Name: __________________

Acid – Base Chemistry
Unit 8

(sev e n cl a s s per i o d s )

Unit 8.1: Acid Base basics
1) The two parts of water
a) Water can ionize
i) Form positively charges hydronium (H3O+)
ii) Form negatively charged hydroxide (OH-)
b) Happens in ALL water at very small amounts
(Kw = 1 x 10-14 @ 298K)
2) What is an acid / base?
a) Ancient romans defined acids and bases by their behavior:
i) Acids were sour and caused metal to corrode
ii) Bases were bitter, slippery, and diminished the effects of acids
b) Svante August Arrhenius
i) Swedish chemist developed the theory that salts, acids, and bases
dissociate into ions in solution
ii) Developed the idea of activation energy for reactions (that x
amount of energy is needed for a reaction to occur)
iii) Arrhenius definition
(1) Acids – dissociate into hydrogen ions (H+) in solution (these
are absorbed by water to produce hydronium, H3O+)
(2) Bases – dissociates into hydroxide ions (OH-)in solution
iv) Won the Nobel prize in 1903 for this work
v) But way are some substances without hydroxide or hydrogen bases or acids for example ammonia (NH3) is
basic. Arrhenius’s definition did not account for this observation.
c) Johannes Nicolaus Brønsted and Thomas Martin Lowry
i) In 1923 Brønsted (Danish) and Lowry (English) proposed
identical theories: that acids and bases exist in a state of
equilibrium which allowed for a better generalized definition of
acids and bases.
ii) Brønsted-Lowry definition
(1) Brønsted-Lowry acid – proton (H+) donator
(2) Brønsted-Lowry base – proton (H+) acceptor
iii) Fails to explain why some molecules behave as acids or bases, for example BF3 is an acid but does not have
any protons to donate
iv) Conjugate pairs – a species and its corresponding
product
(1) Conjugate acids – a proton acceptor in the
forward reaction, which acts as a proton
donor in the reverse
(2) Conjugate base – a proton donor in the forward reaction,
which acts as a proton acceptor in the reverse

Exercise 1:

𝑯𝑩𝒓 + 𝑵𝑯𝟑 ⇋ (𝑵𝑯𝟒 )+ + 𝑩𝒓−

d) Gilbert Newton Lewis
i) In 1923 Lewis also published a theory for acids and bases based on
electron transfer. His work is largely used for describing molecular
shapes (VSPER model and Lewis structures form unit 2)
ii) Lewis definition
(1) Lewis acid – electron acceptor (the classic example is BF3)
(2) Lewis base – electron donor; molecules which form coordinate
covalent bonds (donate all the electrons to the bond, a classic example is ammonia)
e) General terms to know:
The acetate ion is a covalently bound
i) Monoprotic – a reactive species with only one ion to donate (HC2H3O2)
organic compound and does not
ii) Diprotic – a reactive species with two ions to donate (Ca(OH)2)
dissociate. Therefore, acetic acid is
monoprotic with only 1 H to donate
iii) Polyprotic – a reactive species with more than 2 ions to donate (H3PO4)
iv) Amphiprotic / amphoteric – a species that can be either an acid or base (H2O, HSO42-)
v) Dissociation equation / reaction – showing the dissociation of an acid / base ignoring the water unless it is
needed to balance the reaction
Exercise 2:

1) The strength of an acid / base is determined by equilibrium position (Ka / Kb)
2) The strength of an acid or base
a) Strong acids and bases are strong electrolytes;
i) Completely dissociate in solution
ii) Deliver the maximum number of ions (H+/A-) to solution.
iii) Only 6 acids, and only hydroxides of group I & II metals
(1) H2SO4, HNO3, HClO4, HCl, HBr, HI
(2) NaOH, KOH, Ca(OH)2 etc.

Strong

Unit 8.2: The strength of acids and bases

Why HClO4 and not HClO3?
The more oxygen present in the polyatomic ion of an oxyacid, the stronger its acid WITHIN that group. That’s a trend, but not an
explanation. So, why? First, notice that the H of the acid is bound to an oxygen and NOT any other nonmetal present. Oxygen is very
electronegative and attracts the electrons of the O-H bonds toward itself. If you add more oxygens, then this effect is magnified and
there is increasing electron density in the region of the molecule that is opposite the H. The added electron density weakens the bond,
thus less energy is required to break the bond and the acid dissociates more readily which we describe as “strong”.

