[bookmark: _bc9bahp6m931]AP Chemistry Unit 2: Molecular and Ionic Compound Structure and Properties

[bookmark: _httuwuytld7t]Topic 1: Types of Chemical Bonds
[bookmark: _qiqa8a6g8z88]1.1 Why Chemical Bonds Form
Atoms interact because of attractions and repulsions between charged particles.
Remember:
· protons are positive
· electrons are negative
· opposite charges attract
· like charges repel
When two atoms approach each other, several interactions occur:
· each nucleus attracts the other atom's electrons
· the two nuclei repel each other
· the electrons repel each other
A bond forms when the attractive interactions produce a lower-energy, more stable arrangement than the separated atoms.
This idea—lower energy = greater stability—will appear throughout chemistry.

[bookmark: _vecpi2dfi785]1.2 The Three Main Types of Bonding
For AP Chemistry, the major categories are:
1. Ionic bonding
2. Covalent bonding
3. Metallic bonding
These categories are useful models, but real bonds can have properties between the categories.

[bookmark: _c2bfzenv5hul]1.3 Ionic Bonding
An ionic bond is the electrostatic attraction between oppositely charged ions.
Ionic compounds generally form between:
metal + nonmetal
Example:
NaCl
Sodium tends to lose one electron:
Na → Na⁺ + e⁻
Chlorine tends to gain one:
Cl + e⁻ → Cl⁻
The resulting ions attract:
Na⁺ ⋯ Cl⁻
The attraction between the positive and negative ions holds the solid together.

[bookmark: _iy9nsdm1n9rl]1.4 Important Point About Ionic Bonds
It is common to imagine one Na⁺ attached to one Cl⁻.
That is not really what solid NaCl looks like.
Instead, ionic compounds form large, repeating crystal lattices.
Each positive ion is surrounded by negative ions, and each negative ion is surrounded by positive ions.
So an ionic solid is held together by many electrostatic attractions throughout the entire structure.

[bookmark: _2bdbh4bsk58w]1.5 Formula Units
Ionic compounds do not usually exist as individual molecules.
Therefore, we describe the simplest ratio of ions using a formula unit.
NaCl means:
Na⁺ : Cl⁻ = 1 : 1
MgCl₂ means:
Mg²⁺ : Cl⁻ = 1 : 2
Al₂O₃ means:
Al³⁺ : O²⁻ = 2 : 3

[bookmark: _q3ka5nlf1kcb]1.6 Covalent Bonding
A covalent bond forms when atoms share electrons.
Covalent bonding usually occurs between:
nonmetal + nonmetal
Example:
H₂
Each hydrogen contributes one electron.
The two atoms share the pair:
H—H
The shared electrons are attracted to both nuclei.

[bookmark: _h91b1pybe30x]1.7 Single, Double, and Triple Bonds
A single covalent bond contains:
1 shared electron pair
represented by:
—
A double bond contains:
2 shared electron pairs
represented by:
=
A triple bond contains:
3 shared electron pairs
represented by:
≡
Examples:
H₂:
H—H
O₂:
O=O
N₂:
N≡N

[bookmark: _9jj1scongkhi]1.8 Bond Order
Bond order tells you how many bonding pairs connect two atoms.
Single bond:
bond order = 1
Double bond:
bond order = 2
Triple bond:
bond order = 3
Bond order strongly affects bond strength and length.
Generally:
higher bond order → stronger bond
and
higher bond order → shorter bond
So:
triple bond = shortest and strongest
double = intermediate
single = longest and weakest
when comparing bonds between the same types of atoms.

[bookmark: _rll8jj2kd26d]1.9 Polar Covalent Bonds
Covalent electrons are not always shared equally.
If one atom attracts the shared electrons more strongly, the electrons spend more time near that atom.
This produces a polar covalent bond.
The more electronegative atom gains a partial negative charge:
δ−
The less electronegative atom gains a partial positive charge:
δ+
The symbol δ means partial, not a full ionic charge.

[bookmark: _my2o86mtkbgy]1.10 Electronegativity
Electronegativity measures an atom's attraction for shared electrons in a bond.
General trend:
increases → across a period
increases ↑ up a group
Fluorine has the greatest electronegativity.

[bookmark: _sjt49p9ktedr]1.11 Electronegativity Difference and Bond Type
When two atoms have very similar electronegativities:
electrons are shared fairly equally.
→ mostly nonpolar covalent
As the difference increases:
→ more polar covalent
With a very large difference:
→ more ionic character
Khan Academy's Unit 2 practice specifically asks students to compare bonds based on their amount of ionic character and electronegativity differences.

[bookmark: _1oynkkl7rksa]1.12 Important AP Idea: Bonding Is a Continuum
Do not think there is a magical boundary where a bond suddenly becomes completely ionic.
Instead, think of bonding as a spectrum:
nonpolar covalent ← polar covalent → ionic
As electronegativity difference increases:
ionic character generally increases

[bookmark: _zhaaudb2rnok]1.13 Example
Compare:
N—O
C—F
Mg—O
Which would probably have the greatest ionic character?
Mg is a metal and O is a highly electronegative nonmetal.
The electronegativity difference is large.
Therefore:
Mg—O has strong ionic character.
N and O have more similar electronegativities, so N—O is much more covalent.

[bookmark: _dx53knk8rtx1]1.14 Metallic Bonding
Metal atoms also bond differently from typical covalent molecules.
In a metal:
· metal nuclei/core ions form an organized structure
· valence electrons are relatively mobile
· electrons are delocalized instead of belonging to one specific bond
You may hear this described as:
positive metal ions surrounded by a "sea" of mobile electrons

[bookmark: _ceipqna2vmam]1.15 Why Metals Conduct Electricity
Because the valence electrons are mobile, they can move through the solid when an electric field is applied.
Therefore metals are usually:
good electrical conductors

[bookmark: _e9i7x9s14bf9]1.16 Why Metals Are Malleable
Malleable means a material can be hammered or shaped without easily shattering.
Metal atoms can shift position while the delocalized electrons continue holding the structure together.
Therefore metal layers can slide without immediately breaking the bonding structure.

