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BONDING

Chemical Bonds
•Bonds are forces that hold groups of atoms 
together and make them function as a unit.

• Bond energy, the energy required to break 
a bond, or the energy released when that 
bond is formed provides information 
regarding the strength of bonding 
interactions, which in turn indicates the 
“type” of bond.

•*It always requires energy to break a 
bond, activation energy.  Energy is 
always released when bonds are formed.

Bonds form to achieve the lowest 
possible energy state

• A bond will form if the energy of the compound 
is lower in energy (more stable) than that of the 
separated atoms.

• The system will act to minimize the sum of the 
positive (repulsive) energy terms and the 
negative (attractive) energy term.

• The distance where the energy is minimum is 
called the bond length.

Bond Forces

• The simultaneous attraction of each 
electron by the protons generates a 
force that pulls the protons toward each 
other and that just balances the proton-
proton and electron-electron repulsive 
forces at the distance corresponding to 
the bond length.

• Two positive nuclei coming together 
because of an attraction to negative 
electrons in between them.

Potential bond energy vs internuclear distance

• If we were to graph potential energy vs internuclear
distance (distance between two nuclei), we would find 
that if we are too close the potential bond energy is 
positive.  

• That is to say, the atoms are too close and repelling 
each other and will release energy by moving apart.

• As they move apart, they will reach a maximum 
negative potential energy.  That is the energy that must 
be put into break that bond or the energy that is 
released when the bond is formed.  This internuclear
distance is the bond length.  The potential energy is 
the bond energy.

Potential Energy vs Internuclear distance graph

• As they move 
further apart the 
potential energy 
moves toward 0 
because they 
are so far apart 
they are not 
bonded.

Factors that affect the potential energy v 
intermolecular force graph

• Atomic radius and electronegativity.

• The larger the atoms the further atoms will have to be 
apart to achieve maximum negative potential energy.  
Larger atoms will have a larger bond length.

• The more electronegative an atom is the more it will 
squeeze the atoms together.

• Types of bonds

• Triple bonds will release more energy than double 
which will release more energy that double bonds.

• Triple bonds will also be shorter than double bonds 
which are shorter than single bonds.

AP question Answer--A
• Although the question doesn’t say it, the possible 
answers tell us we are looking at hydrogen, nitrogen 
and oxygen.

• X2 is definitely H2. It has a significantly smaller atomic 
radius than the others so you would expect the 
shortest bond length.

• O2 and N2 will have a very similar atomic radius 
(oxygen being slightly smaller) and O2 is more 
electronegative, however nitrogen has a triple bond.

• Y2 and Z2 have a very similar bond length, but the 
bond energy (how far down it dips) is significantly 
higher in Y2

• Y2 has to be nitrogen because it has a much higher 
bond energy for the triple bond
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Bond Order
• Single bond is bond order 1
• Double bond is bond order 2
• Triple bond is bond order 3
• If a resonance structure exists bond order is 
the average

• In the above example, the bond order of 
nitrogen to oxygen is the average of 1 and 2.

• Bond order 1.5

O=N-O
-

- - - O-N=O- -

- - - -- [        ]-[        ]
-

Types of Bonding

• Metallic Bonding

• Ionic Bonding

• Covalent Bonding

Major differences

• Covalent bonding is a sharing of electrons, 
Ionic bonding is a transfer of electrons, and in 
metallic bonds the electrons become 
community property.

• Covalent bonds are stronger than ionic bonds 
because there is actually an electron going 
between them, it is a “true” bond.

• Therefore, it is harder to break a covalent 
bond than it is to break an ionic bond.

Intermolecular perspective

• Metallic and ionic bonds bond every atom 
in a substance to each other.

• Covalent bonds are independent units.

• From this sense metallic and ionic bonds 
are stronger than covalent.

• Metallic and ionic compounds have higher 
melting points.

Shortcut to determining type of bond

• When a metal and nonmetal bond you get an 
ionic bond

• ~ something from the left excluding H bonds 
with something from the right = ionic bond.

• When two nonmetals bond you get a 
covalent bond

• ~things from the right bond with each other 
=covalent bond.

• Metallic bonds only occur with the same 
metal atom

Metallic Bonding
• All metal atoms in a substance share their 
valence electrons to form a “sea” of electrons, 
which is delocalized throughout the substance.

