[bookmark: _nr8nf0lef9pe]AP Chemistry Unit 8: Acids and Bases
Acid-base chemistry combines several ideas from earlier AP Chemistry units. You need equilibrium because weak acids and bases only partially ionize, stoichiometry because acids and bases react in specific mole ratios, and molecular structure because the arrangement of atoms in a molecule can affect acid strength.
The most important goal of this unit is not simply memorizing which substances are acids and bases. You need to understand why acids and bases behave differently, how their strength is related to equilibrium, how to calculate pH, how buffers resist pH changes, and how titration curves reveal information about an unknown solution.
A good way to see the entire unit is:
acid/base identity → H₃O⁺ or OH⁻ concentration → pH → equilibrium → Ka/Kb → reactions → buffers → titrations

[bookmark: _1oqr1l36yu2o]Topic 1: Introduction to Acids and Bases
An acid is a substance capable of donating a proton, H⁺, while a base is a substance capable of accepting a proton. This is the Brønsted-Lowry definition of acids and bases.
For example:
HCl + H₂O → H₃O⁺ + Cl⁻
HCl gives a proton to H₂O, so:
HCl = acid
H₂O = base
Water accepts the proton and becomes H₃O⁺.
In aqueous chemistry, free H⁺ is commonly represented as H₃O⁺, called the hydronium ion, because a proton interacts strongly with surrounding water molecules.
[bookmark: _hwujmmjmioqb]Conjugate Acid-Base Pairs
When an acid loses H⁺, the species remaining is its conjugate base.
When a base gains H⁺, the resulting species is its conjugate acid.
Consider:
NH₃ + H₂O ⇌ NH₄⁺ + OH⁻
NH₃ accepts H⁺, so NH₃ is the base.
NH₄⁺ is its conjugate acid.
H₂O donates H⁺, so H₂O is the acid.
OH⁻ is its conjugate base.
The pairs are therefore:
NH₃ / NH₄⁺
and:
H₂O / OH⁻
Members of a conjugate acid-base pair differ by exactly one H⁺.
An easy way to identify them is:
acid − H⁺ = conjugate base
base + H⁺ = conjugate acid
For example:
H₂CO₃ → HCO₃⁻ → CO₃²⁻
Removing one H⁺ from H₂CO₃ produces HCO₃⁻.
Removing another H⁺ produces CO₃²⁻.
[bookmark: _bpsx0u4wcp25]Amphoteric and Amphiprotic Substances
Some substances can behave as either acids or bases depending on what they react with.
Water is the most important example.
With HCl:
HCl + H₂O → H₃O⁺ + Cl⁻
water accepts H⁺, so it acts as a base.
With NH₃:
NH₃ + H₂O ⇌ NH₄⁺ + OH⁻
water donates H⁺, so it acts as an acid.
A substance capable of donating or accepting a proton is called amphiprotic.
[bookmark: _ffxj9jn7rfvg]Autoionization of Water
Water can even react with itself:
2H₂O(l) ⇌ H₃O⁺(aq) + OH⁻(aq)
One water molecule donates H⁺ while another accepts it.
The equilibrium constant for this process is the ion-product constant of water:
Kw = [H₃O⁺][OH⁻]
At 25°C:
Kw = 1.0 × 10⁻¹⁴
In pure water at 25°C:
[H₃O⁺] = [OH⁻]
Therefore:
[H₃O⁺] = [OH⁻] = 1.0 × 10⁻⁷ M
This is why pure water has a pH of 7 at 25°C.
An important detail is that Kw depends on temperature, so neutral pH is not universally exactly 7 at every temperature. Neutrality really means:
[H₃O⁺] = [OH⁻]
[bookmark: _6ls9jrmkgfyt]Acidic, Basic, and Neutral Solutions
At 25°C:
An acidic solution has:
[H₃O⁺] > [OH⁻]
A neutral solution has:
[H₃O⁺] = [OH⁻]
A basic solution has:
[OH⁻] > [H₃O⁺]
You can use Kw to find one concentration from the other:
[H₃O⁺][OH⁻] = 1.0 × 10⁻¹⁴
Suppose:
[H₃O⁺] = 1.0 × 10⁻⁴ M
Then:
[OH⁻] = (1.0 × 10⁻¹⁴)/(1.0 × 10⁻⁴)
[OH⁻] = 1.0 × 10⁻¹⁰ M
Since hydronium concentration is much larger, the solution is acidic.
[bookmark: _g75w5n3fxgj5]The pH Scale
Instead of constantly writing extremely small H₃O⁺ concentrations, chemists use pH:
pH = −log[H₃O⁺]
Similarly:
pOH = −log[OH⁻]
At 25°C:
pH + pOH = 14.00
This relationship comes from Kw.
[bookmark: _di8r3u89tp7n]Calculating pH
Suppose:
[H₃O⁺] = 1.0 × 10⁻³ M
Then:
pH = −log(1.0 × 10⁻³)
pH = 3.00
The solution is acidic.
Suppose instead:
[OH⁻] = 1.0 × 10⁻⁴ M
Then:
pOH = 4.00
and:
pH = 14.00 − 4.00
pH = 10.00
The solution is basic.
[bookmark: _60sk3h5rbjej]Going Backward From pH
If pH is known:
[H₃O⁺] = 10⁻ᵖᴴ
If pOH is known:
[OH⁻] = 10⁻ᵖᴼᴴ
For example:
pH = 5.00
[H₃O⁺] = 10⁻⁵
[H₃O⁺] = 1.0 × 10⁻⁵ M
[bookmark: _erlm7hquu0o]pH Is Logarithmic
The pH scale is logarithmic, not linear.
A solution with pH 3 has:
10 times greater [H₃O⁺] than pH 4
and:
100 times greater [H₃O⁺] than pH 5
Therefore, a change of one pH unit corresponds to a factor-of-10 change in hydronium concentration.
[bookmark: _7lpi1g9naxbv]Common Mistakes
Do not assume an acid must have H written first in its formula. Acid-base behavior depends on proton transfer.
Do not assume a negatively charged species must be a base or a positively charged species must be an acid without examining the reaction.
Remember that conjugate acid-base pairs differ by exactly one H⁺.
At 25°C:
pH + pOH = 14
but this comes from the temperature-dependent value of Kw.
[bookmark: _27r8t1a1qbd7]Remember This
Acid = H⁺ donor
Base = H⁺ acceptor
Kw = [H₃O⁺][OH⁻]
pH = −log[H₃O⁺]
pOH = −log[OH⁻]

