Chapterd: Bondingi General Concepts (#SEPRfrom Chapter 5)

CHEM 1411 G istr Chemistry: An/Atoms;First;Approably Zumdati IntrOdUCtion
) A Most of the substances that we encounter in dail
Bond"‘]g: General ConceF life are not elemental substances, but compounds
+ VSEPRS Ch 5 (and frequently, complex mixtures of compounds).
( xom apter ) A Why do elements form compounds in the first place?

Bonding lowers the potential energy between the

Chapter Objectives: charged particles that compose atoms.

AuUnderstand the principal types of chemical bonds. A There are three m:ﬂor ways of modeling bonds
AUnderstand the properties of ionic and molecular between compounds, with varying degrees of
compounds. complexity:
ADraw Lewis dot structures for molecular compounds, i Lewis theory (Lewis dot structures)
including resonance structures.
A(Chapter 5.1) Predict the shape of a molecule using i Valence Bond theory
VSEPRtheory, and determine whether the molecule . .
is polar. i Molecular Orbital theory
Mr:. KiéwinrAABduicdrdaaxux
Angelo StatesUniversityry 1 2
www .angéloedulfaculty/kboudréao
Types of Chemical Bonds Lewis Dot Structures for Elements
A There are three types of bonds A In aLewis dot structure [G. N. Lewis] for an
between elements: element, the valence electrons are written as dots

. . surrounding the symbol for the element.

i lonic bondsresult from a o o
transfer of electronsfrom one i Place one dot on each side first; the remaining do
species (usually a metal) to ' are paired with one of the first set of dots.
another (usually a nonmetal ot e ; . .
polyatomic ion). x i A maximum of two dots are placed on each side.

i Covalent bondsresult from a = I Theunpaireddots indicate where covalent bonds
sharing of electronsby two or @ & iffﬁ‘ can form, or where electrons can be gained or los
more atoms (usually Faras] i Atoms tend to form bonds to satisfy thetet rule,
nonmetals). o having eight electrons in their valence shells.

T Metallic bonds result from a ) . B B B .
ipoolingo e
by two or more metals |nto a . Li Be B c N o F Ne
delocalizecelectron sea s .

lonic Bonds

A lonic bondsform when one atonsansfers one or
more electrons to another atom, producing ions.

A lonic compoundsare compounds that are held
together byionic bondsbetween positivekgharged
cations and negativelgharged anions.

I The ionic bond is the strong attraction between

I O n I C B O n d S the cations and th('é anions.

I The cation and anion are not physically joined
(i.e., they danotform a molecule).

A lonic compounds generally result when a metal
combines with a nonmetal:

i Metal + Nonmetal — ionic compound
i Metal + Polyatomic ion— ionic compound
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The Valence Shell

A The electrons in the outermost walence shellthe
one that has the highest valuenphave the highest
energies, and are on average the farthest away fromr
the nucleus, and so are the ones which are most
exposed to other atoms.

T For mairgroup metals, the electrons lost in
forming cations aréakenfrom the valence shell.

T For mairgroup nonmetals, the electrons gained
in forming anions araddedto the valence shell.

A The innercoreelectrons ifiner shel) do not usually
play a role in chemical bonding.

The Octet Rule

ATheNaandCli onés el ectron cc¢
same as that of the nearest noble gas (the ions are
said to basoelectronicwith the nearest noble gas).
Atoms fAprefero to have
because this is more electronically stable.

A This can be generalized into thetet rule: Main-
group elements tend to undergo reactions that leave
them with eight outeshell electrons.

T That is, mairgroup elements react so that they
attain a noble gas eonfiguration with filleds
andp sublevels in their valence electron shell.

A There are many exceptions to the octet rule, but it is
gsef(;;l for making predictions about some chemical
onds.

Group 4A and 5A Cations

A The Group IV and V metals can lose either the
electrons from the subshell, or from both theand
p subshells, thus attainingop@eudenoble gas
configuration.

4A Sn  [Kr] 552 400 5p?
Sr?t [Kr] 5s2 4dt0
Sttt [Kr] 4d1©

4A  Pb  [Xe] 69 4f14 5d10 6p?
P+ [Xe] 6 4f14 50
PO [Xe] 414 5dL0

5A  Bi [Xe] 6<% 4f14 540 6P
Bi3* [Xe] 6 4f145(L0
BiS* [Xe] 4f145dL0

Formation of lonic Solids

A When an element which gives up electrons easily
(i.e., that has a small ionization energy) comes in
contact with an element that accepts an electron
easily (i.e., that has a large negative electron
affinity), an electron may be transferred, yielding a
cation and an anion.

