[bookmark: _z7ovbr3tu6pd]AP Chemistry Unit 1: Atomic Structure and Properties

[bookmark: _jh3wujdo016w]Topic 1: Moles and Molar Mass
Khan Academy's first topic covers average atomic mass, the mole, Avogadro's number, molar mass, and mole/mass calculations.
[bookmark: _vbo4nt705u9z]1.1 Why Chemists Use Moles
Atoms and molecules are extremely small.
For example, even a tiny amount of water contains an enormous number of H₂O molecules. Counting individual molecules would be impossible.
Chemists solve this problem using the mole.
A mole is simply a counting unit.
Think of:
· 1 dozen = 12 objects
· 1 pair = 2 objects
· 1 mole = 6.022 × 10²³ objects
The number
6.022 × 10²³
is called Avogadro's number.
The objects being counted are usually called representative particles.
Depending on the substance, these particles could be:
· atoms
· molecules
· ions
· formula units
[bookmark: _l5073nv2ipi3]Examples
1 mol He = 6.022 × 10²³ He atoms
1 mol H₂O = 6.022 × 10²³ H₂O molecules
1 mol NaCl = 6.022 × 10²³ NaCl formula units
Notice that ionic compounds such as NaCl are usually described in terms of formula units, not molecules.

[bookmark: _soidhphx6fud]1.2 Converting Moles to Particles
Use:
particles = moles × 6.022 × 10²³
[bookmark: _w1cq7zn7g631]Example
How many molecules are present in 2.50 mol H₂O?
2.50 mol × (6.022 × 10²³ molecules / 1 mol)
= 1.51 × 10²⁴ molecules
The unit "mol" cancels.
[bookmark: _pd2rmp3vaayj]Important dimensional-analysis idea
Set conversions up so unwanted units cancel.
For example:
2.50 mol
× 6.022 × 10²³ molecules / 1 mol
The moles cancel, leaving molecules.

[bookmark: _j6uk7c6d5ps]1.3 Converting Particles to Moles
Reverse the conversion:
moles = particles / Avogadro's number
[bookmark: _pcbdk947tk87]Example
A sample contains 3.011 × 10²³ atoms of carbon.
3.011 × 10²³ atoms × (1 mol / 6.022 × 10²³ atoms)
= 0.5000 mol C

[bookmark: _34g0ikvn8q00]1.4 Atomic Mass
The periodic table lists an atomic mass for each element.
For example:
C ≈ 12.01
O ≈ 16.00
Cl ≈ 35.45
These values normally are not whole numbers because most naturally occurring elements contain multiple isotopes.
Atomic mass for individual atoms can be expressed in atomic mass units, written:
amu
or
u

[bookmark: _4un1wv5av13m]1.5 Isotopes and Average Atomic Mass
An isotope is a version of an element that has:
· the same number of protons
· a different number of neutrons
Since the number of protons determines the element, changing neutrons does not change the identity of the element.
For example:
Carbon-12:
6 protons
 6 neutrons
Carbon-13:
6 protons
 7 neutrons
Both are carbon because both contain 6 protons.
But their masses differ because they contain different numbers of neutrons.

[bookmark: _ew4lngti2czs]1.6 Why the Periodic Table Gives Decimal Atomic Masses
The atomic mass on the periodic table is a weighted average of the masses of an element's naturally occurring isotopes.
"Weighted" means more common isotopes affect the average more.
[bookmark: _eb9a1ksp4obd]Formula
average atomic mass = Σ(isotope mass × fractional abundance)
The symbol Σ means "add all of these together."

[bookmark: _vs3srfy0g2sq]Example
Suppose an imaginary element has:
· isotope X-10: 80.0%
· isotope X-11: 20.0%
Convert percentages to decimals:
80.0% = 0.800
20.0% = 0.200
Then:
(10)(0.800) + (11)(0.200)
= 8.0 + 2.2
= 10.2 amu
Notice that 10.2 is much closer to 10 than 11 because isotope X-10 is much more abundant.
[bookmark: _i990kewrki0k]AP test shortcut
If one isotope is overwhelmingly abundant, the average atomic mass should be closest to that isotope.
If your answer is nowhere near the most abundant isotope, check your work.

[bookmark: _n5pyd89y8zot]1.7 Percent Abundance vs. Fractional Abundance
This mistake is extremely common.
If abundance = 25%
do not multiply by 25.
Convert it to:
0.25
Example:
(35 amu)(0.75) + (37 amu)(0.25)
not:
(35)(75) + (37)(25)

[bookmark: _vbr0ltig4a4x]1.8 Molar Mass
Molar mass is the mass of exactly one mole of a substance.
Units:
g/mol
The periodic table gives you the numerical molar mass of an element.
Example:
Carbon atomic mass ≈ 12.01 amu
Carbon molar mass ≈ 12.01 g/mol
This means:
1 mol C has a mass of 12.01 g
Similarly:
1 mol O ≈ 16.00 g
1 mol Na ≈ 22.99 g

[bookmark: _sh4zu2uxgtjw]1.9 Molar Mass of a Compound
To find a compound's molar mass:
1. Identify every element.
2. Find its atomic mass.
3. Multiply by the number of atoms.
4. Add everything together.
[bookmark: _p2smxiibpik8]Example: H₂O
H₂O contains:
2 H
1 O
Using:
H = 1.008 g/mol
O = 16.00 g/mol
Molar mass:
2(1.008) + 16.00
= 18.016
≈ 18.02 g/mol

[bookmark: _pf2uiz8mezi6]Example: CaCl₂
Ca ≈ 40.08
Cl ≈ 35.45
CaCl₂:
40.08 + 2(35.45)
= 40.08 + 70.90
= 110.98 g/mol
Do not forget the subscript 2.

[bookmark: _51pdd5uj48gw]Example: Al₂(SO₄)₃
This is harder because of parentheses.
Count atoms first:
Al = 2
S = 3
O = 12
because:
3 × O₄ = 12 oxygen atoms.
Then:
2(26.98) + 3(32.06) + 12(16.00)
= 53.96 + 96.18 + 192.00
= 342.14 g/mol

[bookmark: _c3jfcs6636xg]1.10 Grams → Moles
Use:
moles = mass / molar mass
or through dimensional analysis:
grams × (1 mol / molar mass in grams)
[bookmark: _fd3k4gfk5s8]Example
How many moles are in 36.0 g H₂O?
36.0 g H₂O × (1 mol H₂O / 18.02 g H₂O)
≈ 2.00 mol H₂O

[bookmark: _9yj87k8eb34a]1.11 Moles → Grams
Use:
mass = moles × molar mass
[bookmark: _68ns3pnrug0c]Example
Find the mass of 3.00 mol CO₂.
Molar mass CO₂:
12.01 + 2(16.00)
= 44.01 g/mol
Then:
3.00 mol × 44.01 g/mol
= 132 g CO₂
to three significant figures.

