
CHEM 1105 ACIDS AND BASES

1. Early Definitions
Taste:  acids - sour;   bases - bitter
Effect on Indicators: acids turn blue litmus red; bases turn red litmus blue

phenolphthalein is colourless in acid and pink in base
Neutralization: an acid is neutralized by a base and vice versa.

2. Arrhenius Concept
Acid: a substance that, when dissolved in water, increases the concentration of hydrogen ion,

H+(aq). H+(aq) does not exist as such but is bonded to a molecule of H2O to form
H3O+(aq), the hydronium ion, which is hydrogen-bonded to several H2O molecules (see
Fig. 5.12). If we write H+(aq), we mean H3O+(aq).

Base: a substance that, when dissolved in water, increases the concentration of hydroxide ion,
OH-(aq) (more correctly written HO- since the charge is on the O atom).

A strong acid ionizes in water completely to give H3O+ and the anion of the acid.
(1) HI(aq)   +   H2O(l)   H    H3O+(aq)    +    I-(aq)

The other common strong acids are  HClO4, H2SO4, HBr, HCl and HNO3. These are all molecular
(covalent) compounds, not ionic compounds. When pure HI, HBr and HCl are gases and H2SO4,
HClO4 and HNO3 are liquids.
(a) Write equations for the ionization in H2O of HNO3 and H2SO4.

A strong base ionizes in water completely to give OH- and the cation. Common strong bases are
hydroxides of the IA and IIA metals (except Be).

(2) NaOH(s)     Na+(aq)   +   OH-(aq)
H2O

Most other acids and bases are weak; they are only ionized to a small extent. For example, an
aqueous solution of HF consists of mainly HF and water molecules in equilibrium with a small
number of hydronium and F- ions.
(3) HF(aq)   +   H2O(l)   K   H3O+(aq)   +   F-(aq)

NH3 is a weak base; it is only partially ionized in water:
(4) NH3(aq)   +   H2O(l)   K   NH4

+(aq)   +   OH-(aq)

Support for the Arrhenius concept comes from measurement of ∆H° of neutralization of any strong
acid and strong base. Consider the following reactions:

NaOH(aq)   +   HCl(aq)   H   NaCl(aq)   +   H2O(l);  ∆H° = -56 kJ
LiOH(aq)   +   HBr(aq)   H   LiBr(aq)   +   H2O(l);  ∆H° = -56 kJ

If we write these equations in ionic form, in each case the net ionic equation is the same;
H3O+(aq)   +   OH-(aq)    H    2H2O(l)

However, the Arrhenius concept is not applicable to the neutralization of HCl(g) by NH3(g), clearly
an acid-base reaction.

HCl(g)   +   NH3(g)   H   NH4Cl(s)
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3. Brønsted-Lowry Concept
Brønsted and Lowry view acid-base reactions as proton (H+) transfer reactions. In these reactions,
the acid is the proton donor and the base is the proton acceptor.

HF(aq)   +   OH-(aq)   H   H2O(l)   +   F-(aq)
In the above reaction, HF transfers H+ to OH-, forming H2O and F-.

In   HCl(g)   +   NH3(g)   H   NH4Cl(s), the acid HCl transfers H+ to the base, NH3, forming the
NH4

+ ion and the Cl- ion.

The reaction  HF(aq)   +   H2O(l)   K   H3O+(aq)   +   F-(aq)   can also be viewed as an acid-base
reaction. The acid HF transfers H+ to the base, H2O. The reverse reaction is also an acid-base
reaction; the acid H3O+ transfers H+ to the base, F-.
In the reaction   F-(aq)   +   H2O(l)    K    HF(aq)   +   OH-(aq), F- is the base and H2O is the acid in
the forward reaction, and HF is the acid and OH- is the base in the backward reaction.
We see that H2O can act as an acid or base, and that acids and bases can be compounds or ions. We
also see that when an acid loses an H+ it becomes a base, and when a base accepts an H+ it becomes
an acid. Two species that differ by H+ is called a conjugate pair. For the base F-, HF is its
conjugate acid. For the acid H3O+, H2O is its conjugate base.