[bookmark: _dfy2kfmssiw8]Topic 2: pH and pOH of Strong Acids and Bases
The word strong has a very specific meaning in acid-base chemistry.
A strong acid ionizes essentially completely in water, while a strong base dissociates essentially completely in water.
This does not mean “strong” and “concentrated” are the same thing.
Strength describes the extent of ionization.
Concentration describes how much substance is present per volume of solution.
A dilute strong acid can have a higher pH than a concentrated weak acid depending on the concentrations involved.
[bookmark: _g66yp56ebey3]Common Strong Acids
The commonly memorized strong acids include:
HCl
HBr
HI
HNO₃
HClO₄
H₂SO₄, especially its first proton in introductory AP treatment.
Because strong acids ionize essentially completely, you normally do not construct a Ka ICE table for a simple strong-acid calculation.
For example:
HCl + H₂O → H₃O⁺ + Cl⁻
If:
[HCl] = 0.0100 M
then approximately:
[H₃O⁺] = 0.0100 M
Therefore:
pH = −log(0.0100)
pH = 2.000
[bookmark: _9c843rk48wsa]Common Strong Bases
Group 1 metal hydroxides such as:
LiOH, NaOH, KOH
are strong bases.
Certain soluble Group 2 hydroxides can also behave as strong bases.
For example:
NaOH → Na⁺ + OH⁻
If:
[NaOH] = 0.0200 M
then:
[OH⁻] = 0.0200 M
Calculate:
pOH = −log(0.0200)
pOH ≈ 1.699
Then:
pH = 14.00 − 1.699
pH ≈ 12.301
[bookmark: _tkhr2xz412lj]Watch the Stoichiometric Coefficients
Suppose a strong base produces more than one OH⁻ per formula unit.
For example:
Ba(OH)₂ → Ba²⁺ + 2OH⁻
If:
[Ba(OH)₂] = 0.010 M
then:
[OH⁻] = 2(0.010)
[OH⁻] = 0.020 M
Do not automatically set hydroxide concentration equal to the original base concentration.
Always use the balanced dissociation equation.
[bookmark: _sh14onl8gcr]Strong Does Not Mean High Concentration
Suppose you compare:
0.00010 M HCl
and:
1.0 M weak acid.
HCl is still the stronger acid because it ionizes much more completely.
However, the concentrated weak-acid solution may still contain more H₃O⁺ overall.
Therefore:
acid strength ≠ acid concentration
This distinction appears frequently in AP questions.
[bookmark: _28v7eoaawsx9]Strong vs. Weak on Particle Diagrams
A particle diagram of a strong acid should show almost entirely:
H₃O⁺ and conjugate-base ions
rather than intact acid molecules.
A weak acid should show:
mostly intact HA molecules
with smaller amounts of:
H₃O⁺ and A⁻
This is one way AP Chemistry connects microscopic particle representations to equilibrium.
[bookmark: _wqyfm5nj6h95]Common Mistakes
Do not construct a weak-acid ICE table for a normal strong-acid problem.
Do not confuse strong with concentrated.
For bases containing multiple hydroxides, account for the stoichiometric number of OH⁻ ions.
If you calculate OH⁻ concentration, remember that you have pOH, not pH.
[bookmark: _urozfdqriqq7]Remember This
Strong acid:
concentration → [H₃O⁺] → pH
Strong base:
concentration → [OH⁻] → pOH → pH

[bookmark: _m0p6p4wnz7pw]Topic 3: Weak Acid and Base Equilibria
Unlike strong acids and bases, weak acids and weak bases ionize only partially in water.
That means equilibrium becomes extremely important.
Consider a weak acid:
HA + H₂O ⇌ H₃O⁺ + A⁻
Most HA may remain intact, while only a fraction transfers H⁺ to water.
The equilibrium constant describing weak-acid ionization is called Ka, the acid-ionization constant.
Ka = [H₃O⁺][A⁻]/[HA]
Liquid water is omitted because it is a pure liquid.
[bookmark: _n5hzlaq7s8o3]Ka and Acid Strength
A larger Ka means equilibrium lies farther toward ionized products.
Therefore:
larger Ka → stronger weak acid
A smaller Ka means less ionization.
Therefore:
smaller Ka → weaker acid
For example, an acid with:
Ka = 1 × 10⁻³
is stronger than an acid with:
Ka = 1 × 10⁻⁸
assuming comparable conditions.
[bookmark: _7ck9jve9a6y2]pKa
Acid strength is also commonly represented using:
pKa = −log Ka
Because of the negative logarithm:
smaller pKa → stronger acid
larger pKa → weaker acid
This reverses the direction compared with Ka.
So:
larger Ka = stronger acid
but:
smaller pKa = stronger acid
[bookmark: _rkni7ti7vfb7]Calculating pH of a Weak Acid
Suppose:
HA ⇌ H⁺ + A⁻
with:
initial [HA] = 0.100 M
and:
Ka = 1.0 × 10⁻⁵
Set up an ICE table:
	