X ® NS
Na + Cl: — Na + :CI

Na [He] 2& 2pf 3¢
Cl [Ne] 3€ 3P

Na+ [He] 2€ 2pf = [Ne]
Cl [Ne] 32 3p° = [Ar]

A In both cases, we have formed an ion where the nev
valence shell is full, having eight electrons.

8

Group 1A3A Cations

A Elements with similar outer shell configurations form
similar ions.

A For instance, the alkali metals form ions with a +1
charge; thevalencge | ect ron is th

1A Li 1228 Li+ 12
1A Na 1229 2pf 3¢ Nat 1 2g 2pf

1A K 19292139 3pP4ss K+ 1929 2P
39 3pP

A The Group 2A and 3A metals also tend to lose all of
their valence electrons to form cations.

2A Be 1929 Be?t 19
2A Mg 1 29 21p 38 Mg 18 28 21
3A Al 19292pP393pt  Al3* 1829 2p 1

Transition Metal Cations

A Transition metals lose theiselectrons before the
(n-1)d electrons, usually forming 2+ charges. Some
can also lose electrons from their higtetivels.

Fe [Ar]4s23df

Fe* [Ar] 3d¢8

Fe* [Ar] 3d°
00000000060080000800008009

Zn [Ar] 4s? 3d°

Zn2* [Ar] 3d0
00060600006008000600080860829

Ag [Kr] 5st 4dt0

Ag* [Kr] 4d10

12
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Nonmetal Anions and Noble Gases Lewis Structures of lonic:cCompounds

A The Group 4A 7A nonmetals gain electrons until 1.Use Lewis structures to gredict the formula of the
their valence shells are full (8 electrons). ionic compound formed by the following elements.

4A C 19292 C+ 12 22 2p8 a. CaandCl
5A N 1g282p N3 1929 2p°
6A O 1g292p 0% 1929 2p°
TA F  19292p F 1g2z2pf b. CaandsS

A The Group 8A noble gases already possess a full
outer shell, so they have no tendency to form ions.

8A Ne 12222pf c. NaandS
8A Ar 1282p°323p°

13 14

Examples: Predicting/lon‘Configurations Examples: Predicting/lon‘Configurations

2. Predict the ?rourw;ltate electron configuration for 3. What 2+ ion has the groursiate electron
each of the following ions, and state whether they configuration 122p°33pf3d0 ?
are diamagnetic or paramagnetic.
a. R&*
b. La%*, La¥*
c. Mn#, Mn3*
d. Niz
e. Ti#
f. N
g. Te*
15 16
Periodic Properties of lon8 lonic Radius Periodic Properties of lon8 lonic Radius
A Cationsaresmaller than their parent atoms, since Li, b ) b
electrons are being removed from the valence shell. @ o O g

60 31
140 136

A Anions arelarger than their parent atoms, since e

e repulsions increase when electrons are added. Nt Mgt A

A The greater the positive charge, the smaller the ionic @ o 5 3
radius (e.g., Fe < Fe). » o * 154 181

A Trends in ion size are the same as for neutral atoms Kot Gt
T lonic radius increases down a group. \J Q se B
1 lonic radius decreases for cations across a period 133 9 2 198 195
T lonic radius decreases for anions across a period. RY*SA Wt s s

A Isoelectronic ions decrease in radius as the number J Q Tet -
of protons increases. el S

17 18

Figure 4.8 221 216
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Radii of Atoms and Their Cations (pm)

Radii of Atoms and Their Anions (pm)

Group 64

Groep TA

)

-
9
9P

e T 34 T3

¢ @
@ e

Energy Changes in the Formation of NaCl
A The energy changes in the formation of NaCl from
Na(s) and G{g) are shown itrigure 4.9
I Step 1: sublimation of Li(s) to Li(Q):
Li(s) Y Li(g) AH =+161 kJ/mol
1 Step 2: ignization of Li(g) into Li(g) ions:
Li(g) Y Li*(g) +e AH = +520 kJ/mol
I Step 2: dissociation of [{g) into F(g) atoms:
%R(a) Y F(g) AH = +77 kd/mol
I Step 4: addition of eto F(g) to form Kg) ions:
F(g) +eY F(g) AH =-328 kJ/mol
A The total so far:

Li(s) + %R(g) Y Li*F(g);  AH =+430 k/mol

Born-Haber Cycle for the Formation &iF
Li*(g) + F(g)
Lit(g) +1Fs(e) 177 KI(3) \
4 328 kJ(4)

+ .
520 kJ(2) Li"(g) +F(g)

Li(g) +1 Fy(g)
A

S e
E 161 kJ(1) Li(s) + 1Fs(g) )7 :Qﬁ':Jw
— l"‘"&"’"?