(a) Write the formula for the conjugate base for each of the following:
HNO3 HSO4

- NH3 HPO4
2- PH4

+

(b) Write the formula for the conjugate acid for each of the following:
S2- HSO4

- Ph2S HNO3 HCOO-

(c) For each of the following reactions, identify the acids and bases.
(1)   CO3

2-(aq)   +   H2O(l)   K   HCO3
-(aq)   +   OH-(aq)

(2)   H2PO4
-(aq)  +   HS-(aq)  K   H2S(aq)   +   HPO4

2-(aq)

An amphiprotic species is one which can act as a Brønsted-Lowry acid or base.

(d) Write equations to show HS-(aq) acting as an acid and as a base.

4. Lewis Concept (15.3)

Most metal oxides are basic oxides; they react with acids.

(1) CaO(s)   +   2HCl(aq)   H   CaCl2(aq)

Most non-metal oxides are acidic oxides; they react with bases.

(2) CO2(g)   +   NaOH(aq)   H   NaHCO3(aq)

Hence the reaction of a basic oxide with an acidic oxide is an acid-base reaction although there is no
proton transfer.

(3) CaO(s)   +   CO2(g)   H   CaCO3(s)
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In the above reaction, the oxide ion donates an electron-pair to the CO2 molecule to form the
carbonate ion.

A Lewis base is an electron-pair donor and a Lewis acid is an electron-pair acceptor. In the
reaction of a Lewis acid and a Lewis base, a covalent bond is formed.

The reactions of OH- with H3O+ and of NH3 with HCl can also be seen to involve electron-pair
donation.

Another example is the reaction of BF3 with CH3OCH3 to form (CH3)2OBF3.

(a)  Identify the acid and the base in the above reaction.

5. Relative Strengths of Acids and Bases
Strong acids ionize completely in water while weak acids are only partially ionized in water. Since
acid-base reactions in water involve an acid and a base forming the conjugate base and the conjugate
acid (see Section 3,  above), we can use the direction of the reaction to compare the strengths of
acids. In the reaction below, since HI ionizes completely in water and hence  H3O+(aq) does not
react with I-(aq), we see that the forward reaction proceeds and therefore HI is a stronger acid than
H3O+ ( H3O+ is a strong acid but it is weaker than HI;  H3O+ is the strongest acid that can exist in an
aqueous solution). An acid-base reaction always proceeds to form the weaker acid.

(1) HI(aq)   +   H2O(l)   H    H3O+(aq)    +    I-(aq)

Measurements show that a 0.1 M solution of HSO4
_ is about 33% ionized;  H3O+ is therefore a

stronger acid than HSO4
-.

(2) HSO4
_(aq)   +   H2O(l)   K    H3O+(aq)   +   SO4

2-(aq)

A 0.1 M solution of HNO2 is about 7% ionized; hence HNO2 is a weaker acid than HSO4
-. Using

similar results, a table of relative acid strengths can be constructed (see Table 15.2).

We  can also view these reactions in terms of the relative strengths of the bases. In reaction 5(1),
since the reaction goes to completion (to the right), we can say that I- is a weaker base than H2O. An
acid-base reaction always proceeds to form the weaker base. We also see that the conjugate base
of a strong acid is weak and the conjugate base of a weak acid is strong [see (3), below].

(3) NH3(aq)   +   H2O(l)   K   NH4
+(aq)   +   OH-(aq)

(a) Using Table 15.2, predict the direction of the following acid-base reactions.

HS-(aq)  +  HNO2(aq)  K   H2S(aq)  +  NO2
-(aq)

NH4
+(aq)   +   F-(aq)   K   HF(aq)  +  NH3(aq)
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6. Molecular Structure and Acid Strength
Size of atom: In size, I>Br>Cl>F, and  as acids HI>HBr>HCl>HF.

Electronegativity: In general, electronegativity increases from left to right across a period in the
Periodic Table, for example F>O. As a result, as acids HF>H2O. In general, electronegativity
decreases from top to bottom in a group in the Periodic Table, for example F>Cl>Br>I. As a result,
as acids  HOCl>HOBr>HOI.

Number of oxygen atoms in oxyacids: The strength increases with the number of oxygen atoms;
HClO4>HClO3>HClO2>HClO

Not surprisingly, CH3SO3H is a strong acid (it is stronger than HNO3); it can be viewed as a
derivative of H2SO4 in which an OH is replaced by CH3.
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7. Self-Ionization of Water

H2O(l)  +  H2O(l)  K   H3O+(aq)   +   OH-(aq)

Kc =  Kc is very small; hence [H2O] remains approximately constant.
[H3O+][OH-]

[H2O]2

[H2O]2Kc = [H3O+][OH-] = constant = Kw = ionic product of water

Kw (also called the ion-product constant of water or the ionization constant of water) has a value
of 1.0 x 10-14 at 25°C and 9.6 x 10-14 at 60°C. The value of 1.0 x 10-14 will be used.

