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Chemical BondsChemical Bonds

• Three basic types of• Three basic types of 
bonds:

IonicIonic
• Electrostatic attraction 

between ions
Covalent

• Sharing of electrons
MetallicMetallic

• Metal atoms bonded to 
several other atoms



Ionic BondingIonic Bonding



Energetics of Ionic BondingEnergetics of Ionic Bonding

Previously, it was 
noted that the 
ionization energy for  
sodium is 495 
kJ/molkJ/mol. 



Energetics of Ionic BondingEnergetics of Ionic Bonding

349 kJ/mol of that 
energy needed to 
ionize a sodium 
atom is supplied 
by giving electronsby giving electrons 
to chlorine. 
That energy isThat energy is 
called the electron 
affinity.a ty



Energetics of Ionic BondingEnergetics of Ionic Bonding

• But these numbers 
don’t explain why 
the reaction of 
sodium metal and 
chlorine gas tochlorine gas to 
form sodium 
chloride is sochloride is so 
exothermic!



Energetics of Ionic Bondingg g

• The missing• The missing 
energy, which is 
unaccounted for, is ,
the electrostatic 
attraction between 
the newly formed 
sodium cation and 
chloride anionchloride anion.



Lattice EnergyLattice Energy
• This third piece of energy is the lattice 

energy:
The energy required to completely separate a mole 
of a solid ionic compound into its gaseous ionsof a solid ionic compound into its gaseous ions.

• The energy associated with electrostatic 
interactions (the forces which hold the crystalinteractions (the forces which hold the crystal 
lattice together) is governed by Coulomb’s 
law: Q Q

Eel = κ
Q1Q2

d
where:  Q1 and Q2 are the charges of the ions

d is the distance between them 



Lattice Energygy
• Since lattice energy is a function of the charges on the 

ions then lattice energy increases with the charge onions, then lattice energy increases with the charge on 
the ions. 

(compare Group I with Group II compounds.)

• Lattice energy 
also increases 
with decreasing 
size of ions.
(compare Li thru Cs( p
compounds)



Energetics of Ionic BondingEnergetics of Ionic Bonding

By accounting for allBy accounting for all 
three energies 
(ionization energy, ( gy,
electron affinity, and 
lattice energy), we 
can get a good idea 
of the energetics
involved in the ionicinvolved in the ionic 
bonding process.



Ionization of Na →

← Electron affinity of Cl

Ionization of Na →

Conversion of Cl2
to 2 Cl →

Conversion of solid 
Na to gaseous Na  →

Energy of net reaction →



Energetics of Ionic BondingEnergetics of Ionic Bonding

• These phenomena 
also helps explain the 
“octet rule ”octet rule.

• Metals for instance tend to stop losing electrons• Metals, for instance, tend to stop losing electrons 
once they attain a noble gas configuration 
because energy would be expended that cannotbecause energy would be expended that cannot 
be overcome by lattice energies.

• Once a noble gas configuration is obtained, the 
ion is said to be isoelectronic with the noble gas.



Covalent BondingCovalent Bonding



Covalent BondingCovalent Bonding

• In these bonds atoms• In these bonds atoms 
share electrons.

• There are severalThere are several 
electrostatic interactions 
in these bonds:

Attractions between 
electrons and nuclei
Repulsions between 
electrons
Repulsions between nucleiRepulsions between nuclei



Lewis Structures

Lewis structures are representations of 
molecules showing all electrons, bonding 
and nonbonding.
The shared electrons can be represented 
by a pair of dots or a single dash



Multiple Covalent BondsMultiple Covalent Bonds
• Atoms can share more 

than a single pair ofthan a single pair of 
electrons

• A double bond is the 
result of two atoms 
sharing 4 electrons (2 
electron pairs)

Oxygen has a double bond

electron pairs)
• A triple bond is the 

result of two atoms 
sharing 6 electrons (3 
electron pairs)

Nitrogen has a triple bond

NOTE: In reality, the electron pairs are not lined up as 
diagrammed above, they are arranged in 3-dimensional space



Multiple Bonds and Bond LengthMultiple Bonds and Bond Length
• As the number of bonds 

between two atomsbetween two atoms 
increases, the bond 
length decreases.

Bond      Bond length

C C 1 54Å• A single bond is longer 
than a double bond.

Thus, a double bond is 

C–C    1.54Å

C C 1 34Å
us, a doub e bo d s

stronger than a single 
bond.

• A double bond is longer

C=C    1.34Å

C≡C 1 20ÅA double bond is longer 
than a triple bond

Thus, a triple bond is 
stronger than a double

C≡C    1.20Å
stronger than a double 
bond.



Polar Covalent BondsPolar Covalent Bonds

• Although atoms often• Although atoms often 
form compounds by 
sharing electrons, the g ,
electrons are not 
always shared equally.

• Fluorine pulls harder on the electrons it 
shares with hydrogen than hydrogen does.

