[bookmark: _c2qai8s8f26m]AP Chemistry Unit 7: Equilibrium
Chemical equilibrium describes what happens in a reversible reaction when the forward and reverse reactions occur at the same rate. At equilibrium, reactions have not stopped. Instead, reactants are continuously turning into products while products are continuously turning back into reactants.
This unit is strongly connected to earlier AP Chemistry units. Kinetics explains why equilibrium is dynamic because both forward and reverse reactions continue occurring. Stoichiometry is needed when constructing ICE tables. Gas laws help with equilibrium problems involving partial pressures. Net ionic equations connect directly to solubility equilibria and precipitation.
The biggest ideas in Unit 7 are understanding what equilibrium actually means, writing and interpreting equilibrium expressions, calculating equilibrium constants, predicting which direction a reaction will move, determining equilibrium concentrations, understanding how a system responds to disturbances, and working with the solubility-product constant Ksp.

[bookmark: _kgsrdfqci57u]Topic 1: Introduction to Equilibrium
Many chemical reactions are reversible, meaning they can proceed in both directions.
A reversible reaction is written using a double arrow:
A + B ⇌ C + D
The forward reaction is:
A + B → C + D
while the reverse reaction is:
C + D → A + B
When a reversible reaction begins with mostly reactants, the forward reaction is usually faster because there are many reactant particles available to collide. As products begin forming, the reverse reaction becomes possible and its rate increases.
Eventually, the forward and reverse reaction rates can become equal. At that point, the system has reached dynamic equilibrium. Khan Academy’s current Unit 7 defines dynamic equilibrium using equal forward and reverse rates, which results in constant concentrations or partial pressures over time.
[bookmark: _as92e45fjnd7]Dynamic Equilibrium
At equilibrium:
rateforward = ratereverse
This does not mean:
[reactants] = [products]
The concentrations can be very different.
For example, an equilibrium mixture might contain:
0.80 M reactant
and:
0.20 M product
and still be at equilibrium.
Equilibrium depends on the rates being equal, not the amounts being equal.
[bookmark: _q4disi5v5thj]Why Concentrations Become Constant
Suppose:
A ⇌ B
At equilibrium, A is still converting into B, and B is still converting into A.
However, imagine 100 A particles become B during a certain time interval while 100 B particles become A during the same interval.
There is no net change in either concentration.
Therefore:
[A] remains constant
and:
[B] remains constant
The system looks unchanged macroscopically even though reactions continue at the molecular level.
That is why equilibrium is called dynamic, not static.
[bookmark: _z8lhn2b94dbv]What Happens Before Equilibrium?
Consider beginning with only reactants.
Initially:
forward reaction rate = relatively high
because reactant concentration is high.
reverse reaction rate ≈ 0
because almost no products are present.
As the reaction proceeds, reactants are consumed, so the forward rate generally decreases.
At the same time, products accumulate, causing the reverse rate to increase.
Eventually:
forward rate = reverse rate
and equilibrium has been reached.
[bookmark: _2odpvowepwv]Reaction-Rate Graph
If you graph reaction rate against time, the forward rate may begin high and decrease while the reverse rate begins low and increases.
At equilibrium, the two lines meet.
After that point:
rateforward = ratereverse
Both rates remain nonzero.
This is one of the best ways to visualize dynamic equilibrium.
[bookmark: _maa6jq5bb62p]Concentration-vs.-Time Graph
On a concentration graph, reactant concentration may decrease while product concentration increases.
Eventually both curves become horizontal.
Horizontal curves mean the concentrations are now constant.
However, the curves do not need to meet.
If one concentration is higher than another at equilibrium, that is completely normal.
[bookmark: _e24g64ylnour]Equilibrium Usually Requires a Closed System
For equilibrium to remain established, substances usually cannot continuously escape from the system.
For example:
H₂O(l) ⇌ H₂O(g)
can establish equilibrium in a sealed container.
Liquid molecules evaporate while gas molecules condense.
Eventually:
rate of evaporation = rate of condensation
But in an open container, water vapor can escape into the room. That makes it much harder to maintain the same dynamic equilibrium inside the container.
[bookmark: _rpro0xp7gy1]Direction of a Reversible Reaction
For a reversible reaction:
reactants ⇌ products
three situations are possible.
If:
rateforward > ratereverse
there is a net conversion of reactants into products.
The reaction proceeds to the right.
If:
ratereverse > rateforward
there is a net conversion of products into reactants.
The reaction proceeds to the left.
If:
rateforward = ratereverse
the system is at equilibrium.
[bookmark: _1hi42tcskloe]Equilibrium Does Not Mean the Reaction Is Finished
This is probably the biggest misconception in Unit 7.
At equilibrium, particles are still reacting.
The system is simply converting reactants to products at the same rate that products are converting back to reactants.
[bookmark: _9eue2r594yec]Common Mistakes
Do not say that equilibrium means equal concentrations.
Do not say that reactions stop at equilibrium.
Do not assume equilibrium means there are 50% reactants and 50% products.
Do not confuse constant concentration with zero reaction rate.
[bookmark: _uol03w3hbeo4]Remember This
At equilibrium:
forward rate = reverse rate
and therefore:
concentrations remain constant
but the reaction is still happening in both directions.