In pure water, [H3O+] = [OH-] = 1.0 x 10-7. Since strong acids and strong bases are 100% ionized in
water, [H3O+] in a solution of a strong acid is the molarity of the acid (if molarity of acid >> 1.0 x
10-7 M), and [OH-] in a solution of a strong base is the molarity of the base multiplied by the number
of hydroxide ions in the formula unit.

Example:
Q. What is [H3O+] in a 0.15 M HNO3 solution? A. 0.15 M

Q. What is [OH-] in a 0.300 M NaOH solution? A. 0.300 M

Q. What is [OH-] in 0.0100 M Ca(OH)2? A. 0.0200 M (2 x 0.0100)

(a) Calculate the [H3O+] in a solution of 0.358 g of HBr in 250 mL of solution.
(Ans. 0.0177 M)

(b) Calculate the [OH-] in a solution of 0.268 g of NaOH in 75.0 mL of solution.
(Ans. 0.0893 M)

(c) Calculate the [OH-] in a solution of 1.25 g of Ca(OH)2 in 500.0 mL of solution.
(Ans. 0.0675 M)

The presence of added H3O+ or added HO- suppresses the ionization of water (Le Chatelier’s
Principle). [H3O+][OH-] = 1.0 x 10-14  can be used to calculate [OH-] in a strong acid solution and
[H3O+] in a strong base solution.

(d) Calculate [OH-] in 1.0 x 10-3 M HNO3.  (Ans. 1.0 x 10-11 M)

(e) Calculate [OH-] in 0.0155 M HCl. (Ans. 6.45 x 10-13 M)

(f) Calculate [H3O+] in 3.0 x 10-4 M NaOH.  (Ans. 3.33 x 10-11 M)

(g) Calculate [H3O+] in 2.5 x 10-3 M Ca(OH)2. (Ans. 2.0 x 10-12 M)

A solution in which [H3O+] > [OH-] is said to be acidic, a solution in which [OH-] > [H3O+] is said
to be basic and a solution in which [H3O+] = [OH-] is said to be neutral.
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8. pH
Another way of expressing the [H3O+] is the pH which is defined as -log10[H3O+].
In a neutral solution, [H3O+] = [OH-] = 1.0 x 10-7 and pH = 7.
In an acidic solution, [H3O+] > [OH-] and [H3O+] > 1.0 x 10-7 and pH < 7.
In a basic solution, [H3O+] < [OH-] and [H3O+] < 1.0 x 10-7 and pH > 7.
Similarly, pOH = -log10[OH-] and pH + pOH = -log10Kw = 14

(a) Calculate the pH of a solution in which [H3O+] = 3.6 x 10-5 M.
(Ans. 4.44) (N.B.: 3.6 x 10-5 and pH of 4.44 both have 2 sig. figs.)

(b) Calculate the pH of a solution in which [H3O+] = 5.2 x 10-9 M. (Ans. 8.28)
N.B.: If [H3O+] is a.b x 10-c, pH is (c-1).de

(c) Calculate the pH of a solution in which [HO-] = 7.4 x 10-2 M. (Solution. pOH = 1.13,  pH = 14
- pOH = 12.87)

(d) Calculate the pH of a solution of 0.400 g of HI in 500 mL of solution. (Ans. 2.20)

(e) Calculate the pH of a solution of 0.0244 g of KOH in 750 mL of solution. (Ans.10.76)

(f) Calculate the pH of a solution of 0.0126 g of Sr(OH)2 in 250 mL of solution. (Ans. 10.92)

(g) Calculate [H3O+] for a solution of pH 5.27. (Ans. 5.4 x 10-6 M)
(Solution. [H3O+] = antilog -pH = antilog -5.27 = 5.4 x 10-6)
N.B.: antilog = 2ndF log on many calculators

(h) Calculate [H3O+] for a solution of pH 8.55. (Ans. 2.8 x 10-9 M)

(i) Calculate [HO-] for a solution of pH 9.78. (Ans. 6.0 x 10-5 M)
Solution. (1) pOH = 14 - pH = 14 - 9.78 = 4.22; [HO-] = 6.0 x 10-5 M
(2) [H3O+] = 1.66 x 10-10; [HO-] = 1.0 x 10-14/1.66 x 10-10 = 6.0 x 10-5 M