• The electrostatic attractions between 
electrons and the metal ions account for the 
high melting points, but even higher boiling 
points.

• The metal is malleable as the lattice is shifted, 
but not repelled.

• Metals are good conductors of electricity 
because of this electron movement.

Ionic Bonding

• Electrons are donated from a cation to an 
anion.

• Electrons lost are equal to electrons gained 
according to the octet rule.

• Ionic bonding is not a “true bond” but a 
very strong attraction for opposing charges.

• Ionic compounds tend to be hard, brittle, 
and rigid.

Covalent Bond

•Electrons are shared between atoms.
• Electrons are localized (fixed).
• Nonpolar covalent bonding results 
from equal sharing of electrons.

• Polar covalent bonding results form 
unequal sharing of electrons.

Electronegativity
• Electronegativity is the ability of an atom in a 
molecule to attract shared electrons to itself.

• Electronegativity difference is useful in 
determining bond type.

• Electronegativity generally increases up and to 
the right, excluding the noble gases on the 
periodic table.

• Fluorine (4.0) is the most electronegative 
element, meaning that in a molecule, fluorine 
always attracts electrons toward itself.
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Electronegativity Chart Electronegativity Difference

•If the difference is between 0.0 and < 0.4, 
the compound is nonpolar covalent.

•If the difference is between 0.4 and 1.9, 
the compound is polar covalent.
• If the difference is greater than 1.9, the 
compound is ionic.

• Order the following bonds according to 
polarity: H-H, O-H, Cl-H, S-H, and F-H.

Bonds

Why it is called polar

polar implies different ends have different charges
similar to a magnet.

Cl

H

Hydrogen chloride has a polar covalent bond, 
meaning the electrons stay around chlorine 
more than H

That makes this
side negative

and this side
positive

Denoting positive and negative

Cl

H

 +

The symbol  (lower case 
delta) means partial

Neither side is completely positive or negative,
they are only partially positive and partially negative.

 -

Dipole Moment

• Dipole moment- property of a molecule 
where the charge distribution can be 
represented by a center of a positive 
charge and a center of negative charge.

• It is represented by this symbol

• Positive center                      Negative 
center 

So the dipole moment for hydrogen 
chloride bond…

Cl

H

is represented like this.  

Practice

• For each of the following molecules, show 
the direction of the bond polarities and 
indicate which ones have a dipole moment: 
H-Cl, Cl-Cl, S-O, N-F, C-H.

Molecular polarity
• Not to be confused with bond polarity.

• If the centers of both the positive and negative 
charges of the bond dipoles “averages” to the 
same point, the molecule is nonpolar.

• A molecule can be nonpolar even though it 
is made up of polar bonds.

• If the center of both the positive and negative 
charges of the bond dipoles “averages” to 
different points, the molecule is polar.
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Molecular polarity

• Water is polar because 
of its bent shape

• The hydrogen side of 
the molecule is 
positive.  The oxygen 
side is negative

• Carbon dioxide is nonpolar 
because it is linear, even 
though its bonds are just as 
polar as H-O.

• The oxygen ends are both 
negative but the center of 
negative charge is on the 
on the carbon.  The same 
place as the center of 
positive charge 

O

O OC

HH

Ions
• For main group elements, ions have a noble 
gas arrangement of electrons.

• When a nonmetal and a representative-group 
metal react to form a binary ionic compound, 
the ions form so that the valence electron 
configuration of the nonmetal achieves the 
electron configuration of the next noble gas 
atom and the valence orbitals of the metal are 
emptied.

Determining the formula of ions

• Ionic compounds are neutral

• You need to find the lowest number of each 
ion to make it neutral

• for example:

• Na+ and O2-

• 2 sodium for every one oxygen

• Na2O

More examples

• Al3+ and O2-

• Al2O3

• K+ and Cl-

• KCl
• the subscripts don’t affect the name if 
there is only one possibility

• still (cation)(anion)
• Aluminum oxide 
• Potassium chloride

Several metal atoms can form a couple of 
different ions.
• for example iron can form Fe2+ or Fe3+

• These are said as iron (II) and iron (III)
• Cu+ and Cu2+ is Copper (I) and Copper (II) 
• Although the higher s orbital is filled before 
the lower d orbital.  The outermost electron 
is removed first!!  