	HA
	H₃O⁺
	A⁻

	Initial
	0.100
	~0
	0

	Change
	−x
	+x
	+x

	Equilibrium
	0.100−x
	x
	x


Substitute into Ka:
1.0 × 10⁻⁵ = x²/(0.100−x)
If x is very small relative to 0.100:
0.100−x ≈ 0.100
Then:
1.0 × 10⁻⁵ ≈ x²/0.100
x² = 1.0 × 10⁻⁶
x = 1.0 × 10⁻³ M
Since x represents H₃O⁺:
[H₃O⁺] = 1.0 × 10⁻³ M
Therefore:
pH = 3.00
Notice that a 0.100 M weak acid does not produce 0.100 M H₃O⁺ because it does not completely ionize.
[bookmark: _n0ocydva6i18]Checking the Approximation
If you assume:
C−x ≈ C
you should check whether x is small compared with C.
Calculate:
% change = (x/C) × 100
In the example:
(0.001/0.100)(100) = 1%
The approximation is reasonable.
If x is not small enough, solve the full quadratic equation.
[bookmark: _2pm592mz5dz6]Percent Ionization
Percent ionization tells you what percentage of the original weak acid ionized.
% ionization = ([H₃O⁺]eq / [HA]initial) × 100
For the previous example:
% ionization = (0.001/0.100)(100)
= 1%
[bookmark: _v2tyyt1rgr95]Dilution and Percent Ionization
A subtle but important equilibrium idea is that percent ionization of a weak acid generally increases as the solution is diluted.
The acid becomes less concentrated overall, but a greater fraction of the remaining acid molecules ionizes.
This does not mean dilution makes the solution more acidic. The actual H₃O⁺ concentration generally decreases even though the percentage ionized increases.
[bookmark: _vl9zlmhwxlxq]Weak Bases
Weak bases establish a similar equilibrium.
Consider:
B + H₂O ⇌ BH⁺ + OH⁻
The base-ionization constant is:
Kb = [BH⁺][OH⁻]/[B]
Again:
larger Kb → stronger base
and:
smaller Kb → weaker base
[bookmark: _2dqgag2n2zj1]Weak-Base Example
Suppose:
[B]initial = 0.100 M
Kb = 1.0 × 10⁻⁵
Set up:
	
	B
	BH⁺
	OH⁻

	Initial
	0.100
	0
	~0

	Change
	−x
	+x
	+x

	Equilibrium
	0.100−x
	x
	x


Then:
Kb = x²/(0.100−x)
After solving x:
x = [OH⁻]
You then calculate:
pOH = −log[OH⁻]
followed by:
pH = 14.00 − pOH
at 25°C.
[bookmark: _tybtd52tg9ar]Ka and Kb for Conjugate Pairs
For a conjugate acid-base pair:
Ka × Kb = Kw
At 25°C:
Ka × Kb = 1.0 × 10⁻¹⁴
Therefore:
Kb = Kw/Ka
or:
Ka = Kw/Kb
This relationship shows an important pattern:
stronger acid → weaker conjugate base
stronger base → weaker conjugate acid
If HA has a relatively large Ka, its conjugate base A⁻ has a relatively small Kb.
[bookmark: _glsvfc34c6r0]Acid-Base Properties of Salts
When an ionic compound dissolves, its ions may react with water and affect pH.
Consider:
NaCl → Na⁺ + Cl⁻
Na⁺ comes from the strong base NaOH.
Cl⁻ is the conjugate base of the strong acid HCl.
Neither ion significantly affects pH in the usual AP model, so NaCl solution is approximately neutral.
Now consider:
NH₄Cl → NH₄⁺ + Cl⁻
NH₄⁺ is the conjugate acid of the weak base NH₃.
Therefore NH₄⁺ can donate H⁺:
NH₄⁺ + H₂O ⇌ NH₃ + H₃O⁺
The solution becomes acidic.
Now consider:
NaF → Na⁺ + F⁻
F⁻ is the conjugate base of the weak acid HF.
It reacts:
F⁻ + H₂O ⇌ HF + OH⁻
Therefore the solution becomes basic.
[bookmark: _9jss0qxfo5lp]General Salt Rules
A salt made from:
strong acid + strong base → approximately neutral
strong acid + weak base → acidic
weak acid + strong base → basic
For salts containing ions related to weak acids and weak bases, compare the relevant Ka and Kb values to determine which behavior dominates.
[bookmark: _v73v45gqnoqn]Polyprotic Acids
A polyprotic acid can donate more than one proton.
Examples include:
H₂CO₃
H₃PO₄
Each proton has its own equilibrium constant.
For a diprotic acid:
H₂A ⇌ H⁺ + HA⁻ Ka₁
then:
HA⁻ ⇌ H⁺ + A²⁻ Ka₂
Usually:
Ka₁ > Ka₂
Removing the first proton is generally easier than removing the second because removing another positive proton from an increasingly negative species becomes less favorable.
[bookmark: _fjj2t9qm3o1z]Common Mistakes
Do not assume weak means unimportant or harmless. “Weak” refers to partial ionization.
Do not set [H₃O⁺] equal to the initial weak-acid concentration.
Remember:
Ka uses H₃O⁺
while:
Kb uses OH⁻
Do not confuse Ka with pKa.
Large Ka = strong acid
Small pKa = strong acid
[bookmark: _uhujgmjphwyj]Remember This
Weak acids and bases are equilibrium problems.
For acids:
Ka = [H₃O⁺][A⁻]/[HA]
For bases:
Kb = [BH⁺][OH⁻]/[B]
For conjugates:
KaKb = Kw

