
Molecular Structure and Geometry 
(Bonds and Compounds)



The Octet Rule
Every element wants to “feel” like a noble gas. The noble gases are the 
elements in Column (or “group”) VIII of the periodic table. Group VIII is 
also called Group 18, if you’re including the d-block in your count.

The noble gases all have eight valence electrons. Thus, all elements 
want to “feel” like a noble gas by either giving away, stealing, or sharing 
electrons so that they have –or “feel” like they have– eight valence 
electrons. This is called the octet rule. 

Thus, the way elements behave is often driven by the octet rule: that is, 
their drive to attain eight valence electrons.



noble gases



Ions and Shifting Columns
When atoms gain an electron, they become negatively-charged. When 
atoms lose an electron, they become positively-charged. Atoms that have 
charges on them are called ions, with positively-charged atoms being 
called cations and negatively-charged atoms being called anions.

Each time an element gains one electron, it moves one column to the right 
on the periodic table, in terms of how it “feels.”  

Each time an element loses one electron, it moves one column to the left 
on the periodic table, in terms of how it “feels”. 

Elements gain, lose, or share electrons –in order to obtain a full octet– by 
bonding with each other.



Back to Compounds
In an earlier video, we also learned that compounds are molecules 
comprised of two or more different elements bonded together. Examples 
include H2O and CO2. I’ll now teach you about two different classes of 
compounds:

Compounds

Ionic compounds: metal + nonmetal (contain ionic bonds)
Examples: NaCl, CuCl2

Molecular compounds: two or more nonmetals (contain covalent bonds)
Examples: H2O, CO2



And what do I mean when I say metals and nonmetals?

Blue = metal
Red = nonmetal
Green = Metalloid

Metals and Nonmetals

Ionic compounds: metal + nonmetal (contain ionic bonds)

Molecular compounds: two or more nonmetals (contain covalent bonds)



As I just stated, ionic compounds are formed when a metal and a nonmetal bond with 
each other. When ionic compounds form, the metal pretty much “gives away” its 
electron to the nonmetal. Thus, the metal becomes a cation (positively-charged), 
while the nonmetal becomes an anion (negatively-charged):

Na   +   Cl2   à   NaCl   =   Na+  Cl–

Ionic Compounds
N

aC
l

Once the cation and anion form, however, they don’t 
just go their separate ways. They instead cluster 
together to make an ionic solid.



Once again, ionic compounds are usually formed when a metal and a 
nonmetal bond with each other. There is, however, one class of ionic 
compounds that are made of all nonmetals.

When polyatomic ions bond together, they also make ionic compounds, 
even though they do NOT contain any metals. For example, ammonium 
chloride, NH4Cl, is ionic, even though it doesn’t contain any metals. 

This is because NH4
+ (ammonium) is a cation, and Cl– (chloride) is an 

anion. Again, when polyatomic ions bond together, they also make ionic 
compounds, even though they do NOT contain any metals.

Ionic Exceptions
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Molecular compounds are formed when two or more nonmetals bond with each 
other. Bonds between nonmetals are called covalent bonds. In covalent bonds, the 
atoms share their electrons, so they do NOT have true positive or negative charges 
(cations or anions). Instead, they can have partial positive and negative charges, if 
they share their electrons unevenly.

Molecular Compounds

OH H
δ+

δ–

δ+

If they share their electrons evenly, then they do NOT have partial charges.



Electronegativity

An atom’s electronegativity is its “thirst” for electrons. Electronegativity increases as 
you go up and to the right on the periodic table.
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Bonds in molecular compounds that have an uneven sharing of electrons (which is 
caused by a significant electronegativity difference between the bonded atoms) are 
called polar covalent bonds. They’re kind of like ionic bonds, except they don’t have 
true cations or anions. They just have partial positive or negative charges.

Polar Covalents

H2O

versus

NaCl

So you can think of a polar covalent bond as kind of having “partial” ionic character.