[bookmark: _6akoca863jrj]Topic 1 — Must Know
Be able to distinguish:
	Bond type
	Usually between
	Electron behavior

	Ionic
	metal + nonmetal
	electrons effectively transferred; ions attract

	Covalent
	nonmetal + nonmetal
	electrons shared

	Metallic
	metal atoms
	electrons delocalized


And remember:
larger electronegativity difference → greater ionic character

[bookmark: _szzz6x3k8sj0]Topic 2: Intramolecular Force and Potential Energy
This topic explains why bonds have certain lengths and strengths using potential energy.

[bookmark: _u18cyui99pu3]2.1 Intramolecular vs. Intermolecular
These words are easily confused.
Intramolecular forces
exist inside a particle, holding atoms together.
Examples:
· covalent bonds
· ionic bonding
· metallic bonding
Intermolecular forces
occur between separate molecules.
Intermolecular forces are mainly Unit 3.
For Unit 2, we focus mostly on intramolecular attractions.

[bookmark: _4ayyvlvr641]2.2 What Happens When Two Atoms Approach Each Other?
Imagine two isolated atoms moving toward each other.
When they are very far apart:
interaction is weak.
As they get closer:
each nucleus begins attracting electrons on the other atom.
Potential energy decreases.
Lower potential energy means:
greater stability

[bookmark: _ujsa1he8hf9o]2.3 The Ideal Bond Distance
Eventually, the atoms reach a distance where attraction and repulsion balance.
This is approximately the:
bond length
At that distance, the potential energy reaches a minimum.
This is the most stable distance between those bonded atoms.

[bookmark: _o0d8ju9115oi]2.4 What If the Atoms Get Too Close?
If the atoms are pushed closer than the equilibrium bond length:
· nucleus-nucleus repulsion becomes very strong
· electron-electron repulsion also increases
Potential energy rises quickly.
Therefore atoms do not collapse into one another.

[bookmark: _c90f09o2a0hl]2.5 Potential Energy Curve
A typical potential-energy graph has:
x-axis: internuclear distance
y-axis: potential energy
The curve often looks like a valley.
At far distance:
PE ≈ 0
As atoms approach:
PE decreases.
At the minimum:
equilibrium bond length
If atoms get even closer:
PE rises sharply.

[bookmark: _690o49jcj05]2.6 Bond Energy
Bond energy describes the amount of energy required to break a bond.
On a potential-energy graph, it corresponds to the difference between:
the energy at the bottom of the potential well
and
the energy of separated atoms.
Deeper potential well:
stronger bond
More energy is required to separate the atoms.

[bookmark: _kczcabjvv5zy]2.7 Bond Strength vs. Bond Length
For bonds between similar atoms:
stronger bonds are generally shorter
and:
weaker bonds are generally longer
Example:
C—C
C=C
C≡C
Bond order increases:
1 → 2 → 3
Bond length:
decreases
Bond strength:
increases

[bookmark: _x2huehkctwvi]2.8 Why?
More shared electron density between the nuclei produces stronger attraction.
Thus:
C≡C holds the nuclei closer than C—C.

[bookmark: _2kxcw5ir3zok]2.9 Breaking Bonds Requires Energy
Important:
Breaking a chemical bond requires energy.
Students sometimes think breaking bonds releases energy.
It does not.
You must supply energy to overcome the attractive forces holding atoms together.

[bookmark: _vwecw5bqjd3j]2.10 Forming Bonds Releases Energy
When atoms form a stable bond:
potential energy decreases.
The lost potential energy is released to the surroundings.
So:
breaking bonds → absorbs energy
forming bonds → releases energy
This becomes extremely important in thermochemistry later.

[bookmark: _jyymojz9ei4m]Topic 2 Test Interpretation
On a potential-energy curve:
· minimum x-value location → bond length
· deeper minimum → stronger bond
· atoms too close → high repulsive energy
· atoms infinitely far apart → essentially no bond

[bookmark: _n47oqbb2rg1y]Topic 3: Structure of Ionic Solids
[bookmark: _q1q6ce1hcnso]3.1 Ionic Crystals
Ionic solids consist of:
cations + anions
arranged in a repeating three-dimensional lattice.
They do not consist of individual molecules.

[bookmark: _kuhanwyk7hz8]3.2 Why the Lattice Forms
Opposite charges attract.
The lattice arranges ions so that:
positive ions are near negative ions
while:
like-charged ions stay as separated as possible.
This lowers the electrostatic potential energy.

[bookmark: _6gdnfn1ik66j]3.3 Example: NaCl
NaCl contains:
Na⁺
and:
Cl⁻
in a 1:1 ratio.
In the solid, one Na⁺ interacts with several Cl⁻ ions rather than being paired with one specific chloride.

[bookmark: _wu02dp4qna3q]3.4 Coulomb's Law and Ionic Attraction
Remember from Unit 1:
F ∝ |q₁q₂| / r²
This tells us ionic attraction depends strongly on:
1. charge
2. distance

[bookmark: _270uzjj2y5m1]3.5 Effect of Ionic Charge
Compare:
Na⁺ and Cl⁻
versus:
Mg²⁺ and O²⁻
Mg²⁺ and O²⁻ have greater charge magnitudes.
Therefore their electrostatic attractions are generally stronger.
Stronger attractions usually lead to:
· greater lattice energy magnitude
· higher melting point
· more energy required to separate ions

[bookmark: _93a8mim0uaa6]3.6 Effect of Ionic Size
Smaller ions can approach each other more closely.
Remember:
smaller r → stronger Coulombic attraction
Therefore, when charges are similar:
smaller ions generally produce stronger ionic attractions

[bookmark: _cav4k7ep1dj0]3.7 Lattice Energy
Lattice energy is related to the energy involved in separating or forming an ionic lattice.
Depending on the definition being used, the sign may be discussed differently.
For AP reasoning, focus on the magnitude of the attraction.
Greater lattice-energy magnitude means:
stronger ion-ion attraction

[bookmark: _hmt0xeqbk8ij]3.8 Comparing Ionic Compounds
Suppose we compare:
NaCl
MgO
MgO contains:
Mg²⁺ and O²⁻
NaCl contains:
Na⁺ and Cl⁻
The charge product in MgO is much greater.
Therefore:
MgO has substantially stronger electrostatic attractions.