Weak

b) Weak acids and bases are weaker electrolytes
i) DO NOT dissociate completely in solution
ii) Deliver smaller numbers of ions to solution. (<1%)
iii) MOST acids/bases

3) Strength and conjugates
a) The stronger the acid the weaker it’s conjugate base
b) REMEMBER YOUR EQUILIBRIUM
i) Since they are partially soluble they establish and
equilibrium
ii) Have a K value
(1) Ka – acid
(2) Kb – base
iii) VERY similar just Kb is for OH-, while Ka is for H3O+/
H+
iv) REMEMBER: water (l) is NOT part of the K expression
Exercise 3:

4) What does Ka/Kb mean?
a) A method of describing the strength of an acid: how
little does the acid dissociate?
i) The smaller Ka is the less of the acid dissociates
in solution at that temperature, the weaker the
acid is

Exercise 4:

Acid

Ka

H2O

1x10-7

HF

7.2x10-4

HCl

1600000

HNO2

4.0 x10-4

HCN

5.2 x 10-10

Unit 8.3: the pH scale
1) Pure water produces 1 x 10-7 M H3O+ and OH- ions at any given moment
a) If we wrote the equilibrium expression for this reaction
H2O  H+ + OHwe would get:
K = [H+][OH-]= (1 x 10-7)( 1 x 10-7) = 1 x 10-14
b) This is known as the self-ionization constant of water, and it means that at
room temperature the concentration of hydrogen ions times the
concentration of hydroxide ions must equal 1 x 10-14
c) Rather than work with these miniscule numbers we developed a short
hand for these concentrations, pX.
Where pX = -log (X). So pH = -log(H+) and pOH = -log (OH-)
d) Thus pH and pOH must equal the pKw of water (pOH + pH = 14)
ACID

NEUTRAL

BASE

Kw = [H+][OH-]
1 x10-14 = [H+][OH-]

pH = -log(H3O+)
pOH = -log (OH-)
14 = pH + pOH

i) Acidic solutions have more H+ ions than OH- ions and thus, have pH’s below 7
ii) Basic solutions have more OH- ions than H+ ions and thus, have pH’s above 7.
iii) Neutral solutions have equal numbers of H+ ions and OH- ions and thus, have a pH of 7.
Exercise 5:

Exercise 6:

Exercise 7:

2) pH of strong Acids / Bases
a) Since strong acids/bases dissociate fully they’re fairly easy equations to find
𝐻𝑥 𝐴 → 𝑥𝐻 + + 𝐴−
[H+]/[OH-]
𝑀(𝑂𝐻)𝑥 → 𝑀+ + 𝑥(𝑂𝐻 − )
b) Monoprotic and polyprotic solutions
i) Acids, and bases, can be monoprotic. Meaning they only have 1 H+, or OH-,
available to donate. In acids it is typically the H in the front of the formula. In strong acids this means the
concentration of acid is the concentration of the hydrogen ion
(1) Ex: HCl, HI, HNO3, NaOH, KOH,
ii) Acids, and bases, can be polyprotic. Meaning they have more than one H+, or OH-, available to donate. In
acids it is typically Hs, in the front of the formula. In strong acids, this means the concentration of the
hydrogen ions is some number of times greater that the concentration of the acid. Look at the subscript of
the H, or OH, to see how many times larger this is.
iii) Ex: H2SO4, Ca(OH)2
Exercise 8:

Exercise 9:

3) pH of Weak Acids / Bases
a) The vast majority of acid/bases are weak.
b) this means they do not ionize much. That means a equilibrium is
established and it lies far to the left (reactant favored).
c) The equilibrium expression for acids is known as the Ka (the acid
dissociation constant).
d) setup the same way as any other equilibrium expression.

FOR WEAK ACIDS

e) We can utilize this to determine the pH by finding the value of [H3O+]
Exercise 10:

Exercise 11:

4) For weak bases it is much the same except you will be determining
the [OH-]
Exercise 12:

Exercise 13:

5) Determining the pH of a mixture of acids
a) Only the acid with the highest Ka will dissociate
b) Anything after that is common ion, and won’t contribute much
c) Set up a second rice table
Exercise 14:

FOR WEAK BASES

6) Percent Dissociation
a) What portion of the acid dissociates
b) Since weak HA/ A- can only give up 1 H+ or OH- at a time, it is simply what fraction of the acid broke up
Exercise 15:

