Structure and Bonding 1-1
Chapter 1: Structure and Bonding

¢ Important facts

The general rule of bonding: Atoms strive to attain a complete outer shell of valence electrons
(Section 1.2). H “wants” 2 electrons. Second-row elements “want” 8 electrons.

| nonbonded electron pair |
| .1. .1. |
—H —C— —N— —O— —X X=F,Cl,BrI

| |
Usual number of bonds ___
in neutral atoms 1 4 3 2 1

Number of nonb_onded — 0 0 1 2 3
electron pairs |

!

The sum (# of bonds + # of lone pairs) = 4 for all elements except H.

Formal charge (FC) is the difference between the number of valence electrons of an atom and the
number of electrons it “owns” (Section 1.3C). See Sample Problem 1.4 for a stepwise example.

_ number of _ number of electrons
Definition: ‘ formal charge I - valence electrons an atom "owns"
+
Examples: _é_ —C— _éT
| | I

¢ C shares 8 electrons. e Each C shares 6 electrons. ¢ C shares 6 electrons.

¢ C "owns" 4 electrons. e Each C "owns" 3 electrons. ¢ C has 2 unshared electrons.

*FC=0 *FC = +1 ¢ C "owns" 5 electrons.

*FC=-1

* Curved arrow notation shows the movement of an electron pair. The tail of the arrow always

begins at an electron pair, either in a bond or a lone pair. The head points to where the electron pair
“moves” (Section 1.5).

O: :0:
Move an electron pair to O. i’ - .
| ove an electron pair to O | HERTH v H-C=Ri-H
A\ B

|Use this electron pair to form a double bond.|

Electrostatic potential plots are color-coded maps of electron density, indicating electron rich and
electron deficient regions (Section 1.11).
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¢ The importance of Lewis structures (Sections 1.3, 1.4)

A properly drawn Lewis structure shows the number of bonds and lone pairs present around each atom
in a molecule. In a valid Lewis structure, each H has two electrons, and each second-row element has
no more than eight. This is the first step needed to determine many properties of a molecule.

[linear, trigonal planar, or tetrahedral] (Section 1.6)
l Lewis structure Hybridization I [sp, sz, or Sp3] (Section 1.8)

*-{ Types of bondsI [single, double, or triple] (Sections 1.3, 1.9)

¢ Resonance (Section 1.5)

The basic principles:

* Resonance occurs when a compound cannot be represented by a single Lewis structure.

* Two resonance structures differ only in the position of nonbonded electrons and it bonds.

* The resonance hybrid is the only accurate representation for a resonance-stabilized compound. A
hybrid is more stable than any single resonance structure because electron density is delocalized.

.. . O
o 0 NS .
CH3CH,—C — CH3CH,—C CH3CH,—C, delocalized charges
(‘.\ T N \\ —/
:0: O: / 016

delocalized  bonds
T—{ resonance structures }J hybrid

The difference between resonance structures and isomers:
* Two isomers differ in the arrangement of hoth atoms and electrons.
* Resonance structures differ only in the arrangement of electrons.

/ ; (//.o.‘ /6
CHy3—C CHyCH, G, ~——  CHgCH,—C_
:0—CHj :0—H O-H

L isomers L{ resonance structures }J

¢ Geometry and hybridization

The number of groups around an atom determines both its geometry (Section 1.6) and hybridization
(Section 1.8).

Number of Geometry Bond angle (°) Hybridization Examples
groups
2 linear 180 sp BeH,, HC=CH
3 trigonal planar 120 sp’ BF;, CH,=CH;

4 tetrahedral 109.5 sp’ CH., NH3, H,O
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¢ Drawing organic molecules (Section 1.7)

¢ Shorthand methods are used to abbreviate the structure of organic molecules.

Crafl s
)\)4 = CHB_(F_(F_CI:_CHS = (CH3)20HCH2C(CH3)3

H H CH
skeletal structure isooctane condensed structure

* A carbon bonded to four atoms is tetrahedral in shape. The best way to represent a tetrahedron is to
draw two bonds in the plane, one in front, and one behind.

Four equivalent drawings for CH,

! : T .
> c
C”u \\\‘C C ‘::
HT W H " H H™ H HH

Each drawing has two solid lines, one wedge, and one dashed line.

4 Bond length

Bond length decreases across a row and increases down a column of the periodic table
(Section 1.6A).

H > —N-H > —O-H H—F < H—CI < H—Br

1 | T

Increasing bond length

I
—C
I

Increasing bond length

* Bond length decreases as the number of electrons between two nuclei increases (Section 1.10A).

CHstHs < CHp=CH, < H-C=C—H

Increasing bond length

* Bond length increases as the percent s-character decreases (Section 1.10B).

Csp—H Csp?—H Csp*—H

Increasing bond length

* Bond length and bond strength are inversely related. Shorter bonds are stronger bonds (Section
1.10).

longest C—C bond | N/ _ shortest C—C bond
weakest bond _?_?_ /C_C\ —C=C™ | " strongest bond

Increasing bond strength
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* Sigma (o) bonds are generally stronger than it bonds (Section 1.9).

||
—C-C— oed —C=C—
|11 VAREAN
1 strong o bond 1 stronger o bond 1 stronger o bond
1 weaker & bond 2 weaker m bonds

¢ Electronegativity and polarity (Sections 1.11, 1.12)

* Electronegativity increases across a row and decreases down a column of the periodic table.

* A polar bond results when two atoms of different electronegativity are bonded together. Whenever
C or H is bonded to N, O, or any halogen, the bond is polar.

* A polar molecule has either one polar bond, or two or more bond dipoles that reinforce.

¢ Drawing Lewis structures: A shortcut

Chapter 1 devotes a great deal of time to drawing valid Lewis structures. For molecules with many
bonds, it may take quite awhile to find acceptable Lewis structures by using trial-and-error to place
electrons. Fortunately, a shortcut can be used to figure out how many bonds are present in a molecule.

Shortcut on drawing Lewis structures—Determining the number of bonds:

[1] Count up the number of valence electrons.

[2] Calculate how many electrons are needed if there were no bonds between atoms and every atom
has a filled shell of valence electrons; i.e., hydrogen gets two electrons, and second-row elements
get eight.

[3] Subtract the number obtained in Step [2] from the sum obtained in Step [1]. This difference
tells how many electrons must be shared to give every H two electrons and every second-row
element eight. Since there are two electrons per bond, dividing this difference by two tells how
many bonds are needed.

To draw the Lewis structure:

[1] Arrange the atoms as usual.

[2] Count up the number of valence electrons.

[3] Use the shortcut to determine how many bonds are present.

[4] Draw in the two-electron bonds to all the H’s first. Then, draw the remaining bonds between
other atoms making sure that no second-row element gets more than eight electrons and that you
use the total number of bonds determined previously.

[5] Finally, place unshared electron pairs on all atoms that do not have an octet of electrons, and
calculate formal charge. You should have now used all the valence electrons determined in the
first step.

Example: Draw all valid Lewis structures for CH3NCO using the shortcut procedure.

[1] Arrange the atoms.