[bookmark: _pf6oezm81xsk]3.9 Another Comparison
Compare:
LiF
CsF
Both have:
+1 and −1 charges.
So charge is essentially the same factor.
Now compare ion size.
Li⁺ is much smaller than Cs⁺.
Therefore Li⁺ and F⁻ can get closer.
So:
LiF generally has stronger ionic attraction than CsF.

[bookmark: _pe3e15dvkm8u]3.10 Properties of Ionic Solids
Strong ionic attractions help explain why ionic compounds tend to have:
· high melting points
· high boiling points
· hard crystal structures
A lot of energy is required to separate the ions.

[bookmark: _bhv40gz2n68w]3.11 Why Ionic Solids Are Brittle
Ionic crystals are hard but often brittle.
If enough force shifts one layer of ions:
positive ions may become aligned with positive ions.
Negative ions may become aligned with negative ions.
Like charges repel strongly.
The crystal can crack or shatter.

[bookmark: _r3qq3w31vdwm]3.12 Electrical Conductivity of Ionic Substances
Solid ionic compounds generally do not conduct electricity well.
Why?
The ions are locked into fixed positions.
Charged particles cannot freely move through the solid.

[bookmark: _p3x8ebqkrl9m]3.13 Molten Ionic Compounds
When melted:
the ions become mobile.
Therefore molten ionic compounds:
can conduct electricity

[bookmark: _cw8nc7fxny43]3.14 Ionic Compounds in Water
If an ionic compound dissolves in water:
its ions may separate and move through the solution.
Therefore aqueous solutions containing mobile ions:
can conduct electricity
This becomes very important later when studying electrolytes.

[bookmark: _3bwl7vfa66d]Topic 3 Quick Rule
Ionic attraction gets stronger when:
charge magnitude ↑
or:
ionic distance ↓

[bookmark: _bk72b99jk0nr]Topic 4: Structure of Metals and Alloys
Khan Academy's current lesson specifically covers particulate models of metals and substitutional and interstitial alloys.
[bookmark: _ycno6sgr4fp2]4.1 Structure of a Metal
Metallic solids contain many metal atoms packed together.
The valence electrons are delocalized.
Instead of one electron pair belonging to one pair of atoms, the electrons can move through a much larger region.

[bookmark: _axy5dq8rsqnx]4.2 Metallic Bonding
A simplified model describes metals as:
positive metal cores in a sea of mobile valence electrons
The attraction between:
positive metal cores
and:
delocalized electrons
holds the metal together.

[bookmark: _7ypqepkbijfc]4.3 Properties Explained by Metallic Bonding
Metallic bonding helps explain:
[bookmark: _8z7yopr7zft]Electrical conductivity
mobile electrons carry charge.
[bookmark: _cxd0gqhyvewm]Thermal conductivity
energy can move efficiently through the structure.
[bookmark: _k3ydhbrocvyx]Malleability
metal atoms can shift without immediately destroying bonding.
[bookmark: _fbhbmlx7i327]Ductility
metals can often be drawn into wires.

[bookmark: _h07d8aiwi428]4.4 What Is an Alloy?
An alloy is a mixture containing:
two or more elements
where:
at least one is a metal.
Alloys usually retain metallic characteristics.
Examples include mixtures involving metals such as:
· iron
· copper
· nickel
· zinc

[bookmark: _pt2qna6w2nxv]4.5 Why Make Alloys?
Pure metals do not always have the desired physical properties.
Mixing different atoms can change:
· hardness
· strength
· corrosion resistance
· flexibility
· conductivity

[bookmark: _wbui2htosy7l]4.6 Two Important Alloy Types
Know these:
[bookmark: _au0abslurh58]Substitutional alloys
[bookmark: _auahc0knfjrm]Interstitial alloys

[bookmark: _uxvrzkntxnyt]4.7 Substitutional Alloy
In a substitutional alloy, atoms of one element replace some of the metal atoms in the lattice.
This generally works when the atoms have:
similar atomic radii
Imagine:
A A A A
 A B A A
 A A A B
 B A A A
B atoms have substituted for A atoms.

[bookmark: _vdbgdmb7myrm]4.8 Example of Substitutional Alloy
Copper and nickel have fairly similar atomic sizes.
They can form substitutional alloys.
Khan Academy uses copper-nickel alloys as a particulate-model example.

[bookmark: _fqmkoys21nki]4.9 Interstitial Alloy
In an interstitial alloy, small atoms fit into spaces between larger metal atoms.
Imagine:
A A A
 b b
 A A A
The small b atoms occupy:
interstitial spaces
rather than replacing the main metal atoms.

[bookmark: _zgcve2tv13hj]4.10 Size Requirement
Interstitial alloy:
atoms have significantly different sizes.
The smaller atoms fit into spaces between larger atoms.
Substitutional alloy:
atoms have more similar sizes.

[bookmark: _rfofx6ymef3z]4.11 Recognizing Them From Diagrams
On AP questions:
[bookmark: _m6a2ydkouz7p]Substitutional
Look for different atoms occupying normal lattice positions.
[bookmark: _hiltaep7k6lq]Interstitial
Look for tiny atoms located in the gaps between larger metal atoms.

[bookmark: _b1txdbcncecu]Topic 5: Lewis Diagrams
Khan Academy's Lewis-diagram section covers drawing structures, molecular and polyatomic-ion examples, and exceptions to the octet rule.
This is one of the biggest Unit 2 topics.
[bookmark: _4w6encw1pqkv]5.1 What Is a Lewis Diagram?
A Lewis diagram shows how valence electrons are distributed in a molecule or polyatomic ion.
It represents:
bonding pairs
with lines
and:
lone pairs
with dots.