(j) Calculate the mass of HBr which must be dissolved in 50.0 mL of solution to make a pH 3.00
solution. (Ans. 0.0040 g)

(k) Calculate the mass of HCl which must be dissolved in 250.0 mL of solution to make a pH 2.50
solution. (Ans. 0.029 g)

(l) Calculate the mass of NaOH which must be dissolved in 300 mL of solution to make a pH
10.00 solution. (Ans. 0.0012 g)

(m) Calculate the mass of KOH which must be dissolved in 500 mL of solution to make a pH 11.60
solution. (Ans. 0.11 g)

(n) Calculate the mass of Sr(OH)2 which must be dissolved in 600 mL of solution to make a pH
12.00 solution. (Ans. 0.36 g)

(o) Calculate the mass of Ca(OH)2 which must be dissolved in 250 mL of solution to make a pH
10.75 solution. (Ans. 0.0052 g)
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9. Dissociation of Weak Acids 
Some common weak acids are HF, HNO2, HCN and HC2H3O2 [acetic acid, usually written as
CH3COOH - acidic H in boldface; some other acids containing the COOH group are HCOOH
(formic acid), C2H5COOH (propionic or propanoic acid), C6H5COOH (benzoic acid) and
HOCH2COOH (glycolic acid)]. The general formula of a weak acid can be written as HA. Weak
acids ionize in water as shown below.

HA     +     H2O      K      H3O+     +     A-

Kc = . But [H2O] is very large and therefore approximately constant.
[H3O+][A-]

[HA][H2O]

Hence, we can write  Kc[H2O] = Ka =
[H3O+][A-]

[HA]

Ka is called the dissociation or ionization constant. Since one H3O+ is formed from one H+, [H3O+]
= [H+] and we can write

Ka = [HA]

[H+][A-]

Determination of Ka from pH
Experimentally, Ka can be determined by making a solution of the weak acid of known molaity and
measuring its pH (the method we will use) or from the degree of ionization obtained by measurement
of electrical conductivity or colligative properties.

Example: A 0.20 M solution of glycolic acid has a pH of 2.27. Calculate Ka for glycolic acid.

Solution:  Use HA for glycolic acid.

+x

x

HA H+ A-K
(M)

Start

Change

Equilibrium

0.20 0 0

x

+x-x

0.20 - x

+

Ka = ;  but x = [H+] = antilog -pH = 5.37 x 10-3
0.20 - x

x2

0.20 - x = 0.20 - 0.005 = 0.195

Ka =  =  1.5 x 10-4
(5.37 x 10-3)2

0.195
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(a) A 0.15 M solution of chloracetic acid has a pH of 1.86. Calculate Ka for chloracetic acid.
(Ans. 1.4 x 10-3)

(b) A 0.50 M solution of the weak acid phenol has a pH of 5.13 Calculate Ka for phenol.
(Ans. 1.1 x 10-10)

Using Ka to determine pH and Degree of ionization
If Ka of a weak acid is known, the pH of a solution of known molarity can be calculated. One can
also calculate the degree of ionization (or the percent ionization) of a weak acid in a solution of
known molarity. The degree of ionization of a solution of a weak acid (or of any weak electrolyte) is
the fraction of the molecules which have reacted with water to form ions. In the example above,
consider 1.0 L of 0.20 M glycolic acid. For 0.20 moles of glycolic acid initially present, 5.37 x 10-3

mole ionized in water. Hence, the degree of ionization = 5.37 x 10-3/0.20 = 0.027 and the percent
ionization = 2.7%. The degree of ionization of a weak acid is always the [H+] divided by the
molarity of the acid.

Example: Calculate the pH, degree of ionization and percent ionization of a 0.30 M solution of
nitrous acid (HNO2). Ka for HNO2 is 4.5 x 10-4.
Solution:  Use HA for nitrous acid.