-1047kJ(5) TT$L
| .:ﬁ',:’,;;g‘

&

—617 kJ =— Overall

change

Ol LiF(s)

Figure 4.9, 4.10

Examples: Predicting:Periodic: Trends

4a. Arrange the following ions in order of increasing
size: G, P>, &, As>.

4b. Which species is larger, Na or Ia
4c. Which species is larger, Br or Br
4d. Which species is larger, Bror Srf*?
4e. Which species is larger, Rbr Br?

4f. Arrange the following in order of increasing size:
cat, &, Ar, K*, CF.

20

Energy Changes in the Formation of NaCl

ABut we donét find LiF i
really hot outside!):

i Step 5: formation ofsolid LiF crystals from
isolated Lt and Fions in the gas phase:
AH =-1047 kJ/mol.

A Revised total:
Li(s) + ¥R(g) Y Li*F(s);  AH=-617 kJ/mol

i Since this is a release of energy, this is a much
more favorable energetic process.

i The energy change in step 5 drives the overall
process of the formation of LiF.

22

Lattice Energy

A The energy change in step 5 is calledlsice
energy(AH.1icd, the energy change associated with
the formation of a crystal lattice from isolated ions
in the gas phase. It is the result of the electrostatic
interactions between ions, and thus it is a measure ¢
the strength of the ionic bonds in an ionic crystal.

A lonic solids exisbnly because the lattice energy
drives the energetically unfavorable electron
transfer. The energy required for elements to gain
or lose electrons is supplied by the electrostatic
attraction between the ions they form.

24
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Born-Haber Cycle for the Formation dfaCl

Na*(g) + Clig)

© Addition of
Ay ‘electron to gaseous.
chlorine

AR ©anization of
o3 ‘gaseous sodim

© Formation of crystalline
- . & © Fomation of solid from gaseous ions

from sobd sodium A = A

P Enthalpy change
in formation of

arr; [l sodium chioride
from sodium
and chlorine
¥ NaCls) y =

Trends in/Lattice Energy

231pm 239pm
241pm

A A spe
(anasse NaF -923
/6pm LiCl -834 CaO -3414
NaCl -787
KCl -701
CsCl -657
}‘—’|314wn
|‘—’|548pm 27

Properties of lonic Compounds

A A typical ionic compound such as rock salt (NaCl)
is hard ( doesnugl deortsndt ben
brittle (cracks without deforming).

A The attractive forces in ionic compounds hold the
ions in specific positions; moving the ions out of
position requires overcoming these forces, so the
sample resists denting and bending.

—:

Repulsive

External force
Crystal
force cracks

R-plt-:8

29

Trends in/Lattice Energy
A The forceF that results from the interaction of
electric charges is described®po ul o mb 6 s
7
Fek g
wherek is a constantz; andz, are the charges on the
ions, andl is the distance between their centers.
A The lattice energy is the foréetimes distance:
AHIattice =Fd =k zchzz
i As the size of the ions increasdfecomes
larger, and the lattice energy decreases.

i As the magnitude of the cation and anion charge
increases, the lattice energy also increases (NaF
-923 kJ/moI MgO =3916 kJ/mol).

26

Properties of lonic Compounds

A The onositer charged ions are attracted to each
other byelectrostatic forcegorming anionic bond.

I The substance that forms isianic solid.

i The solid consists of a threimensional array
called acrystal, which consists of cations
surrounded in some fashion by anions

Properties of lonic Compounds

A lonic comf)ounds have very high melting points
(NaCl melts at 80°C, MgO melts at 285€), and
extremely high b0|I|ng points, because it takes a lot
of heat ener%y to overcome the electrostatic
interactions between cations and anions.

MP (°C) | BP (°C) [J

CsBr 636 1300

-
Nal 661 1304 e

MgCl, 714 1412 NaCllts) )
KBr 734 1435

CaCl, 782 >1600

NaCl | 801 | 1413 »
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Properties of lonic Compounds

Solid ionic compounds do
not conduct electricity, =
because the ions are not free
to move.

-

When melted, or
dissolved in water,
the ions are free to
move, allowing
electn(:lty to be
conducted through
the solution.