This contrasts with nonpolar covalent bonds, which occur when nonmetal bonded 
atoms do NOT have a significant electronegativity difference between them. 
Nonpolar covalent molecules do NOT have partial positive or negative charges.

Nonpolar Covalents

Cl2

ClCl
H
C
H CH4



Type Properties What keeps them 
together? Examples

Ionic high melting points, high boiling points,
brittle, hard

Ionic interactions 
(lattice energy) NaCl, MgO

Molecular low melting points, 
do not conduct electricity

Intermolecular
Forces

Network 
Covalent

high melting points, high boiling points,
hard, do not conduct electricity

Network of 
covalent bonds

C (diamond, graphite) 
SiO2 (quartz)

Metallic
variable hardness and melting points, 

conduct electricity, conduct heat, 
lustrous (shiny), malleable, ductile

Metallic Bonding Fe, Mg

Different Compound Types



Molecular Structure and Geometry 
(Lattice Energy)



Type Properties What keeps them 
together? Examples

Ionic high melting points, high boiling points,
brittle, hard

Ionic interactions 
(lattice energy) NaCl, MgO

Molecular low melting points, 
do not conduct electricity

Intermolecular
Forces

Network 
Covalent

high melting points, high boiling points,
hard, do not conduct electricity

Network of 
covalent bonds

C (diamond, graphite) 
SiO2 (quartz)

Metallic
variable hardness and melting points, 

conduct electricity, conduct heat, 
lustrous (shiny), malleable, ductile

Metallic Bonding Fe, Mg

Different Compound Types



What is Lattice Energy?
Lattice energy is the energy required to completely separate an ionic 
compound’s cations from its anions.

NaCl(s)   à   Na+(g)   +   Cl–(g)



What is Lattice Energy?
Lattice energy is the energy required to completely separate an ionic 
compound’s cations from its anions.

Lattice energy   ≈
(cation charge) × (anion charge)

Bond distance

Bigger charges = larger lattice energy

Shorter bond distance = larger lattice energy



Bigger Charges = Larger Lattice Energy

Lattice energy   ≈
(cation charge) × (anion charge)

Bond distance

Scenario A:

+1 –1

Scenario B:

+3 –3

In which scenario is it harder to break 
apart the atoms?

bigger charges = larger lattice energy



Shorter Bond = Larger Lattice Energy

Lattice energy   ≈
(cation charge) × (anion charge)

Bond distance

Scenario A:

+1 –1

Scenario B:

+1 –1

In which scenario is it easier to break 
apart the atoms?

shorter bond distance
= larger lattice energy



Elements’ Sizes
In general, atoms’ sizes get smaller as you go to the right across a row 
or up a column on the periodic table. You’ll notice that this follows the 
same trend as electronegativity, except noble gases are included.

Decreasing Size
Largest

Smallest



Example Questions
Which of the following would have the largest lattice energy? Why?

A. Li-F

B. Li-Cl

C. Li-Br

D. Li-I



Example Questions
Which of the following would have the largest lattice energy? Why?

A. Li-F

B. Na-F

C. MgCl2
D. ScN

E. CaO



Molecular Structure and Geometry 
(Lewis Structures) 



The Octet Rule
Every element wants to “feel” like a noble gas, which are the elements in 
Group VIII (or Group 18, if you count the d-block) of the periodic table.

The noble gases all have eight valence electrons. Thus, all elements 
want to “feel” like a noble gas by either giving, stealing, or sharing 
electrons so that they have –or “feel” like they have– eight valence 
electrons. This is called the octet rule. 

Thus, elements’ chemical properties are significantly driven by the octet 
rule: their determination to attain eight valence electrons.



noble gases



Ions and Shifting Columns
Each time an element gains one electron through stealing or sharing, it 
moves one column to the right on the periodic table, in terms of how it 
“feels.”  