+x

x

HA H+ A-K
(M)

Start

Change

Equilibrium

0 0

x

+x-x

+

0.30

0.30 - x

Ka = 4.5 x 10-4 =  ≈  (to avoid a quadratic equation, assume 0.30 >> x since Ka

x2

0.30 - x
x2

0.30

is small)
x = [H+] = √0.30 x 4.5 x 10-4 = 1.16 x 10-2

pH = 1.94 degree of ionization = 1.16 x 10-2/0.30 = 0.039
percent ionization = 3.9%

The assumption that 0.30 - x ≈ 0.30 should be checked. 0.30 - x = 0.29 and therefore the error
is 0.01. The percent error is (0.01/0.29) x 100 = 3.4%. Because the pH measurements are only
accurate to two significant figures, errors of up to 5% can be tolerated. Note that percent
ionization ≈ error in the assumption.

(c) Calculate the pH, degree of ionization and percent ionization of a 0.80 M solution of nitrous
acid (HNO2). Ka for HNO2 is 4.5 x 10-4. (Ans. 1.72; 0.024; 2.4%)

Note that as the concentration increased, the [H+] increased [pH decreased], but the percent
ionization decreased.

(d) Calculate the pH, degree of ionization and percent ionization of a 0.020 M solution of HClO.
Ka for HClO is 3.5 x 10-8. (Ans. 4.58; 0.0013; 0.13%)
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10. Dissociation of Weak Bases 
Common weak bases are NH3, derivatives of NH3 such as CH3NH2 and C6H5NH2, and the anions of
weak acids [CN-, CH3COO- (acetate), F-, NO2

-, etc). Weak bases ionize in water as shown below for
NH3 and F-.

NH3     +    H2O    K    NH4
+    +    HO-

F-      +    H2O    K    HF      +    HO-

Thus, solutions of weak bases in water have an excess of HO- ions and are basic. The base-ionization
constant of the weak base, Kb, is written in the usual way.

For F-,   Kb =
[HF][HO-]

[F-]

It is easily shown that, for a conjugate pair, Kw = KaKb. Hence, knowing Ka for an acid (CH3COOH:
1.7 x 10-5) allows calculation of Kb for the conjugate base (CH3COO-: 5.9 x 10-10).

(a) Calculate the pH of a 0.40 M solution of CH3COONa. Kb for CH3COO- is 5.9 x 10-10.
(Ans. 9.19)

(b) Calculate the pH of a 0.20 M solution of KF. Kb for F- is 1.5 x 10-11.
(Ans. 8.24)

(c) Calculate the pH of a 0.60 M solution of KCN. Ka for HCN is 4.9 x 10-10.
(Ans. 11.54)

(d) Calculate the pH of a solution which contains 1.25 g of NaNO2 in 250 mL of solution. Ka for
HNO2 is 4.5 x 10-4.
(Ans. 8.10)

11. NEUTRAL, BASIC AND ACIDIC SALTS
We have seen that anions of weak acids are weak bases. We can predict whether salts are neutral,
basic or acidic by considering the cations and anions.

Cations: Group IA and IIA (except Be) cations are neutral. Others are acidic.

Anions: Anions of strong acids are neutral. Other anions are basic.

NaCl is neutral;  KNO3 is neutral;
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12. Common-Ion Effect
If an ion is added to an aqueous equilibrium involving that ion, the system will shift so as to try to
decrease the amount of that ion. This is another example of Le Chatelier’s Principle. This effect was
seen in the lab in which acetate ion was added to a solution of acetic acid. This caused the
equilibrium (below) to shift to the left, decreasing the [H+] and increasing the pH.

CH3COOH       +       H2O       K       H3O+       +         CH3COO-

13. Buffers
A mixture of a weak acid and its conjugate base is called a buffer because it contains both an acid
(HA) and a base (A-; used as the salt NaA) and therefore resists large changes in pH when small
amounts of either H+ or HO- is added (Adding 1 mL of 10 M HCl or 1 mL of 10 M NaOH to 1.0 L of
blood causes the pH to change by less than 0.1 from its normal value of 7.4. However, adding 1 mL
of 10 M HCl to 1.0 L of water causes the pH to change from 7 to 2). Since acids and bases react to
neutralize each other, this is the only mixture of an acid and a base in which reaction leads to
products identical to the reactants.

HA    +     A-      K       A-     +    HA

H+ added:  A-     +     H3O+      K       HA     +     H2O
The equilibrium above lies to the right because HA is a weak acid. Hence, most of the added H3O+ is
removed by reaction with the base A-.

HO- added: HA     +     HO-     K     A-       +        H2O
The equilibrium above lies to the right because A- is a weak base. Hence, most of the added HO- is
removed by reaction with the acid HA.