Covalent Bonds

Share and Shane-Alike

33

Covalent’'Bonding and Potential Energy

A When two isolated H atoms approach each other, th
potential energy ioweredd energy igeleased
when an Hmolecule forms.

A Pushing the nuclei any closer causes the potential
energy to rise.

Figure 4.1

32

Covalent’'Bonds

A Covalent bondsresult from the sharing of electrons
between atoms.

A As two isolated H atoms move closer together, the
two positivelycharged nuclei repel each other, and
the two negativehcharged electrons repel each
other, but each nucleus attracts both electrons.

A At some point, the attractions between the nuclei an
the electrons are balanced against the repulsions
between the nuclei and between the electrons.

i The shared electrons bind the ==
two nuclei together into anH .
molecule s

i The shared electrons act like they
belong tobothatoms in the bond.

——| bond length

Covalent’'Bonding and Potential Energy

A The optimum distance between nuclei where the
attractive forces are maximized and the repulsive
forces are minimized is called thend length.

(For H,, the bond length is 74 pm.)

A In H,, the highest probability of finding electrons is
in the space between the H nuclei.

i The increased attractive forces in this area help tc
lower the potential energy of Helative to
isolated H atoms.

36
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Single Covalent Bonds
H+H — H:Ho H—H

H + |: — H:Fz or H—F:
|: + F — FF or F—F
H+0 +H -~ H:Q:H or H—Q—H

A Theshared pairof electrons aréonding pairs.

A Theunshared pairsf electrons aréone pairsor
nonbonding pairs.

Na* CI- ionic bond
HO H covalent bond

37

Double and Triple Covalent Bonds

A Atoms can also share two pairs of electrons to form
adouble bond Each oxygen atom in the last
structure below has an octet of electrons:

o +0 — 0-0 —0=0
i Double bonds are shorter and stronger than singl¢

bonds.
A 'lI)'hedsharing of three electron pairs forntsile
ond:

N + N —— :N=N:

T Triple bonds are even shorter and stronger than
double bonds.

39

Electronegativity

A Electronegativity is the ability of an atom in a
molecule to attract shared electrons to itself.
[Linus Pauling, 1939, Nobel Prize 1954, 1963]

A Electronegativi% is a periodic property, and
increases from bottom to top within a group and
from left to right across a period. (Electronegativity
is inversely related to atomic size.)

Trends in Electronegativity
41

Examples: Forming Covalent Bonds

1. What is the formula for the simplest compound
(i.e., containing only single bonds) formed by
chlorine with the following elements:

a. nitrogen
b. silicon

c. selenium

d. bromine

38

Polar Covalent' Bonds

A In reality, fully ionic and covalent bonds represent
the extremes of a spectrum of bonding types.

A Most covalent bonds aolar covalent bonds in
which the electrons are shanagequally but are not
fully transferred from one atom to the other.

A In polar bonds, one atom hapartial negative
charge(8’) and the other atom hagpartial positive
charge(8*).

H—F or H—F

JJ

JJ =Y

]
) 9 9 | Figure 4.4

Electronegativity Values'(The Pauling Scale

A The atom in a bond with the larger electronegativity
value has the partial negative charge.

A The atoms with the smaller electronegativity value
has the partial positive charge.
+— 57 &
H—F or H—F

Figure 4.3
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Electronegativity and Bond Polarity

A A polar bond is one where the difference in
electronegativity is intermediate:

AEN =0.60.4 (small)
AEN = 0.42.0 (intermediate)Polar covalent
AEN > 2.0 (large) lonic

Nonpolar covalent

A A polar covalent bond
can be thOU ht Of as TABLE 4.1 7 The Relstionship Between Electronsgativity and Bond Type

Electronegativity Diffarance

havingpartial covalent "z s Bond Type

characterandpartial = G
ionic characer: the \ l
greater the\EN of the

atoms, the larger the | | l
ionic character of the Lo o
bond. "

Electronegativity and Bond Polarity

The Continuum of Bond Types

- P N ’ 5
Pure (nonpolar) Polar fonichond
covalent bond | covalent bond | omerer
& ™ +
3 - 8 +
\ A |
«
Electrons shared Electrons shared Electrons
equally unequally transferred

| | 1
| | |
4 h

k + + 1
0.0 0.4 2.0 33
Electronegativity difference, AEN

Molecular Shape and Polarity

A In molecules with more than one botite shapand
the polarity of the bonds determine whether the
molecule is polar (more later, after we cover VSEPR)

200 m('

(a)

Figure 4.5

H d
@ 9
H J

Figure 4.6 (,, ) “

Electronegativity and Bond Polarity
Na“ CI”  Anionic bond @ .