• Therefore, the fluorine end of the molecule 
h l t d it th th h dhas more electron density than the hydrogen 
end.



Polar Covalent Bonds
• When two atoms share 

electrons unequally a bondelectrons unequally, a bond 
dipole results.

• The dipole moment, μ,The dipole moment, μ, 
produced by two equal but 
opposite charges separated 
by a distance, r, is 
calculated:

μ = Qr
Where Q is the charge = 1.6 x 10-19 coulomb

• It is measured in debyes (D)• It is measured in debyes (D).
1D = 3.34 x 10-30 coulomb-meter



Polar Covalent BondsPolar Covalent Bonds
• This unequal sharing of 

electrons was studied by Linuselectrons was studied by Linus
Pauling (1901-1994) in a series of 
papers published in 1931-1932

• In 1932, Pauling proposed a 
relative electronegativity scale: 

COORDINATES OF ELEMENTS ON THE ELECTRONEGATIVITY SCALE

H 0.00 Br 0.75
P .10 Cl .94
I .40 N .95
S .43 O 1.40
C 55 F 2 00C .55 F 2.00

J. Am. Chem. Soc. 54 (September 1932): 3570-3582



Electronegativity:Electronegativity:
• The ability of atoms in a 

l l t tt tmolecule to attract 
electrons to itself.

• Electronegativity valuesElectronegativity values 
range from 0 to 4.0

• On the periodic chart, 
l i ielectronegativity 

increases as you go…
…from left to right…from left to right 
across a row.
…from the bottom to 
the top of a column.



Electronegativity:Electronegativity:



Electronegativity and Bond Polarity
• A pure covalent bond and an ionic bond are the two 

extreme cases.  In general, as the electronegativity 
diff b t t t i thdifference between two atoms increases, the 
percent ionic character of the bond increases.

Covalent  •••••••••••••••••••••••••••••••••••••••••••••••••••••••••••••••• Ionic

⇒ Percent ionic character ⇒

• As a general rule:
If  ΔEN < 0.5, then the bond is mainly covalent 
If  0.5 ≤ ΔEN ≤ 1.5, then the bond ranges from weak       

polar to strong polar 
If ΔEN > 1 5 then the bond is most probably ionicIf  ΔEN > 1.5, then the bond is most probably ionic 



Polar Covalent Bonds
The greater the 
difference indifference in 
electronegativity, 
the more polar is the 
bond.

The negative end of the molecule is the atom with the 
higher electronegativity



Polarityy
• Just because a molecule 

l b dpossesses polar bonds 
does not mean the molecule 
as a whole will be polar.p

• The shape and symmetry of 
the molecule will determine 
the overall polaritythe overall polarity.

• In carbon dioxide, CO2 , the 
polarities of the bonds p
cancel out and the molecule 
is non-polar.



PolarityPolarity

• By adding the individualBy adding the individual 
bond dipoles, one can 
determine the overall 
di l t f thdipole moment for the 
molecule.

• The bent angle of aThe bent angle of a 
water molecule 
increases the overall 
polarity of the moleculepolarity of the molecule.



Polarityy
Why are these molecules polar or non-polar?



Molecular ShapesMolecular Shapes

The shape of a• The shape of a 
molecule plays an 
important role in itsimportant role in its 
reactivity.

• By noting the numberBy noting the number 
of bonding and 
nonbonding electron 
pairs we can easily 
predict the shape of 
th l lthe molecule.



What Determines the Shape of a 
M l l ?Molecule?

Si l t l t• Simply put, electron 
pairs, whether they be 
bonding or nonbonding,bonding or nonbonding, 
repel each other.

• By assuming the electron 
pairs are placed as far as 
possible from each otherpossible from each other, 
we can predict the shape 
of the molecule.



Electron Domains
• We sometimes refer to 

the electron pairs asthe electron pairs as 
electron domains.

• A single bond is one g
electron domain.

• A double or triple bond 
h d b t tshared between two 

atoms counts as one 
electron domain.

This molecule has four 
electron domains: two

• A nonbonded electron 
pair counts as one 

l d i

electron domains: two 
single bonds, one double 
bond, and one 
nonbonded electron pair electron domain.nonbonded electron pair



Valence Shell Electron Pair 
R l i Th (VSEPR)Repulsion Theory (VSEPR)

“The best arrangement 
of a given number of 
electron domains is the 
one that minimizes the 
repulsions amongrepulsions among 
them.”



Electron-Domain 
G t iGeometries
These are the 
electron-domain 
geometries for twogeometries for two 
through six 
electron domainselectron domains 
around a central 
atom. 



Electron-Domain GeometriesElectron Domain Geometries
• All one must do is 

count the number 
of electron 
domains in thedomains in the 
Lewis structure.

• The geometry will• The geometry will 
be that which 
corresponds tocorresponds to 
that number of 
electron domains.