%𝑑𝑖𝑠𝑠𝑜𝑐𝑖𝑎𝑡𝑖𝑜𝑛

Unit 8.4: Hydrolysis
1) Hydolysis : “Hydro-“ = water, and “-lysis” =
splitting
a) Salts
i) Any metal and nonmetal
ii) Formed from the neutralization of an
acid by a base
iii) Salts are rarely neutral
iv) Cause water equilibrium to favor either
H3O+ or OHb) Salts separate water into H+ and OHc) Based on what made them
i) Neutral salt – Strong w/ strong
ii) Acid salt – strong HA, weak Aiii) Basic salt – weak HA, strong AExercise 17:

Exercise 16:
Write the hydrolysis for each salt
•

CuNO3

•

BeCl2

•

NaClO

•

CaCr2O7

[𝐻+ ]
=
× 100
[𝐻𝐴]

Unit 8.5: Titration curves
1) Neutralization
a) When molacid = molbase = molsalt
b) Reaction H++OH-H2O
c) We can utilize this definite reaction to determines an
unknown concentration of acid or base

(H+)(Ma)(Va) = (OH-)(Mb)(Vb)

Exercise 18:
If 50.0 mL of 0.50 M HCl is used to completely neutralize •
25.0 mL KOH, what is the molarity of the base?

If 50.0 mL of 0.50 M H2SO4 is used to completely
neutralize 25.0 mL KOH, what is the molarity of the
base?

2) Titrations
a) The gradual mixing of an acid and base to determine the
concentration of and unknown
b) An indicator changes color at a set [H+]
c) You choose an indictor who’s pKa is near the endpoint pH
d) Indicators are typically added to the analyte (the flask)

Indicator

Acid

base

Phenolphthalein

Colorless

Pink

Methyl Orange

red

Yellow

Methyl violet

yellow

Blue

Litmus

Pink/red

blue

e) Titration of a weak acid/base
i) Produces a buffer -- Resist changes in pH
ii) Formed from a weak acid/base and its conjugate salt
iii) Causes a “tail”
iv) Starts a mid-pH
v) Takes a LONG time
vi) Equivalency point over 7
(under for weak base + strong acid)

f)

Cool stuff with titrations
i) Equivalence point
(1) Mole acid = mole base = mole salt
(2) Choose an indicator with a pKa near the expected pH of the
equivalence point
ii) Half-equivalence point
(1) Mathematical halfway point (vol) of the equivalence point
(2) pH = pKa
iii) Buffer Zone
(1) When a solution is resistant to changes in pH
(2) Greatest resistance at half the buffer zone
(a) Can absorb the most acid/base
g) Titration of polyprotic acids
i) Acids can only donate 1 proton/H+ at a time
ii) Causes a multitier titration curve
(1) Multiple equivalence points
(2) Half equivalence point of each is the pKa of that acid
derivative

Unit 8.6: Buffers
1) Buffers
a) Solutions that resist changes in pH
b) Have a high capacity to maintain a set pH
c) A solution of a weak acid / base with its salt (conjugate)
i) Ex: NaC2H3O2 + HC2H3O2
NH3 + NH4Cl
d) Contains both acid and base so it can neutralize either
2) Henderson Hasselbalch equation
a) MEMORIZE!
b) Easiest way to do buffers DO NOT READ THE BOOK!!!
c) If acid is added
i) Add mol HA to numerator
ii) Subtract mol HA from denominator
d) If base is added
i) Subtract mol A- from numerator
ii) Add mol A- to denominator
Exercise 19:

Exercise 20:

[𝐻 ] = 𝐾𝑎

[𝐴𝑐𝑖𝑑]
[𝐵𝑎𝑠𝑒]

Ka = 1.8x104

3) Preparing buffers
a) Keep concentration high (0.1 to 1.0 M)
b) Choose an acid/base with a Ka / Kb near the [H+] you need
i) pKa near pH
ii) pKb near pOH
Exercise 21:

Exercise 22:

4) More titrations – Five points of interest on a titration curve
a) The pH before the titration begins (normal pH)
b) The pH on the way to the equivalence point (buffers)
c) The pH at the midpoint of the titration -- half equivalence point (pH = pKa)
d) The pH at the equivalence point
i) Since all the acid and base are neutralized (H++OH-→H2O) this is just the pH of the salt. Write the hydrolysis
of the salt and use RICE to find pH.
e) The pH AFTER the equivalence point (pH & limiting reagent, determine excess and find pH)

Exercise 23

a.

b
.