Each time an element loses one electron through stealing or sharing, it 
moves one column to the left on the periodic table, in terms of how it 
“feels”. 

Elements gain, lose, or share electrons –in order to obtain a full octet– by 
bonding with each other.



How to Draw Lewis Structures
1. Count up the valence electrons for every atom in your formula. Add one electron to 

your count for each negative charge. Subtract one electron from your count for 
each positive charge. (Note: an atom’s number valence electrons is usually the 
same as its column number on the periodic table, except that we exclude the 
columns in the d- and f-blocks. For elements that are in the d- or f-blocks, we just 
count the electrons in their outermost s- or p-columns as being valence electrons.)

2. Write down the symbols for all the atoms in your molecule. Usually, the least 
electronegative atom goes in the center. This is typically the first atom in your 
chemical formula, except for H. (H is NEVER in the middle.) Connect each atom a 
single bond, remembering that each single bond represents two electrons.

3. Use your remaining electrons to complete everyone’s octet by adding lone-pair 
electrons (also called nonbonding pairs) around each atom, leaving the central 
atom for last. (Note: hydrogen only needs a two-tet, not an octet.)



How to Draw Lewis Structures
4. Place any leftover electrons on the central atom, even if doing so 

violates the octet rule. (Note: elements on the third row and below on 
the periodic table CAN have more than eight electrons.)

5. If there are not enough electrons to give the central atom an octet, form 
multiple bonds (like double or triple bonds) to complete the central 
atom’s octet.



d-block p-blocks-block f-block

How Many Valence Electrons?
• Usually the same as its column number on the periodic table



“We do not consider the electrons in COMPLETELY FILLED d or f subshells 

to be valence electrons, and for transition elements, we do not consider the 

electrons in a completely filled f subshell to be valence electrons.” 

– Brown, T. L.; LeMay, Jr.; H. E.; Bursten, B. E.; Murphy, C. J.; Woodward, P. M.; Stoltzfus, M. W. 

Electronic Structure of Atoms. In Chemistry: the Central Science, 13th edition; Pearson: River, NJ; 

2015; p 244.

How Many Valence Electrons?



d-block p-blocks-block f-block

How Many Valence Electrons?
• Usually the same as its column number on the periodic table

• If d-block is completely filled, d-block electrons do NOT count.



How Many Valence Electrons?



d-block p-blocks-block f-block

How Many Valence Electrons?
• Usually the same as its column number on the periodic table

• If d-block is completely filled, d-block electrons do NOT count.

• If d-block is NOT fully-filled, d-block electrons DO count.



Please remember the following exceptions:

only needs 2 electrons, not 8

only needs 4 electrons, not 8

sometimes only 
have 6 electrons



Example Questions
Please draw a correct Lewis structure for each of the following 
molecules. For examples that have multiple correct Lewis structures, 
choose the one that represents the most stable resonance contributor.

A. CH4

B. NH3

C. N2O

D. SCl4
E. NO3

–



Example Questions
Which of the following molecules contains a triple bond?

I. N2 
II. CH3CN 
III. C2H2

A. I only

B. I and III only

C. II and III only

D. III only

E. I, II, and III



Molecular Structure and Geometry 
(Formal Charge, Resonance 

Contributors, and Bond Order) 



How to Count σ and π Bonds
Each single bond in a molecule is one σ (sigma) bond. All double bonds contain one σ 
and one π (pi) bond. Triple bonds contain one σ and two π bonds:

Molecule Bond Count

Four σ bondsH C

H

H

H

H C
H

O The C=O bond contains one σ 
bond and one π bond. Each C–H 

bond is a σ bond.



How to Count σ and π Bonds
Each single bond in a molecule is one σ (sigma) bond. All double bonds contain one σ 
and one π (pi) bond. Triple bonds contain one σ and two π bonds:

Molecule Bond Count

C C HH
The C≡C bond contains one σ 

bond and two π bonds. Each C–H 
bond is a σ bond.