Molecular Geometries

• The electron-domain geometry is often 
NOT the shape of the molecule.p

• The molecular geometry is defined by the 
positions of the atoms in the molecules, 

t th b di inot the nonbonding pairs.



Molecular GeometriesMolecular Geometries

Within each 
electron domain, 
then, there might 
be more than one 
molecularmolecular 
geometry.



Linear Electron Domain

• In this domain, there is only one molecular 
geometry: lineargeometry:  linear.

• The bond angle is 180°
A l t i G IIA ith 2 i l• Any element in Group IIA with 2 single 
bonds is linear.
NOTE: If there are only two atoms in the molecule, the moleculeNOTE:  If there are only two atoms in the molecule, the molecule 
will be linear no matter what the electron domain is.



Trigonal Planar or Triangular 
El t D iElectron Domain

• There are two molecular geometries:
Trigonal planar if there are three single bonds:Trigonal planar, if there are three single bonds: 
Group IIIA elements with three single bonds are 
triangular.
Bent, if one of the domains is a nonbonding pair.



Tetrahedral Electron Domain

• There are three molecular geometries:
Tetrahedral if there are 4 bonding pairs: Group IVA elementsTetrahedral, if there are 4 bonding pairs: Group IVA elements
Trigonal pyramidal there are three bonding pairs and one 
nonbonding pair: Group VA elements
B t if th t b di i d t b di iBent if there are two bonding pairs and two nonbonding pairs:
Group VIA elements



Nonbonding Pairs and Bond Angle
• The electron densities of 

nonbonding pairs are physicallynonbonding pairs are physically 
larger than bonding pairs.

• Therefore, their repulsions are , p
greater; this tends to decrease 
bond angles in a molecule.

methane ammonia watermethane                  ammonia                     water



Multiple Bonds and Bond AnglesMultiple Bonds and Bond Angles

• Double and triple 
bonds place greater 
electron density on 
one side of the 
central atom than docentral atom than do 
single bonds.

• Therefore they also• Therefore, they also 
affect bond angles.



Trigonal Bipyramidal Electron Domaing py
• There is no equiangular 

arrangement for five bonds to aarrangement for five bonds to a 
central atom.

• There are two distinct 
positions in this geometry:positions in this geometry:

Axial: 180° bond angle 
Equatorial: 120° bond angle

To compensate for the smaller• To compensate for the smaller 
bond angle between the axial 
and equatorial planes (90°), the 
bond distances of the axialbond distances of the axial 
bonds are longer than the bond 
distances of the equatorial 
bonds.



Trigonal Bipyramidal Electron Domaing py
• There are four distinct 

molecular geometriesmolecular geometries 
in this domain:

Trigonal 
bipyramidal:
5 single bonds

Seesaw:
4 single bonds, 1 nonbonded    
electron pair

T-shaped:T shaped:
3 single bonds, 2 nonbonded 
electron pairs

Linear:Linear:
2 single bonds, 3 nonbonded 
electron pairs



Trigonal Bipyramidal Electron Domaing py

Lower energy conformations result from havingLower-energy conformations result from having 
nonbonding electron pairs in equatorial, rather than 
axial, positions in this geometry.

The F-S-F axial bond angle is 186° instead of 180°.
The F-S-F equatorial bond angle is 116° instead of  
120°.



Octahedral Electron DomainOctahedral Electron Domain
• All positions are 

i l t i thequivalent in the 
octahedral domain.

• There are threeThere are three 
molecular 
geometries:

O h d lOctahedral:
6 single bonds

Square pyramidal:q py
5 single bonds, one          
nonbonded electron pair

Square planar:q p
4 single bonds, two 
nonbonded electron pairs



Larger Molecules
In larger molecules, it 

k tmakes more sense to 
talk about the 
geometry about ageometry about a 
particular atom 
rather than the 
geometry of the 
molecule as a whole.



Larger MoleculesLarger Molecules

This approach 
makes sense, 
especially because 
larger molecules 
tend to react at atend to react at a 
particular site in 
the molecule.the molecule.



Writing Lewis Structuresg
1. Draw the structure 

f th l lof the molecule 
using the VSEPR 
TheoryTheory. 
Remember, the central 
atom is the leastatom is the least
electronegative element 
that isn’t hydrogen.  (It 
is usually the elementis usually the element 
that comes first in the 
chemical formula.) 



Writing Lewis StructuresWriting Lewis Structures

2 Find the sum of2.  Find the sum of 
valence electrons of 
all atoms in the 

l t i ipolyatomic ion or 
molecule.