[bookmark: _x0iwteycoe5b]Topic 2: Equilibrium Constant and Reaction Quotient
Once a reaction reaches equilibrium, the relative amounts of products and reactants can be described mathematically using an equilibrium constant, represented by K.
For the general reaction:
aA + bB ⇌ cC + dD
the concentration-based equilibrium constant is:
Kc = [C]ᶜ[D]ᵈ / [A]ᵃ[B]ᵇ
The product concentrations go in the numerator and the reactant concentrations go in the denominator.
The coefficients from the balanced equation become exponents in the equilibrium expression. This is the current AP/Khan equilibrium expression form.
[bookmark: _hg5t7wz19cpu]Example of Writing Kc
Consider:
N₂(g) + 3H₂(g) ⇌ 2NH₃(g)
The equilibrium expression is:
Kc = [NH₃]² / ([N₂][H₂]³)
Notice that:
coefficient 2 → exponent 2
coefficient 3 → exponent 3.
[bookmark: _q67ban86a57v]Kp
For gaseous equilibria, equilibrium can also be expressed using partial pressures.
This constant is called Kp.
For:
aA(g) + bB(g) ⇌ cC(g) + dD(g)
the expression is:
Kp = (PC)ᶜ(PD)ᵈ / (PA)ᵃ(PB)ᵇ
where P represents the partial pressure of each gas.
So the main distinction is:
Kc → molar concentrations
Kp → gas partial pressures
[bookmark: _zgd0kxtds6ck]Pure Solids and Pure Liquids Are Omitted
Pure solids and pure liquids do not appear in equilibrium expressions.
Consider:
CaCO₃(s) ⇌ CaO(s) + CO₂(g)
The equilibrium expression is:
K = [CO₂]
or, for pressure:
Kp = PCO₂
CaCO₃(s) and CaO(s) are omitted.
This happens because the effective concentrations, more precisely activities, of pure solids and liquids are constant under a given set of conditions.
For AP Chemistry, simply remember:
include gases and aqueous species
omit pure solids and pure liquids
[bookmark: _xt23t6a53ur2]Example With a Pure Liquid
Consider:
H₂O(l) ⇌ H⁺(aq) + OH⁻(aq)
The pure liquid water is omitted.
So the expression contains:
K = [H⁺][OH⁻]
This idea becomes extremely important in Unit 8 acid-base equilibrium.
[bookmark: _3mdhpk1m2l9t]The Reaction Quotient Q
The reaction quotient, represented by Q, has the exact same mathematical form as the equilibrium expression.
For:
aA + bB ⇌ cC + dD
Q = [C]ᶜ[D]ᵈ / [A]ᵃ[B]ᵇ
The difference is when the values are measured.
K uses concentrations or pressures at equilibrium.
Q can be calculated using concentrations or pressures at any moment.
Therefore:
K tells you where equilibrium lies
while:
Q tells you where the system currently is
[bookmark: _a89936wdp2md]Q vs. K
Comparing Q and K tells you which direction the reaction must proceed to reach equilibrium.
[bookmark: _k4nq031i9ewg]If Q < K
There are too few products relative to the equilibrium condition.
The system proceeds toward:
products
or:
to the right
until Q increases to K.
[bookmark: _22j9pnf3ceg1]If Q > K
There are too many products relative to equilibrium.
The reaction proceeds toward:
reactants
or:
to the left
until Q decreases to K.
[bookmark: _ewbcuntggvm8]If Q = K
The system is already:
at equilibrium
and there is no net change.
[bookmark: _f47nx4om8jdg]Easy Way to Remember Q vs. K
Think:
Q wants to become K.
If Q is too small:
Q < K → move right → make more products → Q rises
If Q is too large:
Q > K → move left → make more reactants → Q falls
[bookmark: _gzbi9gn1rjvq]Example
Suppose:
A ⇌ B
and:
Kc = 4.0
At one moment:
[A] = 0.50 M
[B] = 1.00 M
Then:
Q = [B]/[A]
Q = 1.00/0.50
Q = 2.0
Since:
Q < K
the reaction must proceed toward products.
As B increases and A decreases, Q becomes larger until:
Q = 4.0
[bookmark: _kcwitz63fpum]Why the Expression Must Match the Balanced Equation
If the equation changes, the equilibrium expression changes.
For example:
N₂O₄ ⇌ 2NO₂
gives:
K = [NO₂]²/[N₂O₄]
But if we reverse the equation:
2NO₂ ⇌ N₂O₄
the expression becomes:
K = [N₂O₄]/[NO₂]²
which is the reciprocal.
This becomes even more important when studying properties of K.
[bookmark: _8btm7akus2x]Common Mistakes
Do not include pure solids or pure liquids in the equilibrium expression.
Do not forget that coefficients become exponents.
Do not confuse Q and K. They use the same form, but Q describes the current mixture while K describes equilibrium at a particular temperature.
Do not say Q<K means equilibrium shifts left. It shifts right.
[bookmark: _39ma7wdbutje]Remember This
Q < K → right
Q > K → left
Q = K → equilibrium