[bookmark: _kbhr628einxm]5.2 Bonding Pair
Two electrons shared between two atoms form a covalent bond.
Example:
H:H
is usually written:
H—H
One line means:
2 bonding electrons

[bookmark: _vwo1tb8ongsp]5.3 Lone Pair
A lone pair is a pair of valence electrons not used in bonding.
Example in water:
oxygen has two lone pairs in addition to two O—H bonds.
These lone pairs strongly influence molecular shape.

[bookmark: _6sqkitqgljdh]5.4 The Octet Rule
Many main-group atoms tend toward:
8 valence electrons
through bonding.
This resembles the stable electron configuration of a noble gas.
Important:
The octet rule is a useful model, not a universal law.
There are exceptions.

[bookmark: _ntx97h8kyrez]5.5 Hydrogen Exception
Hydrogen only needs:
2 electrons
because the first shell contains only the 1s orbital.
So H normally forms one bond.
Do not give hydrogen an octet.

[bookmark: _qbi3iqslko8j]5.6 How to Draw Lewis Structures
Use this general procedure.
[bookmark: _n6i3tluist99]Step 1: Count total valence electrons
Add valence electrons from every atom.
For ions:
negative charge → add electrons
positive charge → subtract electrons

[bookmark: _l2d5tpxthwap]Step 2: Choose the central atom
Usually:
the least electronegative atom
goes in the center.
Hydrogen is almost never the central atom.
Halogens are usually terminal.

[bookmark: _of0xoviaemm2]Step 3: Connect atoms using single bonds
Each bond uses:
2 electrons

[bookmark: _ckt74jeudcjk]Step 4: Complete terminal-atom octets
Place remaining electrons around outer atoms first.

[bookmark: _1y4h0017wq7m]Step 5: Place remaining electrons on the central atom

[bookmark: _xqjfh79ilahh]Step 6: Check the central atom's octet
If it lacks an octet, consider creating:
· double bonds
· triple bonds
using lone pairs from neighboring atoms.

[bookmark: _ee41diy2t83m]5.7 Example: H₂O
Valence electrons:
O = 6
2 H = 2
Total:
8 electrons
Skeleton:
H—O—H
Two bonds use:
4 electrons.
Remaining:
4 electrons
Place them as two lone pairs on oxygen.
Oxygen now has:
2 bonding pairs + 2 lone pairs
= 8 electrons around it.

[bookmark: _jlfe7478wki0]5.8 Example: CO₂
Total valence electrons:
C = 4
2 O = 12
Total:
16
Start:
O—C—O
After completing oxygen octets, carbon does not have a complete octet.
Move lone-pair electrons into bonding positions.
Final structure:
O=C=O
Carbon now has an octet.

[bookmark: _djbzip8vhilt]5.9 Example: N₂
Each nitrogen:
5 valence electrons
Total:
10
A single bond does not satisfy both octets.
Eventually we obtain:
N≡N
with one lone pair on each N.

[bookmark: _pl1scrk018lg]5.10 Lewis Structures of Ions
For a negative ion:
add electrons equal to the negative charge.
For a positive ion:
subtract electrons.
Then place the entire Lewis structure inside:
brackets
and show the charge.

[bookmark: _xmiq897h8ddb]5.11 Example: NH₄⁺
Valence electrons:
N = 5
4 H = 4
Total before charge:
9
Because charge is +1:
subtract 1.
Total:
8 electrons
Four N—H bonds use all 8 electrons.
NH₄⁺ has four bonds and no lone pairs on nitrogen.

[bookmark: _2pig9ndzpvfd]5.12 Example: CN⁻
C:
4
N:
5
−1 charge:
+1 electron
Total:
10 electrons
The structure is essentially:
[C≡N]⁻
with a lone pair associated with each atom in the complete Lewis representation.
Khan Academy includes CN⁻ as one of its current worked Lewis-diagram examples.

[bookmark: _ic3tiufsvsg7]5.13 Octet Rule Exceptions
Three main categories matter.
[bookmark: _pyb2pb1s8sii]1. Incomplete octet
Some atoms are stable with fewer than eight electrons.
[bookmark: _rssj59byrw85]2. Odd-electron species
Some molecules contain an odd total number of electrons.
[bookmark: _u8k7uqxgy7dx]3. Expanded valence shell
Some atoms from period 3 or beyond can be represented with more than eight electrons around the central atom in common Lewis models.

[bookmark: _fw289871yhv1]5.14 Incomplete Octets
Boron and beryllium are common examples.
BF₃ often has:
three B—F bonds.
Boron has only:
6 electrons around it
yet this is a valid structure.

[bookmark: _lw8rk9bsj51s]5.15 Expanded Octets
Elements in period 3 or below on the periodic table can sometimes be represented with more than eight electrons around them.
Examples include compounds with:
· P
· S
· Xe
Khan Academy includes XeF₂ as an expanded-octet Lewis-structure example.

[bookmark: _4d39h18hg1vt]5.16 Do Not Expand Period-2 Atoms
Second-period elements such as:
C
N
O
F
cannot exceed an octet in the usual AP Lewis-structure model.
This is a major test trap.

[bookmark: _eik3u2vazsim]Topic 6: Resonance and Formal Charge
Khan Academy's current section includes resonance, formal charge, and comparing nonequivalent resonance structures.
[bookmark: _mw1j0lbiinbm]6.1 What Is Resonance?
Sometimes more than one valid Lewis diagram can be drawn without changing the positions of the atoms.
These are called:
resonance structures
or:
resonance forms
Only electron placement changes.
The nuclei stay in the same places.

[bookmark: _jf1uwtjk5d8f]6.2 Example: Ozone
O₃ can be represented with a double bond on either side:
O=O—O
or
O—O=O
Neither individual structure perfectly represents the real molecule.