H * In this case the arrangement of atoms is implied by the way the structure is

HCNCO drawn.
H
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[2] Count up the number of valence electrons.

3H's x 1electronperH = 3 electrons

2C's x 4electronsperC = 8 electrons

1IN x 5electronsperN = 5 electrons
X =

+ 6 electrons
22 electrons total

10 6 electrons per O

[3] Use the shortcut to figure out how many bonds are needed.

* Number of electrons needed if there were no bonds:
3H's X 2 electrons per H
4 second-row elements x 8 electrons per element

6 electrons
+ 32 electrons

38 electrons needed if
there were no bonds

e Number of electrons that must be shared:

38 electrons
— 22 electrons

16 electrons must be shared
* Since every bond takes two electrons, 16/2 = 8 bonds are needed.

[4] Draw all possible Lewis structures.

* Draw the bonds to the H’s first (three bonds). Then add five more bonds. Arrange them between
the C’s, N, and O, making sure that no atom gets more than eight electrons. There are three
possible arrangements of bonds; i.e., there are three resonance structures.

* Add additional electron pairs to give each atom an octet and check that all 22 electrons are used.

A )
H—cl;—Nzc—o ------- - H—(I:—NEC—O
- H H
] A ]
H-C N C O ------- -~ H-C-N=C=0  ------- - H-C—N=C=Q
H H H
Bonds to H's added. s
. T
H-C-N-C=0  ------- - H=C—N-C=0:
H H
All bonds drawn in. Electron pairs drawn in.
Three arrangements possible. Every atom has an octet.

* (Calculate the formal charge on each atom.

H H H
H—C—N=C—0: H-C—N=C=0 H-C—N-C=0:
nl ; o
+1 -1 -1 +1

* You can evaluate the Lewis structures you have drawn. The middle structure is the best
resonance structure, since it has no charged atoms.

Note: This method works for compounds that contain second-row elements in which every element gets
an octet of electrons. It does NOT necessarily work for compounds with an atom that does not have an
octet (such as BF3), or compounds that have elements located in the third row and later in the periodic
table.
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Chapter 1: Answers to Problems

1.1 The mass number is the number of protons and neutrons. The atomic number is the number of
protons and is the same for all isotopes.

Nitrogen-14 Nitrogen-13
a. number of protons = atomic number for N =7 7 7
b. number of neutrons = mass number — atomic number 7 6
c. number of electrons = number of protons 7 7
d. The group number is the same for all isotopes. S5A S5A

1.2 The atomic number is the number of protons. The total number of electrons in the neutral atom
is equal to the number of protons. The number of valence electrons is equal to the group number
for second-row elements. The group number is located above each column in the periodic table.

a. atomic number  b. total number of e~ c. valence e~  d. group number

[1] f; P 15 15 5 5A
2] 1§F 9 9 7 7A
[3] 12H 1 1 1 1A

1.3 Ionic bonds form when an element on the far left side of the periodic table transfers an electron to
an element on the far right side of the periodic table. Covalent bonds result when two atoms
share electrons.

H H -
a. FT_F b. Li* Br c. H—(|3—(|3—H d. Na* :'}]_‘Q
| |
covalent ionic H H H™ Both N-H bonds
All C-H and C-C ionic are covalent.

bonds are covalent.

1.4  a. Ionic bonding is observed in NaF since Na is in group 1A and has only one valence electron,
and F is in group 7A and has seven valence electrons. When F gains one electron from Na,

they form an ionic bond.
b. Covalent bonding is observed in CFCl; since carbon is a nonmetal in the middle of the
periodic table and does not readily transfer electrons.

1.5 Atoms with one, two, three, or four valence electrons form one, two, three, or four bonds,
respectively. Atoms with five or more valence electrons form [8 — (number of valence electrons)]
bonds.

a. O 8-6valence e =2 bonds c. Br 8 -7 valence e- =1 bond

b. Al 3valence e~ =3 bonds d. Si 4 valence e~ =4 bonds
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1.6 [1] Arrange the atoms with the H’s on the periphery.
[2] Count the valence electrons.
[3] Arrange the electrons around the atoms. Give the H’s 2 electrons first, and then fill the octets of
the other atoms.
[4] Assign formal charges (Section 1.3C).

a 11 HH [2] Count valence e~. [3] H H All 14 e~ used.
' HCCH 2Cx4e = 8 H—C—-C—H All second-row elements
H H 6Hx1e = 6 |l| |l| have an octet.
totale- =14
p 1 H [2] Count valence e~ (3] H 1
" HCNH 1Cx4e = 4 H=C—N—H H-G—N—H
H H SHx1e = 5 H H H H
A 12 e~ used
totale- =14 used.
N needs 2 more
electrons for an octet.
c 11 H [2] Count valence e~. [3] H H
' H C 1Cx4de- =4 H—C ———~ H-C:
H 3Hx1e- =3 b H
negatl\_/e charge = 1 6 e~ used. [The —1 charge on C is
total e =8 C needs 2 more explained in Section 1.3C.]
electrons for an octet.
q [ H [2] Count valence e~ (3] H W
' H C ClI 1Cx4de- = 4 H-C~Cl H-C—Cl:
H SHx1e~ = 3 H H
1CIx7 e =7
_ _ 8 e~ used. Complete octet.
total e =14
Cl needs 6 more
electrons for an octet.
1.7 Follow the directions from Answer 1.6.
a. HCN H C N Count valence e™. H—C—N H—C=N:
1Cxd4e = 4 )
1Hx1e-= 1 4 e~ used. Complete N and C octets.
INx5e =5
totale- =10
b. H,CO HCO Count valence e~. H—C-0 H—C=0:
1Cxde = 4 4 4
H _
2Hx1e = 2 6 e~ used. Complete O and C octets.
10x6e = 6
totales =12
H O Count valence e". 'T' C|) . 'T' :9: ..
¢. HOCH,CO,H HOCCOHOoCxse= 8 H-0-C-C-0—H H-Q-C-C-Q-H
H 4Hx1e = 4 H H
30x6e =18 16 e~ used. Complete octets.

totale= =30
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1.8 Formal charge (FC) = number of valence electrons — [number of unshared electrons +
1/2 (number of shared electrons)]

1.9

1.10

!
a. | HoN-H
H

/

5_1[0+ 1/2(8)] = +1

H
a. CH,O0 ™ Ml HC
H
b. HC, ™ [MlHC
c. (CHgNHp) ™ [11 H H
H C N
H H

d. (CHgNH)- [11 H
H C N

a. C,H,Cl, (two isomers)

Count valence e".

2Cx4e = 8
4Hx1e = 4
2CIx7e =14
totale =26

b. C3HgO (three isomers)
Count valence e".