If it is an anion add oneP Cl If it is an anion, add one 
electron for each 
negative charge.
If it is a cation subtract

P Cl3
If it is a cation, subtract 
one electron for each 
positive charge.5    +   3(7)   =  26( )



Writing Lewis StructuresWriting Lewis Structures

3.  Fill the octets 
of the outer 
atoms.

Keep track of the electrons:p

26 − 6 (for three bonds) = 20 − 3(6) (for 3 chlorines) = 2



Writing Lewis StructuresWriting Lewis Structures

4. Fill the octet of 
the central atom.
(in this example, the 
phosphorus atom)

Keep track of the electrons:

26 − 6 = 20 − 3(6) = 2 − 2 = 0



Writing Lewis StructuresWriting Lewis Structures

5 If t f5. If you run out of 
electrons before the 
central atom has ancentral atom has an 
octet…

f lti l b d…form multiple bonds 
until it does.



Writing Lewis Structures
6. Assign formal charges.

) F h t t th b f la) For each atom, count the number of valence    
electrons normally assigned to that unbonded atom.

b) For each atom count the electrons in lone pairsb) For each atom, count the electrons in lone pairs  
assigned to that atom in the Lewis structure.
Add to that, one-half of the electrons in the bonds it  ,
shares with other atoms. (For a single bond, 1 
electron; for a double bond, 2 electrons, etc.)

c) Subtract the number of assigned electrons from the 
number of valence electrons for each atom.  The 
difference is its formal charge.g



Writing Lewis Structures
6. Assigning formal charges (continued)

As an example, we will consider two possible 
structures for CO :structures for CO2 :

O=C=O    and    O-C≡O

a)   An oxygen atom normally has 6 valence electrons.
b)   Each oxygen in this structure has 2 lone pairs 

assigned to it = 4 electronsassigned to it  4 electrons.
Each oxygen has a double bond = ½ x 4 electrons = 2
The total number of assigned electrons = 6

c) Formal charge = 6 valence electrons – 6 assigned electrons) g g
= 0  for each oxygen 



Writing Lewis Structures
6. Assigning formal charges (continued)

a)   A carbon atom normally has 4 valence electrons.
b) There are no lone pairs assigned to the carbon.b)   There are no lone pairs assigned to the carbon.

The carbon has two double bonds  = ½ x 4 electrons x 2 = 4
The total number of assigned electrons = 4

c) Formal charge = 4 valence electrons – 4 assigned electrons) g g
= 0  for carbon 

In summary:



Writing Lewis Structures
6. Assigning formal charges (continued)

Repeat the process for the second structure:Repeat the process for the second structure:

The results are shown in the table below:



Writing Lewis Structuresg
• The best Lewis structure…

…is the one with the fewest charges.
…puts a negative charge on the most 
electronegative atom.

The first Lewis structure, O=C=O, is preferred , , p
because it is the one with the fewest charges.



Writing Lewis StructuresWriting Lewis Structures

• Which is the best Lewis structure for 
the thiocyanate ion, shown below?y ,



ResonanceResonance

This is the Lewis 
structure we 

+

would draw for 
ozone, O3., 3 -



ResonanceResonance

• But this is at odds• But this is at odds 
with the true, 
observed structure of 
ozone, in which…

…both O—O bonds 
are the same length.
…both outer oxygens 
have a charge of −1/2have a charge of −1/2.



ResonanceResonance

• One Lewis structure• One Lewis structure 
cannot accurately 
depict a molecule p
such as ozone.

• We use multiple p
structures, which we 
call resonance 

t t tstructures, to 
describe the 
moleculemolecule.



ResonanceResonance

Just as green is a synthesisJust as green is a synthesis 
of blue and yellow…

ozone is a synthesis of…ozone is a synthesis of 
these two resonance 
structures.

The actual ozone structure is 
called a resonance hybrid y
of the two structures.



Resonance
• Shown below are the resonance structures for the 

formate ion, HCO2
-formate ion, HCO2

• In truth, the electrons that form the second C—O 
bond in the double bonds below do not always sit 
between that C and that O, but rather can move 
among the two oxygens and the carbon.
Th t l li d b t th d l li d• They are not localized, but rather are delocalized.



ResonanceResonance

• The delocalized electrons would be 
represented on the diagram by a p g y
dashed line:



Delocalized Electrons: ResonanceDelocalized Electrons:  Resonance
When writing Lewis structures for species like the 
nitrate ion NO - resonance structures morenitrate ion, NO3 , resonance structures more 
accurately reflect the structure of the ion.

The actual structure of the nitrate ion is a resonance 
hybrid of the three structures.

Similar diagrams are used for species such as 
carbonate, CO3

2-, sulfite, SO3
2-, and formate, HCO2

-



ResonanceResonance
• The organic compound 

benzene, C6H6, has two 
simple resonance 
structuresstructures.

• It is commonly 
depicted as a hexagondepicted as a hexagon 
with a circle inside to 
signify the delocalizedsignify the delocalized 
electrons in the ring.



