Drawing Lew Qe
Structures e

* This chapter describes how to draw Lewis
structures from chemical formulas.

* Lewis structures represent molecules
using element symbols, lines for bonds,
and dots for lone pairs.

Lone pairs v el Lone pairs
(nonbonding electrons) ‘.F.T ok (nonbonding electrons)

covalent bond




« Sometimes a Lewis structure cannot

be drawn by trying to get the most

common bonding pattern.

— All polyatomic ions have at least one atom that
does not have its most common bonding
pattern.

— Although you will not see this in my text, atoms
below the second period on the periodic table
can have more bonds than are predicted for
their most common bonding pattern.



.-

« Example 1: methyl bromide, CH;Br,
which is an ozone depleting gas used
as a fumigant.
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« Step 1: Determine the total number of
valence electrons for the molecule or
polyatomic ion. (These are the electrons
that will be represented in your Lewis

structure by lines for two-electron bonds
and pairs of dots for the lone pairs.)



Valence

Electrons

* Valence electrons are the highest-
energy s and p electrons in an atom.

One valence £y, ber of valence

electron
electrons equals the
- A-group nlcllmber 8A
1 2
H 3A 4A S5A G6GA 7A | He

5 6 7 8 9 10
B C N O F | Ne

15 | 16 | 17 | 18
P | S | Cl|Ar

33 34 35 36
As Se Br | Kr

52 53 54
Te | Xe
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 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.




Example 1

Step 1

Methyl bromide, CH;Br

« Carbon is in group 4A, so it

8A

has four valence electrons. | >

3A° 4A S5A O6A 7A | He

« Each hydrogen has only one s [ 67890
B C N O F Ne

valence electron. 516l | s

. . . . P S Cl | Ar
 Bromine is in group 7A, so it 33 [ 34 | 35 [ 36
has seven valence electrons. R e

Te I | Xe

e Total valence electrons
=4+3(1)+7 =14
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- Step 2: Draw a reasonable skeletal structure, using
single bonds to join all the atoms.
— Try to arrange the atoms to yield the most typical number
of bonds for each atom.

— 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.

— Carbon atoms commonly bond to other carbon atoms.



Most Common e .
Bonding Patte‘y‘ 0.

for Nonmetals

0

Number of lone pairs 3 oA
Number of bonds 4 3 2 1 -

3A°  4A SA OG6A 7JA | He

s 1 6| 7|1 8| 9| 10

B C N O F Ne

15| 16 | 17 | 18

P S Cl | Ar

33 | 34 | 35 | 36

As Se Br Kr

52 53 54

Te I Xe

https://preparatorychemistry.com/Bishop periodic_table.pdf




Example 1

Step 2

* Because hydrogen atoms always have one
bond, and because bromine usually has only
one bond, the H and Br symbols must all be

attached to the central carbon.

* Also, because carbon usually forms the most
bonds, it is most likely to be in the center.

H

|
H—C—Br
|
H
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« Step 3: Subtract 2 electrons from
the total number of valence electrons
for each of the single bonds
(represented by lines) described in
the skeleton from Step 2.



Example 1

Step 3

Methyl bromide, CH;Br

H

|
H—C —DBr

|

H

 There are four bonds, so we have used
4 X 2 = 8 electrons.

 We have 14 — 8 = 6 remaining electrons.
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« 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.

— In areasonable 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 |) usually have eight electrons
around them, but 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.



Example 1
Step 4

e
e

Methyl bromide, CH,Br "
H—C —Br

|

 H never has lone pairs. H

« Carbon already has its 4 bonds and an 8
electrons around it, so we add the 6

remaining electron to the Br as 3 lone pairs.
H

| oo

H—C —Br:
| L N J
H
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« Step 5: Do one of the following.
— Ifin 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 below 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.

e S —




Example 1

« The four bonds to the carbon atom give it an
octet around it (4 X 2 = 8).

* The hydrogen atoms have their one bond.

 The one bond and three lone pairs for the
bromine atom give it an octet around it.
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« Step 6: Check your structure to see if all of
the atoms have their most common
bonding pattern.