3Cx4e =12
8Hx1e = 8
10x6e = 6
total e~ =26

4-[0+1/2(8)]=0

)

5-w+1?wn=ﬂ

b_ CHs_NEC :

/

4-12+1/2(6)] = -1

H
|
[2] Count valence e~. [3] H—C-0O
1Cxd4e = 4 Ill
BHx1e = 3 _
10Ox6e-= 6 8 e used.
totale- =13
Add 1 for (-) charge = 14
[2] Count valence e~. [8] H—C-C
2Cx4e =8
1THx1e =1 4 e~ used.
totale- =9
Add 1 for (=) charge = 10
[2] Count valence e~. [3] H H
1Cx4e = 4 H—C—N—H
6Hx1e = 6 g N
iINx5e = 5 _
totale- =15 14 e~ used.
Subtract 1 for (+) charge = 14
[2] Count valence e. [3] H
1Cx4e = 4 H—G—N—H
dHx1e = 4 |l|
INx5e = 5 _
totale- =13 10 &~ used.
Add 1 for (-) charge = 14
o A
HoG-G-gh  H-g—G-G
H :ClI: Cl: H
A
A Qs
A=G=¢=G-Q~H H=G=¢-C—H  H-
H H H H H H

6-[4+1/2(4)]=0

6—E+1€@ﬂ=ﬂ

C. 16:6_'.0.'3

6 - [6+ 1/2(2)] = -1

) )
H-C-0: [4] H-C-O:
H H

Assign charge.

H-C=C: [4] H-C=C:

Assign charge.

4w
H—C—N—H
H H

Assign charge.

[4] H
H—Q—NZH
H

Complete octet and
assign charge.
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c. C3Hg (two isomers) H H H\C/H
| |
Count valence e~ H-C-C=C H/C/_\C\H
3Cx4e =12 H HH b
6Hx1e =6
totale- =18

1.11 Two different definitions:
* Isomers have the same molecular formula and a different arrangement of atoms.
* Resonance structures have the same molecular formula and the same arrangement of atoms.

2 lone pairs 3 lone pairs

N at the end N in the middle / \
e .. _ 4+ e .. :”: e 3 Z?i

a. :N=C=0: and :CEN—Q: b. HQ_C_Q: and HO—C:Q:

different arrangement of atoms = isomers same arrangement of atoms =

resonance structures

1.12 Isomers have the same molecular formula and a different arrangement of atoms.
Resonance structures have the same molecular formula and the same arrangement of atoms.

2 lone pairs 3 lone pairs
CHjz bonded to C=0 H bonded to C=0

:9: ICIDT . l 9 ?
a. CH;—C—OH CH;—C=0OH c. CHz—C—OH H—C—CH,OH
A B A D

same arrangement of atoms =

resonance structures different arrangement of atoms = isomers

C2H40o (C2H502)™
AT ?7 :¢T+ :9: ..
b. CHz—C—OH CHy—GC—OH d. CH;—C=0H H=C—CH,QOH
H B D
A C
different molecular formulas = neither different arrangement of atoms = isomers

1.13 Curved arrow notation shows the movement of an electron pair. The tail begins at an electron pair
(a bond or a lone pair) and the head points to where the electron pair moves.

+ o A "
a. H-C=Q H-C-0: b. CH3:C|)/}C|J=QJH2 CHy—C=C~CH,
H H H H H H
The net charge is the same The net charge is the same

in both resonance structures. in both resonance structures.
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1.14 Compare the resonance structures to see what electrons have “moved.” Use one curved arrow to
show the movement of each electron pair.

+ V) + .. e . ..
a. CH2—C|::CI:—CH3 - CH2=C|:—(|3—CH3 b. :0=C-0: —— 0-C-0:
| =" pyd pyd
H H H H Viot) 0.

One electron pair moves:

Two electron pairs move:
one curved arrow.

two curved arrows.

1.15 To draw another resonance structure, move electrons only in multiple bonds and lone pairs and
keep the number of unpaired electrons constant.

+
a c:H?,—(lzzfclz\iclz—CH3

+ N . - +
CH3—(|3—(I3:C|)—CH3 C. H—(I;:(I;—QI: H—C|3—C|3—CI
HH H HH H H H H H
+
b. CHS_C_CHS CHS_C_CHS
|"7 I
:Cl: :Cl+

1.16 A “better” resonance structure is one that has more bonds and fewer charges. The better
structure is the major contributor and all others are minor contributors. To draw the resonance

hybrid, use dashed lines for bonds that are in only one resonance structure, and use partial charges
when the charge is on different atoms in the resonance structures.

Y vf\ + m N ..
2. CHy—GRi—CHy CHa—G=N—CH b CH,= Cr, ~&H,— C=CH,
H H H H H Y
hvbrid: All atoms havs o%tets. These two resonance structures are equivalent.
yorid: + s+ one more .8” They both have one charge and the same number
0" 8 major contributor of bonds. They are equal contributors to the hybrid.
CHa=G=N=Cs hybrid:
H H yoria: 5 o
CH,=C==CH,
H

1.17 Draw a second resonance structure for nitrous acid.

o i or &
H-O0—-N=0: «—— H—-0=N-0: H—0O-—=N-—=0:
..\) V + .e
major contributor minor contributor hybrid
fewer charges

1.18 All representations have a carbon with two bonds in the plane of the page, one in front of the page
(solid wedge) and one behind the page (dashed line). Four possibilities:

H H cicl cl_ _cCl
L | =J o

C c i
H v O H™H HH
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1.19 To predict the geometry around an atom, count the number of groups (atoms + lone pairs),
making sure to draw in any needed lone pairs or hydrogens: 2 groups = linear, 3 groups = trigonal
planar, 4 groups = tetrahedral.

N has 2 atoms + 2 lone pairs

3 groups = trigonal planar 4 groups = tetrahedral (or bent
lar sh
4 groups = tetrahedral 4 groups = tetrahedral molecu fr shape)
N %/
a. CHs_C_CH3 C. :NH2

3 groups = trigonal planar
2 groups = linear

4 groups = tetrahedral 4 9roups = tetrahedral 4 groups = tetrahedral

.. CHz—C=N:
b. CHs—O—CHs d. 8

2 groups = linear
4 groups = tetrahedral (or bent molecular shape)

1.20 To predict the bond angle around an atom, count the number of groups (atoms + lone pairs),
making sure to draw in any needed lone pairs or hydrogens: 2 groups = 180°, 3 groups = 120°,
4 groups = 109.5°.

This C has 3 groups, so
both angles are 120°.

N\

Y !
a. CHs—CJC—Cl b. CH2=L)C—CI c. CHSC:

2 groups = 180°
H
|
(‘;—DCI

H
. This C has 4 groups, so
2 groups = 180 both angles are 109.5°.

1.21 To predict the geometry around an atom, use the rules in Answer 1.19.

4 groups
tetrahedral (gor bent molecular shape)

4 groups
t.39rc|>u;|)s I-Q 'T' 'T' D b tetrahedral
H rigonal planar H

wid N T
| 5, c-c=c-c=c—¢ Y\H S

7

H H
4 groups 2 g]roups 3 groups
tetrahedral inear trigonal planar

(or bent molecular shape) enanthotoxin
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1.22 Reading from left to right, draw the molecule as a Lewis structure. Always check that carbon has
four bonds and all heteroatoms have an octet by adding any needed lone pairs.