Exceptions to the Octet RuleExceptions to the Octet Rule

• There are three types of ions or 
molecules that do not follow the octet 
rule:

Ions or molecules with an odd number ofIons or molecules with an odd number of 
electrons.
Ions or molecules with less than an octet.
Ions or molecules with more than eight 
valence electrons (an expanded octet).



Odd Number of ElectronsOdd Number of Electrons

Though relatively rare and usually 
quite unstable and reactive, there are q ,
ions and molecules with an odd 
number of electrons.



Fewer Than Eight ElectronsFewer Than Eight Electrons

• Consider BF3:
Giving boron a filled octet places a negative
charge on the boron and a positive charge oncharge on the boron and a positive charge on 
fluorine.
This would not be an accurate picture of the p
distribution of electrons in BF3.



Fewer Than Eight ElectronsFewer Than Eight Electrons

Therefore structures that put a doubleTherefore, structures that put a double 
bond between boron and fluorine are much 
less important than the one that leaves p
boron with only 6 valence electrons.



Fewer Than Eight ElectronsFewer Than Eight Electrons

The lesson is: If filling the octet of theThe lesson is:  If filling the octet of the 
central atom results in a negative charge on 
the central atom and a positive charge on p g
the more electronegative outer atom, don’t 
fill the octet of the central atom.



More Than Eight ElectronsMore Than Eight Electrons
• The only way PCl5 can y y 5

exist is if phosphorus 
has 10 electrons 
around it.

• It is allowed to expand 
th t t f tthe octet of atoms on 
the 3rd row or below.

Presumably d orbitals inPresumably d orbitals in 
these atoms participate 
in bonding.



More Than Eight ElectronsMore Than Eight Electrons
Even though we can draw a Lewis structure 
f th h h t i th t h l 8 l tfor the phosphate ion that has only 8 electrons 
around the central phosphorus, the better 
structure puts a double bond between thestructure puts a double bond between the 
phosphorus and one of the oxygens.



More Than Eight ElectronsMore Than Eight Electrons
• This eliminates the charge on the phosphorus g p p

and the charge on one of the oxygens.
• The lesson is:  When the central atom is on 

th 3 d b l d di it t tthe 3rd row or below and expanding its octet 
eliminates some formal charges, do so.



Covalent Bond StrengthCovalent Bond Strength

• Most simply, the strength of a bond is 
d b d t i i h hmeasured by determining how much 

energy is required to break the bond.
• This is the bond enthalpy• This is the bond enthalpy.
• The bond enthalpy for a Cl—Cl bond,

D(Cl—Cl) is measured to be 242 kJ/molD(Cl—Cl), is measured to be 242 kJ/mol.



Average Bond Enthalpies
• This table lists the 

b daverage bond 
enthalpies for many 
different types ofdifferent types of 
bonds.

• Average bondAverage bond 
enthalpies are 
positive, because p
bond breaking is an 
endothermic 
process.



Average Bond EnthalpiesAverage Bond Enthalpies
NOTE:  These are 
average bond 
enthalpies, not 
absolute bond 
enthalpies; the C—H 
bonds in methanebonds in methane, 
CH4, will be a bit 
different than thedifferent than the
C—H bond in 
chloroform, CHCl3.



Enthalpies of ReactionEnthalpies of Reaction

• Yet another way to 
estimate ΔH for a 
reaction is to compare 
the bond enthalpies of 
bonds broken to thebonds broken to the 
bond enthalpies of the 
new bonds formednew bonds formed.

• In other words, 
ΔHrxn = Σ(bond enthalpies of bonds broken) −

Σ(bond enthalpies of bonds formed)



Enthalpies of ReactionEnthalpies of Reaction

CH4(g) + Cl2(g) ⎯⎯→
CH3Cl(g) + HCl(g)3 (g) (g)

In this example, onep ,
C—H bond and one
Cl—Cl bond are broken;Cl Cl bond are broken; 
one C—Cl and one H—Cl 
bond are formed.



Enthalpies of ReactionEnthalpies of Reaction

So,
ΔHrxn = [D(C—H) + D(Cl—Cl) − [D(C—Cl) + D(H—Cl)rxn [ ( ) ( ) [ ( ) ( )

= [(413 kJ) + (242 kJ)] − [(328 kJ) + (431 kJ)]
= (655 kJ) − (759 kJ)( ) ( )
= −104 kJ



Bond Enthalpy and Bond LengthBond Enthalpy and Bond Length

• We can also measure an average bond 
length for different bond types.

• As the number of bonds between two atoms 
i th b d l th dincreases, the bond length decreases.



Theories ofTheories of 
Chemical Bonding



Valence Bond Theory
d O bit l O land Orbital Overlap

• We think of covalent bonds forming through theWe think of covalent bonds forming through the 
sharing of electrons by adjacent atoms.