[bookmark: _hqns4dld4xvy]1.12 The Most Important Conversion Map
Memorize this relationship:
particles ⇄ moles ⇄ grams
Between particles and moles:
6.022 × 10²³ particles = 1 mol
Between moles and grams:
1 mol = molar mass in grams
You usually cannot directly convert particles to grams.
Go through moles:
particles → moles → grams
or:
grams → moles → particles

[bookmark: _z945c472f9f3]1.13 Significant Figures
AP Chemistry calculations often require correct significant figures.
For multiplication and division:
Your final answer should generally have the same number of significant figures as the measurement with the fewest significant figures.
Example:
2.03 kg has 3 significant figures.
So a calculated answer based on that measurement would normally be reported using 3 significant figures.
Khan Academy's current practice also asks students to calculate molar mass/moles and report answers with appropriate significant figures.

[bookmark: _t33jfo9a4xbu]Topic 1: What You Need to Know for a Test
[bookmark: _30jmt3men9b9]Memorize
1 mol = 6.022 × 10²³ particles
moles = mass / molar mass
mass = moles × molar mass
average atomic mass = Σ(mass × fractional abundance)
[bookmark: _cnkwarbamvuz]Understand
Why atomic masses are decimals.
Why the average atomic mass is closer to the most abundant isotope.
Why molar mass connects microscopic particles to measurable mass.
[bookmark: _seh0n2bst7rt]Be able to do
· grams → moles
· moles → grams
· moles → particles
· particles → moles
· grams → particles
· particles → grams
· calculate molar mass
· calculate average atomic mass

[bookmark: _x0qj11tpte8v]Topic 2: Mass Spectrometry of Elements
Khan Academy's second topic covers isotopes, mass spectra, relative abundance, and identifying elements from their spectra.
[bookmark: _1mctfwaxj3rq]2.1 Protons, Neutrons, and Electrons
Before mass spectrometry, you need to understand atomic structure.
	Particle
	Charge
	Location
	Approx. mass

	Proton
	+1
	nucleus
	1 amu

	Neutron
	0
	nucleus
	1 amu

	Electron
	−1
	outside nucleus
	nearly 0 amu


Almost all atomic mass comes from the nucleus.

[bookmark: _m5mlbngezdj6]2.2 Atomic Number
The atomic number (Z) tells you the number of protons.
Example:
Oxygen has atomic number 8.
Therefore:
every oxygen atom has 8 protons.
If an atom suddenly had 9 protons, it would no longer be oxygen. It would be fluorine.
[bookmark: _csrv40ora8gn]Key idea
Number of protons determines elemental identity.

[bookmark: _6maxabmw8kig]2.3 Mass Number
The mass number (A) equals:
protons + neutrons
So:
A = p + n
and:
neutrons = mass number − atomic number
[bookmark: _6teaha78m87m]Example
Carbon-14:
Atomic number = 6
Mass number = 14
Neutrons:
14 − 6 = 8

[bookmark: _82ex86el26tm]2.4 Isotope Notation
An isotope may be written as:
carbon-14
or nuclear notation showing:
· mass number
· atomic number
· chemical symbol
The number after the element name is the mass number, not the atomic mass from the periodic table.
Carbon-14 therefore contains:
6 protons
14 − 6 = 8 neutrons

[bookmark: _oy9pqiy7p81m]2.5 What Is Mass Spectrometry?
Mass spectrometry is an experimental technique that can separate particles based on their mass-to-charge behavior.
For AP Chemistry Unit 1, the important result is that a mass spectrum can reveal:
· which isotopes exist
· their approximate masses
· their relative abundances
Khan Academy uses these data to estimate average atomic mass and identify unknown elements.

[bookmark: _53qlw4gn7o67]2.6 Reading a Mass Spectrum
A simplified elemental mass spectrum usually has:
x-axis: isotope mass
y-axis: relative abundance
Each peak generally corresponds to a different isotope.
Suppose the spectrum shows:
24 amu → 79%
25 amu → 10%
26 amu → 11%
That tells us:
· there are three major isotopes represented
· mass 24 is the most abundant isotope
· mass 25 is less common
· mass 26 is also less common
This kind of spectrum appears in Khan Academy's current practice.

[bookmark: _oqy8nad171dx]2.7 Peak Position
The x-position of the peak tells you approximately how massive the isotope is.
Peak at 24 → isotope mass ≈ 24 amu
Peak at 25 → isotope mass ≈ 25 amu
Peak at 26 → isotope mass ≈ 26 amu

[bookmark: _pksslhvry4od]2.8 Peak Height
The height or intensity represents relative abundance.
Tall peak = more common isotope
Short peak = less common isotope
Do not confuse:
x-coordinate → isotope mass
with:
y-coordinate → abundance

[bookmark: _3lm5mr2wad6d]2.9 Finding Average Atomic Mass From a Mass Spectrum
Using:
24 amu at 79%
25 amu at 10%
26 amu at 11%
Calculate:
24(0.79) + 25(0.10) + 26(0.11)
= 18.96 + 2.50 + 2.86
= 24.32 amu
The periodic table element with an atomic mass near 24.3 is magnesium.
Therefore, the unknown element is likely Mg.

[bookmark: _tqi7l33c090p]2.10 Sanity Check
The weighted average must fall somewhere between the smallest and largest isotope masses.
If isotopes are:
24, 25, and 26
then average mass must be:
between 24 and 26
It cannot be 20 or 30.
And because 24 is overwhelmingly most common, the average should be much closer to 24 than 26.