[bookmark: _4l5p5b2xctz7]6.3 Resonance Hybrid
The real molecule is a resonance hybrid.
It does not rapidly switch back and forth between the drawings.
Instead, the electrons are delocalized, and the actual electron distribution is represented by a combination of the resonance structures.
Khan Academy describes the actual electronic structure as the resonance hybrid of the possible structures.

[bookmark: _clalvwuq8vgo]6.4 Delocalized Electrons
Delocalized electrons are not confined to one single bond between two particular atoms.
Instead, their electron density is spread across several atoms.
Resonance is one way of representing this.

[bookmark: _kttaj6o11nwx]6.5 Bond Order With Resonance
Consider two equivalent resonance structures where one bond is:
single in one structure
and:
double in the other.
The actual bonds can become equivalent.
Their average bond order would be:
(1 + 2) / 2
= 1.5
This explains why measured bond lengths may be intermediate between a normal single and double bond.

[bookmark: _bsclswo00a18]6.6 Nitrate Example
NO₃⁻ has multiple equivalent resonance structures.
One N—O bond is represented as double in each individual structure, but the double bond can be placed with any of the three oxygens.
Therefore the actual N—O bonds are equivalent.
Average bond order:
(2 + 1 + 1) / 3
= 4/3 ≈ 1.33

[bookmark: _dcicrv8j80jh]6.7 Formal Charge
Formal charge is a bookkeeping method used to evaluate Lewis structures.
Formula:
Formal charge = valence electrons − nonbonding electrons − ½(bonding electrons)
A quicker version:
FC = valence − dots − lines
where:
dots = nonbonding electrons
lines = number of bonds

[bookmark: _ofox5obqbmhi]6.8 Example: Oxygen With Two Bonds
Oxygen has:
6 valence electrons.
Suppose it has:
2 lone pairs = 4 nonbonding electrons
2 bonds
Formal charge:
6 − 4 − 2
= 0

[bookmark: _s0f5tab92cdw]6.9 Oxygen With One Bond
Suppose O has:
3 lone pairs = 6 nonbonding electrons
1 bond
FC:
6 − 6 − 1
= −1

[bookmark: _k53bl66e1apm]6.10 Nitrogen With Four Bonds
Nitrogen has:
5 valence electrons.
If it has:
0 lone-pair electrons
4 bonds
FC:
5 − 0 − 4
= +1

[bookmark: _xbyjb0cd3qrk]6.11 Formal Charge Check
The sum of all formal charges must equal the overall charge of the species.
For a neutral molecule:
formal charges must add to:
0
For NO₃⁻:
formal charges must add to:
−1
For NH₄⁺:
formal charges must add to:
+1
This is an excellent way to check your work.

[bookmark: _f8ybgeg12wlz]6.12 Choosing the Better Lewis Structure
When several nonequivalent structures are possible, generally prefer:
1. structures with smaller formal-charge magnitudes
2. less unnecessary charge separation
3. negative formal charge on the more electronegative atom when possible
But these are guidelines, not rules you should apply blindly.
Khan Academy specifically includes evaluating nonequivalent resonance structures using formal charges.

[bookmark: _xl0wm1tn6m2w]Topic 7: VSEPR and Molecular Geometry
This is another huge Unit 2 topic. Khan Academy currently covers molecules with 2 through 6 electron clouds plus molecular polarity.
[bookmark: _c8kdmtldcb3y]7.1 What Does VSEPR Mean?
VSEPR
stands for:
Valence Shell Electron Pair Repulsion
The idea is simple:
electron groups repel one another.
Therefore, electron groups arrange themselves as far apart as possible.
That determines molecular geometry.

[bookmark: _225j802xx8b4]7.2 What Counts as One Electron Group?
Each of these counts as one electron domain/group around a central atom:
· single bond
· double bond
· triple bond
· lone pair
Important:
A triple bond counts as one electron group, not three.

[bookmark: _cnntkrdwrtcx]7.3 Electron Geometry vs. Molecular Geometry
These are different.
Electron geometry
considers:
bonds + lone pairs
Molecular geometry
considers:
positions of atoms only
Lone pairs affect the shape but are not included when naming molecular geometry.

[bookmark: _qdzf4mgwir77]7.4 Two Electron Groups
Electron geometry:
linear
Ideal bond angle:
180°
Example:
CO₂
O=C=O
Carbon has:
2 electron groups
0 lone pairs
Molecular geometry:
linear

[bookmark: _3g98m8pukq47]7.5 Three Electron Groups
Electron geometry:
trigonal planar
Ideal angles:
120°
Khan Academy states that three electron clouds adopt trigonal-planar electron geometry to minimize repulsion.

[bookmark: _s6pnbsol27ug]7.6 AX₃
Three bonds
zero lone pairs
Example:
BF₃
Molecular geometry:
trigonal planar
Bond angles:
≈ 120°

[bookmark: _oyuhdsqu8p6p]7.7 AX₂E
Two bonds
one lone pair
Molecular geometry:
bent
Because the electron geometry is trigonal planar but one position is occupied by a lone pair.

[bookmark: _atelnqhbi6j]7.8 Four Electron Groups
Electron geometry:
tetrahedral
Ideal angle:
109.5°

[bookmark: _h20dpw2ixvzv]7.9 AX₄
Four bonds
zero lone pairs
Example:
CH₄
Molecular geometry:
tetrahedral
Angle:
109.5°

[bookmark: _40c7rrkqdy4p]7.10 AX₃E
Three bonds
one lone pair
Example:
NH₃
Molecular geometry:
trigonal pyramidal
Bond angle:
slightly less than 109.5°
approximately:
107°

[bookmark: _l6k40yscgrii]7.11 AX₂E₂
Two bonds
two lone pairs
Example:
H₂O
Molecular geometry:
bent
Bond angle:
approximately:
104.5°

[bookmark: _86u9ay6y3yga]7.12 Why Lone Pairs Reduce Bond Angles
Repulsion strengths generally follow:
lone pair–lone pair > lone pair–bond pair > bond pair–bond pair
Why?
Lone-pair electron density is concentrated closer to the central atom and occupies more space.
Therefore lone pairs push bonding pairs closer together.

