

Draw a reasonable Lewis structure for CF3CHCl2, the molecular formula for  
HCFC‑123, which is one of the hydrochlorofluorocarbons used as a replacement for 
more damaging chlorofluorocarbons. 

Solution

STep 1 Carbon is in group 4A, so its atoms have four valence electrons. Chlorine 
and fluorine are in group 7A, so their atoms have seven valence electrons. 
Hydrogen has one valence electron.

                                                                         C           F          H         Cl       
CF3CHCl2     Number valence e−  =  2(4)  +  3(7)  +  1(1)  +  2(7)  =  44

STep 2 The best way to start our skeleton is to remember that carbon atoms often 
bond to other carbon atoms. Thus we link the two carbon atoms together in 
the center of the skeleton. We expect hydrogen, fluorine, and chlorine atoms to 
form one bond, so we attach all of them to the carbon atoms. There are many 
ways that they could be arranged, but the way the formula has been written 
(especially the separation of the two carbons) gives us clues: CF3CHCl2, tells 
us that the three fluorine atoms are on one carbon atom, and the hydrogen 
and chlorine atoms are on the second carbon. 

H

Cl

CC ClF

F

F
     CF3CHCl2

STep 3   Number of e− remaining  =  44 −	7(2)  =  30 
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STep 4   We expect halogen atoms to have three lone pairs, so we can use the 30 
remaining electrons to give us three lone pairs for each fluorine and chlorine 
atom. 

H

Cl

CC ClF

F

F

      Structure 1

We could also represent CF3CHCl2, with the following Lewis structures: 

H

Cl

CC

Cl

F

F

F           H

Cl

CC ClF

F

F

     Structure 2                     Structure 3

Structures 2 and 3 might look like they represent different molecules, but they 
actually represent the same molecule as Structure 1. To confirm that this is true, 
picture yourself sitting on the hydrogen atom in either the space filling or the 
ball‑and‑stick model shown in Figure 5.17 for CF3CHCl2. Atoms connected 
to each other by single bonds, such as the two carbon atoms in this molecule, 
are constantly rotating with respect to each other. Thus your hydrogen atom is 
sometimes turned toward the top of the molecule (somewhat like in Structure 
1), sometimes toward the bottom of the structure (somewhat like Structure 3), 
and sometimes in one of the many possible positions in between. (Section 5.7 
describes how you can predict molecular shapes. If you do not see at this point 
why Structures 1, 2, and 3 all represent the same molecule, you might return 
to this example after reading that section.)

STep 5  We have used all of the valence electrons, and we have obtained octets of 
electrons around each atom other than hydrogen. Thus we move to Step 6.

STep 6  All of the atoms in our structure have their most common bonding pattern, so 
we have a reasonable Lewis structure.

STep 7 Because each atom in our structure has its most common bonding pattern, we 
skip this step.

Figure 5.17
Models of CF3CHCl2
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More Than One Possible Structure

It is possible to generate more than one reasonable Lewis structure for some formulas. 
When this happens, remember that the more common the bonding pattern is (as 
summarized in Table 5.1), the more stable the structure. Even after you apply this 
criterion, you may still be left with two or more Lewis structures that are equally 
reasonable. For example, the following Lewis structures for C2H6O both have the 
most common bonding pattern for all of their atoms. 

HH C

H

H

C

H

H

O

          

HH C

H

H

C

H

H

O

In fact, both these structures describe actual compounds. The first structure is dimethyl 
ether, and the second is ethanol. Substances that have the same molecular formula but 
different structural formulas are called isomers. We can write the formulas for these 
two isomers so as to distinguish between them: CH3OCH3 represents dimethyl ether, 
and CH3CH2OH represents ethanol. 

example 5.8 - Drawing Lewis Structures

Acetaldehyde can be converted into the sedative chloral hydrate (the “Mickey Finn” 
or knockout drops often mentioned in detective stories). In the first step of the 
reaction that forms chloral hydrate, acetaldehyde, CH3CHO, changes to its isomer, 
CH2CHOH. Draw a reasonable Lewis structures for each of these isomers.

Solution

STep 1 Both molecules have the molecular formula C2H4O.

                                                  C           H         O 
Number valence e−  =  2(4)  +  4(1)  +  1(6)  =  18

STep 2 Because we expect carbon atoms to bond to other carbon atoms, we can link 
the two carbon atoms together to start each skeleton, which is then completed 
to try to match each formula given. 

C H C

H 

H 

H 

O 

          

C H C 

H H 

H O 

    CH3CHO                          CH2CHOH
    Skeleton 1                            Skeleton 2

STep 3   Number of e− remaining  =  18 −	6(2)  =  6 

STep 4  For Skeleton 1, we can add three lone pairs to the oxygen atom to give it its 
octet. For Skeleton 2, we can add two lone pairs to the oxygen atom to get its 
most common bonding pattern of two bonds and two lone pairs. We can place 
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the remaining two electrons on one of the carbon atoms as a lone pair. 

C H C 

H 

H 

H 

O 

          

C H C 

H H 

H O 

STep 5  In each case, we have one carbon atom with only six electrons around it, so we 
convert one lone pair into another bond. 

CH C

H

H

H

O

to C

O

H C

H

H

H

                                                     Structure 1

CH C

HH

HO to CH C

HH

HO

                                                                Structure 2
STep 6  All of the atoms in both structures have their most common bonding pattern, 

so we have two reasonable Lewis structures representing isomers. Structure 1 
is acetaldehyde (or ethanal) and structure 2 is ethenol.

STep 7 Because each atom in our structures has its most common bonding pattern, 
we skip this step.
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  exerCise 5.4 - Lewis Structures   

Draw a reasonable Lewis structure for each of the following formulas.
a.  CCl4   f.  N2H4

b.  Cl2O   g.  H2O2

c.  COF2   h.  NH2OH
d.  C2Cl6   i.   NCl3
e.  BCl3 

As the valence‑bond model was being developed, chemists came to recognize that it 
did not always describe all molecules and polyatomic ions adequately. For example, if 
we follow the procedures in Section 5.5 to draw a Lewis structure for the nitrate ion, 
NO3

−, we would obtain a structure that chemists have discovered is not an accurate 
description of the ion’s bonds: 

O N O
O

   5.6  Resonance