[bookmark: _luf76amgiyej]Topic 4: Molecular Structure of Acids and Bases
Acid strength is not random. Molecular structure can help explain why one molecule donates H⁺ more easily than another.
A major idea is:
the more stable the conjugate base is after H⁺ leaves, the stronger the original acid tends to be.
Consider:
HA ⇌ H⁺ + A⁻
If A⁻ is especially stable, formation of products is more favorable.
That means HA can donate H⁺ more readily.
[bookmark: _sgle8jtct81]Bond Polarity
If the bond connecting H to another atom is highly polarized, the H atom carries more partial positive character and can be easier to remove as H⁺.
Electronegativity therefore matters.
Across a period, greater electronegativity of the atom bonded to H can often increase acidity because the conjugate base can better stabilize negative charge.
[bookmark: _5pqlmssx0uh6]Bond Strength
Bond strength also matters.
For the hydrogen halides:
HF, HCl, HBr, HI
the H—X bond becomes weaker going down the group because the halogen atom becomes larger.
Even though F is the most electronegative, HF is weaker in aqueous solution than HCl, HBr, and HI because the H—F bond is exceptionally strong.
So acid strength cannot always be predicted using electronegativity alone.
You must consider both:
bond polarity
and:
bond strength
[bookmark: _yzn1r9thbv2q]Atomic Size
Larger atoms can spread negative charge over a larger electron cloud.
This can stabilize the conjugate base.
For acids within the same group of the periodic table, acidity often increases downward as the H—X bond becomes weaker and the conjugate base becomes larger and more polarizable.
[bookmark: _acgg2t25hh1k]Oxyacids
For oxyacids containing the same central element, adding more oxygen atoms often increases acid strength.
For example, conceptually:
more electron-withdrawing O atoms → more stable conjugate base → stronger acid
The oxygen atoms pull electron density away and can help stabilize the negative charge left after H⁺ is removed.
[bookmark: _aefw4vq55o0a]Electronegativity in Oxyacids
When comparing oxyacids with similar structures and the same number of oxygens, a more electronegative central atom can withdraw electron density more strongly.
This can make the O—H bond more polarized and stabilize the conjugate base.
Therefore acidity often increases with the electronegativity of the central atom when the structures are otherwise comparable.
[bookmark: _fv4cor9pfr8n]Resonance and Acid Strength
Resonance can greatly stabilize a conjugate base.
Suppose removing H⁺ creates a negative charge that can be spread over several atoms through resonance.
That conjugate base is more stable than one in which the negative charge is trapped on a single atom.
Therefore:
more effective resonance stabilization of conjugate base → stronger acid
This connects directly back to Unit 2.
[bookmark: _jsbrl0a5tb8g]Example: Carboxylic Acids
A carboxylic acid contains:
—COOH
After losing H⁺, it forms a carboxylate ion:
—COO⁻
The negative charge can be delocalized between two oxygen atoms through resonance.
This stabilizes the conjugate base and helps explain the acidic behavior of carboxylic acids.
[bookmark: _kphvkpir2cgj]Inductive Effects
Nearby electronegative atoms can pull electron density through sigma bonds. This is an inductive effect.
Electron-withdrawing groups can stabilize negative charge in a conjugate base and therefore increase acid strength.
The effect generally becomes weaker as the electron-withdrawing group gets farther from the acidic proton/conjugate-base charge.
[bookmark: _yfh04ieqj1a7]Molecular Structure and Base Strength
Base strength also depends on how available a lone pair is to accept H⁺.
If a lone pair is strongly stabilized or delocalized by resonance, it may be less available for protonation.
If the electron density is highly available, the species may be a stronger base.
[bookmark: _qq5jle8igyz]Common Mistakes
Do not use only electronegativity to compare every acid.
Consider:
bond polarity, bond strength, atomic size, resonance, and inductive effects
depending on the molecules being compared.
A very useful approach is to compare the stability of the conjugate bases.
[bookmark: _vgy33rofnbw2]Remember This
For many structural acid-strength questions:
more stable conjugate base → stronger acid