• In this approach, we assume bonding occurs when 
orbitals on two atoms overlap.

s orbital                             p orbital

d orbital

Overlaps can occur between s, p, and d orbitals p , p,
on two different atoms



Orbital Overlap and BondingOrbital Overlap and Bonding
• Increased overlap brings 

th l t d l ithe electrons and nuclei 
closer together while 
simultaneously y
decreasing electron-
electron repulsion.

• However if atoms get• However, if atoms get 
too close, the 
internuclear repulsion 
greatly raises the energy.

This diagram is known as a 
Heitler-London diagramg



Orbital OverlapOrbital Overlap
Some examples of orbital overlaps are shown in the 
diagram belowdiagram below.

The areas of bond overlap are shaded.  This represents 
increased electron density of the chemical bond

s-s overlap s-p overlap p-p overlaps s overlap                     s p overlap                               p p overlap



Valence Bond TheoryValence Bond Theory

• There are two ways orbitals can overlap toThere are two ways orbitals can overlap to 
form bonds between atoms.

Sigma bonds symbolized by σSigma bonds, symbolized by σ
Pi bonds, symbolized by π

• Hybridization, which we will look at later, 
is a major player in this approach tois a major player in this approach to 
bonding.



Sigma (σ) BondsSigma (σ) Bonds

• Sigma bonds are characterized by
Head-to-head overlapHead to head overlap.
Cylindrical symmetry of electron density about the 
internuclear axis.



Pi (π) BondsPi (π) Bonds
• Pi bonds are 

characterized by
Side-to-side overlap.
El d i bElectron density above 
and below the 
internuclear axis.

• Although there are two 
areas of overlap, this is 
a single 2-electron 
bond



Single BondsSingle Bonds

Single bonds are always σ bonds, because σ
overlap is greater, resulting in a stronger 
bond and more energy lowering.



Multiple BondsMultiple Bonds

In a multiple bond one of the bonds is a σ
bond and the rest are π bonds.



Orbital Overlap and 
M l l ShMolecular Shapes

There is a problem with the simple orbital overlap model.  
The shapes of the molecules are linear due to s-s, s-p, or 
p-p (end to end overlaps)
The shapes are predicted to be at 90° angles if there are 
two or three different p orbitals involved on one atom

In order to account for tetrahedral, trigonal bipyramidal, and 
other geometries arising from the atomic orbitals we g g
recognize, we use a model known as HYBRID ORBITALS.



Hybrid OrbitalsHybrid Orbitals

• Consider beryllium:
In its ground electronic 
state, it would not be 
able to form bonds 
because it has nobecause it has no 
singly-occupied orbitals.



Hybrid OrbitalsHybrid Orbitals

But if it absorbs the 
small amount of 
energy needed to 
promote an electron 
from the 2s to the 2pfrom the 2s to the 2p
orbital, it can form two 
bondsbonds.



Hybrid OrbitalsHybrid Orbitals

• Mixing the s and p orbitals yields two degenerateMixing the s and p orbitals yields two degenerate 
orbitals that are hybrids of the two orbitals.

These are called sp hybrid orbitals and have two lobes 
lik bi llike a p orbital.
One of the lobes is larger and more rounded as is the s
orbital.



Hybrid OrbitalsHybrid Orbitals

• These two degenerate orbitals would alignThese two degenerate orbitals would align 
themselves 180° from each other.

• This is consistent with the observed geometry of g y
beryllium compounds:  linear.



Hybrid OrbitalsHybrid Orbitals

• With hybrid orbitals the orbital diagram for 
beryllium would look like thisberyllium would look like this.

• The sp orbitals are higher in energy than the 
1s orbital but lower than the 2p.s o b a bu o e a e p



Hybrid OrbitalsHybrid Orbitals

Using a similar model for boron leads to… 

The mixing of one s and two p orbitals gives rise to 
three sp2 hybrid orbitalsthree sp2 hybrid orbitals



Hybrid OrbitalsHybrid Orbitals

…three degenerate sp2 orbitals.

The three sp2 orbitals arrangeThe three sp orbitals arrange 
to form trigonal planar bonds



Hybrid OrbitalsHybrid Orbitals

With carbon we get…

The mixing of one s and three p orbitals gives rise to 
four sp3 hybrid orbitalsfour sp3 hybrid orbitals



Hybrid OrbitalsHybrid Orbitals

fo r degenerate…four degenerate
sp3 orbitals.

The four sp3 orbitals arrange to p g
form tetrahedral bonds



Hybrid OrbitalsHybrid Orbitals
For geometries involving expanded octets on g g p

the central atom, we must use d orbitals in 
our hybrids.

The mixing of one s and three p and one d orbitals 
i i t fi 3d h b id bit lgives rise to five sp3d hybrid orbitals



Hybrid Orbitalsy
This leads to five degenerate sp3d

bit lorbitals. 
This forms a trigonal bipyramidal
molecule

In a similar manner, the mixing of 
one s, three p and two d orbitals 
gives rise to six degenerate sp3d2g g p
hybrid orbitals

This forms an octahedral molecule



Hybrid OrbitalsHybrid Orbitals

Once you know the 
electron-domain 
geometry, you know 
the hybridization 
state of the atomstate of the atom.