[bookmark: _61d9fyh2iuaq]7.13 Five Electron Groups
Electron geometry:
trigonal bipyramidal
There are two types of positions:
[bookmark: _9m1s1saqtzkc]Equatorial
three positions around the center
120° apart
[bookmark: _nfvzkacyzhki]Axial
two positions above and below
90° from the equatorial plane

[bookmark: _qok2hcnfjmv6]7.14 AX₅
Example:
PCl₅
Molecular geometry:
trigonal bipyramidal
Angles:
90°, 120°, and 180°

[bookmark: _dkf2aae2f64k]7.15 Lone Pairs in Trigonal Bipyramidal Geometry
Lone pairs prefer:
equatorial positions
because equatorial positions experience fewer 90° interactions.
This reduces repulsion.

[bookmark: _20s9sbosxtkb]7.16 AX₄E
Five electron groups:
4 bonds
1 lone pair
Molecular geometry:
seesaw

[bookmark: _rvr3qektlr5a]7.17 AX₃E₂
3 bonds
2 lone pairs
Molecular geometry:
T-shaped

[bookmark: _uoh5ib6dgb5i]7.18 AX₂E₃
2 bonds
3 lone pairs
Molecular geometry:
linear
The three lone pairs occupy equatorial positions.

[bookmark: _lkfkw6ruf1q8]7.19 Six Electron Groups
Electron geometry:
octahedral
Ideal angles:
90° and 180°.
Khan Academy's current Unit 2 material identifies octahedral, square-pyramidal, and square-planar arrangements for six electron groups.

[bookmark: _3nn7m6mi0wbt]7.20 AX₆
Example:
SF₆
Molecular geometry:
octahedral

[bookmark: _eowh7u539nie]7.21 AX₅E
5 bonds
1 lone pair
Molecular geometry:
square pyramidal

[bookmark: _ihc44d4s93gt]7.22 AX₄E₂
4 bonds
2 lone pairs
The two lone pairs occupy opposite positions.
Molecular geometry:
square planar
Example:
XeF₄

[bookmark: _910d0ca2q1f0]VSEPR Master Table
	Electron groups
	Lone pairs
	Molecular shape
	Ideal angle(s)

	2
	0
	Linear
	180°

	3
	0
	Trigonal planar
	120°

	3
	1
	Bent
	<120°

	4
	0
	Tetrahedral
	109.5°

	4
	1
	Trigonal pyramidal
	<109.5°

	4
	2
	Bent
	<109.5°

	5
	0
	Trigonal bipyramidal
	90°, 120°

	5
	1
	Seesaw
	<90°, <120°

	5
	2
	T-shaped
	≈90°

	5
	3
	Linear
	180°

	6
	0
	Octahedral
	90°

	6
	1
	Square pyramidal
	≈90°

	6
	2
	Square planar
	90°


This table is worth memorizing.

[bookmark: _bsvp1r99lrz]7.23 Molecular Polarity
Khan Academy includes molecular polarity inside its VSEPR section.
Do not confuse:
bond polarity
with:
molecular polarity
A molecule can contain polar bonds but still be:
nonpolar overall

[bookmark: _72df2o5pta8g]7.24 Bond Dipoles
A polar bond has a dipole.
Electron density is pulled toward the more electronegative atom.
Think of each bond dipole as a vector with:
· direction
· magnitude

[bookmark: _sv1nqy6szlkp]7.25 Net Molecular Dipole
To determine whether the whole molecule is polar:
1. Determine whether the bonds are polar.
2. Determine the molecular shape.
3. Decide whether bond dipoles cancel.

[bookmark: _yr8lanie4lqt]7.26 Example: CO₂
CO₂:
O=C=O
Each C=O bond is polar.
But the molecule is:
linear
The two identical dipoles point in opposite directions.
They cancel.
Therefore:
CO₂ is nonpolar
even though:
C=O bonds are polar.

[bookmark: _keja7wycu2an]7.27 Example: H₂O
O—H bonds are polar.
Water is:
bent
The dipoles are not directly opposite.
They do not cancel.
Therefore:
H₂O is polar.

[bookmark: _zaw8a5yt42yh]7.28 Example: BF₃
B—F bonds are polar.
BF₃ is trigonal planar and symmetrical.
Its three equal bond dipoles cancel.
Therefore:
BF₃ is nonpolar.

[bookmark: _2il927u462e7]7.29 Example: NH₃
N—H bonds are polar.
NH₃ is trigonal pyramidal because nitrogen has a lone pair.
The molecule is not symmetrical enough for the bond dipoles to cancel.
Therefore:
NH₃ is polar.

[bookmark: _6g4rip3cfx23]7.30 Symmetry Shortcut
If:
· outer atoms are identical
· geometry is highly symmetric
dipoles often cancel.
Examples:
CO₂ → nonpolar
BF₃ → nonpolar
CH₄ → nonpolar
SF₆ → nonpolar
But never rely only on memorizing this shortcut.
Always examine:
bond polarity + geometry
Khan Academy's current VSEPR practice directly asks students to use Lewis structures and geometry to compare molecular polarity.

[bookmark: _9vlu2labnrbg]Topic 8: Bond Hybridization
Khan Academy's current hybridization section covers sp³, steric number, sp², sp, and identifying hybridization in molecules.
[bookmark: _w4py4ctjba3k]8.1 Why Hybridization Is Used
Simple atomic s and p orbitals do not always explain observed molecular geometries very well.
The hybridization model says atomic orbitals can combine mathematically to form new orbitals oriented for bonding.
These are called:
hybrid orbitals

[bookmark: _beissrnpbj05]8.2 Three Main Hybridizations to Know
For AP Chemistry Unit 2:
sp
sp²
sp³
These correspond closely to electron-group geometry.

[bookmark: _anmcoxx295o7]8.3 Steric Number
Steric number tells you the number of electron groups around an atom.
A convenient AP rule:
steric number = number of sigma bonds + number of lone pairs
Important:
Double and triple bonds each contain only:
one sigma bond
so they each count as one electron group.