[bookmark: _wjj4q0dcr934]Topic 2 Common Mistakes
[bookmark: _y9uw8v6uc20a]Mistake 1
Thinking each isotope is a different element.
No.
Isotopes have the same protons, so they are the same element.
[bookmark: _k2w1fz4z3jlv]Mistake 2
Thinking average atomic mass equals the most common isotope.
Not necessarily.
It will often be close, but it is a weighted average.
[bookmark: _kucmnzaf1kqx]Mistake 3
Counting peaks incorrectly.
Three isotope peaks means three isotopes represented.
[bookmark: _tz5oocnfx0gr]Mistake 4
Treating percent abundance as a whole number.
Convert:
79% → 0.79

[bookmark: _equmi8879f9h]Topic 3: Elemental Composition of Pure Substances
This topic contains several important calculation types: empirical formulas, molecular formulas, structural formulas, mass percent, percent-composition analysis, and combustion analysis.
[bookmark: _wdbwsz4fe3td]3.1 Chemical Formulas
A chemical formula tells you which elements are present and gives information about their relative amounts.
You need to distinguish three formula types.
[bookmark: _pjgxv6z1odbx]Empirical formula
Shows the simplest whole-number ratio of atoms.
[bookmark: _t1h1bl44nh9z]Molecular formula
Shows the actual number of atoms of each element in one molecule.
[bookmark: _5kfh8zqedrav]Structural formula
Shows how atoms are connected or arranged.

[bookmark: _1ja2rif8b36n]3.2 Empirical Formula
Example:
Glucose:
C₆H₁₂O₆
All subscripts can be divided by 6.
So its empirical formula is:
CH₂O
That means the carbon : hydrogen : oxygen ratio is:
1 : 2 : 1
It does NOT mean a glucose molecule contains only one carbon atom.
It only shows the simplest ratio.

[bookmark: _15igidggdr5w]3.3 Molecular Formula
A molecular formula gives actual numbers.
Hydrogen peroxide:
H₂O₂
Empirical formula:
HO
Molecular formula:
H₂O₂
The molecular formula is a whole-number multiple of the empirical formula.

[bookmark: _kikties7sv7]3.4 Structural Formulas
A structural formula gives information about connectivity.
This becomes important because different substances may have the same molecular formula but different structures.
For Unit 1, the main distinction to remember is:
Empirical: simplest ratio
Molecular: actual atom count
Structural: how atoms are connected

[bookmark: _5qwietch6jp]3.5 Percent Composition by Mass
Percent composition tells you what percentage of the total mass comes from a particular element.
Formula:
mass % of element = (mass of element / total mass) × 100
For a pure compound, you can use molar masses:
mass % = (mass contributed by element in one mole / molar mass of compound) × 100

[bookmark: _8pxtrssr2rf1]3.6 Example: Percent Oxygen in H₂O
Molar mass H₂O:
2(1.008) + 16.00
= 18.016 g/mol
Oxygen contributes:
16.00 g
So:
(16.00 / 18.016)(100)
≈ 88.81% O
Hydrogen contributes the rest:
≈ 11.19%
Together:
88.81 + 11.19 ≈ 100%

[bookmark: _jggnjj99n2e7]3.7 Example With a Larger Compound
Find the percent carbon in CO₂.
Molar mass:
C = 12.01
O₂ = 32.00
Total = 44.01
Carbon percent:
(12.01 / 44.01)(100)
≈ 27.29% carbon

[bookmark: _zb2kuwmpgg0c]3.8 Finding Empirical Formula From Masses
Suppose a compound contains:
72.0 g C
18.0 g H
28.0 g N
The key rule is:
[bookmark: _gg5cz04jk8lt]Do NOT compare grams directly.
Chemical formulas represent mole ratios, not mass ratios.
So first convert every element into moles.
This is similar to a current Khan Academy Unit 1 practice problem.

[bookmark: _bzzaezsewgfe]Step 1: Convert Each Mass to Moles
Carbon:
72.0 g / 12.0 g/mol ≈ 6.00 mol
Hydrogen:
18.0 g / 1.00 g/mol ≈ 18.0 mol
Nitrogen:
28.0 g / 14.0 g/mol ≈ 2.00 mol

[bookmark: _ezglcitigkeh]Step 2: Divide Everything by the Smallest
Smallest = 2.00
C:
6 / 2 = 3
H:
18 / 2 = 9
N:
2 / 2 = 1
Ratio:
3 : 9 : 1
Empirical formula:
C₃H₉N

[bookmark: _pepdji97lmsu]3.9 Empirical Formula From Percent Composition
If percentages are given instead of grams, use the 100 gram trick.
Suppose:
40.0% C
6.7% H
53.3% O
Pretend there are exactly 100 g.
Then:
40.0% → 40.0 g C
6.7% → 6.7 g H
53.3% → 53.3 g O
Now convert to moles.
C:
40.0 / 12.01 ≈ 3.33
H:
6.7 / 1.008 ≈ 6.65
O:
53.3 / 16.00 ≈ 3.33
Divide all by 3.33:
C ≈ 1
H ≈ 2
O ≈ 1
Empirical formula:
CH₂O

[bookmark: _pzdoiv55yn35]3.10 What If Your Ratio Is Not a Whole Number?
Suppose you get:
1 : 1.5 : 1
A chemical formula cannot have a subscript of 1.5.
Multiply the entire ratio by 2:
2 : 3 : 2
So formula:
X₂Y₃Z₂
Useful patterns:
1.5 → multiply everything by 2
1.33 or 1.67 → often multiply by 3
1.25 or 1.75 → often multiply by 4
Do not randomly round 1.5 to 2.
That changes the ratio.

[bookmark: _nwi4oxbk5gvf]3.11 Finding a Molecular Formula
Suppose the empirical formula is:
CH₂O
First determine the empirical formula mass:
C = 12.01
H₂ = 2.016
O = 16.00
Total ≈ 30.03 g/mol
Suppose experimental data says the molecular molar mass is:
180.2 g/mol
Calculate:
n = molecular molar mass / empirical formula mass
180.2 / 30.03 ≈ 6
So multiply every empirical-formula subscript by 6:
CH₂O × 6
= C₆H₁₂O₆

[bookmark: _qiss9fyi6gn6]3.12 Combustion Analysis
Combustion analysis is one of the harder Unit 1 ideas.
It is commonly used to determine the composition of compounds containing carbon and hydrogen, sometimes oxygen as well.
When a carbon/hydrogen compound burns completely:
Carbon atoms become part of CO₂
Hydrogen atoms become part of H₂O
So measurements of CO₂ and H₂O allow you to work backward.

