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14.10: Titration Curves

When an acid is titrated with a base, there is typically a sudden change in the pH of the solution at the equivalence point (where the
amount of titrant added equals the amount of acid originally present). If a few drops of indicator solution have been added, this
sharp increase in pH causes an abrupt change in color, which is called the endpoint of the indicator. The actual magnitude of the
jump in pH, and the pH range which it covers depend on the strength of both the acid and the base involved, and so the choice of
indicator can vary from one titration to another. To learn how to choose an appropriate indicator, we need to study in some detail
the variation of pH during a titration.

For reference as you read this section, cm? is equivalent to mL.

First we shall consider titration of a strong acid such as HCI with a strong base such as NaOH.
Suppose we place 25.00 cm3 (mL) of 0.10 M HCI solution in a flask and add 0.10 M NaOH from
a buret. The pH of the solution in the flask varies with added NaOH, as shown in Figure 1a. The
pH changes quite slowly at the start of the titration, and almost all the increase in pH takes place
in the immediate vicinity of the endpoint.

Strong acid (HCI)

The pH change during this titration is caused by the proton-transfer reaction

H30++ OH™ — H,O + H,O

pH

which occurs as hydroxide ions are added from the buret. Though hydronium ions are being
consumed by hydroxide ions in the early stages of the titration, the hydronium-ion concentration
remains in the vicinity of 10" or 1072 mol L™!. As a result, the pH remains in the range 1 to 2. As
an example of this behavior let us consider the situation halfway to the endpoint, i.e., when
exactly 12.50 cm? of 0.10 M NaOH have been added to 25.00 cm? (mL) of 0.10 M HCI in the
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b o sddaiions” flask. The amount of hydronium ion has been reduced at this point from an original 2.5 mmol to

half this value, 1.25 mmol. At the same time the volume of solution has increased from 25 cm? to
(25 + 12.50) cm® = 37.50 cm?>. Therefore, the hydronium-ion concentration is 1.25 mmol/37.50 cm?® = 0.0333 mol L™, and the
resultant pH is 1.48. Though the titration is half completed, this is not very different from the initial pH of 1.00.

The pH of the solution in the flask will only change drastically when we reach that point in the titration when only a minute
fraction of the hydronium ions remain unconsumed, i.e., as we approach the endpoint, seen on the graph. Only then will we have
reduced the hydronium-ion concentration by several powers of 10, and consequently increased the pH by several units. When 24.95
cm® of base have been added, we are only 0.05 cm® (approximately one drop) short of the endpoint. At this point 24.95 cm? x 0.10
mmol cm™ = 2.495 mmol hydroxide ions have been added. These will have consumed 2.495 mmol hydronium ions, leaving (2.5 —
2.495) mmol = 0.005 mmol hydronium ions in a volume of 49.95 cm®. The hydronium-ion concentration will now be:

0.005 1
[H;0%) = ——2%" 1,00 x 10 * mol L™
49.95 cm®
giving a pH of 4.00. Because almost all the hydronium ions have been consumed, only a small fraction (one five-hundredth)
remains and the volume of solution has nearly doubled. This reduces the hydronium-ion concentration by a factor of 1073, and the

pH increases by three units from its original value of 1.00.

When exactly 25.00 cm® of base have been added, we have reached the theoretical equivalence point, and the flask will contain 2.5
mmol of both sodium and chloride ions in 50 cm? of solution; i.e., the solution is 0.05 M NaCl. Furthermore its pH will be exactly
7.00, as seen on the graph, since neither the sodium ion nor the chloride ion exhibits any appreciable acid-base properties.