[bookmark: _ltss5izdygs5]Topic 3: Calculating the Equilibrium Constant
If the equilibrium concentrations or partial pressures are known, the equilibrium constant can be calculated by substituting those values into the appropriate equilibrium expression.
Khan Academy currently includes calculations using both equilibrium concentrations for Kc and equilibrium partial pressures for Kp.
[bookmark: _rh3nolrt0hpk]Calculating Kc From Equilibrium Concentrations
Consider:
H₂(g) + I₂(g) ⇌ 2HI(g)
Suppose at equilibrium:
[H₂] = 0.20 M
[I₂] = 0.20 M
[HI] = 1.20 M
Write the expression:
Kc = [HI]² / ([H₂][I₂])
Substitute:
Kc = (1.20)² / [(0.20)(0.20)]
Kc = 1.44 / 0.040
Kc = 36
A relatively large K indicates that equilibrium contains proportionally more products than reactants.
[bookmark: _bcba2iku6pww]Calculating Kp
Consider:
N₂O₄(g) ⇌ 2NO₂(g)
Suppose equilibrium partial pressures are:
PN₂O₄ = 0.50 atm
PNO₂ = 1.00 atm
Then:
Kp = (PNO₂)² / PN₂O₄
Kp = (1.00)² / 0.50
Kp = 2.0
[bookmark: _cl968b4n5stb]Finding Equilibrium Values Before Finding K
Sometimes the problem does not directly give all equilibrium concentrations.
You may need to use stoichiometry first.
Suppose:
A ⇌ 2B
Initially:
[A] = 1.00 M
[B] = 0
At equilibrium:
[A] = 0.60 M
A decreased by:
1.00 − 0.60 = 0.40 M
According to the equation:
1 A → 2 B
so B increases by:
2(0.40) = 0.80 M
Therefore:
[B]eq = 0.80 M
Now:
Kc = [B]²/[A]
Kc = (0.80)²/0.60
Kc ≈ 1.07
This is why equilibrium calculations are often partly stoichiometry problems.
[bookmark: _19rh7nqa1wht]Equilibrium From Mole Amounts
If a problem gives moles instead of concentration, remember:
M = mol/L
If the container volume is 1.00 L, then the numerical mole amount and molarity happen to be equal.
But this is not true for every container.
Suppose:
2.00 mol A are present in a 4.00 L vessel.
Then:
[A] = 2.00/4.00
[A] = 0.500 M
Do not substitute raw mole values into Kc unless the situation legitimately allows the concentration to be determined that way.
[bookmark: _ec71qmrklw2c]Partial Pressure and Dalton's Law
For gas equilibrium, you may need Unit 3's Dalton's law:
Ptotal = P1 + P2 + P3 + ...
For example, if total equilibrium pressure and some individual partial pressures are known, you may find a missing partial pressure before calculating Kp.
Khan Academy's current Unit 7 includes this type of equilibrium-pressure problem.
[bookmark: _d3ze7yxfyydb]Does K Have Units?
In rigorous thermodynamics, equilibrium constants are treated as dimensionless because they are based on activities.
In many introductory classroom calculations, you may see apparent units if concentrations or pressures are substituted directly. For AP Chemistry, follow the convention and format expected by your course/reference sheet rather than trying to attach ordinary concentration units to K.
The important thing is understanding what K means and how the expression is constructed.
[bookmark: _vkcsalngrzeh]Common Mistakes
Make sure every number you substitute represents an equilibrium value when calculating K.
Do not forget coefficients as exponents.
Do not substitute total pressure where a particular partial pressure is required.
Do not confuse Kc with Kp.
[bookmark: _kbfi96r2n8xj]Remember This
To calculate K:
write expression first → determine equilibrium values → substitute → calculate

[bookmark: _ysobwh4k00x1]Topic 4: Magnitude and Properties of the Equilibrium Constant
The magnitude of K tells us whether products or reactants are favored at equilibrium.
It does not directly tell us how quickly equilibrium is reached. Reaction speed is a kinetics question.
[bookmark: _28a2bnyc2bt4]Large K
If:
K >> 1
the numerator of the equilibrium expression is relatively large compared with the denominator.
Therefore equilibrium contains proportionally more:
products
The reaction is said to be product-favored.
For example:
K = 4 × 10⁸
indicates that equilibrium lies strongly toward products.
However, this does not necessarily mean absolutely every reactant molecule disappears.
[bookmark: _omuharjq1iy0]Small K
If:
K << 1
the denominator is relatively large.
Equilibrium contains proportionally more:
reactants
The reaction is reactant-favored.
For example:
K = 2 × 10⁻⁹
indicates equilibrium lies strongly toward reactants.
[bookmark: _q68oxwzd6k95]K Around 1
If K is roughly around 1, neither side overwhelmingly dominates.
Significant amounts of both reactants and products may be present.
[bookmark: _6lst6kthppz8]K Does NOT Tell You Reaction Speed
Suppose:
K = 10¹⁰
This tells you equilibrium strongly favors products.
It does not mean the reaction occurs quickly.
A reaction could have a very favorable equilibrium but still occur extremely slowly because of a large activation-energy barrier.
This connects Unit 7 back to Unit 5.
Kinetics → how fast
Equilibrium → relative amounts once equilibrium is established
[bookmark: _5mv0zdik3nt4]Reversing a Reaction
If:
A ⇌ B
has equilibrium constant:
K
then the reverse:
B ⇌ A
has:
Kreverse = 1/Kforward
Example:
If:
Kforward = 20
then:
Kreverse = 1/20 = 0.050
This makes sense because a product-favored forward reaction becomes reactant-favored when viewed in reverse.
[bookmark: _lxwejvrctq3h]Multiplying a Reaction
Suppose:
A ⇌ B
has:
K = 4
If the entire reaction is doubled:
2A ⇌ 2B
the new equilibrium expression squares the old expression.
Therefore:
Knew = K²
Knew = 4² = 16
More generally, if a reaction is multiplied by a factor n:
Knew = Kⁿ
[bookmark: _h0vdm2djb7m7]Dividing a Reaction
If every coefficient is divided by 2:
Knew = √K
More generally:
Knew = K^(1/n)
when the equation is divided by n.
[bookmark: _8wrirthz0hhp]Adding Reactions
If two reactions are added together, their equilibrium constants are multiplied.
Suppose:
Reaction 1:
A ⇌ B
K₁ = 4
Reaction 2:
B ⇌ C
K₂ = 3
Add them:
A ⇌ C
B cancels.
The overall equilibrium constant is:
Koverall = K₁K₂
Koverall = (4)(3)
Koverall = 12
These properties are part of Khan Academy's current equilibrium-constant lesson.
[bookmark: _e8cb79jij817]Temperature and K
For a particular reaction, K has a specific value at a particular temperature.
Changing concentrations, pressures, or volume may cause the system to shift, but these changes do not change K as long as temperature stays constant.
Changing temperature can change K.
This distinction is extremely important.
For example:
adding reactant → equilibrium shifts
but:
K stays the same
if temperature is unchanged.
Heating or cooling → can change the equilibrium constant.
[bookmark: _a2phzjk2nt5h]Common Mistakes
Do not interpret large K as fast reaction.
Do not simply change K when concentration changes.
If you reverse the equation, take the reciprocal of K.
If you multiply coefficients by n, raise K to the nth power.
If you add reactions, multiply their K values.
[bookmark: _ngjzhfwy1k3g]Remember This
Large K → products favored
Small K → reactants favored
And for reaction manipulation:
reverse → 1/K
multiply equation by n → Kⁿ
add equations → multiply K values