[bookmark: _1e8p7u7pcx2]8.4 Steric Number 4 → sp³
If an atom has four electron groups:
sp³ hybridized
One s orbital combines with:
three p orbitals
giving:
four sp³ hybrid orbitals
Khan Academy describes sp³ as combining one s and three p orbitals, producing four equivalent hybrid orbitals.

[bookmark: _4ve5hceoupod]8.5 sp³ Geometry
Electron geometry:
tetrahedral
Examples:
CH₄
NH₃ central N
H₂O central O
All three central atoms can be treated as:
sp³
because all have:
4 electron groups.

[bookmark: _o15q8rdti106]8.6 Example: Methane
Carbon in CH₄ has:
4 C—H sigma bonds
0 lone pairs
Steric number:
4
Therefore:
sp³
Geometry:
tetrahedral

[bookmark: _vavmnng1be3g]8.7 Example: Water
Oxygen has:
2 O—H sigma bonds
2 lone pairs
Steric number:
2 + 2 = 4
Therefore:
sp³
Even though the molecular shape is bent.
This is important:
hybridization follows electron groups, not just the visible molecular shape.

[bookmark: _ls5yvtlcnhvt]8.8 Steric Number 3 → sp²
Three electron groups:
sp² hybridization
One s orbital combines with:
two p orbitals
forming:
three sp² orbitals
One unhybridized p orbital remains.

[bookmark: _elt6knj30mww]8.9 sp² Geometry
Electron geometry:
trigonal planar
Ideal angle:
120°
A carbon involved in a typical carbon-carbon double bond is often:
sp² hybridized

[bookmark: _hpn3rrnzzg4]8.10 Example: Ethene
In:
H₂C=CH₂
each carbon has:
· two C—H sigma bonds
· one C—C sigma bond
Total:
3 sigma-bond groups
Steric number = 3
Therefore:
each carbon is sp²

[bookmark: _jv7k59mcklt7]8.11 Steric Number 2 → sp
Two electron groups:
sp hybridization
One s orbital combines with:
one p orbital.
This produces:
two sp orbitals
Two unhybridized p orbitals remain.

[bookmark: _ue0wqbdnhun]8.12 sp Geometry
Geometry:
linear
Bond angle:
180°
Atoms involved in typical triple bonds are often:
sp hybridized

[bookmark: _duk2cnmu97gf]8.13 Example: Ethyne
HC≡CH
Each carbon has:
one C—H sigma bond
one C—C sigma bond
Total electron groups:
2
Therefore:
sp hybridized

[bookmark: _t7spabhlr05b]Hybridization Table
	Electron groups
	Hybridization
	Electron geometry

	2
	sp
	Linear

	3
	sp²
	Trigonal planar

	4
	sp³
	Tetrahedral


Memorize this.

[bookmark: _nez7yw9xmdhs]8.14 Sigma Bonds
A sigma bond (σ) forms through direct, head-on orbital overlap.
All single bonds are:
sigma bonds
For example:
C—C
contains:
1 σ bond

[bookmark: _z7aku3vevme1]8.15 Pi Bonds
A pi bond (π) forms through sideways overlap of parallel p orbitals.
Pi bonds occur in:
double and triple bonds.

[bookmark: _5uh75v9ie5d]8.16 Single Bond
A single bond contains:
1 σ
So:
C—C
= 1 sigma

[bookmark: _ab6977y378l8]8.17 Double Bond
A double bond contains:
1 σ + 1 π
So:
C=C
does not contain two sigma bonds.

[bookmark: _rnqephgaedd6]8.18 Triple Bond
A triple bond contains:
1 σ + 2 π
So:
C≡C
= one sigma + two pi.
This is extremely important.

[bookmark: _od6lgs3l9d81]8.19 Quick Bond Table
	Bond
	Sigma
	Pi

	Single
	1
	0

	Double
	1
	1

	Triple
	1
	2



[bookmark: _9j7jl2yyame0]8.20 Hybridization From Lewis Structure
You can determine hybridization quickly.
[bookmark: _tt2wsdwgqw17]Step 1
Draw or inspect Lewis structure.
[bookmark: _qn0jwrkiudj2]Step 2
Pick the atom.
[bookmark: _lwl4upxsolju]Step 3
Count:
sigma bonds + lone pairs.
[bookmark: _ly8z50d6mnbh]Step 4
Use:
2 → sp
3 → sp²
4 → sp³
Khan Academy's current practice explicitly asks students to determine hybridization and identify the orbitals that overlap to make sigma bonds.

[bookmark: _f4hedjvkt39d]UNIT 2 MASTER CONNECTIONS
These connections are more important than memorizing random facts.
[bookmark: _myezj73btglr]Connection 1: Electronegativity → Bond Type
Small difference:
→ mostly covalent
Large difference:
→ increasing ionic character

[bookmark: _vsc7j1fbmr7z]Connection 2: Coulomb's Law → Ionic Strength
Larger charges:
→ stronger attraction
Smaller ions:
→ shorter distance
→ stronger attraction

[bookmark: _ijaacmo6qjos]Connection 3: Bond Order → Strength and Length
Higher bond order:
→ more shared electron density
→ stronger attraction
→ stronger bond
→ shorter bond
Therefore:
triple > double > single in strength
and:
triple < double < single in length
for comparable atoms.