[bookmark: _n0tlaqxey47]Topic 5: Acid-Base Reactions
Acid-base reactions involve proton transfer, but calculating the final pH may require both stoichiometry and equilibrium.
The most important rule for these problems is:
Do the reaction stoichiometry first. Then do equilibrium calculations if necessary.
This prevents many common mistakes.
[bookmark: _dbfg5arbtjww]Strong Acid + Strong Base
Consider:
HCl + NaOH → NaCl + H₂O
The net ionic equation is:
H₃O⁺ + OH⁻ → 2H₂O
or in simplified form:
H⁺ + OH⁻ → H₂O
Because both acid and base are strong, they react essentially completely.
Suppose:
50.0 mL of 0.100 M HCl
is mixed with:
30.0 mL of 0.100 M NaOH.
Calculate moles.
HCl:
0.0500 L × 0.100 mol/L = 0.00500 mol H⁺
NaOH:
0.0300 L × 0.100 mol/L = 0.00300 mol OH⁻
They react 1:1.
Remaining H⁺:
0.00500 − 0.00300 = 0.00200 mol
Total volume:
50.0 + 30.0 = 80.0 mL = 0.0800 L
Therefore:
[H⁺] = 0.00200/0.0800
[H⁺] = 0.0250 M
Then:
pH = −log(0.0250)
pH ≈ 1.60
The major lesson is that you cannot simply use the original acid concentration after mixing.
You must account for:
reaction + leftover moles + total volume
[bookmark: _bi7vtph0fuz9]Weak Acid + Strong Base
Consider:
HA + OH⁻ → A⁻ + H₂O
This reaction proceeds strongly toward products because OH⁻ removes a proton from the weak acid.
Before the equivalence point, some HA remains while A⁻ has been produced.
That means the solution may become a:
buffer
containing a weak acid and its conjugate base.
At equivalence, essentially all HA has been converted into A⁻.
The conjugate base A⁻ can react with water:
A⁻ + H₂O ⇌ HA + OH⁻
Therefore the equivalence-point solution is generally:
basic
for a weak-acid/strong-base titration.
[bookmark: _3paxm6c6oj7r]Weak Base + Strong Acid
Consider:
B + H₃O⁺ → BH⁺ + H₂O
Before equivalence, the mixture can contain:
B and BH⁺
forming a buffer.
At equivalence, the weak base has been converted into its conjugate acid BH⁺.
BH⁺ can react:
BH⁺ + H₂O ⇌ B + H₃O⁺
Therefore the equivalence point is generally:
acidic
for a weak-base/strong-acid titration.
[bookmark: _3hk0r8stnnu8]Weak Acid + Weak Base
When a weak acid reacts with a weak base, the direction and final pH depend on the relative strengths of the acid and base and the acid-base properties of the products.
These situations require comparison of equilibrium constants rather than simply assuming the final solution is neutral.
[bookmark: _t7xhocju6sp4]Predicting Acid-Base Reaction Direction
Acid-base reactions generally favor formation of the:
weaker acid and weaker base
If one side contains a much stronger acid than the other, proton transfer tends to proceed away from that stronger acid.
Comparing Ka or pKa values can help predict the favored direction.
[bookmark: _xbw9lktxk2c3]Common Mistakes
Never immediately construct a Ka or Kb ICE table when a strong acid/base is reacting stoichiometrically with another species.
First determine how many moles react.
Then identify what remains.
Then determine what controls pH.
[bookmark: _1weqv7r6aewc]Remember This
For acid-base mixture problems:
1. Convert to moles
2. Perform reaction stoichiometry
3. Determine what remains
4. Divide by total volume if needed
5. Calculate pH using the chemistry of the remaining species

[bookmark: _l37i7987mkok]Topic 6: Buffers
A buffer is a solution that resists large changes in pH when small amounts of acid or base are added.
A typical buffer contains either:
weak acid + its conjugate base
or:
weak base + its conjugate acid
Examples include:
CH₃COOH / CH₃COO⁻
or:
NH₃ / NH₄⁺
A buffer does not keep pH perfectly constant. It simply makes the change much smaller than it would be without the buffer.
[bookmark: _tyqrk6jelbab]How a Buffer Works
Consider:
HA ⇌ H⁺ + A⁻
The solution contains substantial amounts of both HA and A⁻.
If strong acid is added, the conjugate base removes much of it:
A⁻ + H⁺ → HA
If strong base is added, the weak acid reacts with it:
HA + OH⁻ → A⁻ + H₂O
Therefore the buffer has components available to react with either added acid or added base.
[bookmark: _n8db0dwy3p1b]Buffer Equilibrium
For the weak acid:
Ka = [H₃O⁺][A⁻]/[HA]
Rearrange:
[H₃O⁺] = Ka([HA]/[A⁻])
Taking the negative logarithm leads to the Henderson-Hasselbalch equation:
pH = pKa + log([A⁻]/[HA])
This is one of the most useful equations in Unit 8.
[bookmark: _fjgii1msf56j]Henderson-Hasselbalch Equation
pH = pKa + log(base/acid)
where:
base = conjugate base A⁻
and:
acid = weak acid HA
If:
[A⁻] = [HA]
then:
log(1) = 0
so:
pH = pKa
This becomes extremely important during titrations.
[bookmark: _k3gdo29i7znr]Buffer Example
Suppose:
pKa = 4.76
[A⁻] = 0.200 M
[HA] = 0.100 M
Then:
pH = 4.76 + log(0.200/0.100)
pH = 4.76 + log(2)
pH ≈ 5.06
Because there is more conjugate base than weak acid:
pH > pKa
[bookmark: _bmr8ale7sclf]Ratio Matters
The Henderson-Hasselbalch equation depends on:
[A⁻]/[HA]
If both concentrations are multiplied by the same factor, the ratio remains the same and the initial pH can remain approximately the same.
However, this does not mean the two buffers have the same capacity.
A more concentrated buffer can neutralize a larger amount of added acid or base.
[bookmark: _pmnvaz5i3sdk]Preparing a Buffer
One method is directly mixing:
weak acid + salt containing its conjugate base
For example:
CH₃COOH + CH₃COONa.
Another method is partial neutralization.
Suppose you start with a weak acid and add enough strong base to neutralize only part of it.
Some HA remains, and some A⁻ is produced.
You now have both members of the conjugate pair, creating a buffer.
[bookmark: _3o5c4zo4emr9]Buffer Range
A buffer works best when significant amounts of both members of the conjugate pair are present.
A common useful range is approximately:
pH = pKa ± 1
This corresponds roughly to base-to-acid ratios between:
0.1 and 10
If one component becomes extremely small, the buffer becomes much less effective.
[bookmark: _7f246dqsdll8]Buffer Capacity
Buffer capacity describes how much strong acid or strong base a buffer can absorb before its pH changes substantially.
Capacity increases when there are larger absolute amounts of the buffering components.
A buffer containing:
1.0 mol HA and 1.0 mol A⁻
has much greater capacity than one containing:
0.001 mol HA and 0.001 mol A⁻
even if both initially have the same pH.
[bookmark: _p5f77ifuoshb]Adding Strong Acid to a Buffer
Suppose the buffer contains:
HA and A⁻.
Adding H⁺ causes:
A⁻ + H⁺ → HA
So:
A⁻ decreases
HA increases.
You must perform this stoichiometric reaction before using Henderson-Hasselbalch.
[bookmark: _ixwq5mjzu1dv]Adding Strong Base to a Buffer
Added OH⁻ reacts:
HA + OH⁻ → A⁻ + H₂O
So:
HA decreases
A⁻ increases.
Again:
stoichiometry first → equilibrium equation second
[bookmark: _64cp3q8hpiai]When Henderson-Hasselbalch Should Not Be Used
Do not blindly use the equation for every acid-base problem.
You need meaningful amounts of both:
weak acid and conjugate base
or the corresponding weak-base pair.
It is not the appropriate shortcut for a solution containing only a strong acid or strong base.
[bookmark: _lbd9z9qzqeyb]Common Mistakes
Do not call any mixture of an acid and base a buffer.
A useful buffer requires a weak species and a meaningful amount of its conjugate partner.
When strong acid/base is added:
react it first
before using Henderson-Hasselbalch.
Do not confuse buffer pH with buffer capacity.
[bookmark: _dsh88313dc04]Remember This
A buffer needs:
weak acid + conjugate base
or:
weak base + conjugate acid
and:
pH = pKa + log(base/acid)
When:
base = acid
then:
pH = pKa