80% ionic
20% covalent

M H—c®
:Cl 83% covalent ‘
I‘ ! ;( ] 17% ionic

.9 _

= A polar covalent bond.
The bonding electrons are attracted
more strongly by Cl than by H.

(oo

- 5=

Cl:Cl A nonpolar covalent bond
100% covalent

Molecular Shape and Polarity

A For diatomic molecule, the polarity of the molecule
depends on the polarity of the only covalent bond: i
the bond is polar the molecuteustbe polar.

j No net dipole moment
Q0O >6

Nonpolar bond
‘ Net dipole moment J
S — &t &=
+ > 4
@".—‘0 Low electron _—— ‘F‘ >~ High electron
\ density density
Polar bond 46

Examples: Nonpolar/Polar //lonic Bonds

2.Determine whether the bond formed between each
of the following pairs of atoms is a nonpolar
covalent bond, a polar covalent bond, or an ionic
bond. (sim. to Ex. 9.3)

a. NaandCl
b. CandClI
c. NandCl
d. Nand O
e. SrandF
f. Cland Cl

48
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Electronegativity and Bond Polarity Dipole Moment.and Percent lonic.Characte
A In the period 3 chlorides below, as the difference in A Bond polarity is expressed numerically adifole
electronegativity 4EN) increases, the bond becomes moment, u, which occurs when there is a separation
m(l)rde c(ovalel?t; we move fﬁmbtigh%ound IionicI g between a positive and negative charge.
solids (NaCl) to more weakly bound covalent liquids _
(SiCl,) to even more weakly bound gases,(Cl A The unit of dipole moment is tiiebyg D (1 D =

3.34 10 Cm)

A By comparing the measured dipole moment of a
bond to what the dipole moment would be if the
electron were completely transferred from one atom
to the other, th@ercent ionic characterof the bond

e ‘%’ = e can be determined.
wet was ] H : i A bond in which an electron is completely

transferred would have 100% ionic character.

i In general, bonds with greater than 50% ionic
character are considered to be ionic bonds.

25
20
3 s
g
10
05

0.0001
VNG AT, PO T NG MG PO, Ty 00NaG mich Poiy

C, 49 50
MgCl, SIC1, §,Cl, MgCl, SICI, 8,01, MgCl, SICI, S,C1y
Dipole Moment.and Percent lonic Characte Properties of Molecular Compounds
. | A lonic bonds ar@ondirectiona) and hold together an
. cakpr ke entire array of ions in a crystal lattice. Covalent
‘ B o bonds arefirectional and hold specific atoms
5 B together in a molecule.
E - A Molecular compounds are generally gases, liquids,
£n T or low-melting solids. The covalent bonds within
1L P molecules are very strong, but the attractive forces
% 1 2 5 Figure 9.12 between the separate molecules are fairly weak.
Electronegativity difference
) ) @ CsMpalg) :
A A thin stream of a polar Water oo o 2
solvent, such as water, (H,0) (CeHyg) > X
is deflected by a static polar nonpolar B i
electric charge, while a —_—

nonpolar molecule, sucl
as hexane, is not.

p—

ol

Strong covalent bonds | | Weaker intermolecular forces
within molecules between molecules 52

Metallic Bonding: The Electron Sea Mode

A In a solid metal, each metal atom donates one or
more of its valence electrons to formelactron sea
that surrounds the metal atoms.

i Metals conduct electricity
because the electrons in the
electron sea are free to move
around.

I Metals conduct heat because
the electrons help to disperse
thermal energy throughout the

B metal

e sea

I Metals are malleable and
ductile because there are no
localized bonds between the
metal atoms, allowing the
metal to be deformed easily.

53 54
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Lewis Structures

Drawing the:-Line

55

How To Write'Lewis Structures
1. Determine the total number of valence electrons
from all of the atoms in the molecule or ion.
A Add one electron for each unit of negative charge.
A Subtract one electron for each positive charge.
2. Write the correct skeletal structure.

A For molecules of the formulaB,, place the least
electronegative element in the center, and the
more electronegative elements in the terminal
positions.

A H s always a terminal atom, and NEVER a
central atom, since it can only form one bond.