Multiple Bonds
• Utilize both hybridized and 

unhybridized orbitals
I th f ld h d• In the formaldehyde  
molecule (shown at left) an 
sp2 orbital on carbon 
overlaps in a σ bond with 
the corresponding orbital 
on the oxygenon the oxygen.

• Hydrogen atoms overlap 
with the remaining sp2

orbitals on the carbon.
• The unhybridized p

orbitals overlap in π bondorbitals overlap in π bond.



Multiple BondsMultiple Bonds

In triple bonds, as in 
acetylene, two sp
orbitals form a σ
bond between the 
carbons and twocarbons, and two 
pairs of p orbitals 
overlap in π fashionoverlap in π fashion 
to form the two π
bonds.



Delocalized Electrons: ResonanceDelocalized Electrons:  Resonance

Previously, we observed, when writing Lewis 
structures for species like the nitrate ion, we 
drew resonance structures to more accuratelydrew resonance structures to more accurately 
reflect the structure of the molecule or ion.



Delocalized Electrons: ResonanceDelocalized Electrons:  Resonance

• In reality, each of the four 
atoms in the nitrate ion has a 
p orbital.

• The p orbitals on all three 
l ith thoxygens overlap with the p

orbital on the central nitrogen.



Delocalized Electrons: ResonanceDelocalized Electrons:  Resonance

This means the π electrons are 
not localized between the 
nitrogen and one of the 
oxygens, but rather are 
delocalized throughout the iondelocalized throughout the ion.



ResonanceResonance

The organic molecule 
benzene has six σ
bonds and a p orbital 
on each carbon atom.



ResonanceResonance

• In reality the π electrons in benzene are not 
localized, but delocalized.

• The even distribution of the π electrons in benzene 
makes the molecule unusually stable.



Molecular Orbital (MO) TheoryMolecular Orbital (MO) Theory
Though valence bond theory 
ff ti l teffectively conveys most 

observed properties of ions and 
molecules, there are some 
concepts better represented by 
molecular orbitals. 
Molecular orbitals areMolecular orbitals are 
considered to be formed from a 
linear combination of atomic 
orbitals (LCAO)
If two atomic orbitals combine, 
then two molecular orbitals willthen two molecular orbitals will 
be formed



Molecular Orbital (MO) TheoryMolecular Orbital (MO) Theory

• In MO theory, we 
invoke the wave nature 
of electrons.

• If waves interact 
t ti l thconstructively, the 

resulting orbital is lower 
in energy: a bondingin energy:  a bonding 
molecular orbital.



Molecular Orbital (MO) TheoryMolecular Orbital (MO) Theory

If waves interact 
destructively, the 
resulting orbital is 
higher in energy:  an 
antibonding molecularantibonding molecular 
orbital.



MO TheoryMO Theory
These are the atomic orbitals on two 

• In H2 the two electrons 
go into the bonding 

different H atoms

molecular orbital.
• The bond order is one 

h lf th diffhalf the difference 
between the number of 
bonding and antibondingbonding and antibonding 
electrons.

These are the two resulting 
molecular orbitals



MO TheoryMO Theory

For hydrogen, with two 
electrons in the bonding 
MO and none in the 
antibonding MO, the 
bond order isbond order is 

1 (2 - 0) = 12 (2 0)  1



MO TheoryMO Theory

• In the case of He2, 
the bond order 
would be

1
2 (2 - 2) = 02 ( )

• Therefore, He2
d t i tdoes not exist.



MO TheoryMO Theory

• For atoms with both s
and p orbitals, there are 
two types of 
interactions:

Th d th bit lThe s and the p orbitals 
that face each other 
overlap in σ fashion.p
The other two sets of p
orbitals overlap in π
fashionfashion.



MO TheoryMO Theory

• The resulting MO 
diagram looks like this.

• There are both σ and π
bonding molecular 

bi l d * d *orbitals and σ* and π* 
antibonding molecular 
orbitalsorbitals.



MO TheoryMO Theory

• The smaller p-block elements in p
the second period have a 
sizeable interaction between the 
s and p orbitals.

• This flips the order of the s and p 
l l bit l i thmolecular orbitals in these 

elements.



Second-Row MO DiagramsSecond Row MO Diagrams



Metallic BondsMetallic Bonds
Chapter 23



Physical Properties of MetalsPhysical Properties of Metals

• Conduct heat and• Conduct heat and 
electricity.

• Malleable (can beMalleable (can be 
pressed or hammered 
into sheets).

• Ductile (can be drawn 
into wire).

• Atoms can slip past• Atoms can slip past 
each other.

So metals aren’t as 
brittle as other solids.