[bookmark: _ooslvwou826u]Topic 7: Acid-Base Titrations
A titration is used to determine an unknown concentration or study an acid-base system by gradually adding a solution of known concentration.
The solution of known concentration is the titrant.
The solution being analyzed is the analyte.
A titration curve plots:
pH vs. volume of titrant added
The shape of the curve reveals whether the acid or base is strong or weak, where the equivalence point occurs, and sometimes the pKa or Ka of a weak acid.
[bookmark: _ahcsp5wgl7dl]Equivalence Point
The equivalence point occurs when the titrant has been added in the exact stoichiometric amount required to react with the analyte.
For a 1:1 reaction:
moles acid = moles base
at equivalence.
But for a non-1:1 reaction, you must use the balanced equation.
Equivalence does not mean equal volumes.
It means the correct stoichiometric mole ratio has been reached.
[bookmark: _48za2s2jiofu]Strong Acid-Strong Base Titration
Suppose HCl is titrated with NaOH.
Reaction:
H⁺ + OH⁻ → H₂O
[bookmark: _z7nboc5ugz2d]Before Equivalence
There is excess strong acid.
Calculate remaining H⁺ using stoichiometry, divide by total volume, then calculate pH.
[bookmark: _qe1yh82s0v1i]At Equivalence
The strong acid and strong base have neutralized each other.
At 25°C, the solution is approximately:
pH = 7
assuming the resulting ions do not significantly react with water.
[bookmark: _fp74z2mbp39a]After Equivalence
There is excess strong base.
Calculate excess OH⁻, divide by total volume, find pOH, then find pH.
The titration curve begins acidic, rises gradually, then has a steep rise around equivalence before becoming basic.
[bookmark: _geez06l18efe]Weak Acid-Strong Base Titration
This titration is more complicated and more important conceptually.
Consider:
HA + OH⁻ → A⁻ + H₂O
The curve has several distinct regions.
[bookmark: _5xgracryij1v]Initial Solution
Before any strong base is added, the solution contains mostly weak acid.
Calculate initial pH using:
Ka
and an ICE table.
[bookmark: _cejdbyh6mr94]Buffer Region
After some strong base has been added but before equivalence, part of HA has been converted into A⁻.
The solution contains:
HA + A⁻
Therefore it is a buffer.
You can often use:
pH = pKa + log(A⁻/HA)
after doing the neutralization stoichiometry.
[bookmark: _xbsdqukpnlcn]Half-Equivalence Point
At the half-equivalence point, exactly half of the original weak acid has been neutralized.
Therefore:
[HA] = [A⁻]
So:
log([A⁻]/[HA]) = log(1) = 0
Therefore:
pH = pKa
This is one of the most important relationships in the entire unit.
At half-equivalence:
pH = pKa
Therefore:
Ka = 10⁻ᵖᴴ
This means a titration curve can be used to determine Ka experimentally.
[bookmark: _utv8wyesmwuw]Equivalence Point
At equivalence, essentially all HA has been converted into:
A⁻
But A⁻ is the conjugate base of a weak acid.
It reacts:
A⁻ + H₂O ⇌ HA + OH⁻
Therefore:
pH > 7
at the equivalence point of a typical weak-acid/strong-base titration at 25°C.
To calculate the pH, determine the concentration of A⁻ after accounting for total volume, calculate:
Kb = Kw/Ka
and solve its base equilibrium.
[bookmark: _mj9l70c1hqpa]After Equivalence
Once excess strong base has been added, the excess OH⁻ dominates the pH.
Use stoichiometry to calculate excess OH⁻ and then calculate pH.
[bookmark: _porrghrf3ukz]Weak Base-Strong Acid Titration
This is the mirror image.
Suppose:
B + H⁺ → BH⁺
Initially, calculate pH from the weak-base equilibrium.
Before equivalence, B and BH⁺ form a buffer.
At half-equivalence:
[B] = [BH⁺]
For the conjugate-acid form:
pH = pKa of BH⁺
or the equivalent pOH/pKb relationship can be used carefully.
At equivalence, the solution contains mostly BH⁺.
Because BH⁺ is acidic:
pH < 7
at 25°C.
After equivalence, excess strong acid controls the pH.
[bookmark: _8hjptp92cvll]Comparing Titration Curves
[bookmark: _xvqq17dvp1g3]Strong Acid + Strong Base
Initial pH: very low
Buffer region: none
Equivalence pH: approximately 7 at 25°C
[bookmark: _wv2i12q7ttmi]Weak Acid + Strong Base
Initial pH: higher than comparable strong acid
Buffer region: yes
Half-equivalence: pH = pKa
Equivalence pH: greater than 7
[bookmark: _pbbld7iktkwu]Weak Base + Strong Acid
Initial pH: basic
Buffer region: yes
Equivalence pH: less than 7
[bookmark: _o0si1j93sse7]Polyprotic Acid Titrations
A polyprotic acid can donate multiple protons.
For example:
H₂A
can lose one proton:
H₂A → HA⁻
and then another:
HA⁻ → A²⁻
If the two proton-transfer steps are sufficiently separated in strength, a titration curve may show multiple equivalence points.
A diprotic acid can potentially show:
two equivalence points
while a triprotic acid can potentially show:
three
Each stage corresponds to removal of another proton.
[bookmark: _20fdj8wd2whu]Acid-Base Indicators
An acid-base indicator is a weak acid or weak base whose protonated and deprotonated forms have different colors.
A simplified indicator equilibrium can be written:
HIn ⇌ H⁺ + In⁻
where HIn and In⁻ have different colors.
The visible color changes as the equilibrium shifts with pH.
An indicator should be selected so its color-change range overlaps the steep region around the titration's equivalence point.
[bookmark: _bt5a53b7pyor]Endpoint vs. Equivalence Point
These are related but not identical.
Equivalence point: exact stoichiometric amount of titrant has been added.
Endpoint: observable signal, such as an indicator color change, used experimentally to estimate the equivalence point.
A good indicator has an endpoint very close to the equivalence point.
[bookmark: _g99lzgth6ll6]Titration Calculation Strategy
Whenever you are asked for pH during a titration, first determine where you are on the titration curve.
Ask:
Before titrant?
Use initial acid/base equilibrium.
Before equivalence?
Perform stoichiometry. If a weak species and conjugate partner remain, use buffer chemistry.
At half-equivalence?
Use:
pH = pKa
for weak-acid/strong-base titration.
At equivalence?
Determine whether the resulting conjugate species reacts with water.
After equivalence?
Excess strong titrant usually determines pH.
[bookmark: _8bf96a4peuji]Common Mistakes
Do not assume every equivalence point has pH 7.
Only a typical strong-acid/strong-base titration has an approximately neutral equivalence point at 25°C.
Do not confuse half-equivalence with equivalence.
At half-equivalence for a weak acid:
pH = pKa
Do not forget that total volume changes as titrant is added.
Do not use Henderson-Hasselbalch at the equivalence point when essentially no original weak acid remains.
[bookmark: _ru34thea4l26]Remember This
For titrations, always ask:
Where am I on the curve?
That tells you which chemistry and equation to use.