[bookmark: _6gkq1kscv74y]3.13 Carbon From CO₂
Every CO₂ molecule contains:
1 carbon atom
Therefore:
1 mol CO₂ = 1 mol C
If you obtain 0.500 mol CO₂:
you had:
0.500 mol C

[bookmark: _dats6sw72lkn]3.14 Hydrogen From H₂O
Every H₂O molecule contains:
2 hydrogen atoms
Therefore:
1 mol H₂O = 2 mol H
If combustion produces:
0.500 mol H₂O
then:
0.500 × 2
= 1.00 mol H atoms

[bookmark: _qgkoifixx69w]3.15 Full Combustion Strategy
For an unknown containing C, H, and possibly O:
[bookmark: _lek3l99qhbgh]Step 1
CO₂ mass → moles CO₂ → moles C
[bookmark: _gnpri9pwhdh7]Step 2
H₂O mass → moles H₂O → moles H
[bookmark: _aqqqy0m8o1ey]Step 3
Convert moles C and H to their masses if oxygen is present.
[bookmark: _odt45khw8rm4]Step 4
Find oxygen by difference:
mass O = original sample mass − mass C − mass H
[bookmark: _hhs04jyvd3bk]Step 5
Convert oxygen mass → moles O.
[bookmark: _wcb9ettznwf3]Step 6
Divide all mole values by the smallest.
[bookmark: _1xsv6rmry5mk]Step 7
Convert to whole-number ratio.
That gives the empirical formula.

[bookmark: _5o8bhmva1qhh]Topic 4: Composition of Mixtures
Khan Academy's Unit 1 emphasizes using elemental analysis to find how much of a substance is in a mixture and to determine whether a sample may contain impurities.
[bookmark: _ppqsmhri9vuy]4.1 Pure Substance vs. Mixture
A pure substance contains one chemical substance with a fixed composition.
Examples:
pure NaCl
pure H₂O
pure O₂
A mixture contains more than one substance physically combined.
Examples:
air
salt water
soil

[bookmark: _3zu9ijuzivj6]4.2 Mass Percent in a Mixture
Formula:
mass % = (mass of component / total mass of mixture) × 100
Example:
A 50.0 g sample contains 10.0 g NaCl.
Mass percent:
(10.0 / 50.0)(100)
= 20.0% NaCl

[bookmark: _o9ik10glstn0]4.3 Finding Component Mass
If you know the percentage and total mass:
mass component = decimal mass fraction × total mass
Example:
A 200 g mixture contains 35.0% compound X.
35.0% = 0.350
mass X:
0.350 × 200
= 70.0 g

[bookmark: _y4wib4t0ciob]4.4 Elemental Analysis of a Mixture
Questions may not directly tell you the percentage of the compound.
Instead, they may tell you the percentage of an element contained inside that compound.
For example, Khan Academy uses the idea that if potassium in a supplement exists as KCl, the measured amount of K can be used to determine how much KCl is in the sample.
The reasoning is:
measured K → moles K → moles KCl → grams KCl
because each formula unit of KCl contains one potassium ion.

[bookmark: _me0cwpss7a6e]4.5 Purity
A real sample might contain contaminants.
Percent purity can be described as:
(mass of desired pure substance / total sample mass) × 100
If:
10.0 g sample
8.50 g desired compound
then:
(8.50 / 10.0)(100)
= 85.0% pure

[bookmark: _yvu8hxr2wbuq]4.6 Using Elemental Percent to Detect Impurities
A pure compound has a predictable percent composition.
For example, pure NaCl should have a specific percentage of chlorine by mass.
If your measured sample has a very different chlorine percentage, that suggests another substance may be mixed with it.
Khan Academy gives this kind of reasoning in its mixture-purity material.
[bookmark: _r5ikp95d2eir]AP reasoning
Suppose your expected compound has 60% chlorine.
The experimental sample has 70% chlorine.
A possible contaminant should usually contain a higher percentage of chlorine than the desired compound if it is responsible for increasing the measured chlorine percentage.
This is a conceptual question, not just a calculation.

[bookmark: _jnk6f9n2vx8g]Topic 5: Atomic Structure and Electron Configuration
This is one of the most important and detailed parts of Unit 1. Khan Academy covers shells, subshells, orbitals, electron configurations, Aufbau filling, valence electrons, ions, and 3d transition metals.
[bookmark: _anaq25t17828]5.1 The Modern Model of an Atom
An atom contains:
nucleus
and
electron cloud
The nucleus contains:
· protons
· neutrons
Electrons occupy regions of space around the nucleus.
Electrons should not be imagined as tiny planets following fixed circular paths.
Instead, quantum mechanics describes regions where electrons have a high probability of being found.
These regions are called orbitals.

[bookmark: _dc3k7vvr8xoc]5.2 Energy Levels or Shells
Electrons are arranged into main energy levels called shells.
Shells are represented using the principal quantum number:
n = 1, 2, 3, 4...
Generally:
larger n → farther from nucleus → higher energy
Example:
n = 1 is closer to the nucleus than n = 3.

[bookmark: _nciz8b62g3e4]5.3 Subshells
Each shell contains one or more subshells.
The major subshell types are:
s
p
d
f
Allowed subshells depend on the shell.
n = 1:
1s
n = 2:
2s, 2p
n = 3:
3s, 3p, 3d
n = 4:
4s, 4p, 4d, 4f

[bookmark: _wz29jg3yuvyn]5.4 Orbitals
Subshells contain orbitals.
Each orbital can hold a maximum of:
2 electrons
Subshell capacities:
	Subshell
	Number of orbitals
	Max electrons

	s
	1
	2

	p
	3
	6

	d
	5
	10

	f
	7
	14


You should absolutely memorize this.

[bookmark: _ih8gqdtxmds]5.5 Electron Configuration
An electron configuration describes how electrons are distributed among subshells.
Example:
Hydrogen:
1s¹
The "1":
first energy level
The "s":
s subshell
The superscript "1":
one electron

[bookmark: _hrz3j8uth6fd]5.6 Example: Oxygen
Oxygen has atomic number 8.
A neutral oxygen atom therefore has:
8 electrons.
Electron configuration:
1s² 2s² 2p⁴
Count electrons:
2 + 2 + 4 = 8

[bookmark: _hbdgbhp191uu]5.7 Aufbau Principle
The Aufbau principle says electrons generally fill the lowest-energy available orbitals first.
Important order:
1s
2s
2p
3s
3p
4s
3d
4p
5s
4d
5p
6s
4f
5d
6p
7s
You may have seen the diagonal-arrow diagram for remembering this.