Calculating [H+] and pH of a buffer

Ka =      or  [H+] = Ka x
[H+][A-]

[HA]
[HA]
[A-]

Because HA is a weak acid and A- is a weak base, [HA] ≈ [acid] and [A-] ≈ [salt].
Therefore, [H+] (and hence pH) depends on (1) Ka,  and (2) the ratio of [acid]/[salt]. Since both acid
and salt are in the same solution, the volume term cancels and [acid]/[salt] = moles acid/moles salt.

(a) Calculate [H+] and pH of a solution containing 1.0 M CH3COOH and 1.0 M CH3COONa. Ka
for CH3COOH is 1.7 x 10-5.

Solution: [H+] = 1.7 x 10-5 x  = 1.7 x 10-51.0
1.0

pH = 4.77
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(b) Calculate the pH of the buffer made by adding 150 mL of 0.400 M CH3COONa to 200 mL of
0.600 M CH3COOH. (Ans. 4.47)

(c) Calculate the pH of the solution made by dissolving 20.5 g of CH3COOH and 17.8 g of
CH3COONa in water and diluting to 500 mL. (Ans. 4.57 )

(d) Calculate the mass of NaF that must be dissolved in 500 mL of 0.10 M HF to give a buffer of
pH 4.0. Ka for HF is 7.0 x 10-4. (Ans. 14.7 g)

(e) Calculate the volume of 0.50 M HF in which 5.0 g of NaF should be dissolved to make a pH
3.8 buffer. Ka for HF is 7.0 x 10-4. (Ans. 53.7 mL)

(f) Calculate the volume of 1.0 M NaF must be mixed with 100 mL of 0.75 M HF to make a pH
3.5 buffer. Ka for HF is 7.0 x 10-4. (Ans. 166 mL)

(g) What molarity of HF is needed if equal volumes of it and 0.80 M NaF produced a buffer of pH
3.3?  (Ans. 0.57 M)

14. Titration Curves and pH

For the titration of a weak acid with a strong base, at the end point there will be the salt of the weak
acid which is a weak base. Using the molarity and the Kb of that weak base, one can calculate [HO-]
and hence pH. At some intermediate point in the titration, there will be some unchanged weak acid
and some of its conjugate base. This mixture can be treated as a buffer (see above).

(a) For the titration of 25.0 mL of 0.10 M CH3COOH (Ka = 1.7 x 10-5; in the flask) with 0.10 M
NaOH (in the buret), calculate the pH

(1) before NaOH is added  (Ans. 2.88)

(2) at the end-point  (Ans. 8.73)

(3) after 12.5 mL of NaOH have been added  (Ans. 4.77)

(4) after 20.0 mL of NaOH have been added  (Ans. 5.37)

(5) after 6 of the NaOH needed for the titration was added (Ans. 5.25)

(6) after 98% of the NaOH needed for the titration was added (Ans. 6.46)

(7) after 30.0 mL of NaOH have been added (Ans. 11.96)
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(b) 25 mL of 0.200 M CH3COOH were titrated with 0.300 M NaOH. Ka for CH3COOH is 1.7 x
10-5. Calculate the pH

(1) at the end of the titration.  (Ans. 8.92)

(2) when 10.0 mL of NaOH have been added  (Ans. 4.92)
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(b) Calculate the pH of the buffer made by adding 150 mL of 0.400 M CH3COONa to 200 mL of
0.600 M CH3COOH. (Ans. 4.47)

(c) Calculate the pH of the solution made by dissolving 20.5 g of CH3COOH and 17.8 g of
CH3COONa in water and diluting to 500 mL. (Ans.  )

(d) Calculate the mass of NaF that must be dissolved in 500 mL of 1.0 M HF to give a buffer of
pH 4.0. Ka for HF is 7.0 x 10-4. (Ans. )

(e) Calculate the volume of 0.50 M HF in which 5.0 g of NaF should be dissolved to make a pH
3.8 buffer. Ka for HF is 7.0 x 10-4. (Ans. )

(f) Calculate the volume of 1.0 M NaF must be mixed with 0.75 M HF to make a pH 3.5 buffer.
Ka for HF is 7.0 x 10-4. (Ans. )

(g)

14. Titration Curves and pH

(a) 50 mL of 2.0 M HCOOH (formic acid) were titrated with 50 mL of 2.0 M NaOH. Calculate the
pH at the end of the titration. Ka for formic acid is 1.7 x 10-4. (Ans. )