[bookmark: _nilee4zaueuu]Unit 8 Master Formula Sheet
	Concept
	Formula

	Water equilibrium
	Kw = [H₃O⁺][OH⁻]

	Kw at 25°C
	1.0 × 10⁻¹⁴

	pH
	pH = −log[H₃O⁺]

	Hydronium from pH
	[H₃O⁺] = 10⁻ᵖᴴ

	pOH
	pOH = −log[OH⁻]

	Hydroxide from pOH
	[OH⁻] = 10⁻ᵖᴼᴴ

	At 25°C
	pH + pOH = 14.00

	Weak acid
	Ka = [H₃O⁺][A⁻]/[HA]

	Weak base
	Kb = [BH⁺][OH⁻]/[B]

	Conjugate relationship
	KaKb = Kw

	pKa
	pKa = −log Ka

	Ka from pKa
	Ka = 10⁻ᵖᴷᵃ

	Percent ionization
	([H₃O⁺]eq/[HA]initial) × 100

	Henderson-Hasselbalch
	pH = pKa + log([A⁻]/[HA])

	Moles in solution
	n = MV



[bookmark: _a1vq5vk0lakn]Strong vs. Weak Acid Master Comparison
	Property
	Strong Acid
	Weak Acid

	Ionization
	Essentially complete
	Partial

	Main particles
	H₃O⁺ + conjugate base
	Mostly intact acid

	Equilibrium treatment
	Usually direct stoichiometry
	Ka equilibrium

	Ka
	Very large relative to weak acids
	Finite/smaller

	Conjugate base
	Extremely weak
	Can have measurable basicity


Remember:
strong ≠ concentrated
and:
weak ≠ dilute

[bookmark: _dy2h3f86d10m]Ka, Kb, pKa, and Strength
For acids:
Ka ↑ → acid strength ↑
pKa ↓ → acid strength ↑
For bases:
Kb ↑ → base strength ↑
For conjugate pairs:
stronger acid ↔ weaker conjugate base
weaker acid ↔ stronger conjugate base
and:
KaKb = Kw

[bookmark: _tfaq35nzl0ee]Salt Solution Quick Guide
	Salt Origin
	Typical Solution

	Strong acid + strong base
	Approximately neutral

	Strong acid + weak base
	Acidic

	Weak acid + strong base
	Basic

	Weak acid + weak base
	Compare Ka and Kb


Always examine the actual ions instead of relying only on memorization.