(CHg),CHCH(CH,CHa),
(CHg)3CCH(OH)CH,CHs

H
H H_(:;_H (CH3),CHCHO
H—C—H " |H—C—H A
HOH R H=G—HN_| HAZCTHIFO I H N
& H-G-GCC-C-CTH b H=C C-H & H-¢—C——C-C-C=H d H-0-C—C-H
HHHHH H—C—H ‘ HH-C—H H H H H
H-C—H ho H-C-H 0 H-C—H
H H—C—H H
CH3(CHy)4CH(CHg), |l| double bond
needed to
give C an octet
1.23 Simplify each condensed structure using parentheses.
CH,CHs CH,OH CHy CHy
a. CHyGHCH,CH,CH,CI b. CHyCHZCH, C CH,CH; ¢ HOCH,—C—CH,CH,CHy—C—CH,-C—CHs
| | |
/ / H y CHy  |CHs
»
CHg(CH,),Cl CHa3(CHy),CH(CH2CHg), (HOCH,),CH(CHa)3C(CHg)sCHoC(CHg)s

1.24 Draw the Lewis structure of lactic acid.

H
|

T

CH3CH(OH)COpH ——= H—C—C—C—-0—H

H H

1.25 In shorthand or skeletal drawings, all line junctions or ends of lines represent carbon atoms.
The carbons are all tetravalent.

l 0 1H
9 O/j/\/\
~o0 OH's b. ~0

octinoxate
(2-ethylhexyl 4-methoxycinnamate) avobenzone

1.26 In shorthand or skeletal drawings, all line junctions or ends of lines represent carbon atoms.
Convert by writing in all carbons, and then adding hydrogen atoms to make the carbons

tetravalent.
H ‘0" H, H HH H
oG i o H 23 c H\C/H Ci: CHyo.. G N
a [ I7CHs b H-g M ¢ CHy ScTTSem e A TN CH,
H—C—-C—H H/ \C/ \H 3 I I /A | / N\
Lo a H H HH CH,H H

H H H H
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1.27 A charge on a carbon atom takes the place of one hydrogen atom. A negatively charged C has
one lone pair, and a positively charged C has none.

H H o)

T 2 /\)\/\ "
positive charge negative charge positive charge negative charge
no lone pairs one lone pair no lone pairs one lone pair
no H's needed one H needed one H needed one H needed

1.28 Draw each indicated structure. Recall that in the skeletal drawings, a carbon atom is located at the
intersection of any two lines and at the end of any line.

0]
a. (CH3),C=CH(CH,)4,CH; = >:\_/—/ c. Y\)J\N/ = (CHg),CH(CH,),CONHCH,4
|
H

H H

\ /
CH3—C—C—CH,CH,CI Cl /\/\)OJ\ J\—HOCH CH=CHCO,CH(CH
" . =jj/v d. Ho N o T HOCHEBIEHECHE )
HoN

H,;N—C—C—H
H H

1.29 To determine the orbitals used in bonding, count the number of groups (atoms + lone pairs):
4 groups = sp’, 3 groups = sp°, 2 groups = sp, H atom = 1s (no hybridization).
All covalent single bonds are o, and all double bonds contain one o and one & bond.

EachHusesa——~H H H
1s orbital. I I 1=—All single bonds are Each C-C bond is Csp®-Csp?®.
H70=C=CH s bonds. Each C-H bond is Csp*—H1s.

H H H

Total of 10 o bonds.
Each C has 4 groups and is

sp® hybridized.

1.30 [1] Draw a valid Lewis structure for each molecule.

[2] Count the number of groups around each atom: 4 groups = sp’, 3 groups = sp>, 2 groups = sp,
H atom = 1s (no hybridization).

Note: Be and B (Groups 2A and 3A) do not have enough valence ¢ to form an octet, and do not
form an octet in neutral molecules.

H
|
a. [1] H—C—Be—H [2] Count groups around each atom: [3] All C-H bonds: Csp*~H1s
0 { H C-Be bond: Csp>~Besp
| Be—H bond: Besp—H1s
Be has 2 bonds. H—(|3—Be—H

H T
4 groups
spd 2 groups
D
sp
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CHs
b. [1] CHa—é—CHS [2] Count groups around each atom: [3] All C-H bonds: Csp*~His
CHj C—B bonds: Csp®—Bsp?
B forms 3 bonds. THS—T—CH3
4 groups 3 groups
sp° sp?
W W
c. [1]JH-C-0-C—H [2] Count groups around each atom: [3] All C-H bonds: Csp*~H1s
R H H C-0 bonds: Csp*~Osp?
H—¢—§—¢—H
HtH
4 groups ‘
sp? 4 groups
sp®

1.31 To determine the hybridization, count the number of groups around each atom: 4 groups = sp°,
3 groups = sp°, 2 groups = sp, H atom = 1s (no hybridization).

a. CH;—C=CH b. <:>T:i\T]—CH3 C. ?H2=CT:=CH2

T T 3 groups 3 groups 3 groups 2 groups
4 groups 2 groups sp
sp sp sp? sp? sp?

1.32 All single bonds are 0. Multiple bonds contain one ¢ bond, and all others are 7 bonds.

| All C-H bonds are ¢ bonds.

o bond o bond
(”) one o bond, 3 (u;—one o bond, one t bond
a C.  onexbond b. CH;=C=N C. H 70-CHs
CHz% bor
on
one o + two = bonds o o bond

o bond o bond

1.33 Bond length and bond strength are inversely related: longer bonds are weaker bonds. Single
bonds are weaker and longer than double bonds, which are weaker and longer than triple bonds.

bond 1:
lsingle bond

. bond 3: increasing bond strength: 1 <3< 2
a. QCECO double bond increasing bond length: 2 < 3 < 1

bond 2:
triple bond

bond 1:
single bond
| H - bond 2: increasing bond strength: 1 <2 <3

N
CH5~ \Q\Ii)uble bond increasing bond length: 3 <2 < 1
C=N

Tbond 3:
triple bond



Structure and Bonding 1-15

1.34 Bond length and bond strength are inversely related: longer bonds are weaker bonds. Single
bonds are weaker and longer than double bonds, which are weaker and longer than triple bonds.

Increasing percent s-character increases bond strength and decreases bond length.

CHs
a. CHs—C=C-H or \C=CH2 €. CHy=N—_H or CH;—N—H
/ l
Csp—His H \Cspz—H1s Nsp?—H1s
50% s-character 33% s-character 33% s-character Nsp3—H1s
shorter bond ° shorter bond 25% s-character
H H
b. __©=0 or H-C-OH
H H\Csp3—H1S
Csp>—His 25% s-character

33% s-character
shorter bond
1.35 Electronegativity increases across a row of the periodic table and decreases down a column.
Look at the relative position of the atoms to determine their relative electronegativity.

most electropositive
most electronegative

|

most electropositive
most electronegative j

|

most electropositive
most electronegative l

|

most electropositive
l most electronegative l

Se<S<0 b, Na<P<Cl S<CI<F P<N<O
increasing " increasing increasing " increasing
electronegativity electronegativity

electronegativity electronegativity
1.36 Dipoles result from unequal sharing of electrons in covalent bonds. More electronegative atoms
“pull” electron density towards them, making a dipole. Dipole arrows point towards the atom of

higher electron density.

ot & _ _ + &
ol Ly o d. —6<|:—CI

|
+—
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1.37 Polar molecules result from a net dipole. To determine polarity, draw the molecule in three
dimensions around any polar bonds, draw in the dipoles, and look to see whether the dipoles
cancel or reinforce.