• Fe = [Ar]3d64s2

• Fe2+ = [Ar]3d6

• Fe3+ = [Ar]3d5

• http://sciencenotes.org/wp-
content/uploads/2014/05/PeriodicTableOxidation-BW.png

Ion Size
• Cation size is always smaller than that of the 
atom because, as electrons are removed, the 
positive effective nuclear charge pulls more 
strongly on the remaining electrons (positive 
charge > negative charge).

• Anion size is always larger than that of the 
atom because, as electrons are added, the 
repelling negative force is stronger than the 
attractive forces of the nucleus (negative 
charge > positive charge).

Trend

• Down a group, ionic size increases.

• Across a period, ionic size varies.

• Isoelectronic ions, ions containing the 
same number of electrons, decrease in size 
as the number of protons increases.

• *Ions tend to have the same number of 
electrons, noble gas configurations.

Ion Size Chart
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Relative ion size

• Arrange the ions Se2-, Br-, Rb+, and Sr2+ in 
order of decreasing size.

• Choose the largest ion in each of the 
following groups.

• Li+, Na+, K+, Rb+, Cs+

• Ba2+, Cs+, I-, Te2-

Relative ion size

• Arrange the ions Se2-, Br-, Rb+, and Sr2+ in 
order of decreasing size.

• Se2-, Br-, Rb+, and Sr2+

• All have the same number of electrons but 
different numbers of protons in the nucleus.

• Choose the largest ion in each of the 
following groups.

• Li+, Na+, K+, Rb+, Cs+

• Ba2+, Cs+, I-, Te2-

Forming Binary Ionic Compounds

•Lattice energy is the energy that takes 
place when separated gaseous ions are 
packed together to form an ionic solid:

• M+(g)  +  X-(g)  ----->  MX(s)
•Lattice energy is often defined as the 
energy released when an ionic solid 
forms its ions. 

•Lattice energy is calculated using 
Coulomb’s law, the relationship between 
charge and electrostatic force.

Coulomb’s Law

•Electrostatic force (E) 
•Q is the charge 
•r is the distance from the center of 
charge of the ions

•k = 2.31X1019 J nm

•E =   k (Q1 Q2/r2)
•This relates to the lattice energy of the 
ionic compound

Covalent Bond

•Each atom counts the shared electrons 
as belonging entirely to itself.

•Shared electrons are those between 
two atoms.

•One shared pair = single bond.
•Two shared pairs = double bond.
•Three shared pairs = triple bond.
•Unshared electrons (lone pair) belong 
solely to the atom.

Covalent Bonding

• Electrons are localized, or fixed between 
two atoms.

• Because of electron localization, the 
electrons are not free to move, making 
covalent compounds poor electrical 
conductors.

• Covalent compounds melt and boil at low 
temperatures because of weak 
intermolecular attractions, attractions for 
other molecules within the system.

Covalent Bond Energies and Chemical 
Reactions.
•It always requires energy to break bonds 
(put atoms/electrons in a less stable 
arrangement) Breaking bonds is an 
endothermic process.

•DH > 0, always for breaking bonds
•Energy is always released when bonds 
are formed because atoms are moving to 
a more stable (less energetic) 
arrangement Forming bonds is an 
exothermic process.

•DH < 0, always for forming bonds

Bond length

•The length of a bond is related to the 
bonded atoms’ sizes.

• The higher the bond order (the number 
of electron pairs), the shorter the bond 
length.

• Bond length and bond energy are 
inversely proportional.

Bond Energy

•DH =Sn D (bonds broken) - Sn D (bonds formed)
• energy required energy released
•

• where S represents the sum of terms, n 
represents the number of moles of a 
particular type of bond, and D represents the 
bond energy per mole of bonds.  D always has 
a positive sign.
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DH from Bond Energies.

•Using the bond energies listed in Table 8.4, 
calculate DH for the reaction of methane 
with chlorine and fluorine to give Freon-12.