« 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.)
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Number of lone pairs 3 oA
Number of bonds 4 3 2 1 -

3A°  4A SA OG6A 7JA | He

s 1 6| 7|1 8| 9| 10

B C N O F Ne

15| 16 | 17 | 18

P S Cl | Ar
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As Se Br Kr
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Te I Xe

https://preparatorychemistry.com/Bishop periodic_table.pdf




Example 1 t
Steps 6 and 7 .,

 All of the atoms have their most common
bonding pattern, so step 7 is unnecessary.



Lewis Structu

Drawing Summ

| - Count toral valence electrons

4

2 - Draw a provisional skeletal structure

‘H,,

3 - Count remaining electrons

4

4 - Distribute remaining valence electrons

4

5- Check for octets

(experiment with multiple bonds if necessary)

4

6 - Check for common bonding patterns

No

—=>

7 -lry again
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 Formaldehyde, CH,0, has many
uses, including the preservation of
biological specimens.



Example 2

Step 1

Formaldehyde, CH,O

« Each hydrogen has one
valence electron.

« Carbon is in group 4A, so it
has four valence electrons.

« Oxygen is in group 6A, so
It has six valence
electrons.

e Total valence electrons
=4+2(1)+6 =12

8A
) 2
5 6 7 8 9 10
B C N O F Ne
15 16 17 18
P S Cl | Ar
33 | 34 | 35 | 36
As | Se Br | Kr
52 53 54
Te I Xe
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Step 2
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Formaldehyde, CH,O
* Hydrogen atoms always have one bond, oxygen

atoms usually have two bonds and carbon
atoms usually have four bonds.

* There are two possible skeletons at this point.

I

O

|
H—C—0O—H H—C—H




Example 2

Step 3

Formaldehyde, CH,O
H—C—O0O—H

 There are three bonds, so we have used
3 X 2 =6 electrons.

 We have 12 — 6 = 6 remaining electrons.



Example 2

Step 4

Formaldehyde, CH,O H—C—-O—H

 H never has lone pairs.

 We know that oxygen atoms’ most common
bonding pattern is 2 bonds and 2 lone pairs, so we
put 2 lone pairs on the O.

« We only have 2 of our 6 valence electrons
remaining, so we put the last 2 electrons on the C.

H—C—Q—H




Example 2

Step 5

Formaldehyde, CH,0 H—C—Q—H

 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.

* We need to get 2 more electrons around the C and
keep 8 electrons around the O, so we shift one of
the lone pairs on O to form another bond to C.

H—C—0—H o H—-C=0—H

U.




Example 2
Steps 6 and

* Neither carbon nor oxygen have their most
common bonding pattern, so we need to go
back to Step 2 and try a different skeleton in
hopes of getting the most common bonding

patterns.
O

|
H—C—H



Example 2

Step 1

Formaldehyde, CH,O

« Carbon is in group 4A, so it has four
valence electrons.

« Each hydrogen has one valence
electron.

« Oxygen is in group 6A, so it has six
valence electrons.

* Total valence electrons = 4+2(1)+6 = 12



Example 2

Step 3

Formaldehyde, CH,O

O

|
H—C—H

 There are three bonds, so we have used
3 X 2 =6 electrons.

 We have 12 — 6 = 6 remaining electrons.



Example 2

Step 4

Formaldehyde, CH,0 Q

H—C—H

 H never has lone pairs.

« We know that oxygen atoms commonly
have lone pairs and carbon atoms rarely do,
SO use our remaining 6 electrons to put 3
lone pairs on the O.

:°(|3:
H—C—H



Example 2

Step 5

Formaldehyde, CH,0O

 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 2 electrons that you are short.

* We need to get 2 more electrons around the C and
keep 8 electrons around the O, so we shift one of the
lone pairs on O to form another bond to C.

O “O°
P ]
H-C-H o H-C—H



Example 2 t
Steps 6 and 7

Formaldehyde, CH,O

o.ﬁ.o
H—C—H

« All of the atoms have their most common
bonding pattern, so we have a reasonable
Lewis structure.