Electronegative
atom pulls e~ density.

e ot

5 F no resulting dipole =

Br/ c. II 1\,../ nonpolar molecule

N Jrnet dipole oS For

a.  ¥C.i, Fe X Four polar bonds cancel.
HT S o
H
All C—H bonds have no dipole.
one polar bond
net dipole = polar molecule
b d resulting dipole =
H H l,H : l polar molecule
| re-draw - _
b. Br—-C—Br ------ - //C\\ o N T ACIS
I o-Br + Brg_ resulting dipole = 6*\C=C/5+
H polar molecule o
H H
Note: You must draw the molecule in three no resulting dipole =
dimensions to observe the net dipole. In the CN_ H | nonpolar molecule
Lewis structure, it appears the dipoles would 6+\C=C/6+
cancel out, when in fact they add to make a e H/ Y\\CI Two polar bonds are
polar molecule. o” equal and opposite
and cancel.
1.38
The C-0O and O-H bonds are polar.
OH-O:  H . H-0:  H
c-c HH O: c=C H :0:
.. / N\ 7 .. / \ | | /
8*H-0-C /o@@}o\ H-0-C C-C—C—C
C=C H :N-H ‘O-Hd* C-C H :N-HO—H
. 3 . / \ + / \ Py

The two circled C's are sp® hybridized. H H by 0 H H Y
All the C—H bonds are nonpolar. o

All H's bonded to O and N bear a partial positive charge (8*). one possibility
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1.39 Use the definitions in Answer 1.1.

lodine-123 Iodine-131
a. number of protons = atomic number for [ = 53 53 53
b. number of neutrons = mass number — atomic number 70 78
c. number of electrons = number of protons 53 53
d. The group number is the same for all isotopes. 7TA 7TA
1.40 Use bonding rules in Answer 1.3.
H H
| |
a. Nat I~ b. Br—Cl c. H-Cl d. H-C—N—H €. Na*  O—C—H
H H H
ionic covalent covalent all covalent bonds ionic  All other bonds are covalent.

1.41 Formal charge (FC) = number of valence electrons — [number of unshared electrons +
1/2 (number of shared electrons)]. C is in group 4A.

H H
.. .. . | |
a. CH,=CH b. H—C—H C. H—C—H d. H-C-C
VAR r / AN

4-10+1/2(8)]=0 4-[2+1/2(6)]=-1 4-[2+1/2(4)]=0 4-[1+1/2(6)]=0 4-[0+1/2(8)]=0 4-[0+1/2(6)] = +1

1.42 Formal charge (FC) = number of valence electrons — [number of unshared electrons +
1/2 (number of shared electrons)]. N is in group 5A and O is in group 6A.

a. CHy—N—CHg c.  CHy—N=N: 6. CHz=O-

/..

5[4 + 1/2(4)] = -1 5-[0+1/2@)]=+1 5 [2+1/2(6)]=0 6-15+1/2()=0
6 - [2 + 1/2(6)] = +1
5[0 + 1/2(8)] = +1 | 5_[2+1/2(6)] = 0
1 . :OH

C .
N=N d. CH;—C—CHs f. CH3—N=0

J
b. : N= : N
/ \ 6-[4 +//2(4)] =0

5-[4+12@)]=-1 5_[4+1/2(4)] = -1
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1.43 Follow the steps in Answer 1.6 to draw Lewis structures.

+ e
a. CH2N2 H_?:N:N
valence e~ H or
1Cx4e = 4
- oo+
2Hx1e = 2 H_G_N=N:
2Nx5e =10 I1|
totale- =16
H
b. CH3NO, 0, . N
H-C—N-0: or H=C—N=0:
valence e- g O: H :0%
1Cx4e = 4
BHx1e = 3
INx5e = 5
20x6e =12
totale- = 24
c. CHsCNO | + L N
H—?—CEN—Q: or H—(IJ—QzN:Q:
valence e~ H H
2Cx4e = 8 H o
BHx1e = 3 H_l_.._ﬁ:ﬁ
INx5e = 5 ©F H7G-G-N=0:
10x6e = 6 H
totale = 22

1.44 Follow the steps in Answer 1.6 to draw Lewis structures.

c. (CH3CH,)

d. HNNH

[11 N N

[1]

I O I
I O

11 H NNH

[2] Count valence e~.

2Nx5e =10
totale- =10

[2] Count valence e~.

1Cxd4e = 4
BHx1e = 5
10x6e = 6
totale- =15

Subtract 1 for
(+) charge = 14

[2] Count valence e~.

2Cx4e-=8
BHx1e =5
totale- =13
Add 1 for

(-) charge = 14

[2] Count valence e~.

2Hx1e = 2
2Nx5e =10
totale- =12

d. HCOZ_ :67 :0:
.. I e
valence e~ H—C=0: or H-C-O:
1C x4 e = 4
1Hx1e" =1
20x6e” =12
1 for (-) charge = 1
total e~ =18
e. HCO5" 2'(?7 3 Lo
valence e~ H-0-C=0: or H-0-C-0Ot
1Cx4e = 4 h . -
1Hx1e = 1 4 :?T
30x6e” =18 or H—-0=C-0:
1 for (-) charge = 1 T
total e~ =24
f. "CH,CN H—(|)=C=.[\.]T or H—C—C=N:
[
valence e~ H H
2Cx4e” = 8
2Hx1e” = 2
INx5e” 5
1 for (-) charge= 1
total e~ =16
2 e~ used. Complete N octets.
8] H 4 Mo
HGIoH  HeG-O
H H H H
_ Add charge
12 6~ used. and lone pair.
8] | 4 4
| |
H-g-0H Hog-GH
H H H H
12 e~ used. Add charge
and lone pair.
[8] H—N—N—H H—N=N—H
6 e- used. Complete N octets.



(1] H
H B
H

e. HgBN H
N
H

H

[2] Count valence e.
1Bx3e =3
6Hx1e =6
INx5e =5
totale- =14
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1.45 Follow the steps in Answer 1.6 to draw Lewis structures.

a.(CH3CHy),O [11 H H H H  [2] Countvalence e~.
HCCOCGCH 10x6e = 6
H H H H 1OHx1e = 10
4Cx4e = 16
total e~ = 32
b.CH,CHCN [1] H H [2] Count valence e~.
C CCN INx5e = 5
H 3Hx1e = 3
3Cx4e =12
totale- = 20
c. (HOCH,),CO [1] H OH [2] Count valence e~.
HocccoH 30x6e=18
H H 6Hx1e = 6
3Cxd4e =12
totale- = 36
d. (CH;CO)»,0 [l H o O H [2] Count valence e-.
HccoccH 30x6e=18
H H 6Hx1e = 6
4Cx4e = 16
totale- = 40

1.46 Isomers must have a different arrangement of atoms.

a. Two isomers of molecular formula C3H,Cl

:Cl:

[8] H H (41 H ljl+
H=B—N—H H-B—N—H
H H HoH
14 e~ used Add charges.