[bookmark: _snwaox1esz50]Topic 5: Calculating Equilibrium Concentrations
Many equilibrium problems do not give the equilibrium concentrations directly. Instead, you may know the initial concentrations and K, then need to determine how much the reaction changes before reaching equilibrium.
The most common tool is an ICE table.
ICE stands for:
Initial
Change
Equilibrium
Khan Academy's current Unit 7 explicitly uses equilibrium concentration and pressure calculations based on initial conditions.
[bookmark: _1f46ppwacbbr]Building an ICE Table
Consider:
A ⇌ B
Suppose initially:
[A] = 1.00 M
[B] = 0
and:
Kc = 4.00
Set up:
	
	A
	B

	Initial
	1.00
	0

	Change
	−x
	+x

	Equilibrium
	1.00−x
	x


Why −x for A?
Because A is consumed.
Why +x for B?
Because B forms.
Now use:
Kc = [B]/[A]
Substitute equilibrium expressions:
4.00 = x/(1.00−x)
Solve:
4.00(1.00−x) = x
4.00 − 4x = x
4.00 = 5x
x = 0.800 M
Therefore:
[A]eq = 1.00 − 0.800 = 0.200 M
[B]eq = 0.800 M
[bookmark: _1vwm1rrnjj4a]Stoichiometric Coefficients in ICE Tables
Suppose:
A ⇌ 2B
If A decreases by x:
A change = −x
but B increases by:
+2x
because one mole of A produces two moles of B.
The table becomes:
	
	A
	B

	Initial
	A₀
	B₀

	Change
	−x
	+2x

	Equilibrium
	A₀−x
	B₀+2x


The coefficients in the balanced equation control the change row.
[bookmark: _rtqlxyapq0y4]Another Example
Consider:
N₂(g) + 3H₂(g) ⇌ 2NH₃(g)
If the reaction shifts right by x:
N₂ changes by:
−x
H₂ changes by:
−3x
NH₃ changes by:
+2x
So:
	
	N₂
	H₂
	NH₃

	Initial
	N₀
	H₀
	NH₃₀

	Change
	−x
	−3x
	+2x

	Equilibrium
	N₀−x
	H₀−3x
	NH₃₀+2x


This is why balancing the reaction correctly is essential.
[bookmark: _ig8x0eu7p6cl]Determining the Direction Before the ICE Table
Sometimes products and reactants are both initially present.
Then you may not know whether the system will shift right or left.
Calculate Q first.
If:
Q < K
shift right.
Your ICE changes should consume reactants and form products.
If:
Q > K
shift left.
Your signs reverse because products are consumed and reactants form.
[bookmark: _95yarqc019av]Quadratic Equations
Some equilibrium expressions produce quadratic equations.
Example:
A ⇌ 2B
with:
[A]₀ = 1.00 M
[B]₀ = 0
Then:
[A]eq = 1−x
[B]eq = 2x
If:
Kc = [B]²/[A]
then:
Kc = (2x)²/(1−x)
which may create a quadratic equation.
You may need to use factoring or the quadratic formula.
[bookmark: _eyxp0yy4c719]Small-x Approximation
In some equilibrium problems where K is extremely small, only a tiny amount of reactant changes.
If:
A₀ − x
appears and x is very small compared with A₀, you may sometimes approximate:
A₀ − x ≈ A₀
This can simplify the algebra.
However, do not use this approximation automatically.
After solving, check whether x really was small relative to the initial concentration. A common chemistry guideline is that the approximation is reasonable when the change is only a few percent of the original amount.
If not, solve the full equation.
[bookmark: _nx7zmos3ozz4]ICE Tables With Partial Pressures
ICE tables can also use gas partial pressures.
Instead of concentrations:
[A]
you may use:
PA
The same stoichiometric logic applies.
For example:
PCl₅(g) ⇌ PCl₃(g) + Cl₂(g)
If PCl₅ decreases by x atm:
PCl₅: −x
PCl₃: +x
Cl₂: +x
Then substitute equilibrium pressures into Kp.
[bookmark: _offqehjg3gmp]Checking Your Answer
After calculating equilibrium values, verify:
· no concentration or pressure is negative;
· stoichiometric relationships are correct;
· substituting the values back into the equilibrium expression gives K;
· the direction of change agrees with Q vs. K if that was determined.
[bookmark: _qupl8lt6imrw]Common Mistakes
Do not place initial concentrations directly into K unless the system is already at equilibrium.
Do not use identical x changes when coefficients are different.
Do not let an equilibrium concentration become negative.
Do not use a small-x approximation without checking whether it is valid.
[bookmark: _52tbh1ndp9cc]Remember This
ICE tables follow:
Initial → Change using coefficients → Equilibrium → substitute into K → solve x