A Draw single bonds between pair of bonded atoms

A -dsAA A A

57

Formal Charges
Formal charge=valencee i (Y2bondinge) i (lone paire)

A Formal chargeis the difference between the
number of valence electrons on the free atom and tr
number of valence electrons assigned to the atom ir
the molecule.

T The sum of the formal charges must equal the
charge on the species.

i Smaller formal charges are better (more stable)
than larger ones.

i Like charges on adjacent atoms are not desirable

T When a formal charge cannot be avoided,
negative formal charges should reside on more

electronegative atoms.
59

The Localized Electron Bonding Model

A The simplest model of chemical bonding is the
localized electron (LE) model

i Electron pairs are assumed to be localized on
Bartlcular atomslgne pairs) or in the space
etween those atombdnding pairs).

i The locations of the valence electrons are
described usingewis structures.

I Using the Lewis structure, the 3D shape of the
molecule can be predicted using 8EPR
model.

i The types of atomic orbitals used by the atoms to
share electrons or hold lone pairs is described in
valence bond (VB) theoryandmolecular
orbital (MO) theory .

56

How To Write ' Lewis Structures

3. Distribute the remaining valence electrons, giving
octets to as many atoms as possible.

A Place the remaining electrons as lone pairs on the
terminal atoms first.

A Once all of the terminal atoms have 8 electrons
(or 2 for H), place any remaining electrons on the
central atom.

4.1f any atoms lack an octet, form double or triple
bonds as necessary.

A This is done by moving lone pairs from the
terminal atoms in between the terminal atom and
the central atom.

A Theformal charge can be used as a guideline for
placing double bonds.

58

Examples: Lewis Structures

1. Write Lewis structures for the following molecules.
a. CH,

b. NH,
c. NH,*
d. ccl,

e. H,0,

60
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Examples: Lewis Structures

1. Write Lewis structures for the following molecules.

f. CCLF,
g. H,S
h. C,H
i. CH,
. CH,

61

Examples: Lewis Structures

1. Write Lewis structures for the following molecules.
0. Og

Neither of the two Qstructures is correct by itself.

63

Resonance Structures

A This molecule is shown more correctly with two
Lewis structures, calleesonance structureswith
a twoheaded arrowT() between them:

©} ®
o
o N
&

fre) . .
& =507 )
Bond order = %/,

A DO NOT USE THE STRAIGHT, DOUBLE -HEADED ARROW (T ) FOR
ANYTHING ELSE!

A Resonance structures are not real bonding
depictions O;does not fAchange
between the two structures; the actual molecule is a
hybrid of the two forms depicted.

65

Examples: Lewis Structures

1. Write Lewis structures for the following molecules.

k. CO,
. HCN
m COCl,

n. acetamide, ¢HH;NO

62

Resonance Structures

Whemn. /OnervlewisStructure Ai

A When there is more than one valid Lewis structure
for a molecule, the actual electronic structure is an
averageof the different possibilities, called a
resonance hybrid

A Resonance forms diffemly in theplacement of the
valence electronsiot the positions of the atoms!

AOzone does not have a f
fireal o single bond; the
are identical, and are between those of &nGD

bondandanO=Oboritl a f-andeh al f 06 b

4
A % =0—{} ] —ti=0:

64

Delocalized Electrons,and Charges

A In these resonance structures, one of the electron
pairs (and hence the ne
or delocalizedover the whole molecule.

i In contrast, the lone pairs on the oxygen in water
arelocalizedd i . e . , theydre si

A Resonance delocalization stabilizes a molecule by
spreading out charges, and often occurs when lone
pairs (or positive charges) are located next to double
bonds.

A (Resonance plays a big role in our understanding of
structure and reactivity in organic chemistry.)

A A more accurate depiction of electron distribution is
found inmolecular orbital (MO) theory

66
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Resonance Structures in Benzene

A Another molecule in which resonance is important is
benzene, ¢Hg, which has two resonance structures
with alternating single and double bonds. The actua
bond order of the carberarbon bonds in benzene is

1.5.
H
| |
AN /C\C/H H\C/C\ M
Il | -~ | Il
z X
Ho NG TNy N e
| |
H H

67

Examples: Lewis Structures With:Resonan(

2. Write Lewis structures for the following molecules,
including resonance structures.

a. OCN
b. CO2
c. NO;

d. CHO;

69

Examples: Exceptions to the Octet Rule

3. Write Lewis structures for the following molecules,
including resonance structures, if necessary.
(Beware! The formula alone d
lone pairs on the central atom!)

a. NO
b. NO,
c. BFR;

d. Sk

A Resonance Analogy

Blue horse R(;d. dor;l;ey Purple Mule

A A mule is not sometimes a horse and sometimes a
donkey; itds always one
purple is not sometimes red and sometimes blue.