Electron-Sea ModelElectron Sea Model

• Metals can be thought 
of as cations 
suspended in “sea” of 
valence electrons.
Att ti h ld• Attractions hold 
electrons near cations, 
but not so tightly as tobut not so tightly as to 
impede their flow.



Electron-Sea ModelElectron Sea Model

• This explains 
properties of metals—

Conductivity of heat 
and electricity
DeformationDeformation



Molecular Orbital ModelMolecular Orbital Model

Electron sea model does not e plain• Electron-sea model does not explain 
observed trends in melting point, boiling 
point heat of fusion etcpoint, heat of fusion, etc.

Suggests these properties should increase with 
increasing number of valence electrons.



Molecular Orbital ModelMolecular Orbital Model

These trends can be 
explained by energy 
bands created by large 
number of molecular 
orbitals formed asorbitals formed as 
metal atoms bond with 
each othereach other.



Molecular Orbital ModelMolecular Orbital Model

As ith nonmetals• As with nonmetals, 
bond order apexes in 
center of row thencenter of row, then 
decreases.

• Thus, attractions (andThus, attractions (and 
melting point, etc.) 
apex in center of 
transition metals. 
(Group 6B)



AlloysAlloys

• Mixtures of elements that have properties 
characteristic of metalscharacteristic of metals.

• Many ordinary uses of metals involve alloys.



Solution Alloys

I t titi l ll

Components of alloys are dispersed uniformly

S b tit ti l ll Interstitial alloys:
Solute particles smaller than solvent.
Solute particles find their way into 

Substitutional alloys:
Particles close in size.
Solute particles take place of 

holes between solvent metal atoms.solvent metal atoms.



Intermetallic CompoundsIntermetallic Compounds

• Homogeneous 
alloys with definite 
properties and 
compositions.
C S• Co5Sm

Used for permanent 
magnets in headsetsmagnets in headsets 
and speakers.



Transition MetalsTransition Metals

• Many important metals are included in this 
group.

• Comprised of elements in d block of periodic 
table.



Physical Properties of
T iti M t lTransition Metals

S f th i ti ( h i i ti• Some of their properties (such as ionization 
energy, atomic radius, etc.) are suggestive of 
isolated atomsisolated atoms.

• Others (such as density, melting point, etc.) 
suggest bulk solid metalsuggest bulk solid metal.



Atomic RadiiAtomic Radii

• Trends are similar 
across all three rows of 
transition metals.

• While Zeff increases 
dacross row, so does 

number of nonbonding 
electronselectrons.

These repel each other 
and increase radius.



Electron Configurations and 
O id ti St tOxidation States

• Transition metals often 
have more than one 
common oxidation 
state.

M t h 2 t t dMost have +2 state due 
to loss of s electrons.
Oxidation numbersOxidation numbers 
greater than 2 are due 
to loss of d electrons as 
well as swell as s.



Electron Configurations and 
O id ti St tOxidation States

Many form 
compounds p
that have 
colors.



Electron Configurations and 
O id ti St tOxidation States

• Many have significant 
magnetic properties.

In diamagnetic elements, all 
electron spins are paired.
Therefore there is no netTherefore, there is no net 
magnetic moment.



Electron Configurations and 
O id ti St tOxidation States

• In paramagnetic atoms 
and ions, there are 
unpaired spins.

• The magnetic fields are 
d l drandomly arranged, 

though, unless placed 
in an external magneticin an external magnetic 
field.



Electron Configurations and 
O id ti St tOxidation States

In ferromagnetic
substances the 
orientations of 
magnetic fields from 
unpaired electrons areunpaired electrons are 
affected by spins from 
electrons around themelectrons around them.



Electron Configurations and 
O id ti St tOxidation States

When an external field 
is applied and then 
removed, the 
substance maintains 
the magnetic momentthe magnetic moment 
and becomes a 
permanent magnetpermanent magnet.



ChromiumChromium
• Oxidized by HCl or H2SO4 to 

form blue Cr2+ ion.
• Cr2+ oxidized by O2 in air to 

3form green Cr3+.

• Cr also found in +6 
state as in CrO4

2−

d th tand the strong 
oxidizer Cr2O7

2−.



IronIron

• Exists in solution in 
+2 or +3 state.

• Elemental iron 
reacts with non-

idi i id toxidizing acids to 
form Fe2+, which 
oxidizes in air tooxidizes in air to 
Fe3+.



IronIron

• Brown water running 
from a faucet is 
caused by insoluble 
Fe2O3.
F 3 l bl i• Fe3+ soluble in 
acidic solution, but 
forms a hydratedforms a hydrated 
oxide as red-brown 
gel in basic solution.ge bas c so u o



CopperCopper

In sol tion e ists in +1 or• In solution exists in +1 or 
+2 state.

• +1 salts generally white• +1 salts generally white, 
insoluble.

• +2 salts commonly blue• +2 salts commonly blue, 
water-soluble.