(31 H H HH [4 HH HoH
HCCOCCHHCCOCCH
HH HH H H H oH

28 e~ used. Add lone pairs.
3] K Mo
C|:—C—C—N CI:=C—CEN
H H
12 e~ used. Add lone pairs
and xt bonds.

(3] ITI (l) ITI [4] ITl :(“): |T|
H-0-C~C~C~O-H H-0-C-C-C-0O-H
H H H H
22 e used. Add lone pairs

and nt bonds.

Bluo on M wo oy
H—Q—C—O—C—?—H H—?—C—Q—C—CI:—H

H H H H

24 e~ used. Add lone pairs

and &t bonds.

c. Four isomers of molecular formula C3HgN

Py Gy i oH HH
HG-0mGH  Ho—G-gH T
HHH HHH H HH HHHH
b. Three isomers of molecular formula C,H,O lT' l?' 'T' 'T' 'Tl
H—?—N—?—H H-C~C—C—H
0: H | H H | H
:0— ‘0O H :0:
A, H—C—-C—H H\C/O\C/H g AN
—C=C— —uv—UuUT AN |
H=C (u; H [ H H H H

H H
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1.47
Nine isomers of C3HgO:
TR N T T HO: 1 TN
H-C-C~C—H H-GC-C-C—H H-C=C-C-OH H-C=C-C-H H-C=C-C-H H—c|;=c—§—cl:—|-|
H H H H H H HO: H H H H H
H :0—H . .A: H
\C/ H\\C—O: '/O\' |
H\ / \ H | | H_C_C_C_H
Pl H-C~C~H B H
H H H H

1.48 Use the definition of isomers and resonance structures in Answer 1.11.

:0: 0: :0: 00 :0:
CH,
a. b. c. d.
+
5 membered
CgHgO ring
isomers different molecular formula

same arrangement
of atoms
resonance structures

different arrangement
of atoms
isomers

neither isomers nor
resonance structures

1.49 Use the definitions of isomers and resonance structures in Answer 1.11.

ol DS oIS oS!

(CgHq1)* (CgH19)*

(CgHq1)* (CgHq1)* (CgHo)"
B different arrangement  same arrangement  different arrangement different molecular formula
of atoms of atoms of atoms neither
isomers resonance structures isomers
1.50 Use the definitions of isomers and resonance structures in Answer 1.11.
o
a. CH—O-CH,CH; and CH;~C-GH c. E\/b/ and N
i = i
] T Same arrangement of atoms.
two C-O bonds one O-H bond Both have molecular formula (C4H-)".
Different arrangement of atoms. Different arrangement of electrons = resonance structures
Both have molecular formula C3HgO = isomers
b, ] and  CHy~C=C—CHy 4. CHgCH,CHy  and  CHgCH,CH,
H |H
_T molecular formula C3Hg molecular formula (C3H-)~
ring double bond

Different arrangement of atoms.

different molecular formulas = neither
Both have molecular formula C4Hg = isomers
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1.51 Compare the resonance structures to see what electrons have “moved.” Use one curved arrow to
show the movement of each electron pair.

H H
WA L+
a. CH3—C™N—CH, CHz—C=N—CHj
S, !
, {CH, CH,
One electron pair moves = one arrow @
c. -
. L @) =
@ /‘ (|) + Four electron pairs move = four arrows
b. H—C-NH, H—C=NH,

Two electron pairs move = two arrows

1.52 Curved arrow notation shows the movement of an electron pair. The tail begins at an electron pair
(a bond or a lone pair) and the head points to where the electron pair moves.

+
+ T
a. CHy—N=N: CHy—N=N: —
N ¢ CcH CHs
+ ..
o .o CNH, NH,
| + 1l -—
b. CHa—G=CH'CH, CHy—C—CH=CH, & @7 ©/

1.53 Use the rules in Answer 1.15.

<
CHK:?C'):G'* CH ‘(c'):‘(')" - é
a. 3~ 00 3—C=0:-
C

Two electron pairs move = two arrows Two electron pairs move = two arrows
+ ..
+ + . Q(‘?H :(le
b. CHzijH2 CH2_NH2 d. H—C—H H_Q_H

One electron pair moves = one arrow One electron pair moves = one arrow

1.54 To draw the resonance hybrid, use the rules in Answer 1.16.

Charge is on both atoms.
Charge is on both O's. 5 ge!
p Double bond can :0:</
8 0: be in 2 locations. \

I -
a. CH%;—‘QB ..

Double bond can be in 2 locations.

+ Charge is on both atoms.
partial double bond character %‘|_|/ 9
b o 4o -
’ ?HZZI\#HZ ' §*
Charge is on both atoms. C-0 bond has

partial double bond character.
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1.55 For the compounds where the arrangement of atoms is not given, first draw a Lewis structure.
Then use the rules in Answer 1.15.

a. 03

Count valence e™. et N
30x6e =18 ‘0-0=0 0=0-0:
totale- =18

b. NO3 (acentral N atom)
Count valence e~.

iINx5e~ = 5 L om0 D s
= O=N+ QN+ :O—N+
30x6e- =18 " o o ~ \\O"
(-) charge = 1 R e N
total e~ =24
e No Count valence e~. e e T, W 2= P
-l 3Nx5e- =15 N=N=N " ~——= N=N-N:  ~—— :N-N=N
(<) charge = 1
total e~ =16
H :0:H :0: H H :0: H :Of H :0: H :0
d. T T TR L
H—C—C—C—C—C—H

@
|
&)
|
),

N e

g N
7CH2_CH:CH_CH=CH2
Ky KRR K
o| o, ol
g— U —U
+
1.56 To draw the resonance hybrid, use the rules in Answer 1.16.
H H H
+
H CH2 H @ CH2 H C+H2 H CH2 H CH2
S M 7 )
H H H H H H H H H H
H H H

resonance hybrid

—h

CH,=CH—CH=CH-CH,

«Q
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1.57 A “better” resonance structure is one that has more bonds and fewer charges. The better
structure is the major contributor and all others are minor contributors.

éu: . ?f :(|):+
a. CH3—C—0O—CHjs CH3—?+—Q—CH3 CH3—CT)=Q—CH3
3 C-0 bonds 2 C-0 bonds 3 C-0 bonds
no charges 2 charges 2 charges
contributes the most =3  contributes the least = 1 2
CHg CHy CHg

b. CH3—C\:)N—NH2 CHa—C—N=NH, CHy~C—N~—iH,

3 bonds for this N 3 bonds for this N 2 bonds for this N
no charges 2 charges 2 charges
contributes the most = 3 2 contributes the least = 1
1.58
This C would have 5 bonds.
H H H| H ) N invalid
a - b 6. CHyCHy—C=N: ~—= CH,CH,~C=N: d /§go'\ %@(jo'.\
. L . ) G 32 U 32 N . Ay A " T Y
invalid This C would have 5 bonds.

[Note: The pentavalent C's in (a) and (d) bear a (—1) formal charge.]