[bookmark: _pwcolwkuiarz]Connection 4: Lewis Diagram → VSEPR
Lewis diagram tells you:
· number of bonds
· number of lone pairs
Those give:
electron groups
which determine:
molecular geometry

[bookmark: _idzfe4gbra5n]Connection 5: Molecular Geometry → Polarity
Lewis structure
↓
VSEPR geometry
↓
bond dipole directions
↓
whether dipoles cancel
↓
polar or nonpolar molecule

[bookmark: _6z4q1c6b2zns]Connection 6: VSEPR → Hybridization
2 electron groups:
linear
→ sp
3 electron groups:
trigonal planar
→ sp²
4 electron groups:
tetrahedral
→ sp³

[bookmark: _jxwczd4lr0sq]Connection 7: Hybridization → Sigma/Pi Bonding
Single:
σ
Double:
σ + π
Triple:
σ + 2π

[bookmark: _cvj11yucda2]Unit 2 Master Vocabulary
Ionic bond — electrostatic attraction between oppositely charged ions.
Covalent bond — bond involving shared electrons.
Metallic bond — attraction involving metal cores and delocalized electrons.
Electronegativity — ability of an atom to attract shared electrons.
Bond polarity — unequal distribution of bonding electrons.
Bond order — number of bonding pairs between atoms.
Bond length — equilibrium distance between bonded nuclei.
Bond energy — energy required to break a bond.
Crystal lattice — repeating arrangement of particles in a solid.
Lattice energy — energy associated with forming/separating an ionic lattice.
Alloy — mixture containing multiple elements with at least one metal.
Substitutional alloy — atoms replace other metal atoms in lattice positions.
Interstitial alloy — smaller atoms occupy gaps in a metal lattice.
Lewis diagram — representation of valence electrons and bonds.
Lone pair — nonbonding pair of electrons.
Octet rule — tendency of many atoms to reach eight valence electrons.
Resonance — multiple valid Lewis representations differing only in electron placement.
Resonance hybrid — actual delocalized electronic structure represented by resonance forms.
Formal charge — bookkeeping charge assigned to an atom in a Lewis structure.
VSEPR — model predicting molecular shape from electron-group repulsions.
Electron geometry — arrangement of all electron groups.
Molecular geometry — arrangement of bonded atoms.
Bond dipole — separation of partial charge across a polar bond.
Molecular polarity — overall uneven charge distribution in a molecule.
Hybridization — model describing mixing of atomic orbitals.
Steric number — number of sigma bonds plus lone pairs around an atom.
Sigma bond — bond formed by head-on orbital overlap.
Pi bond — bond formed by sideways p-orbital overlap.

[bookmark: _xi3zb29ieehx]Unit 2 Things You Need to Memorize
[bookmark: _adkpy9f0w1zj]Bond order
Single = 1
Double = 2
Triple = 3
[bookmark: _nwx21exd68g0]Bond strength
triple > double > single
[bookmark: _rqu0j9ivx8c0]Bond length
single > double > triple
[bookmark: _dgkte9u73irw]Sigma and pi
Single = 1σ
Double = 1σ + 1π
Triple = 1σ + 2π
[bookmark: _nzvk01d659om]Hybridization
2 groups = sp
3 groups = sp²
4 groups = sp³
[bookmark: _yi639qdu0ge3]Basic geometries
2 groups → linear
3 → trigonal planar
4 → tetrahedral
5 → trigonal bipyramidal
6 → octahedral
[bookmark: _aynlt113xc4r]Formal charge
FC = valence electrons − nonbonding electrons − number of bonds

[bookmark: _iijgugpfrw7k]Most Common Unit 2 Exam Mistakes
1. Assuming every metal/nonmetal bond is perfectly ionic.
2. Forgetting that bond character exists on a continuum.
3. Saying bond breaking releases energy. Breaking bonds requires energy.
4. Thinking an ionic crystal consists of separate molecules.
5. Forgetting that larger ionic charges produce stronger attractions.
6. Forgetting that smaller ion distance produces stronger attraction.
7. Mixing up substitutional and interstitial alloys.
8. Counting the wrong number of valence electrons in Lewis structures.
9. Forgetting to add electrons for negative ions.
10. Forgetting to subtract electrons for positive ions.
11. Putting hydrogen in the center of a Lewis structure.
12. Giving hydrogen eight electrons instead of two.
13. Giving C, N, O, or F an expanded octet.
14. Moving atoms when creating resonance structures. Only electrons move.
15. Thinking the real molecule rapidly jumps between resonance structures.
16. Forgetting that equivalent resonance can produce fractional average bond orders.
17. Forgetting to check that formal charges add to the overall molecular/ionic charge.
18. Counting a double bond as two VSEPR electron groups. It counts as one.
19. Counting a triple bond as three VSEPR groups. It counts as one.
20. Confusing electron geometry with molecular geometry.
21. Ignoring lone pairs when finding electron geometry.
22. Assuming every molecule with polar bonds is polar.
23. Forgetting that symmetric bond dipoles can cancel.
24. Thinking bent H₂O is nonpolar because it contains two identical bonds.
25. Thinking NH₃ is tetrahedral in molecular shape. Its electron geometry is tetrahedral, but molecular geometry is trigonal pyramidal.
26. Thinking H₂O's molecular geometry is tetrahedral. It is bent.
27. Forgetting that lone pairs repel more strongly than bonding pairs.
28. Forgetting that lone pairs prefer equatorial positions in trigonal-bipyramidal arrangements.
29. Counting double/triple bonds multiple times when calculating steric number.
30. Thinking a double bond contains two sigma bonds. It contains one sigma and one pi.
31. Thinking a triple bond contains three sigma bonds. It contains one sigma and two pi.
32. Determining hybridization from the number of atoms instead of the number of electron groups.

[bookmark: _d91idf7x9l1i]The Unit 2 Problem-Solving Chain
For a molecule question, this order will solve a huge percentage of Unit 2 problems:
1. Count valence electrons
↓
2. Draw Lewis structure
↓
3. Check octets and formal charges
↓
4. Check for resonance
↓
5. Count electron groups
↓
6. Find electron geometry
↓
7. Find molecular geometry
↓
8. Determine bond angles
↓
9. Determine molecular polarity
↓
10. Determine hybridization
↓
11. Count σ and π bonds
If a student can confidently work through that chain, they have most of the hardest skills in AP Chemistry Unit 2 covered.
These notes follow all eight topics in Khan Academy’s current Unit 2 course, including its current emphasis on bond character, alloys, Lewis structures, resonance/formal charge, molecular polarity, and hybridization.