[bookmark: _gflfenczl0eo]5.8 Why 4s Comes Before 3d
Energy does not depend only on the shell number.
For neutral atoms near the beginning of the transition metals, 4s is generally occupied before 3d.
So potassium is:
[Ar]4s¹
not:
[Ar]3d¹

[bookmark: _eazjikudzu3u]5.9 Pauli Exclusion Principle
Each orbital holds no more than:
2 electrons
If two electrons occupy the same orbital, they have opposite spins.
Orbital diagram:
↑↓
is allowed.
But three electrons in one orbital are not.

[bookmark: _f1rb5g3iq2lh]5.10 Hund's Rule
If several orbitals have the same energy, electrons occupy them one at a time before pairing.
For p orbitals, there are three orbitals.
Suppose there are three p electrons:
↑ ↑ ↑
not:
↑↓ ↑ empty
Why?
Separating the electrons reduces repulsion and gives a lower-energy arrangement.

[bookmark: _8wrid469ofq7]5.11 Example: Nitrogen
Nitrogen has 7 electrons.
Configuration:
1s² 2s² 2p³
Its 2p orbital diagram is:
↑ ↑ ↑
one electron in each p orbital.

[bookmark: _60ukmeq74u4k]5.12 Example: Oxygen
Oxygen:
1s² 2s² 2p⁴
For the p orbitals:
↑↓ ↑ ↑
After placing one electron into each orbital, the fourth begins pairing.

[bookmark: _4pr8vm2f2641]5.13 Noble-Gas Shorthand
Long configurations can be shortened using the previous noble gas.
Example:
Sodium:
full:
1s² 2s² 2p⁶ 3s¹
The first 10 electrons are the configuration of neon.
So:
[Ne]3s¹

[bookmark: _7g4zxa2jl61q]5.14 Another Example: Chlorine
Full:
1s² 2s² 2p⁶ 3s² 3p⁵
Shorthand:
[Ne]3s²3p⁵

[bookmark: _l26tpd4l1kbe]5.15 Valence Electrons
Valence electrons are the electrons most directly involved in chemical bonding.
For main-group elements, they are usually electrons in the highest occupied principal energy level.
Example:
O:
1s² 2s² 2p⁴
highest n = 2
Valence configuration:
2s²2p⁴
Number of valence electrons:
6
Khan Academy uses oxygen as this kind of example.

[bookmark: _d2wjlr7rol0q]5.16 Valence Electrons From the Periodic Table
For main-group elements:
	Group
	Typical valence electrons

	1
	1

	2
	2

	13
	3

	14
	4

	15
	5

	16
	6

	17
	7

	18
	8


Exception:
He has only 2, because the first shell can contain only two electrons.

[bookmark: _oekudzvlflzi]5.17 Cations
A cation is a positively charged ion.
Cations form when electrons are lost.
Example:
Na:
[Ne]3s¹
Na loses one electron:
Na⁺:
[Ne]
The atom now has:
11 protons
10 electrons
Net charge:
+1

[bookmark: _4q8tmrsxd3ac]5.18 Anions
An anion is negatively charged.
Anions form when electrons are gained.
Example:
Cl:
[Ne]3s²3p⁵
Add one electron:
Cl⁻:
[Ne]3s²3p⁶
which is the same electron configuration as argon:
[Ar]

[bookmark: _1hg2tntns2j5]5.19 Electron Count and Charge
Very useful relationship:
charge = protons − electrons
Example:
12 protons
10 electrons
12 − 10 = +2
So the ion has charge:
2+

[bookmark: _w0dag49ytor9]5.20 Transition-Metal Electron Configurations
The d-block introduces an important complication.
Example:
Fe has 26 electrons.
Configuration:
[Ar]4s²3d⁶
You may also see the order written:
[Ar]3d⁶4s²
Both describe the occupied subshells.

[bookmark: _6h9uthrw6n07]5.21 Removing Electrons From Transition Metals
This is extremely testable.
Although 4s fills before 3d, when forming transition-metal cations, the electrons in the highest principal energy level are generally removed first.
So 4s electrons are removed before 3d electrons.
Example:
Fe:
[Ar]4s²3d⁶
Fe²⁺:
remove the two 4s electrons
→ [Ar]3d⁶
Fe³⁺:
remove another electron from 3d
→ [Ar]3d⁵
[bookmark: _8qm1lrbj5nvm]Common mistake
Incorrect:
Fe²⁺ = [Ar]4s²3d⁴
That removes d electrons before the 4s electrons.

[bookmark: _t6fk7iu10d59]5.22 Important Exceptions
Some transition metals have electron configurations that differ from the simplest predicted Aufbau arrangement.
Two major examples:
Chromium:
Cr = [Ar]3d⁵4s¹
Copper:
Cu = [Ar]3d¹⁰4s¹
Instead of the simple predicted:
Cr → [Ar]3d⁴4s²
Cu → [Ar]3d⁹4s²
The actual arrangements are lower in energy.
For AP Chemistry, know that the Aufbau order is a model, and experimental electron configurations can contain exceptions.

[bookmark: _9jucj2fmft86]Topic 6: Periodic Trends
Khan Academy's current periodic-trends section covers Coulomb's law, atomic and ionic radii, ionization energy, successive ionization energies, electron affinity, and electronegativity.
The most important thing in AP Chemistry is explaining why trends happen.

[bookmark: _eto7akgwecjn]6.1 Coulomb's Law
The attraction between charged particles can be understood with Coulomb's law.
A simplified relationship is:
F ∝ (q₁q₂)/r²
where:
q₁ and q₂ represent charges
r represents distance between charges.
For atoms:
positive nucleus attracts negative electrons.
[bookmark: _5jsrz1kx91ef]Stronger attraction occurs when:
· nuclear charge is greater
· electron is closer to the nucleus
[bookmark: _s1qc95laeeks]Weaker attraction occurs when:
· electron is farther away
· shielding reduces the attraction
Khan Academy directly connects periodic trends to Coulombic attraction.

[bookmark: _sygjwj32d1dm]6.2 Nuclear Charge
More protons mean a larger positive nuclear charge.
Example:
C has 6 protons.
N has 7.
O has 8.
Moving left → right across a period increases the number of protons.