[bookmark: _8b26xxs50o00]Buffer Master Guide
A buffer generally contains:
weak acid + conjugate base
or:
weak base + conjugate acid
Use:
pH = pKa + log(base/acid)
If:
base = acid
then:
pH = pKa
Adding strong acid:
conjugate base consumes H⁺
Adding strong base:
weak acid consumes OH⁻
Best buffering generally occurs near:
pH ≈ pKa
and the commonly useful buffer range is roughly:
pKa ± 1
Higher amounts of both buffer components generally mean:
greater buffer capacity

[bookmark: _vr66ig4p57ld]Titration Curve Master Guide
[bookmark: _boa8yx1sx575]Strong Acid + Strong Base
Before equivalence: excess strong acid/base calculation
Equivalence: approximately pH 7 at 25°C
After equivalence: excess titrant controls pH
[bookmark: _r9s6au6uf93o]Weak Acid + Strong Base
Initial: Ka equilibrium
Before equivalence: buffer
Half-equivalence: pH = pKa
Equivalence: conjugate base hydrolysis → pH > 7
After equivalence: excess OH⁻
[bookmark: _2wgxdve1kgyj]Weak Base + Strong Acid
Initial: Kb equilibrium
Before equivalence: buffer
Equivalence: conjugate acid hydrolysis → pH < 7
After equivalence: excess H₃O⁺

[bookmark: _ie4twcpl41px]How Unit 8 Connects to Unit 7: Equilibrium
Weak acids and bases are equilibrium systems.
For:
HA + H₂O ⇌ H₃O⁺ + A⁻
the equilibrium constant is:
Ka
For:
B + H₂O ⇌ BH⁺ + OH⁻
the equilibrium constant is:
Kb
That means almost everything from Unit 7 still applies:
equilibrium expressions
ICE tables
Q vs. K reasoning
Le Châtelier's principle
common-ion effects
Buffers are especially connected to equilibrium because they contain both members of a conjugate pair.

[bookmark: _guzy91ymowo5]How Unit 8 Connects to Unit 4: Stoichiometry
Whenever strong acid or strong base is added, you often need to perform a nearly complete reaction before doing equilibrium calculations.
This gives one of the most important Unit 8 rules:
Stoichiometry first. Equilibrium second.
For example:
HA + OH⁻ → A⁻ + H₂O
First calculate how many moles of HA and OH⁻ react.
Then determine how much HA and A⁻ remain.
Only then should you use a buffer equation or equilibrium calculation.

[bookmark: _gsch99iz2ohs]How Unit 8 Connects to Unit 2: Molecular Structure
Acid strength can often be explained by molecular structure.
Important factors include:
bond polarity
bond strength
electronegativity
atomic size
resonance stabilization
inductive effects
The most useful general question is:
How stable is the conjugate base after the proton leaves?
A more stable conjugate base generally corresponds to a stronger acid.

[bookmark: _lop6mwrmhjgq]Unit 8 Common AP Exam Traps
Acid/base definition: Acid donates H⁺; base accepts H⁺.
Conjugate pairs: They differ by exactly one H⁺.
Water: Can act as either an acid or base.
Neutrality: Means [H₃O⁺]=[OH⁻], not universally “pH must always equal 7.”
Strong vs. concentrated: They are different concepts.
Weak acids: Do not assume complete ionization.
Weak bases: Solve for OH⁻ first when using Kb.
Ka: Larger Ka means stronger acid.
pKa: Smaller pKa means stronger acid.
Conjugates: Strong acid has a very weak conjugate base.
Salt solutions: Ions from weak acids or weak bases can react with water.
Percent ionization: Dilution generally increases percent ionization of a weak acid even though [H₃O⁺] may decrease.
Structure: Compare conjugate-base stability rather than blindly using one periodic trend.
Acid-base mixtures: Stoichiometry comes before equilibrium.
Buffers: Must contain meaningful amounts of a weak species and its conjugate partner.
Henderson-Hasselbalch: Use base/acid, not acid/base.
Buffer capacity: Same pH does not mean same buffer capacity.
Titrations: Equivalence means stoichiometric equivalence, not equal volume.
Half-equivalence: For weak acid titrated with strong base, pH=pKa.
Weak-acid equivalence: Usually pH>7 with strong-base titrant.
Weak-base equivalence: Usually pH<7 with strong-acid titrant.
Indicators: Endpoint and equivalence point are not exactly the same concept.
Polyprotic acids: Can produce multiple equivalence points.

[bookmark: _9iuzafibmujk]Unit 8 Final Study Checklist
Before taking a Unit 8 test, you should be able to identify Brønsted-Lowry acids and bases, find conjugate acid-base pairs, and explain why water can behave as either an acid or a base.
You should understand water autoionization, use Kw, calculate pH and pOH, convert between pH and ion concentration, and understand that the pH scale is logarithmic.
You should be able to distinguish strong vs. weak from concentrated vs. dilute, calculate the pH of strong acid/base solutions, and account for stoichiometric numbers of H₃O⁺ or OH⁻ when appropriate.
For weak acids and bases, you should be able to write Ka and Kb expressions, construct ICE tables, calculate equilibrium concentrations and pH, calculate percent ionization, use small-x approximations appropriately, and understand the relationship:
KaKb = Kw
You should be able to compare acid strengths using Ka and pKa, understand the acid-base behavior of salts, and recognize how conjugate acid/base strength is related.
You should be able to explain acid strength using molecular structure, especially bond strength, electronegativity, atomic size, resonance, and stabilization of the conjugate base.
For acid-base reactions, you should know when to perform stoichiometric neutralization before equilibrium calculations, calculate leftover strong acid or base, and identify the important species remaining after reaction.
For buffers, you should understand how a weak acid/conjugate-base pair resists changes in pH, use the Henderson-Hasselbalch equation, calculate the effect of added acid/base, understand buffer range, and distinguish buffer pH from buffer capacity.
Finally, you should be able to read and calculate from acid-base titration curves, including strong acid-strong base, weak acid-strong base, and weak base-strong acid titrations. You should know what chemistry controls pH in the initial region, buffer region, half-equivalence point, equivalence point, and after-equivalence region.
The biggest Unit 8 pattern to remember is:
identify the species → determine whether reaction or equilibrium happens first → calculate amounts/concentrations → choose Ka, Kb, buffer, or strong-acid/base math → calculate pH
Once you know what species are actually present at that moment, most Unit 8 problems become much easier.