[bookmark: _af0b2bwjppzt]Topic 6: Using the Reaction Quotient
The reaction quotient Q is more than a simple direction predictor. It can also be used before setting up an ICE table, after a disturbance, or when determining how pressures and concentrations must change before equilibrium is restored.
Khan Academy's current Unit 7 includes using Q to determine reaction direction and then calculating equilibrium partial pressures.
[bookmark: _tbllzkizmnv1]Q Tells You the Direction
Again:
Q < K → reaction proceeds right
Q > K → reaction proceeds left
Q = K → equilibrium
This rule works because equilibrium is reached when:
Q becomes K
[bookmark: _3175elboyw47]Example With Several Species
Consider:
H₂(g) + I₂(g) ⇌ 2HI(g)
Suppose:
Kc = 50
Current concentrations:
[H₂] = 0.50 M
[I₂] = 0.50 M
[HI] = 1.00 M
Calculate Q:
Q = [HI]² / ([H₂][I₂])
Q = (1.00)² / [(0.50)(0.50)]
Q = 4.0
Since:
4.0 < 50
the reaction proceeds to the right.
Therefore:
H₂ decreases
I₂ decreases
HI increases
until Q becomes 50.
[bookmark: _wuhmsnryau4q]How Changes Affect Q
Q can respond immediately when concentrations or pressures change.
Suppose:
A ⇌ B
with:
Q = [B]/[A]
If you suddenly add A, the denominator increases.
Therefore Q decreases.
Now:
Q < K
so the system shifts right, consuming some A and producing B.
This mathematical explanation is often stronger than simply saying:
“the equilibrium shifts to use up added reactant.”
[bookmark: _xox5g7bsawza]Removing Product
For:
A ⇌ B
removing B decreases the numerator.
Therefore:
Q decreases.
If Q becomes less than K:
reaction shifts right
to produce more B.
[bookmark: _b3pg0us0loc0]Adding Product
Adding B increases the numerator.
Q increases.
If:
Q > K
the reaction shifts left.
[bookmark: _12qmwpoqkl2g]Changing Gas Volume
For gases, a change in volume changes partial pressures and therefore may change Q.
Suppose:
N₂(g) + 3H₂(g) ⇌ 2NH₃(g)
There are:
4 moles of gaseous species on the left
and:
2 moles of gaseous species on the right.
If the container volume suddenly decreases at constant temperature, all gas partial pressures initially increase.
Because Q depends on different powers of those pressures, the change can cause Q to move away from K.
The system then shifts until Q returns to K.
In this reaction, compression favors the side with fewer gas particles:
products
[bookmark: _r9ld5j7ouvf5]Why Q Is Often Better Than Memorizing Rules
Le Châtelier's principle is useful, but Q provides a mathematical reason for the shift.
Instead of only memorizing:
“adding reactant shifts right,”
you can think:
adding reactant changes Q → compare new Q with K → predict direction.
This becomes especially useful in complicated problems.
[bookmark: _nsg2o7t2ab4o]Common Mistakes
Calculate Q using the equilibrium-expression form, including coefficients as exponents.
Do not change K just because Q changed.
At constant temperature, a disturbance changes Q first. The reaction then shifts until:
Q = K again
[bookmark: _x1i9r2jniau7]Remember This
A disturbance usually causes:
Q ≠ K
Then the reaction moves until:
Q = K
again.

[bookmark: _o4nk5k48xs51]Topic 7: Le Châtelier's Principle
Le Châtelier's principle helps predict how an equilibrium system responds when it is disturbed.
If a system at equilibrium experiences a change in concentration, pressure, volume, or temperature, the system responds by shifting in the direction that partially counteracts that disturbance.
Khan Academy's current lesson covers changes in concentration, volume, temperature, and pressure-related calculations.
[bookmark: _cf507t6ruhd7]Changing Concentration
Consider:
A + B ⇌ C + D
[bookmark: _2i36lvchnvo6]Adding a Reactant
If A is added, the system has extra reactant.
The reaction generally shifts:
right
to consume some of the added A.
Therefore:
products increase
while some reactants are consumed.
[bookmark: _f8pfiy62j4l1]Removing a Reactant
Removing A makes the system shift:
left
to produce more reactants.
[bookmark: _jvpxwnfgxpkc]Adding a Product
Adding C generally shifts equilibrium:
left
to consume some product.
[bookmark: _5g6zwtm71sta]Removing a Product
Removing C generally shifts:
right
to produce more product.
[bookmark: _lnfi1rum7fyz]Important: The Disturbed Species Does Not Simply Return to Its Original Concentration
Suppose more reactant is added.
Immediately after addition, its concentration jumps upward.
The reaction then shifts right and consumes some of the added reactant.
However, its final concentration does not necessarily return exactly to the original value.
The system partially counteracts the disturbance.
[bookmark: _xqchwkq4pgze]Changing Pressure and Volume
Pressure/volume changes mainly matter when gases are present.
For gases:
decreasing volume → pressure increases
increasing volume → pressure decreases
When volume decreases, equilibrium tends to shift toward the side with fewer moles of gas.
When volume increases, equilibrium tends to shift toward the side with more moles of gas.
[bookmark: _m3jf7jsakvdm]Example
N₂(g) + 3H₂(g) ⇌ 2NH₃(g)
Left:
1 + 3 = 4 mol gas
Right:
2 mol gas
Decrease volume:
system favors fewer gas particles.
Shift:
right
Increase volume:
system favors more gas particles.
Shift:
left
[bookmark: _co3g0mu8g7hz]When Volume Has No Effect
Consider:
H₂(g) + I₂(g) ⇌ 2HI(g)
Left side:
2 total moles gas
Right side:
2 total moles gas
A volume change affects both sides in a way that does not favor one direction based simply on gas-particle count.
So there is no equilibrium shift from that volume change under the idealized AP treatment.
[bookmark: _mlid09k73jxr]Solids and Liquids Do Not Count in Gas Mole Comparison
Consider:
CaCO₃(s) ⇌ CaO(s) + CO₂(g)
Only gaseous species count when considering compression/expansion effects.
Do not count the solid coefficients as gas particles.
[bookmark: _egu5xp5ppruc]Adding an Inert Gas
This situation requires careful wording.
If an inert gas is added to a rigid container at constant volume, the total pressure rises, but the partial pressures of the reacting gases do not change.
Therefore Q does not change, so there is generally:
no equilibrium shift
This is a common AP trap.
If conditions involve changing volume to maintain constant total pressure, the result can differ because the reacting gas partial pressures change.
Always pay attention to what stays constant.
[bookmark: _vepipvd7374g]Changing Temperature
Temperature is different from concentration, pressure, or volume because changing temperature can actually change the value of K.
A useful method is to treat heat as part of the reaction.
[bookmark: _r9wi0n7preb3]Exothermic Reaction
For an exothermic reaction:
Reactants ⇌ Products + heat
Increasing temperature is like adding product.
Therefore equilibrium shifts:
left
Cooling removes heat, so equilibrium shifts:
right
[bookmark: _pp2usgfa0lic]Endothermic Reaction
For an endothermic reaction:
Reactants + heat ⇌ Products
Heating adds a reactant-like term.
Therefore equilibrium shifts:
right
Cooling shifts:
left
[bookmark: _9kzed63ubw3c]Temperature and K
This relationship is essential.
For an endothermic forward reaction:
increasing temperature favors products.
Therefore:
K increases
For an exothermic forward reaction:
increasing temperature favors reactants.
Therefore:
K decreases
Temperature is the major Le Châtelier variable here that changes K.
[bookmark: _45u4nmptnwek]Catalysts and Equilibrium
A catalyst does not shift equilibrium.
A catalyst lowers activation energy for both forward and reverse reactions.
Therefore both directions become faster.
The system reaches equilibrium more quickly, but:
· equilibrium concentrations do not change;
· K does not change;
· the favored side does not change.
This connects directly to Unit 5.
[bookmark: _m837no5804hq]Adding More Solid
Consider:
CaCO₃(s) ⇌ CaO(s) + CO₂(g)
If enough pure CaCO₃ is already present, adding more CaCO₃ does not change the equilibrium expression because pure solids are omitted.
Therefore it does not shift the equilibrium by changing Q.
This is another common AP trap.
[bookmark: _orf6rgxeubxd]Concentration Graphs After a Disturbance
AP questions may show concentration vs. time.
Suppose product is suddenly added.
The product concentration shows an immediate vertical jump.
Then the system shifts left, so:
product concentration decreases somewhat
and:
reactant concentration increases gradually.
Eventually new constant concentrations are reached.
A sudden vertical concentration change usually represents something directly added, removed, diluted, or compressed—not the gradual chemical response itself.
[bookmark: _b4xh0zdjmd0z]Common Mistakes
Do not say the system “tries to undo the change completely.” It only shifts toward a new equilibrium.
Do not apply pressure rules to solids and liquids.
Do not automatically say adding an inert gas shifts equilibrium.
Do not say a catalyst changes K or equilibrium composition.
Most importantly:
only temperature changes K for a given reaction in this context.
[bookmark: _xrptlpyzljmv]Remember This
For concentration:
add something → shift away from it
remove something → shift toward it
For gases:
smaller volume → fewer gas moles favored
larger volume → more gas moles favored
For temperature:
treat heat as reactant or product