Example 3

* 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, O,, in organisms.



Example 3

Step 1

Cyanide, CN-

« Carbon is in group 4A, so

it has four valence ‘*‘*
electrons. 3A 4A S5A GA 7A | He

_ o 56| 781910

* Nitrogen is in group 5A, so slC N O LF N
it has five valence P | s | clar
33 | 34 | 35 | 36

electrons. As | Se | Br | K
52 53 54

« \We add one more electron T | T | X

for the negative charge.

e Total valence electrons
=4+5+1 =10



Example 3
Step 2

* There is only one option for the skeleton. We
connect the C to the N.

C—N



Example 3

Step 3
Cyanide, CN-
C—N
 There is one bond, so we have used 2

electrons.
 We have 10 — 2 = 8 remaining electrons.



Example 3

Step 4

Cyanide, CN-
C—N

» We could distribute the remaining 8
electrons in different ways, but let’s put two
lone pairs on each atom.



Example 3

Step 5

Cyanide, CN- :C — N

There are only 6 electrons around both C and N, and
both have 8 around them in a good Lewis structure, so

we need to convert two lone pairs into bonds.

We shift one lone pair from C and one lone pair from N
to form two more bonds between them.

We put polyatomic ions in brackets for their Lewis
structures, and we put the charge as a superscript
outside the brackets.

:@—%: to [fC=N:|"



Example 3
Steps 6 and

[:C EN:]_

 The carbon atom does not have its most

common bonding pattern, but there is no
other option for a skeleton.

* There is always at least one atom in a
polyatomic ion that has a bonding pattern
other than the most common bonding
pattern.



* CF;CHCI,, the molecular formula for
HCFC-123, which is one of the
hydrochlorofluorocarbons used as a
less damaging replacement for
chlorofluorocarbons, which destroy
ozone in the stratosphere.



Example 4

Step 1

HCFC'1 23, CF3CHCI2

« Carbon is in group 4A, so

It has 4 valence electrons. 8A
e Fluorine and chlorine are 3A_4A SA GA 7A | He
. 5 6 7 8 9 10
In group 7A, so they have B | C[N|OJ|F/|Ne
7 valence electrons. sl sl ala
« Hydrogen has 1 valence i | m | ke
electron. 2 I

e Total valence electrons
=2(4)+3(7)+1+2(7) = 44



Example 4
Step 2

HCFC-123, CF,CHCI,
 The formula tells us that there are 3 F atoms on one

C and that the H and the 2 Cl atoms must be
attached to the other C.

 We’'ll see more clearly in a later session on
molecular geometry that it does not make any
difference how you arrange the 2 Cl atoms and the
H on the right C. F Y
|

F—C—-C—Cl

]
F Cl




Example 4

Step 3

HCFC'1 23, CF3CHCI2

F H

|
F—C—-C—Cl

]
F Cl

 There are 7 bonds, so we have used
[ X 2= 14 electrons.

 We have 44 — 14 = 30 remaining
electrons.



Example 4

Step 4

F H

]
HCFC'1 23, CF3CHCI2 F—(IZ—(ll—Cl
F Cl
« The C atoms have 8 electrons around them, and the H
has its one bond.

« F atoms always have 8 electrons around them, and CI
atoms usually do, so we use all of our remaining 30

electrons to put three lone pairs on all of the F and Cl
atoms. .
:Iliz PII
ﬁ—?—C—a:
LR J I L N J
EiiCl:



Example 4

Step 5

HCFC'1 23, CF3CHCI2

 All of the atoms except hydrogen have their
octets of electrons, so we can move on to
steps 6 and 7.

‘F: H
EddG




Example 4 t
Steps 6 and 7

HCFC'1 23, CF3CHCI2

« Every atom has its most common bonding
pattern, so we have a good Lewis structure.

‘F: H
i d L




.-

Example 4 t*
Steps 6 and 7 .