A A real person can be described as having
characteristics of two or more fictional characters.
The fictional character
person does.

68

Exceptions to the' Octet Rule, Part 1

A Electron deficient species, such as beryllium (Be)
and boron (B), can have fewer than eight electrons
around them, but have zero formal charge.

A Free radicals(or justradicals, or odd-electron
moleculeg contain an odd number of valence
electrons. Radicals always have an unpaired
electron, and are paramagnetic. These species are
usually unstable, and are extremely reactive.

A Expanded octetsare found on atoms that have more
than eight electrons around them. Nonmetals from
period 3 or higher, such as sulfur and phosphorus,
can get around the octe
electrons into empty orbitals. [more later]
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VSEPR Theory

GettingjinShiape
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The VSERR Model

A In the VSEPR model, the shape around an atom is
determined by minimizing electregmair repulsions.
The bonding and nonbonding pairs around a given
atom will be positioned as far apart as possible.

i Every group of electrons, whether in a bond or a
lone pair, counts as a electron group. (Multiple
bonds count as one electron group. 5)

I There are fiveelectron-group shapesn the
VSEPR model, based on the positions of all of the
electron groups around the central atdond
and lone pairg

I Themolecular shapeis the threadimensional
shape of thenolecule based on the positions of
theatomsaround the central atom.
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Two Electron Group8 Linear
A Two electron groups:
electrongroup shape #near

1 2 bonds, 0 lone pairs:
molecular shape knear, 180°

: I C :0=—c=—o0:

Chapterd: Bondingi General Concepts (#SEPRfrom Chapter 5)

Youéve Just Cross

e Jhird Dimensin

AThe LeW| s structures we
how the atoms are connected, not what their
arrangement in space is.

A The approximatenolecular structure, the three
dimensional arrangement of the atoms in a molecule
can be predicted from the Lewis dot structure using
theValence Shell Electron-Pair Repulsion
(VSEPR) model,

A The 3D shape of a molecule is important in
determining its overall polarity, chemical behavior,
and is particular for biologically important
molecules, which often have complex and specific
3D shapes.
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VSEPR ElectroiGroup Shapes
/,180?\\ o
& 0 ‘o 1?0“

Linear Trigonal Tetrahedral Trigonal Octahedral
planar bipyramidal

A Balloon Analogy forthe VSEPR Model

ool § 4

Shapes: 'Three Electron Groups

A Three electron groups:
electrongroup shape #rigonal planar

i 3 bonds, 0 lone pairs:
molecular shape trigonal planar, 120°

i 2 bonds, 1 lone pair: % i
molecular shape bent, < 12C° -

®
\/’ N Figure 5.5Electron clouds in
. 20 <120° lone pairs (b) take up more
trigonal planar bent room than those in covalent
bonds (a) ; this causes the oth
atoms to be more squashed
together.)


MOV SIL VSEPR Theory.mov
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Shapes:’ Four Electron Groups

Using VSEPR to Predict the Shapes of Molecules

Shapes: Three Electron Groups
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Shapes: Four Electron Groups

A Four electron groups:
electrongroup shape tetrahedral

i 4 bonds, 0 lone pairs:
molecular shape tetrahedral, 109.5

i 3 bonds, 1 lone pair:
molecular shape trigonal pyramidal , <109.5

i 2 bonds, 2 lone pairs:
molecular shape bent, <109.5

tetrahedral trigonal pyramidal

Shapes:’ Four Electron Groups

H—N—H g &
> H & / N " g//“ 9
w 9
H—O—H
>
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Lane pair
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Methan, Ammon Water

Molecular Shape and Polarity

A In molecules with more than one botite shapend
the polarity of the bonds determine whether the
molecule is polar

i For example, C@is nonpolar, even though it )
contains polar bonds, because the polar bonds poi
180° from each other.

290 999

(a) (b)

Figure 4.5 84


3D Models/Sulfur Dioxide.MOL
3D Models/Formaldehyde.MOL
3D Models/Methane.MOL
3D Models/Ammonia.MOL
3D Models/Ammonia.MOL

Determining Molecular Polarity
A To determine whether a molecule is polar:

T Draw a Lewis structure for the molecule and
predict its shape using VSEPR theory.