1.59 Use the rules in Answer 1.20.

3 groups = 120°

cl H H

a. CHgClI C|: C. 120° :C:N\ /4 groups = 109.5° H cl

H/\/\",;IH H e, o

3 groups = 120° H H

4 groups = 109.5° B |

b 120
All C atoms have
4 groups = ~109.5° 4 groups =109.5° 3 groups = 120°.

A
b. HZN—-O—H d. HC=C—C~—OH

) both C /d;l b A 4 109.5
_ . o oth C's surrounded by groups = ~109.5°
4 groups = ~109.5 2 groups = 180°
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1.60 To predict the geometry around an atom, use the rules in Answer 1.19.

(0]
. CH3CH,CH,CH . . ol
4 groups (3 atoms)
trigonal planar
(4 atoms) 9 P % groups
tetrahedral ) (3 atoms)
trigonal planar
b (CHy)N d. ?F4 f. (CHg)sN
4 groups 4 groups 4 groups .
(2 atoms, 2 lone pairs) (4 atoms) (3 atoms, 1 lone pair)
tetrahedral tetrahedral . tetrahedral
(bent molecular shape) (trigonal pyramidal molecular shape)

1.61 Each C has two bonds in the plane of the page, one in front of the page (solid wedge) and one
behind the page (dashed line).

RF

\:
F,CHCIB _C__H
CFiCHCIBr  __C._

4~
Br CI

1.62 In shorthand or skeletal drawings, all line junctions or ends of lines represent carbon atoms.
The C’s are all tetravalent. All H’s bonded to C’s are drawn in the following structures. C’s
labeled with (*) have no H’s bonded to them.

H HH O HHHH H




Structure and Bonding 1-25

1.63 In shorthand or skeletal drawings, all line junctions or ends of lines represent carbon atoms.
Convert by writing in all C’s, and then adding H’s to make the C’s tetravalent.

H I Ro—H
. H C—C H CH
CH~C_ C-C-—H
H/CI; CI;\ ChHs H | H\,-lCH3 O-H
H H\\ /C\I CcC—
H H NIge) H C C™ "\ __H
menthol ¢ HH y HH S Y
(isolated from peppermint oil) C. CHz_ _.C. _C___N__ _C_ d. NOBA A NN
C I N C\ N CH3 1l I ™ HI H
H/;_|H H H H cl:H H\ /C\ //C\ /C\H H
H. _H H/|\OH 0 c|: /C\ |l| H
CHa HH g™ 1 " HoH
C~ .C C. .C ethambutol i
PSPV NS NS ION . estradiol
b. CHs El? H/C\H E H (drug used to treat tuberculosis) (a female sex hormone)
myrcene

(isolated from bayberry)

1.64 In skeletal formulas, leave out all C’s and H’s, except H’s bonded to heteroatoms.

a. (CHg);CHCH,CH,CH(CHa), H

H C.
/ / g \(ﬁ’ Rk | SN . CH3(CHy)2G(CH3)oCH(CH3)CH(CHZ)CH(Br)CH3
H/C\(l://C\H / /
b. CHsCH(CI)CH(OH)CH H
\CI l H H Br
Hol 1 H
)Y /C_C\ ,H /CH3
e CHy—C_  C-C
OH T e — ()
¢. (CHg)sC(CHy)sCHs H o wH

limonene
M (oil of lemon)

1.65 For Lewis structures, all atoms including H’s and all lone pairs must be drawn in.

a. CHyCH,COOH c. CH3COCH,Br e. (CH3)3CCHO  g. CH3COCH,CO,H
1 "o g g o
H—cls—clz—c—g'j—H H-C—C—C—Br: CHz—C—C—H H-C-C-C—-C-0-H

H H H H CHs H H
b. CHzCONHCH; d. (CHg)sCOH f. CHzCOCI h. HO,CCH(OH)CO,H
H o0 H CHa. H O LR
et f A =
H H H CHa H *Q-H
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1.66 A charge on a C atom takes the place of one H atom. A negatively charged C has one lone pair,
and a positively charged C has none.

0 H H H
:0: H
H H H & H
a. b. H})J\{H c. HNH d. CHg
"W H H H
H H H
H H
1.67
CH T H H HH H
EN - + . . -« _CH
CH3 H H CHa
Y CH,

1.68 Examine each structure to determine the error.

This C has 3 bonds.
- CH,CH
a. CH3CH=CH=CHCH, Ol | 2CHs
! c. d. e. CH,CHg
This C has 5 bonds.
This H has 2 bonds. This C has 4 bonds. The

b. (CHz)sCHCH,CH,CH4 It should be HO-. negative charge means a lone

i which ai C 10 elect This C has 5 bonds.
- pair, which gives electrons. It should be CHyCHo—.
This C has 5 bonds.

1.69 To determine the hybridization around the labeled atoms, use the procedure in Answer 1.31.

a. CH3CT§H2 c. (CH3)3?+ . CHz—C=C—H g. CH3CH=C=CH,
4 groups 4 groups 2 groups 3 groups %grtoups
(3 atoms, 1 lone pair) (3 atoms, 1 lone pair) (2 atoms) (3 atoms) épa"?g:z
sp®, tetrahedral sp®, tetrahedral sp, linear _ sp? J
trigonal planar
: d. f. CH,=NOCH
O e e
4 groups 4 groups 3 groups .
(4 atoms) (4 atoms) (2 atoms, 1 lone pair)
sp?, tetrahedral sp®, tetrahedral sp?, trigonal planar

(Each C has 2 H's.)
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1.70 To determine what orbitals are involved in bonding, use the procedure in Answer 1.29.

Csp>—Csp® 0 i Csp2—Osp?

H H -
~—Csp*—Hi1s N 7. Cp=Op
a. ~—Csp®—Csp?® C.
Csp—Csp?
H 0. Csp>—Csp? B
CoppHis—1 /1 CxCp d. H7C=C-C=N<CH,
T T H \0: Csp*—Nsp?
b. ~— Csp>Csp® CspHis . Csp—Csp
n C,—C,
m: C—Cp

1.71 To determine what orbitals are involved in bonding, use the procedure in Answer 1.29.

Osp?-H1s

~H CO,H Csp*-O Csp?—Csp?
0: Csp*-Osp? .(: :(l): : 2 sp>~Osp®  Csp”~Cs o

a. ®CrO,— b. 10
HO ] OH CHg™ -
CsrP—Cép® HO
Csp*—Csp? *
o - Csp™—H1s
citric acid zingerone

(responsible for the tartness

of citrus fruits) (responsible for the pungent

taste of ginger)

1.72
0: Csp—Csp?
m: Cp—Cp Sp sp?
ketene CH,=C=0
0: Csp—Osp?
P CrOp
[For clarity, only the large bonding lobes of the hybrid orbitals are drawn.]
1.73
+ »
CH,=CH o: Csp>—Csp CH,=CH 0: Csp>—Csp?
T 1 m. Cp—Cp T T . Cp—Cp

sp? sp sp?  sp?
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1.74 To determine relative bond length, use the rules in Answer 1.34.