[bookmark: _yckjorjuzlxv]Topic 8: Solubility Equilibria
Some ionic compounds are considered insoluble, but this does not mean absolutely none of the solid dissolves.
Instead, a small amount may dissolve until an equilibrium is established between the solid and its dissolved ions.
For example:
AgCl(s) ⇌ Ag⁺(aq) + Cl⁻(aq)
This is a solubility equilibrium.
The equilibrium constant for this type of process is called the solubility-product constant, written:
Ksp
Khan Academy's current Unit 7 lesson covers calculating solubility from Ksp, predicting precipitation with Q vs. Ksp, the common-ion effect, and the effect of pH on solubility.
[bookmark: _u8ddd8qagr6f]Writing a Ksp Expression
For:
AgCl(s) ⇌ Ag⁺(aq) + Cl⁻(aq)
the solid is omitted.
Therefore:
Ksp = [Ag⁺][Cl⁻]
For:
CaF₂(s) ⇌ Ca²⁺(aq) + 2F⁻(aq)
the expression is:
Ksp = [Ca²⁺][F⁻]²
Again, the coefficient becomes the exponent.
[bookmark: _d4uo77shbw3v]Molar Solubility
Molar solubility, often represented by s, is the number of moles of solute that dissolve per liter of solution to form a saturated solution.
Suppose:
AgCl(s) ⇌ Ag⁺ + Cl⁻
If AgCl has molar solubility s:
[Ag⁺] = s
[Cl⁻] = s
Therefore:
Ksp = s²
So:
s = √Ksp
[bookmark: _t3lxmfua07om]Example With Different Coefficients
Consider:
CaF₂(s) ⇌ Ca²⁺ + 2F⁻
Suppose molar solubility = s.
Then:
[Ca²⁺] = s
[F⁻] = 2s
Therefore:
Ksp = [Ca²⁺][F⁻]²
Ksp = (s)(2s)²
Ksp = 4s³
If Ksp is known, solve:
s = ∛(Ksp/4)
This is why you cannot assume Ksp equals molar solubility.
The relationship depends on stoichiometry.
[bookmark: _v8lac71b0gb1]Ksp Size and Solubility
A larger Ksp often corresponds to greater solubility when comparing compounds with the same dissolution stoichiometry.
However, directly comparing Ksp values between compounds with different ion ratios can be misleading.
For example:
MX:
Ksp = s²
while:
MX₂:
Ksp = 4s³
Therefore you may need to calculate actual molar solubilities instead of simply comparing Ksp values.
[bookmark: _o8sl0xf0pj3n]Saturated Solutions
A saturated solution is in equilibrium with undissolved solute.
At saturation:
Qsp = Ksp
An unsaturated solution contains less dissolved solute than the equilibrium maximum.
Then:
Qsp < Ksp
An oversaturated/supersaturated condition has:
Qsp > Ksp
and precipitation is thermodynamically favored until Qsp returns to Ksp.
[bookmark: _gx616a9qqxaw]Predicting Whether a Precipitate Forms
Use the ion reaction quotient Qsp.
It has the same expression as Ksp, but uses the current ion concentrations.
Then compare.
[bookmark: _rqmuiq4qxusc]If Qsp < Ksp
The solution is unsaturated.
No precipitate is expected from the equilibrium calculation.
More solid could dissolve if available.
[bookmark: _1c4pnij0jtoc]If Qsp = Ksp
The system is saturated and at equilibrium.
[bookmark: _sgvkjsroue46]If Qsp > Ksp
There are too many dissolved ions.
A precipitate forms until:
Qsp = Ksp
Khan Academy uses exactly this comparison in its current precipitation material.
[bookmark: _6tbtyutz1duv]Mixing Solutions: Dilution Comes First
This is a major exam trap.
Suppose you mix two solutions containing ions that could form a precipitate.
Before calculating Qsp, determine the new ion concentrations after mixing.
If volumes are additive:
new concentration = moles ion / total volume
For a solution being diluted by mixing:
Mnew = Mold Vold / Vtotal
Then substitute those new concentrations into Qsp.
Do not use the original concentrations before mixing.
[bookmark: _hee6ccelanao]Common-Ion Effect
Suppose:
AgCl(s) ⇌ Ag⁺ + Cl⁻
Now add NaCl.
NaCl provides additional:
Cl⁻
The chloride ion is already part of the AgCl dissolution equilibrium, so it is called a common ion.
Adding Cl⁻ makes the equilibrium shift left:
Ag⁺ + Cl⁻ → AgCl(s)
Therefore the molar solubility of AgCl decreases.
This is the common-ion effect.
The key relationship is:
adding a common ion generally decreases the solubility of a sparingly soluble ionic compound
[bookmark: _ex98pywke83t]Common-Ion Calculation Idea
For:
AgCl(s) ⇌ Ag⁺ + Cl⁻
suppose the solution already contains 0.100 M Cl⁻ from another soluble salt.
If AgCl dissolves by s:
[Ag⁺] = s
[Cl⁻] = 0.100 + s
Then:
Ksp = s(0.100+s)
If s is very small relative to 0.100:
0.100+s ≈ 0.100
so:
Ksp ≈ s(0.100)
This shows mathematically why adding a common ion makes s smaller.
[bookmark: _a4dt9inn34v5]pH and Solubility
pH can affect the solubility of ionic compounds when one of the ions reacts with H⁺ or OH⁻.
Consider a salt containing a basic anion.
If H⁺ reacts with that anion, lowering the concentration of the free anion, the dissolution equilibrium can shift right to replace it.
Therefore adding acid can increase the solubility of certain salts containing basic anions.
For example, carbonates often become more soluble in acidic solution because:
CO₃²⁻
can react with H⁺.
Removing CO₃²⁻ from the dissolution equilibrium pulls more solid into solution.
Khan Academy's current Unit 7 notes that salts containing basic anions can become more soluble as pH decreases, while salts with anions of negligible basicity are much less affected by pH changes.
[bookmark: _7vxxqbdyrtpc]Example: Carbonate
Consider:
CaCO₃(s) ⇌ Ca²⁺ + CO₃²⁻
Adding H⁺ consumes carbonate through acid-base chemistry.
This decreases [CO₃²⁻].
The dissolution equilibrium responds by shifting:
right
So more CaCO₃ dissolves.
[bookmark: _dn5sog7gzbsj]Solubility and Equilibrium Connection
Solubility equilibria use exactly the same logic as the rest of Unit 7:
· write an equilibrium expression;
· omit the pure solid;
· compare Q and K;
· use Le Châtelier's principle;
· use ICE-table reasoning;
· apply stoichiometric coefficients correctly.
Ksp is not a separate type of chemistry. It is an application of the same equilibrium principles.
[bookmark: _3q936uel0p4q]Common Mistakes
Do not include the solid in the Ksp expression.
Do not automatically set every ion concentration equal to s. Use the dissolution coefficients.
Do not compare Ksp values directly to determine solubility when the compounds have different dissolution stoichiometries.
When solutions are mixed, account for dilution before calculating Qsp.
Remember:
Qsp > Ksp → precipitate forms
[bookmark: _xz7ivk120z4]Remember This
For precipitation:
Qsp < Ksp → no precipitate
Qsp = Ksp → saturated equilibrium
Qsp > Ksp → precipitate forms