(d) If propanoic acid is titrated with 0.3 M NaOH, what is the pH at the midpoint of the titration?

c.

(e ) If propanoic acid is titrated with 0.3 M NaOH, what is the pH at the equivalence point for the titration of
50mL 0.265M propanoic acid, and 0.3M NaOH?
d.

(f ) If propanoic acid is titrated with 0.3 M NaOH, what is the pH when 50mL of 0.3M NaOH is added to
50mL 0.265M propanoic acid?

e.

Conjugate Acid Base Pairs

Name ________________

Chem Worksheet 19-2
An acid is defined as a proton (H+) donor while a base is a proton
acceptor. The substance that is produced after an acid has donated its
proton is called the conjugate base while the substance formed when a
base accepts a proton is called the conjugate acid. The conjugate acid
can donate a proton to the conjugate base, to reform the original
reactants in the reverse reaction.
HF + H2O

H3O+ + F–

acid

c. acid

base

Acids donate protons
Bases accept protons
A proton is a hydrogen ion

c. base

In the reaction above HF is the acid and H2O is the base. The HF has given a proton to the H2O,
forming H3O+ and F–. Since the product H3O+ can donate a proton back to F– it is labeled the conjugate
acid, while the F– is the conjugate base.
Example
Write an equation that shows NH3 reacting with HCl. Label the acid, base, and conjugate acid and conjugate base.
H+

- Write reactants and transfer a proton from the acid to the base:

NH4+ + Cl–

NH3 + HCl
base

acid

c. acid

c. base

Rewrite each equation. Identify the acid, the base, the conjugate acid, and the conjugate
base in each of the equations.
1. HCl + NH3
2. OH– + HCN
3. PO43– + HNO3
4. HCO3– + HCl

5. HCO3– + OH–

NH4+ + Cl–
H2O + CN–

6. NH4+ + H2O

NO3– + HPO42–

NH3 + H3O+

7. C2O42– + HC2H3O2
8. HPO42– + H2O

H2CO3 + Cl–

H2O + CO32–
HC2O4– + C2H3O2–
OH– + H2PO4–

Fill in the following table.
Acid

Base

9

HNO2

H2O

10

H2O

F–

Conjugate Acid

HF

Conjugate Base

13

H2O
HSO4–

NO2– + H3O+

NH3 + HCN

NH4+ + CN–

ClO3–

PO43–
S2– + H2O

14
15

HNO2 + H2O
OH–

11
12

Equation

HCO2H

OH– + HS–

OH-

16. Write an equation that shows the reaction of ammonia, NH3 with hydrobromic acid, HBr. Label the acid,
the base, the conjugate acid, and the conjugate base.
17. Write an equation that shows the reaction of phosphate ion, PO43–, reacting with hydronium ion, H3O+.
Label the acid, the base, the conjugate acid, and the conjugate base.
18. Write an equation that shows the reaction of hydrogen sulfide, HS– with hydroxide ion, OH–. Label the
acid, the base, the conjugate acid, and the conjugate base.
© John Erickson, 2005

WS19-2ConjugatePairs

5.

HF

!"

Name ___________________________________

Period ______

Calculating Acid Dissociation Constants – The ICE Box Method
Problem: Calculate Ka from the initial concentration of acid and the measured hydrogen
ion concentration.
Example: 0.1000 mole of hydrofluoric acid (HF) is added to water to make 1 L. The hydrogen
ion concentration is measured to be 7.8 x 10-3 M (0.0078 M). What is Ka?
Step 1: Write balanced equation for the dissociation of the acid.
HF ප H+ + F–
Step 2: Draw an ICE box and fill in the initial and change concentrations. For the acid, subtract
Change from Initial to obtain the Equilibrium concentration:
0.1000 – 0.0078 = 0.0922
Initial – Change = Equilibrium
Concentrations (M)
Initial
Change
Equilibrium

[HF]
0.1000
–0.0078
0.0922

[H+]
0
7.8 x 10-3
7.8 x 10-3

[F–]
0
7.8 x 10-3
7.8 x 10-3

Step 3: Write the equilibrium constant expression and plug concentrations into the expression.
Ka =

[H+] [F–]
7.8 x 10-3 x 7.8 x 10-3
=
= 6.6 x 10-4
9.22 x 10-2
[HF]

To calculate the percentage of acid that is dissociated into ions, divide the anion concentration by
the initial acid concentration and multiply by 100:
[F–]
7.8 x 10-3
% dissociated = HF x 100 = 0.1000 x 100 = 7.8%
init