I Determine whether the molecule contains polar
bonds. If the molecule contains polar bonds,
superimpose a vect ), pointing towards
the more electronegative atom of each bond.

| Determine whether the polar bonds add together
to form a net dipole moment by adding the
vectors corresponding to the polar bonds togethel
If the vectors sum to zero, the molecule is
nonpolar, but if there is a net vector, the molecule
is polar.
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Determining Molecular Polarity

== g

Carbon dioxide

Carbon tetrachioride Chloroform

87

Examples: .Shape and Polarity

1. Write Lewis structures for the following molecules
and determine their shape. State whether or not the
molecules will be polar.

a. BR;
b. NH,

c. Sk
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Determining Molecular Polarity

TABLE 10,2 Common Cases of Adding Dipole Moments to Determine whether a
Molecule Is Polar

e mokeale il e polr
" ! 86
Copyright © 2008 Pearson Prentice Hall, Inc.

Physical Properties of Polar'Molecules

A The polarity of molecules has a large effect on their
chemical and physical properties:

i Polar molecules attract one another more strongly
than nonpolar molecules do, and generally have
higher boiling points.

i Polar molecules interact with each other more
than they interact with nonpolar molecules, which
is why a mixture of oil (nonpolar) and water
(polar) separates into two layers.

- .

Examples: .Shape and Polarity

1. Write Lewis structures for the following molecules
and determine their shape. State whether or not the
molecules will be polar.

f. PR

g. HCN
h. Sbg
i. Xek

j. XeFk,
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Expanded Octets:
Lewis Structures,
VSEPR and Polarity,
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Shapes:’ Five Electron Groups
A Five electron groups:
electrorgroup shape trigonal bipyramidal

T 5 bonds, 0 lone pairs:
molecular shape trigonal bipyramidal ,
120 (equatorial), 9C° (axial)

T 4 bonds, 1 lone pair:
molecular shape seesaw
<12C (equatorial), <9 (axial)

T 3 bonds, 2 lone pairs:
molecular shape ¥-shaped <90°

T 2 bonds, 3 lone pairs:
molecular shape knear, 180°
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Shapes: Five Electron Groups

:Cl: =
L
:(:;:|—p—(:;:|: :F_T_Fi
Thiee 90" lone pait-bonding Two 90° lone pait-bonding
pair repulsions pair repulsions.

Equatorial chlorine
Axial chlorine

Exceptions to'the Octet Rule, Part 2

A Expanded octetsare found on atoms that have more
than eight electrons around them. Nonmetals from
period 3 or higher, such as sulfur and phosphorus,
can get around the octe
electrons into emptyl orbitals.

92

Shapes: ' Five Electron Groups

eq = equatorial
ax = axi &

trigonal bipyramidal

:ﬁ?
NS

T-shaped linear 94

seesaw

Shapes:’ Five Electron Groups

F—Br—F |:—x9—|:
:!:.:
% >
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3D Models/Phosphorus Pentachloride.MOL
3D Models/Sulfur Tetrafluoride.MOL
3D Models/Chlorine Trifluoride.MOL
3D Models/Triiodide Ion.MOL

Chapterd: Bondingi General Concepts (#SEPRfrom Chapter 5)

Shapes: ' Six Electron Groups

A Six electron groups:
electrongroup shape oactahedral

i 6 bonds, 0 lone pairs:
molecular shape sctahedral, 90°

T 5 bonds, 1 lone pair:
molecular shape sguare pyramidal, <90°

T 4 bonds, 2 lone pairs:
molecular shape sguare planar, 90°

octahedral square pyramidal square planar o7

Using VSEPR to Predict the Shapes of Molecules

Electron-Group ;| Lone ¢ g 3 | Molecular Bond Hybrid
= Bonds? | Lo | AXGES | ORI | angles | Potaritr | (0L | Appearance
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Examples: Exceptions to the Octet Rule

1. Write Lewis structures for the following molecules,
including resonance structures, if necessary. Predic
the shape of the molecules, and whether or not the
molecules are polarBEware! Th e f or mul ¢
tell you how many lone pairs on the central atom!)

a. SO,
b. SF,
c. SK

d. H,SO,
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Shapes: ' Six Electron Groups
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Examples: Exceptions to the Octet Rule

1. Write Lewis structures for the following molecules,
including resonance structures, if necessary. Predic
the shape of the molecules, and whether or not the
molecules are polarBéware! Th e f or mul ¢
tell you how many lone pairs on the central atom!)

e. POC}L
| P Py
g. Xek,

h. XeF,
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