[bookmark: _qw2yh1u2dgpb]Unit 7 Master Formula Sheet
	Concept
	Formula / Relationship

	Dynamic equilibrium
	rateforward = ratereverse

	General Kc
	Kc = [C]ᶜ[D]ᵈ / [A]ᵃ[B]ᵇ

	General Kp
	Kp = (PC)ᶜ(PD)ᵈ / (PA)ᵃ(PB)ᵇ

	Reaction quotient
	same form as K, using current values

	Q < K
	shift right

	Q > K
	shift left

	Q = K
	equilibrium

	Reverse reaction
	Knew = 1/K

	Reaction × n
	Knew = Kⁿ

	Add reactions
	Koverall = K₁K₂...

	Solubility product
	Ksp = product of dissolved ion concentrations raised to coefficients

	Saturated solution
	Qsp = Ksp

	Precipitation
	Qsp > Ksp



[bookmark: _e6h3lemkhk6v]Equilibrium Expression Rules
For:
aA + bB ⇌ cC + dD
write:
products over reactants
and:
coefficients become exponents
Include mainly:
aqueous species and gases
Omit:
pure solids and pure liquids
For example:
CaCO₃(s) ⇌ CaO(s) + CO₂(g)
gives:
Kp = PCO₂
not an expression containing the solids.

[bookmark: _drt5upi352rg]Q vs. K Master Table
	Comparison
	Meaning
	Reaction Direction

	Q < K
	Too few products relative to equilibrium
	Right

	Q = K
	At equilibrium
	No net shift

	Q > K
	Too many products relative to equilibrium
	Left


A very easy memory tool is:
Q always wants to become K.

[bookmark: _6ewhlpcr2e29]Le Châtelier Master Table
	Change
	General Response

	Add reactant
	Shift toward products

	Remove reactant
	Shift toward reactants

	Add product
	Shift toward reactants

	Remove product
	Shift toward products

	Decrease gas volume
	Favor fewer gas moles

	Increase gas volume
	Favor more gas moles

	Add catalyst
	No equilibrium shift

	Add pure solid already present
	Usually no shift

	Raise T for endothermic forward reaction
	Shift right; K increases

	Raise T for exothermic forward reaction
	Shift left; K decreases


These rules are best understood using Q, rather than memorized blindly.

[bookmark: _lhogu15537cv]ICE Table Master Method
For a reaction such as:
A + 2B ⇌ 3C
construct:
	
	A
	B
	C

	Initial
	A₀
	B₀
	C₀

	Change if right
	−x
	−2x
	+3x

	Equilibrium
	A₀−x
	B₀−2x
	C₀+3x


Then:
1. Write K.
2. Substitute the equilibrium row.
3. Solve for x.
4. Calculate each equilibrium concentration.
5. Check your answer.
If the system shifts left, reverse the change signs.