Sigma bonds are stronger than pi bonds. However, because double bonds contain 
one σ and one π, double bonds are stronger and shorter than single bonds. By 
analogy, triple bonds are stronger and shorter than doubles, because they contain 
one σ and two π bonds.



How to Count σ and π Bonds
Each single bond in a molecule is one σ (sigma) bond. All double bonds contain one σ 
and one π (pi) bond. Triple bonds contain one σ and two π bonds:

Molecule Bond Count

C C HH
The C≡C bond contains one σ 

bond and two π bonds. Each C–H 
bond is a σ bond.

Sigma bonds are stronger than pi bonds. However, because double bonds contain 
one σ and one π, double bonds are stronger and shorter than single bonds. By 
analogy, triple bonds are stronger and shorter than doubles, because they contain 
one σ and two π bonds.

Single bond: one σ

Double bond: one σ and one π

Triple bond: one σ and two π

Bond gets 
longer and 

weaker



Example Question
Consider glycine, the simplest amino acid, whose structure is shown here:

A. How many total σ bonds are there in glycine?

B. How many total π bonds are there in glycine?

9
1



Example Question
Consider glycine, the simplest amino acid, whose structure is shown here:

A. How many total σ bonds are there in glycine?

B. How many total π bonds are there in glycine?

9
1



Formal Charge
For some molecules, we can draw more than one Lewis structure that gives all the 
atoms a full octet. When this happens, we can think of the actual molecule being a 
“blend” of all of these “contributing” Lewis structures.

For example, we can draw two structures for CO2 that both have a full octet on every 
atom:

O C O
..
..

..

.. O C O 
..
.... ..

So, which one is right?

Both of them. In reality, CO2’s structure is somewhere in-between these two. We say, 
then, that these two structures are “contributors” (or resonance contributors) to the 
actual structure of CO2. However, the more stable of these two structures is the one 
that “contributes more.”



Formal Charge
So how do we know which one “contributes more?” 

We assign numbers, called formal charges, to each atom in the molecule. 
The Lewis structure that “contributes more” (is the most stable) is 
generally the one in which the atoms all have formal charges that are as 
close as possible to zero.

Sometimes, none of the contributors have a formal charge of zero on 
every single atom. When this happens, the most stable one is the one that 
gives negative formal charges to the most electronegative atoms and 
positive formal charges to the least electronegative atoms.



How to Determine Formal Charge
Formal Charge = (valence electrons) – (one for each dot) – (one for each bond)

What is the formal charge of the C and the N atom in cyanide?

For C: 4 – (2) – (3) = –1  

For N: 5 – (2) – (3) = 0





Example Question
What is the formal charge of each C and O in the following Lewis 
structures? Which Lewis structure is the greater resonance contributor?

O C O
..
..

..

.. O C O 
..
.... ..



Molecular Structure and Geometry 
(Formal Charge, Resonance 

Contributors, and Bond Order) 



Bond Order
To be honest, bond order is a subject that can get a little complicated. To keep it 
simple, just think of a bond’s bond order as being its average length, when multiple 
contributors are possible. The larger the bond order, the stronger the bond. For 
example, CO2 has three major resonance contributors:



Bond Order
To be honest, bond order is a subject that can get a little complicated. To keep it 
simple, just think of a bond’s bond order as being its average length, when multiple 
contributors are possible. The larger the bond order, the stronger the bond. For 
example, CO2 has three major resonance contributors:

bond order?



Bond Order
To be honest, bond order is a subject that can get a little complicated. To keep it 
simple, just think of a bond’s bond order as being its average length, when multiple 
contributors are possible. The larger the bond order, the stronger the bond. For 
example, CO2 has three major resonance contributors:

Bond order   =   average of 2, 3, and 1

=   (2 + 3 + 1) / 3   =   2



Example Question
The structure of the carbonate ion, CO3

2–, can be represented by the 
Lewis structure shown below. What is the C–O bond order in CO3

2–?