[bookmark: _ud67ltvznm3p]6.3 Shielding
Inner electrons partially reduce the attraction between outer electrons and the nucleus.
This effect is called shielding.
Core electrons lie between:
the nucleus
and
valence electrons.
They partially "shield" the valence electrons from the full nuclear charge.

[bookmark: _9bqilff9221i]6.4 Effective Nuclear Charge
An electron experiences a net positive attraction called effective nuclear charge, often written:
Zeff
A simplified idea is:
Zeff ≈ nuclear charge − shielding
This is not normally used as an exact AP Chemistry calculation. It is mainly a reasoning tool.
Across a period:
number of protons increases
but shielding does not increase as dramatically because electrons are entering the same general shell.
So effective nuclear attraction generally increases.

[bookmark: _xwn09uklv5ar]6.5 Atomic Radius
Atomic radius describes atomic size.
[bookmark: _lzbso5klhpgs]Across a period:
radius generally decreases left → right
Why?
More protons are added.
Electrons are generally added to the same principal energy level.
The greater effective nuclear attraction pulls the electron cloud closer.
Therefore:
smaller radius

[bookmark: _7f3pmw6vpknq]6.6 Radius Down a Group
Moving downward:
atomic radius increases
Why?
Each new period adds another electron shell.
Example:
Li has outer electrons in n = 2.
Na has outer electrons in n = 3.
K has outer electrons in n = 4.
Additional shells mean:
· valence electrons farther from nucleus
· increased shielding
Therefore the atoms become larger.

[bookmark: _e27eplrxjn1a]6.7 Atomic Radius Trend
Overall:
largest → bottom-left
smallest → top-right
Think:
Radius grows:
← and ↓

[bookmark: _l6blzok1ss0]6.8 Ionic Radius
Forming ions changes atomic size.
[bookmark: _jazprlfjk92h]Cations
Cations are generally smaller than their neutral atoms.
Example:
Na⁺ < Na
Why?
Na loses its outer 3s electron.
Na:
[Ne]3s¹
Na⁺:
[Ne]
The entire third shell is no longer occupied.
Therefore, radius decreases dramatically.

[bookmark: _pklib32vvzzb]6.9 Anions
Anions are generally larger than their neutral atoms.
Example:
Cl⁻ > Cl
Why?
Adding an electron increases:
electron-electron repulsion
while the number of protons stays the same.
The electron cloud spreads out more.

[bookmark: _aaqv0tx3d242]6.10 Isoelectronic Species
Isoelectronic species have the same number of electrons.
Example:
O²⁻
F⁻
Ne
Na⁺
Mg²⁺
Each contains 10 electrons.
If electron count is identical, compare protons.
O²⁻: 8 protons
F⁻: 9
Ne: 10
Na⁺: 11
Mg²⁺: 12
More protons pull the same number of electrons more strongly.
Therefore size decreases as proton number increases:
O²⁻ > F⁻ > Ne > Na⁺ > Mg²⁺
This is extremely useful on AP questions.

[bookmark: _aq095zrmulp7]6.11 Ionization Energy
Ionization energy is the energy required to remove an electron from a gaseous atom or ion.
Example:
Na(g) → Na⁺(g) + e⁻
Removing an electron requires overcoming the attraction between the electron and nucleus.

[bookmark: _iy32pa8md4i9]6.12 Ionization Energy Across a Period
Generally:
increases left → right
Why?
Effective nuclear attraction increases.
Electrons are held more tightly.
Therefore more energy is needed to remove one.

[bookmark: _odi3u3wek8ps]6.13 Ionization Energy Down a Group
Generally:
decreases going down
Why?
Outer electrons are:
· farther from nucleus
· more shielded
Therefore they are easier to remove.

[bookmark: _dv6ia0zeu3dd]6.14 Ionization Energy Trend
Overall:
higher toward:
top-right
lower toward:
bottom-left
So it moves opposite to atomic radius.
Radius:
← ↓
Ionization energy:
→ ↑

[bookmark: _lp0zwz7qf57g]6.15 Period-Trend Exceptions
You should not treat periodic trends as perfect rules.
Some exceptions arise because:
· s and p subshells have different energies
· paired electrons repel each other
· especially stable configurations can occur
AP questions often care more about whether you can explain experimental values using electron structure than whether you memorized a simple arrow.

[bookmark: _7nk4glrfchmd]6.16 Successive Ionization Energies
Ionization can happen repeatedly.
IE₁:
removing first electron
IE₂:
removing second
IE₃:
removing third
and so on.
Generally:
IE₁ < IE₂ < IE₃ < IE₄...
Each successive electron becomes harder to remove.

[bookmark: _gp29v8oyo4jm]6.17 Huge Jumps in Ionization Energy
This is one of the most important Unit 1 skills.
Imagine:
IE₁ = 738
IE₂ = 1451
IE₃ = 7733
IE₄ = 10543 kJ/mol
There is a huge jump:
between IE₂ and IE₃
This means:
the first two electrons are relatively easy to remove.
After those two valence electrons are gone, the third electron would have to be removed from a much more stable inner shell.
Therefore:
the element has 2 valence electrons.
Khan Academy uses this exact style of reasoning in Unit 1.

[bookmark: _wbhiaz8bsgxv]6.18 Using Ionization Energies to Find the Group
Huge jump after IE₁:
→ 1 valence electron
Huge jump after IE₂:
→ 2 valence electrons
Huge jump after IE₃:
→ 3 valence electrons
For main-group elements, this can help identify the periodic-table group.

[bookmark: _iye2442p64l7]6.19 Electron Affinity
Electron affinity describes the energy change associated with adding an electron to a gaseous atom.
General idea:
X(g) + e⁻ → X⁻(g)
Electron affinity trends are more complicated than radius or electronegativity.
In general, many atoms toward the right side of a period have a greater tendency to accept electrons, particularly halogens.
However:
do not memorize electron affinity as a perfectly smooth trend.
There are several exceptions.

[bookmark: _85g0ha3634q8]6.20 Electronegativity
Electronegativity measures how strongly an atom attracts shared electrons in a chemical bond.
Trend:
left → right:
increases
down a group:
decreases
Therefore:
highest toward top-right
Fluorine is the most electronegative element.