H H
a. QCEC—H QC:C—H <:}c';c:H3 b. H—CEC—CHZ—C:C—é—H
| il d RN

|
H H

H{H H
triple bond double bond single bond ~ Csp—His Cop—H1s Csp®—H1s
shortest middle longest highest middle lowest
% s-character % s-character
shortest  ° Scharacter longest
middle

1.75 To determine relative bond length, use the rules in Answer 1.34.

single bond
NH cl CHj , longer
a. HOM 2 b. BrM ¢ =NTTUNH,
~longer _ longer CHs 1
(N is to the left of O in (Br is below ClI
the second row.) in group 7A.)
1.76
c. shortest, strongest C-C bond
b.and d. bond (1)\
longest, T N = _H
weakest C-C bond (2) T L e strongest C—H bond
single bond o shortest C_c - Bond (1) is @ Csp®~Csp® bond, and bond (2) is a Csp®~Csp? bond. Bond
single bond (2) is shorter due to the increased percent s-character in the sp?

hybridized carbon.

1.77 Remember shorter bonds are stronger bonds. A o bond formed from two sp” hybridized C’s is
stronger than a ¢ bond formed from two sp® hybridized C’s because the sp” hybridized C orbitals
have a higher percent s-character.

1.78 Percent s-character determines the strength of a bond. The higher percent s-character of an
orbital used to form a bond, the stronger the bond.

vinyl chloride chloroethane (ethyl chloride)
CHo=CH—Cl 339, s-character CHy~CH,~Cl
higher percent s-character 25% s-character
Cop? stronger bond Csp?

1.79 a. No, a compound with only one polar bond must be polar. The single bond dipole is not
cancelled by another bond dipole, so the molecule as a whole remains polar.

6+2I:5’:r—¢:|:5_
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b. Yes, a compound with multiple polar bonds can be nonpolar since the dipoles can cancel each
other out, making a nonpolar molecule.

Cl
I
~N'Cl no net dipole
CL/&Q‘CI P

c. No, a compound cannot be polar if it contains only nonpolar bonds. There must be differences
in electronegativity to make a compound polar.

H—H  nonpolar

1.80 Dipoles result from unequal sharing of electrons in covalent bonds. More electronegative atoms
“pull” electron density towards them, making a dipole.

&t & &t &
a. d" BrT—ol o b. NHZTOH c. CHCWNH2 d. |_i6+

1.81 Use the directions from Answer 1.37.

a. CHBr, c. CBry Br /Eir
H e.
| | X net dipole

“CN i - . Br
AR net dipole _Cu.

BrTl ‘B N 'Br no net dipole
' IBr ' Br‘/b\Br

~7.Cl
b. CH3CH20CHZCH3 d CH3 ¢ J@/ i |
V% : Nl . no net dipole
/\O/\ /C£ cI
CHy
Tnet dipole —
net dipole
1.82
1 o and 2 =t bonds
polar bond
o
(essentially) nonpolar

tetrahedral CHJ—CEN :

sp® hybridized ! linear

linear i
= sp hybridized
sphybridized  The jone pair is in an
sp hybrid orbital.

All C—H bonds are nonpolar ¢ bonds.
All H's use a 1s orbital in bonding.
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1.83

a. sp?

b. Each C is trigonal planar; the ring is flat, drawn as a hexagon.

c. H H

H@H [Only the larger bonding lobe
i of each orbital is drawn.]
sp? hybridized C H H
p orbitals on C's overlap sp? hybrid orbitals on C
e. Benzene is stable because of its two resonance structures that contribute
equally to the hybrid. [This is only part of the story. We'll learn more about
benzene's unusual stability in Chapter 17.]
1.84
3 groups
3 groups s 4 grogps
sp? H y trigonal planar sp
- trigonal planar\ H O/H H H tetrahedral
HO ﬁ / CH3
H H C O
4 groups \3 groups
sp® sp?
tetrahedral trigonal planar

(trigonal pyramidal molecular shape)

H H //
J lﬂ 9 lﬂ T /S/ All C-O, C—N, C-S, N-H, and O-H bonds are
HO C—CtN CHg ’ ’ ’ ’
/j;‘:/ polar and labeled with arrows.

b. / e ]
H H NTH2 o TN CHs All partial positive charges lie on the C.
\ H C=0 All partial negative charges lie on the O, N, or S.
H—O/‘\k\ In OH and NH bonds, H bears a &*.
skeletal structure: NH,

NH, \ j;(s
Q)\,( d. ) 6 = bonds

e. 33% s-character = sp? hybridized

H/
H =
— :@E / These C—H bonds have 33% s-character.
HO H
HoO—
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1.85
a,b,c . d. CH,
\ 4 groups
CH3 Sp3
N tetrahedral .
3 groups (trigonal pyramidal mgleCU_lar shape)  constitutional isomer
sp? lone pair in sp® orbital

trigonal planar
lone pair in sp? orbital

1.86 a.

longest C-N bond
H H

'T' H :0: H

| |

C—C—

| .0

H-0. NP N .C—N HH

A T

...C_.C_ C=N C,C—
H-0"">¢” " H RN
- H| H

g
.Q:  shortest longest C-C bond
C—N bond

H

resonance structure

b. The C—C bonds in the CH,CHj groups are the longest because they are formed from sp’

hybridized C's.

c. The shortest C—C bond is labeled with a (*) because it is formed from orbitals with the highest

percent s-character (Csp—Csp?).

d. The longest C-N bond is formed from the sp® hybridized C atom bonded to a N atom [labeled

in part (a)].

e. The shortest C—N bond is the triple bond (C=N); increasing the number of electrons between

atoms decreases bond length.

+
—N—CH,CHg
CH,CH

=N ~T2ts
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1.87
3 groups B 4 groups
C i :CH 3 tetrahedral
CHy  sp? trigonal planar 3  sp°tetrahedra
plot A (The molecular shape is trigonal pyramidal.)
plot B

The blue region is evidence of
the electron-poor cation. The red region is evidence of
the electron-rich anion.

1.88 Polar bonds result from unequal sharing of electrons in covalent bonds. Normally we think of
more electronegative atoms “pulling” more of the electron density towards them, making a dipole.
In looking at a Csp*—Csp’ bond, the atom with a higher percent s-character will “pull” more of the
electron density towards it, creating a small dipole.

33% s-character 6~ &
higher percent s-character —~Csp2—Csp®—
pulls more electron density o/ o
more electronegative 25% s-character

1.89
Isomers of C4Hg:
A " " "
/C\\ /CHS H /C\ /CH3

H\ /C\ /C\ -
C”7 CHyCHq CHy C CHy™ >C H™ SC

| | |
H IH ' CHs CHs

These two compounds are different
because of restricted rotation around
the C=C (Section 8.2B).

1.90 Carbocation A is more stable than carbocation B because resonance distributes the positive charge
over two carbons. Delocalizing electron density is stabilizing. B has no possibility of resonance

delocalization.
+ +
- No resonance structures
+
A B
1.91
H &: HO H
“h) . [1] H )
a. +  HoF + Gl
HO) H +OH :OH

b. @” [2] HH Gl .
3] + H—QI:

X phenol