-

HCFC'1 23, CF3CHCI2
It might seem like there could be three different
Lewis structures for this, but the examples below all
describe the same thing.
:°P|°: II{ :Fe ol :Fs :Cl:
Foc—c=Gr dFoc—C-di f-cCom
:.F.: :gj.l: :.Ili_: I—ll :.IL.: :(il:
* The models below might help you to see why.
There is rotation of the atoms around the C-C bond.

Xk



* 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,

CH,;CHO, changes to its isomer,
CH,CHOH.



Example 5

Step 1

Acetaldehyde, CH;CHO

« Carbon is in group 4A, so each

C has 4 valence electrons. 8{'\

« Oxygen is in group 6A, so it o SA eR A e
has 6 valence electrons. B | C|N|[OJ|F]|Ne

15 16 17 18

 Hydrogen has 1 valence P %4 Cl | Ar
55 3 35 36

electron. As | Se | Br | K

52 53 54

 Total valence electrons Te | I | Xe

= 2(4)+4(1)+6 = 18
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Acetaldehyde, CH;CHO
 The formula tells us that there are 3 H atoms on one
C and that the H and O are on the other C.

 We know that carbon almost always has 4 bonds, so

putting both the H and the O on the right C gets us
closer to this.




Example 5

Step 3

Acetaldehyde, CH;CHO

H O

|
H—C—C—H

|
H

 There are 6 bonds, so we have used
6 X 2= 12 valence electrons.

« We have 18 — 12 = 6 remaining electrons.



Example 5

Step 4

e

Acetaldehyde, CH,CHO L

I—I—(|3—C—I—I
H

« The left C atom has 8 electrons around it, and the H
atoms each have one bond.

« Because C rarely has lone pairs, we put our
remaining 6 electrons on the O as lone pairs.




Example 5

Step 5

= —
e

Acetaldehyde, CH;CHO

* The right C is short two electrons for its octet,
so we move one lone pair from the O to form
a second bond between the C and O.

H :0: H <O
L
H—C—C—H tw© H—-C—C—H

| |
H H




Example 5 t
Steps 6 and 7

s——

Acetaldehyde, CH,CHO

* Every atom has it most common bonding
pattern, so we have a good Lewis structure.

I_|Io.$|).o
H—C—C—H

|
H




Example 5

Step 1

CH,CHOH

Carbon is in group 4A, so

each C has 4 valence SA
electrons. 3A 4A SA G6A 7A | He
5 6 7' 8 9 10

Oxygenis in group 84, soit - EAEET Ty
has 6 valence electrons. p | s |alar
33 34 35 36

Hydrogen has 1 valence As i 153; Ifr
electron. T | T | X

Total valence electrons
=2(4)+4(1)+6 = 18




Example 5

Step 2

CH,CHOH

 The formula tells us that there are 2 H atoms on the
left C.

« Because one of the remaining H atoms is next to
the right C and the other is next to the O, we can
assume that the following skeleton is most likely.

H—(|:—(|:—O—H
H H



Example 5

CH,CHOH

H—C—-—C—0O—H

.
H H

 There are 6 bonds, so we have used
6 X 2= 12 valence electrons.

 We have 18 — 12 = 6 remaining electrons.



Example 5

Step 4

CH,CHOH "G~ G—0~H

e The H atoms each have one bond.

« Because we know that O atoms are more
likely to have lone pairs, we add two lone
pairs to the O to give it its octet. The
remaining two electrons can go on either C.

H H



Example 5

Step 5

CH,CHOH H—C—C—Q—H

* The right C is short two electrons for its
octet, so we move one lone pair from the left
C to form a second bond between the C
atoms.

.ﬂ LN LN J
H—C—C—Q-H w© H-C=C—{-H
H H H H




Example 5 t
Steps 6 and 7 .,

* Every atom has it most common bonding
pattern, so we have a good Lewis structure.

H—?Z?—Q—H
H H



lIsomers

 CH3;CHO and CH,CHOH are isomers.

* Isomers are molecules that have the same
atoms (or the same molecular formula, in this
case C,H,0) but a different arrangement of
the atoms (or a different structure, in this