When you have calculated Ka for each of the acids listed in this worksheet, write their names,
ranking the acids in order of strength from the strongest (1) to the weakest (6).
1. _______________________________ Ka = _____________________
2. _______________________________ Ka = _____________________
3. _______________________________ Ka = _____________________
4. _______________________________ Ka = _____________________
5. _______________________________ Ka = _____________________
6. _______________________________ Ka = _____________________

A. The common name for acetylsalicylic acid is aspirin, which you can abbreviate to HA.
1. Write the chemical equation for the dissociation of aspirin.
2. Use an ICE box to calculate equilibrium concentrations if the initial concentration of
aspirin is 0.1000 M and the measured hydrogen ion concentration is 5.7 x 10-3 M.

3. What is Ka for aspirin? Write the equilibrium constant expression and plug concentrations
into the expression.

4. At 0.1000 M, what percentage of
aspirin is dissociated into ions?

6. What is the pH of a 0.1000 M
solution of aspirin?

5. Is aspirin a strong acid or a weak
acid?

7. What is the hydroxide ion
concentration of a 0.100 M solution
of aspirin?

B. Acetic acid is the main ingredient in vinegar.
1. The chemical equation for the dissociation of acetic acid is
CH3CO2H ප H+ + CH3CO2–
2. Use an ICE box to calculate equilibrium concentrations if the initial concentration of
acetic acid is 0.1000 M and the measured hydrogen ion concentration is 1.34 x 10-3 M.

3. What is Ka for acetic acid?

4. At 0.1000 M, what percentage of
acetic acid is dissociated into ions?

6. What is the pH of a 0.1000 M
solution of acetic acid?

5. Is acetic acid a strong acid or a weak
acid?

7. What is the hydroxide ion
concentration of a 0.1000 M solution
of acetic acid?
2

C. Calculate Ka for formic acid (HCO2H) if the initial concentration of acid is 0.1000 M and the
measured hydrogen ion concentration is 4.1 x 10-3 M.
1. Write the chemical equation for the dissociation of formic acid.
2. Use an ICE box to calculate equilibrium concentrations.

3. What is Ka for formic acid?

4. At 0.1000 M, what percentage of
formic acid is dissociated into ions?

6. What is the pH of a 0.1000 M
solution of formic acid?

5. Is formic acid a strong acid or a
weak acid?

7. What is the hydroxide ion
concentration of a 0.1000 M solution
of formic acid?

D. Calculate Ka for sulfamic acid (HSO3NH2) if the initial concentration of acid is 0.100 M and
the measured hydrogen ion concentration is 0.062 M.
1. Write the chemical equation for the dissociation of sulfamic acid.
2. Use an ICE box to calculate equilibrium concentrations.

3. What is Ka for sulfamic acid?

4. At 0.100 M, what percentage of
sulfamic acid is dissociated into
ions?

6. What is the pH of a 0.100 M solution
of sulfamic acid?

7. What is the hydroxide ion
concentration of a 0.100 M solution
of sulfamic acid?

5. Is sulfamic acid a strong acid or a
weak acid?
3

E. Calculate Ka for nitric acid (HNO3) if the initial concentration of acid is 1.00 M and the
measured hydrogen ion concentration is 0.96 M.
1. Write the chemical equation for the dissociation of nitric acid.
2. Use an ICE box to calculate equilibrium concentrations.

3. What is Ka for nitric acid?

4. At 1.00 M, what percentage of nitric
acid is dissociated into ions?

6. What is the pH of a 1.00 M solution
of nitric acid?

5. Is nitric acid a strong acid or a weak
acid?

7. What is the hydroxide ion
concentration of a 1.00 M solution of
nitric acid?

F. If the initial concentration of iodic acid (HIO3) is 0.100 M and the measured hydrogen ion
concentration is 7.1 x 10-2 M, what is Ka for iodic acid?
1. Write the chemical equation for the dissociation of iodic acid.
2. Use an ICE box to calculate equilibrium concentrations.

3. What is Ka for iodic acid?

4. At 0.100 M, what percentage of iodic
acid is dissociated into ions?

6. What is the pH of a 0.100 M solution
of iodic acid?

5. Is iodic acid a strong acid or a weak
acid?

7. What is the hydroxide ion
concentration of a 0.100 M solution
of ioidic acid
4
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In question 2, label the salts as acidic, basic or neutral.
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