O C
O

O

2–A. 1

B. 1.3

C. 1.5

D. 2

E. 2.5



Molecular Structure and Geometry 
(Hybridization and Molecular Geometry)



Orbital Recap
In an earlier chapter, I taught you that atoms place their various electrons in . . . 

S orbitals

P orbitals



Orbital Recap
In an earlier chapter, I taught you that atoms place their various electrons in . . . 
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D orbitals



Orbital Recap
In an earlier chapter, I taught you that atoms place their various electrons in . . . 

F orbitals
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Orbital Recap
In an earlier chapter, I taught you that atoms place their various electrons in . . . 

F orbitals
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When bonding with each other to form molecules, however, atoms have 
to change the shapes of their atomic orbitals and then blend and mix –or 
hybridize– them together to ultimately create molecular orbitals.



Orbital Hybridization
To identify any atom’s hybridization, you just have to count the number of “things” 
around the atom* and then memorize the following:

*A “thing” here is either another atom or a lone electron pair (1 nonbonding pair = 1 
thing).

# of things Hybridization
2 sp
3 sp2

4 sp3



H
C

H

H

H H
C

O

H

hybridization?
hybridization?

hybridization?

C CH H

hybridization?

sp3
sp2

sp2

sp

Orbital Hybridization
What is the hybridization of each of the indicated atoms?





More Complex Hybridization
To identify any atom’s hybridization, you just have to count the number of “things” 
around the atom* and then memorize the following:

*A “thing” here is either another atom or a lone electron pair (1 nonbonding pair = 1 
thing).

# of things Hybridization

5 sp3d

6 sp3d2



Generally speaking, molecules adopt the shape that keeps all the atoms 
as far away (as spaced out) from each other as possible. For example, in 
the molecule CH4 . . .

. . . The furthest apart that the four hydrogen atoms can get on a flat, two-
dimensional surface (like this lecture slide) is 90 degrees. The idea that 
atoms spread out as much as possible is called the VSEPR (Valence-
Shell Electron-Pair Repulsion) model.

90∞

C

H

H

H H

Molecular Geometry (Shape)



In real life, however, molecules do not exist in a two-dimensional world. They exist in 
a three-dimensional world, where each of these hydrogen atoms can actually spread 
out further than 90°, like this:

H

H

HH

This type of shape is called a tetrahedron. You can see that the hydrogens (blue 
balls) can spread out from their central carbon (the gray ball) to have a 109.5° angle 
between each hydrogen atom.

tetrahedron 109.5

Molecular Geometry (Shape)



Like CH4, H2O also has four things around its central oxygen atom. 
However, two of those things are lone pairs:

Lone pairs take up more room than regular bonding groups. Thus, in 
H2O, te angles between the hydrogen atoms is <109.5, while remaining 
angles are >109.5.

. .

. .

O
H

H
>109.5

H

H

HH

109.5

H2O vs. CH4

>109.5

<109.5



. .

. .

O
H

H

H

H

HH

What is H2O’s Shape?

tetrahedron

e– included: tetrahedron



O
H

H

H

H

HH

What is H2O’s Shape?

tetrahedron

e– included: tetrahedron
e– NOT included: bent

e– included: electron-domain geometry
e– NOT included: molecular geometry

NH3

e– included: tetrahedron
e– NOT included: ???



Ammonia (NH3)

e– included (electron-domain geometry): tetrahedron
e– NOT included (molecular geometry): ???



Ammonia (NH3)

e– included (electron-domain geometry): tetrahedron
e– NOT included (molecular geometry): ???