[bookmark: _56qim97zuhyj]6.21 Don't Confuse These Three
[bookmark: _ccdolw2r3znm]Ionization energy
How difficult is it to remove an electron?
[bookmark: _9mrus6yob6qx]Electron affinity
What is the energy change when an isolated gaseous atom gains an electron?
[bookmark: _6rtl3us5dm7]Electronegativity
How strongly does a bonded atom pull shared electrons toward itself?
These are related but not interchangeable.

[bookmark: _oikmfh74ohe9]Topic 7: Valence Electrons and Ionic Compounds
Khan Academy's Unit 1 connects valence electrons and ionization-energy patterns to predictable ionic charges and empirical formulas of ionic compounds.
[bookmark: _iphno1f9tqmo]7.1 Why Valence Electrons Matter
Valence electrons are the electrons most directly involved in chemical reactions.
Atoms can gain or lose electrons when forming ions.
Main-group elements often form predictable charges based on their valence electrons.

[bookmark: _4epm9ae22mm2]7.2 Common Main-Group Charges
	Group
	Valence e⁻
	Common ion

	1
	1
	+1

	2
	2
	+2

	13
	3
	+3

	15
	5
	−3

	16
	6
	−2

	17
	7
	−1


Group 18 elements generally do not readily form simple ions because their valence shells are already filled.
Transition metals are more complicated and can have multiple charges.

[bookmark: _spqjcmybzvgi]7.3 Why Na Forms Na⁺
Na:
[Ne]3s¹
Removing one electron gives:
Na⁺:
[Ne]
Removing a second electron would mean taking an electron from the stable neon-like core, requiring dramatically more energy.
Therefore +1 is favored.

[bookmark: _rj4e1av68lwu]7.4 Why Mg Forms Mg²⁺
Mg:
[Ne]3s²
Lose first electron:
Mg⁺
Lose second:
Mg²⁺ = [Ne]
The third ionization requires breaking into the core shell and requires far more energy.
Therefore Mg usually forms:
Mg²⁺

[bookmark: _cg3d9kz0pjd2]7.5 Why Cl Forms Cl⁻
Cl:
[Ne]3s²3p⁵
It needs one more electron to fill the 3p subshell:
Cl⁻:
[Ne]3s²3p⁶
So chlorine commonly forms:
Cl⁻

[bookmark: _teshcpsuaa5t]7.6 Ionic Compounds Must Be Electrically Neutral
The total positive charge must equal the total negative charge.
Example:
Na⁺ + Cl⁻
+1 + −1 = 0
So formula:
NaCl

[bookmark: _grgtclnzg8zv]7.7 Example: Mg and Cl
Mg forms:
Mg²⁺
Cl forms:
Cl⁻
One chloride gives −1.
We need two:
Mg²⁺ + 2Cl⁻
Total:
+2 − 2 = 0
Formula:
MgCl₂

[bookmark: _fqkc9pgzll60]7.8 Example: Al and O
Al³⁺
O²⁻
Find the smallest number that balances charges.
2 Al³⁺:
+6
3 O²⁻:
−6
Total = 0
Formula:
Al₂O₃

[bookmark: _x0ylgo81dzzm]7.9 Empirical Formula of an Ionic Compound
Ionic formulas represent the lowest whole-number ratio of ions.
So if charges hypothetically produced:
Ca₂O₂
simplify it to:
CaO
because the ionic formula should show the simplest ratio.

[bookmark: _5pirt16lphvt]7.10 Ionization-Energy Data + Ionic Formula Questions
Suppose element X has:
IE₁ relatively low
IE₂ relatively low
IE₃ extremely high
This tells you X has two valence electrons and likely forms:
X²⁺
Suppose X reacts with oxygen.
Oxygen commonly forms:
O²⁻
Charges balance 1:1:
X²⁺ + O²⁻
→ XO
This is exactly the kind of combined reasoning Khan Academy currently tests in Unit 1.

[bookmark: _xqvmw5xndy5s]Topic 8: Photoelectron Spectroscopy (PES)
PES is the final content topic in Khan Academy's current Unit 1. It connects experimental evidence to shells, subshells, electron configurations, and nuclear attraction.
[bookmark: _k9amn2f8dkwf]8.1 What PES Measures
Photoelectron spectroscopy (PES) is an experimental method used to investigate electron energies.
A sample is exposed to high-energy radiation, commonly:
· ultraviolet radiation
· X-rays
This radiation can eject electrons from atoms.
The emitted electrons are called:
photoelectrons
Scientists measure their kinetic energy.

[bookmark: _c0x08caludz3]8.2 Energy Relationship
The incoming photon carries energy.
Some of that energy is needed to remove the electron.
Any remaining energy becomes kinetic energy of the emitted electron.
So:
photon energy = binding energy + kinetic energy
Therefore:
binding energy = photon energy − kinetic energy
Binding energy tells you how strongly the electron was held by the atom.
Khan Academy's PES material uses this relationship and describes PES spectra as photoelectron count versus binding energy.

[bookmark: _vmr8amqeouwn]8.3 Binding Energy
High binding energy
means:
electron is strongly attracted to nucleus
and requires lots of energy to remove.
Low binding energy
means:
electron is easier to remove.

[bookmark: _30vgi6re1g2r]8.4 Core vs. Valence Electrons
Core electrons are closer to the nucleus.
Therefore they generally have:
high binding energies
Valence electrons are farther away and more shielded.
Therefore they generally have:
lower binding energies

[bookmark: _dkjb4hcigsx5]8.5 Reading a PES Spectrum
A PES spectrum contains peaks.
Each peak generally represents electrons occupying a particular subshell.
For example:
1s²2s²2p⁶3s²3p¹
has five occupied subshells:
1s
2s
2p
3s
3p
So an idealized PES spectrum would contain five major peaks.

[bookmark: _g2m8x9qnphy1]8.6 Peak Intensity
Peak size tells you the relative number of electrons in that subshell.
Example:
2s² contains:
2 electrons
2p⁶ contains:
6 electrons
Therefore:
2p peak represents three times as many electrons as 2s.
This relative intensity is extremely useful for identifying an unknown electron configuration.

[bookmark: _kllisugos59f]8.7 Example: Aluminum
Al:
1s²2s²2p⁶3s²3p¹
Occupied subshells:
1s²
2s²
2p⁶
3s²
3p¹
Expected peak relative electron counts:
2
2
6
2
1
The 2p peak should be much larger than a 2-electron peak.
The 3p peak should be smaller because it represents only one electron.
Khan Academy uses this kind of peak-count reasoning when interpreting PES.