•

•CH4+ 2Cl2 + 2 F2 CF2Cl2 +  2HF +  2HCl

•ΔH=4(413)+2(239)+2(154)-(2(485)+2(339)+2(565)+2(427))

•ΔH = -1194 kJ /mol

Localized Electron Bonding Model
• This model assumes that a molecule is composed 
of atoms that are bound together by sharing 
pairs of electrons using the atomic orbitals of the 
bound atoms.

• The LE model has three parts:
• 1 Description of the valence electron arrangement 
in the molecule using Lewis structures.

• 2 Predictions of the geometry of the molecules 
using the valence shell electron pair repulsion 
(VSEPR) model.

• 3 Description of the type of atomic orbitals used 
by the atoms to share electrons or hold lone pairs.

Lewis Dot Structure
•The Lewis structure shows how the valence 
electrons are arranged in the molecule.

• The most important requirement is for 
atoms  to achieve a noble gas electron 
configuration.

•Hydrogen forms stable molecules with two 
electrons filling its 1 s orbital.  It follows a 
duet rule.  

•Other atoms form stable molecule by filling 
their outer s and p orbitals with 8 electrons.  
This is the octet rule.

The correct way to do Lewis Dot 
Structures
• 1. Get the sum of all valence electrons from 
all atoms.  Ignore which electrons came 
from which atom.

• 2. Arrange the elements 

• 3. Place the electrons anywhere in the 
compound to satisfy the octet and duet 
rule.

Counting Valence Electrons

•Lone pair electrons belong entirely to 
the atom in question.

•

•Shared electrons are divided equally 
between the two sharing atoms.
• (Valence electrons)assigned = 
• ( # lone pair electrons) + 
• 1/2 (# of shared electrons).

Formal Charge
•To determine the formal charge on each 
atom, take the number of valence 
electrons assigned to the atom in the 
molecule and subtract if from the number 
of valence electrons on the free, neutral 
atom.

•Formal charge = valence electrons of the 
free atom- valence electrons assigned

Rules

•The sum of the formal charges of all 
atoms in a  given molecule or ion must 
equal the overall charge on that species.

• If different Lewis structures exist for 
a species, those with formal charges on 
all atoms closest to zero are the best.

•All negative formal charges should be on 
the most electronegative atoms.

Formal charge

• Most molecules have a formal charge of 
0 on all atoms.

• H 1 electron on free – 1 assigned = 0

• O 6 electrons on free – 6 assigned = 0
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Ions

•For ions, an electron is added for each 
negative charge and an electron is 
subtracted for each positive charge from 
the total valence electrons.

• All ions will have a formal charge on at 
least one atom

• Na+ would subtract 1 electron for the +1
• SO4

2- would add two electrons for the 2-

Molecules/ions with a formal charge

• O3

• PO3
3-

practice

•Give the Lewis structure for each of the 
following.

•HF 
•N2
•NH3
•CH4
•CF4
•NO+

•NO2
-

Octet Rule Exceptions
•The second-row elements C, N, O, and F 
should always be assumed to obey the octet 
rule.

• The second-row elements B and Be often 
has fewer than 8 electrons around them in 
their compounds.  These electron-deficient 
compounds are very reactive.

• Third-row elements are heavier, and often 
satisfy the octet rule but can exceed the 
octet rule by using their empty valence d 
orbitals.

Lewis Structures for Molecules that 
Violate the Octet Rule 

• Write the Lewis structure for 
• PCl5
• ClF3

• XeO3

• RnCl2
• BeCl2
• ICl4-

Resonance

•Sometimes more than one valid Lewis 
structure is possible for a given molecule.

•Resonance occurs when more than one valid 
Lewis structure can be written for a 
particular molecule.

•The resulting electron structure of the 
molecule is given by the average of the 
resonance structures.

Lets look at Nitrite

O=N-O

It may look like this Or it may look like this

-

- - - O-N=O- -

- - - -- [        ]-[        ]
-

Data suggests it looks like both at the same time

What this means

• Double bonds and a single bond are 
different lengths.  

• Looking at nitrite you would expect one 
oxygen to be closer to the nitrogen than the 
other oxygen atom.

• Experiments put their bonds at the same 
length that is somewhere in between the 
length of a single and double bond.

Stability

• The resonance structure makes it like there 
are 2 “one and a half bonds” instead of 1 
single and 1 double bond.

• This makes compounds much more stable 
or non reactive.