[bookmark: _dj8zcw8ewmu]Solubility Master Table
Consider these dissolution reactions.
[bookmark: _juu3i2rsusnj]MX
MX(s) ⇌ M⁺ + X⁻
If molar solubility = s:
Ksp = s²
[bookmark: _xnbietmi8k7s]MX₂
MX₂(s) ⇌ M²⁺ + 2X⁻
Then:
[M²⁺] = s
[X⁻] = 2s
so:
Ksp = 4s³
[bookmark: _bhrg3itsy6uc]M₂X₃
M₂X₃(s) ⇌ 2M³⁺ + 3X²⁻
Then:
[M³⁺] = 2s
[X²⁻] = 3s
so:
Ksp = (2s)²(3s)³
Ksp = 108s⁵
The important lesson is:
use the balanced dissolution equation before relating Ksp to molar solubility.

[bookmark: _2ol46av7up3h]How Unit 7 Connects to Unit 5: Kinetics
Kinetics and equilibrium are closely connected but answer different questions.
Kinetics asks:
How fast does the reaction happen?
Equilibrium asks:
What relative amounts of reactants and products remain once the forward and reverse rates become equal?
At equilibrium:
rateforward = ratereverse
This is a kinetic statement.
But the value of K describes the equilibrium composition.
A catalyst makes both forward and reverse reactions faster, so equilibrium is reached sooner.
However, the catalyst does not change:
K
or:
equilibrium composition

[bookmark: _lghqm73fphx0]How Unit 7 Connects to Unit 4: Stoichiometry
ICE tables depend heavily on balanced chemical equations.
For:
N₂ + 3H₂ ⇌ 2NH₃
if N₂ decreases by x:
H₂ must decrease by:
3x
and NH₃ must increase by:
2x
These relationships are simply stoichiometric mole ratios applied to concentration changes.

[bookmark: _azr1jzcb3ndr]How Unit 7 Connects to Unit 3: Gases
Gas equilibrium often uses partial pressures.
Remember:
Ptotal = ΣPi
and:
Pi = XiPtotal
These relationships may be needed before calculating Kp.
Changes in gas volume also affect equilibrium because they change partial pressures and therefore Q.

[bookmark: _ywxn9ux3vmwo]How Unit 7 Connects to Unit 4: Precipitation
Earlier you learned how to predict and write precipitation reactions.
Unit 7 explains precipitation using equilibrium.
For:
AgCl(s) ⇌ Ag⁺ + Cl⁻
if:
Qsp > Ksp
the dissolved-ion concentrations are too high to remain at equilibrium.
Therefore AgCl precipitates until:
Qsp = Ksp
So precipitation reactions are really another application of equilibrium.

[bookmark: _b8wip682f4uz]Unit 7 Common AP Exam Traps
Equilibrium: Equal rates do not mean equal concentrations.
Dynamic equilibrium: Reactions continue in both directions.
K expressions: Products go over reactants and coefficients become exponents.
Solids/liquids: Pure solids and pure liquids are omitted from K.
Q vs. K: Q<K means right; Q>K means left.
K magnitude: Large K means product-favored, not fast.
Reaction reversal: Take 1/K.
Multiplying equations: Raise K to the same power.
Adding equations: Multiply the K values.
Temperature: K depends on temperature.
Concentration changes: Changing concentration shifts equilibrium but does not change K at constant temperature.
ICE tables: Changes must follow stoichiometric coefficients.
Small-x: Do not use the approximation unless it is reasonable.
Pressure: Only gaseous species matter when comparing gas moles.
Equal gas moles: Compression may produce no equilibrium shift when both sides contain the same total amount of gas.
Inert gas: Adding one at constant volume generally does not shift equilibrium because reacting-gas partial pressures remain unchanged.
Catalyst: Speeds equilibrium establishment but does not change K or equilibrium composition.
Solids: Adding more pure solid usually does not affect equilibrium if some solid is already present.
Ksp: Never include the solid in the expression.
Molar solubility: Ksp is not automatically equal to s.
Precipitation: Qsp>Ksp means precipitate forms.
Mixing solutions: Recalculate ion concentrations using the total mixed volume before finding Qsp.
Common ion: Usually decreases solubility.
pH: Acid can increase solubility of salts containing basic anions.

[bookmark: _53il1k4dre6c]Unit 7 Final Study Checklist
Before taking a Unit 7 test, you should be able to explain dynamic equilibrium at both the particle level and macroscopic level. You should understand that forward and reverse reactions continue at equilibrium, that their rates become equal, and that constant concentration does not mean the reaction has stopped.
You should be able to write Kc, Kp, and Q expressions from balanced equations, correctly apply coefficients as exponents, and know which species should be omitted. You should understand the difference between Q and K and confidently predict reaction direction using Q<K, Q>K, or Q=K.
You should be able to calculate an equilibrium constant from equilibrium concentrations or partial pressures and interpret whether a particular K value represents a product-favored or reactant-favored equilibrium.
You should understand the mathematical properties of equilibrium constants: reversing a reaction takes the reciprocal of K, multiplying a reaction by n raises K to the nth power, and adding reactions multiplies their equilibrium constants.
You should be able to construct and solve ICE tables, use reaction stoichiometry in the change row, determine the proper direction of change, solve equations for x, recognize when a quadratic may be required, and judge whether a small-x approximation is reasonable.
You should understand Le Châtelier's principle for changes in concentration, gas volume, pressure, and temperature. More importantly, you should be able to explain those shifts using changes in Q rather than only memorizing rules.
You should know that concentration, pressure, and volume disturbances can change Q without changing K at constant temperature, while temperature changes can change K.
You should understand why catalysts do not shift equilibrium and why adding an inert gas at constant volume usually does not affect equilibrium.
Finally, you should be able to write Ksp expressions, calculate molar solubility, use stoichiometric ion concentrations correctly, predict precipitation using Qsp vs. Ksp, account for dilution when solutions are mixed, explain the common-ion effect, and understand why pH can affect the solubility of certain ionic compounds.
If you can connect dynamic equilibrium → K → Q → ICE tables → Le Châtelier → Ksp, rather than memorizing them as separate ideas, you understand the main logic of AP Chemistry Unit 7.