[bookmark: _cmmr41fh5q7a]8.8 Binding Energy and Shell Number
1s electrons are extremely close to the nucleus.
Therefore:
they usually have the highest binding energy.
Outer-shell electrons have lower binding energies.
For something like aluminum:
1s → highest BE
then 2s/2p
then 3s/3p → lowest BE region

[bookmark: _hbkg6r3byufs]8.9 Be Careful With PES Axes
Some PES graphs show binding energy so that larger binding energies are toward the left.
Others may use a more conventional direction.
Never assume.
Read the axis labels.
Khan Academy specifically notes that PES plots may be arranged so binding energy decreases as you move right, and the energy scale can be logarithmic.

[bookmark: _cfxh3rcpmxpy]8.10 Comparing PES of Two Elements
Suppose you compare Si and S.
Both are in period 3.
Si:
[Ne]3s²3p²
S:
[Ne]3s²3p⁴
Sulfur has:
· more protons
· the same occupied principal shells
· more electrons in 3p
Therefore, compared with Si, sulfur's corresponding electrons generally experience stronger nuclear attraction.
You would expect:
higher binding energies
and the 3p signal should represent:
4 electrons instead of 2.
Khan Academy currently tests this type of comparison directly.

[bookmark: _35mkwel5a0e9]8.11 PES + Periodic Trends
PES gives experimental evidence for ideas you learned earlier.
Across a period:
nuclear charge increases.
Electrons in comparable subshells are generally held more strongly.
Therefore their binding energies generally increase.
So PES connects:
nuclear charge
↓
Coulombic attraction
↓
binding energy

[bookmark: _6t0npziepe3]8.12 PES vs. Mass Spectrometry
Do not confuse these.
[bookmark: _gnobz6fyuz0q]Mass spectrometry
Primarily helps identify:
isotopes and their relative abundances
Think:
mass of nuclei/atoms
[bookmark: _gtemmoowr67c]Photoelectron spectroscopy
Helps study:
electron binding energies and electron configurations
Think:
electrons
A good shortcut:
Mass spectrum → isotopes
PES spectrum → electrons

[bookmark: _qokmdw96mhz2]UNIT 1 MASTER CONNECTIONS
This is what separates memorizing Unit 1 from actually understanding it.
[bookmark: _og8zvfnqj0ey]Connection 1: Periodic Table → Electron Configuration
An element's atomic number tells you:
number of protons
and, for a neutral atom:
number of electrons.
Those electrons determine the electron configuration.

[bookmark: _hittvpl7v10q]Connection 2: Electron Configuration → Valence Electrons
Example:
Mg:
[Ne]3s²
Therefore:
2 valence electrons.

[bookmark: _ejufap2vql32]Connection 3: Valence Electrons → Ionic Charge
Mg can lose those two electrons:
Mg → Mg²⁺

[bookmark: _f71kbemect1j]Connection 4: Valence Electrons → Ionization-Energy Data
Because Mg has two valence electrons:
IE₁ and IE₂ remove valence electrons.
IE₃ removes a core electron.
Therefore:
large jump after IE₂

[bookmark: _tl5gg0l15p9m]Connection 5: Nuclear Charge → Atomic Radius
Across a period:
more protons
→ stronger electron attraction
→ electrons pulled closer
→ smaller radius.

[bookmark: _2fd2vz4ksq7n]Connection 6: Nuclear Charge → Ionization Energy
Stronger attraction:
→ electron harder to remove
→ greater ionization energy.

[bookmark: _n1u8qfl0hnod]Connection 7: Nuclear Charge → PES
Stronger attraction:
→ electrons more tightly bound
→ greater binding energy.

[bookmark: _xhus8ria42k5]Connection 8: Isotopes → Atomic Mass
Different isotopes have different masses.
Their natural abundances produce the:
weighted average atomic mass
shown on the periodic table.

[bookmark: _41lfy1gns75t]Unit 1 Formulas You Should Know
	Concept
	Formula

	Avogadro's number
	1 mol = 6.022 × 10²³ particles

	Moles
	n = mass / molar mass

	Mass
	mass = n × molar mass

	Particles
	N = n(6.022 × 10²³)

	Average atomic mass
	Σ(isotope mass × fractional abundance)

	Mass percent
	(component mass / total mass) × 100

	Molecular multiplier
	n = molecular mass / empirical-formula mass

	Coulombic attraction
	F ∝ (q₁q₂)/r²

	Mass number
	A = protons + neutrons

	Ion charge
	charge = protons − electrons

	PES
	photon energy = binding energy + kinetic energy



[bookmark: _evui78hklrtw]Periodic Trends Table
	Property
	Across →
	Down ↓

	Atomic radius
	decreases
	increases

	Ionization energy
	generally increases
	generally decreases

	Electronegativity
	increases
	decreases

	Effective nuclear attraction
	generally increases
	complicated by added shells/shielding


[bookmark: _9uod701syu8y]Direction shortcut
Atomic radius: ← ↓
Ionization energy: → ↑
Electronegativity: → ↑

[bookmark: _t6pwxpwt3rns]Most Common Unit 1 Test Mistakes
1. Using grams instead of moles when finding an empirical formula.
2. Forgetting to turn a percentage into a decimal for weighted-average calculations.
3. Forgetting compound subscripts when calculating molar mass.
4. Thinking molecular and empirical formulas are always identical.
5. Rounding a ratio such as 1.5 instead of multiplying all ratios by 2.
6. Forgetting that 1 mol H₂O contains 2 mol H atoms.
7. Saying atomic radius decreases across a period "because there are more electrons" instead of explaining the stronger effective nuclear attraction.
8. Thinking cations are larger than their atoms. They are usually smaller.
9. Forgetting that more protons means a smaller radius within an isoelectronic series.
10. Removing 3d electrons before 4s when making transition-metal cations.
11. Confusing ionization energy, electron affinity, and electronegativity.
12. Confusing mass spectra with PES spectra.
13. Thinking PES peak position tells the number of electrons. Peak intensity/area represents relative electron count; position represents binding energy.
14. Missing the huge jump in successive-ionization-energy questions.
15. Giving an ionic formula whose total charge is not zero.