Ammonia (NH3)

e– included (electron-domain geometry): tetrahedron
e– NOT included (molecular geometry): trigonal pyramid



Electron 
Domain 
(‘things’)

Hybrid-
ization

Bond 
Angles

Electron-
Domain 

Geometry

Non-
Bonding 
Electron 

Pairs
Shapes Molecular 

Geometry

2 sp 180° Linear 0 Linear

3 sp2 120° Trigonal 
planar

0 Trigonal 
planar

1 bent

4 sp3 109.5° Tetra-
hedral

0 Tetrahedral

1 Trigonal 
pyramid

2 bent

Memorize This Information



Electron 
Domain 
(‘things’)

Hybrid-
ization

Bond 
Angles

Electron-
Domain 

Geometry

Non-
Bonding 
Electron 

Pairs
Shape Molecular Geometry

5 sp3d
90° 
120° 
180°

Trigonal 
bipyramid

0 Trigonal bipyramid

1 See-saw

2 T-shaped

3 Linear

6 sp3d2 90° Octa-
hedral

0 Octahedral

1 Square pyramid

2 Square planar

Memorize This Information



H
C

H

H

H H
C

O

H

hybridization?
hybridization?

hybridization?

C CH H

hybridization?

120°
Trigonal plane

~120°
Trigonal plane

What is the bond angle and geometry of the indicated atoms?

Molecular Geometry (Shape)

109.5°
tetrahedron

180°
linear



Molecular Structure and Geometry 
(Polar or Nonpolar?)



Polar or Nonpolar?
As I discussed in an earlier video, when bonded atoms have a significant 
difference in their electronegativities, they share their electrons 
unequally. This causes their bond to be polar. We should, of course, 
remember that . . . 



Electronegativity

. . . An atom’s electronegativity (its “thirst” for electrons) increases as you go up and 
to the right on the periodic table.
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Polar or Nonpolar?
As I discussed in an earlier video, when bonded atoms have a significant 
difference in their electronegativities, they share their electrons 
unequally. This causes their bond to be polar. We should, of course, 
remember that . . . 

Brevetoxin A

Determining the polarity 
of entire complex mole-
cules is complicated, as 
their polarities are the 
collective product of the 
combined polarities and 
geometries of their in-
dividual bonds.



Polar or Nonpolar?
As I discussed in an earlier video, when bonded atoms have a significant 
difference in their electronegativities, they share their electrons 
unequally. This causes their bond to be polar. We should, of course, 
remember that . . . 

Brevetoxin A

Determining the polarity 
of entire complex mole-
cules is complicated, as 
their polarities are the 
collective product of the 
combined polarities and 
geometries of their in-
dividual bonds.

We care about polarity because polarity determines solubility. In other 
words, if something is polar then it will be soluble in water (and other 
polar solvents). If it’s nonpolar, then it will be soluble in nonpolar 
solvents, such as hexane, benzene, toluene, and so forth.



Polar or Nonpolar?
For simpler molecules, we can more easily determine if they are polar or 
nonpolar. Here are some tips:

• O–H bonds are polar. The more OH’s your molecule has, the more 
polar it is.

• C–H bonds are nonpolar. The more CH’s your molecule has, the more 
nonpolar it is.

For other simple molecules, I’ll now give you some quick rules.



Polar or Nonpolar?
So how do we determine if a molecule is polar or not?

1. Draw your molecule’s Lewis structure flat on your paper and then spread out all 
of its groups (including its lone pairs) as far as possible, around its central atom.

2. Draw arrows between every atom in the molecule, going from the less 
electronegative atom (A) to the more electronegative atom (B) in each bond, like 
this:

3. Answer the following question: “If my central atom were a truck stuck in the mud 
being pulled in the directions indicated by the arrows, would the truck move?” If 
so, then your molecule is polar. If not, then it’s nonpolar.

A – B



Example Question
Which of the following molecules would be most soluble in toluene? 
Which one would be the least?

a. CH3CH2CH2OH

b. CH3CH2OH

c. CH3CH2CH2CH2OH

d. CH3OH



Example Question
Predict whether each of the following molecules is polar or nonpolar:

a. CCl4
b. NH3

c. SF4
d. XeF4