Immediately after this equivalence point the addition of further NaOH to the flask results in a sudden increase in the concentration
of hydroxide ions, since there are now virtually no hydronium ions left to consume them. Thus even one drop (0.05 cm?) of base
added to the equivalence point solution adds 0.005 mmol hydroxide ions and produces a hydroxide-ion concentration of 0.005
mmol/50.05 cm® = 1.00 x 10 mol L', The resultant pOH = 4.00, and the pH = 10.00. The addition of just two drops of base
results in a pH jump from 4.00 to 7.00 to 10.00. This rapid rise causes the indicator to change color, so the endpoint matches the
equivalence point if the indicator is chosen properly.
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Titration of a strong base with a strong acid can be handled in essentially the same way as the strong acid-strong base situation we
have just described.

v/ Example 14.10.1 : pH During Titration

Suppose that 25.00 cm? of 0.010 M KOH is titrated with 0.01 M HNOs. Find the pH of the solution in the flask (a) before any
HNOj3 is added; (b) halfway to the endpoint; (c) one drop (0.05 cm®) before the endpoint; (d) one drop after the endpoint.

Solution:

a) Since KOH is a strong base, [OH] = 0.010 = 1072, Thus pOH = 2 and pH = 14 —2 = 12 b) Halfway to the endpoint
means that half the OH™ has been consumed. The original amount of OH™ was

Nog- = VNaOH X CNaOH (14.10.1)
.01 1
— 25.00 om? x 2010 mmol (14.10.2)
1 cm?®
=0.25mmol (14.10.3)

so the amount remaining is 0.125 mmol OH™. It must have required 0.125 mmol HNOj to consume the other 0.125 mmol OH-,
and so the volume of HNOj; added is

n
Vimo, = —— (14.10.4)
CHNO,
12 1
_ _ 0.125 mmo - (14.10.5)
0.010 mmol cm™
=12.50cm® (14.10.6)
The total volume of solution is thus (12.50 + 25.00) cm? = 37.50 cm?, and
0.125 1
[OH ] = —mm; (14.10.7)
37.50 cm
=3.33 x 10~ mmol cm® (14.10.8)
=3.33 x 103 mol L ! (14.10.9)

pOH = —log (3.33 x 1073) = 2.48 and pH = 14 — 2.48 = 11.52 ¢) When 24.95cm? of HNOj solution has been added, the
amount of H30" added is

.01 1
ngo- = 24.95 cm® x m—n;m (14.10.10)
1cm
=0.2495 mmol (14.10.11)
This would consume an equal amount of OH™, and so the amount of OH™ remaining is (0.2500 — 0.2495) mmol = 0.0005
mmol. Thus
. 1
[ O] = ——oo000 HKo 3 (14.10.12)
(25.00 + 24.95) cmt
=1.0 x 107° mmol cm 3 (14.10.13)
=1.0 x 10 5 mol L ! (14.10.14)
pOH = 5.0 and pH = 9.0 d) An excess of 0.05 cm? of acid will add
0.010 1
Npg,0r =0.05 cm® x ~—— 0 (14.10.15)
1cm
=5 x 10* mmol (14.10.16)
of H30" to a neutral solution whose volume is (25.00 + 25.05)cm? = 50.05 cm®.
Thus

[Hy0*] = 210 mmol — 7 » 1075 mol I,"!

pH=5
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In this case, because the solutions were one-tenth as concentrated as in the titration of HCl with NaOH worked out in the text,
the jump in pH (from 9 to 5) at the endpoint is smaller.

Strong acid (HCIy Weak acid (CHyCOOH)

pH
o

1 1 1 L
10 o W 0 10 20 ]
Volume 0.1M NaOH sdded/era® Vohmme 0.1M NaOH added/cm®

(01 (3]

Figure 14.10.1 a. In both cases these gray areas coincide with the vertical portion of the pH curve at the endpoint very nicely.
A wide choice of indicators like this is not possible for titrations involving weak acids or bases. When 25.00 cm® of 0.10M
CH3COOH is titrated with 0.10M NaOH, for instance, there is a very much smaller change in pH at the equivalence point, as
shown in Figure 1b, and the choice of indicators is correspondingly narrowed. The behavior of the pH in this case is very different
from that of the titration of HC] with NaOH, because the acid-base reaction is different.

When CH;COOH is titrated with NaOH, the OH~ ions consume CH3;COOH molecules according to the equation:
CH3;COOH +OH™~ — CH3CO0~ + H,0O

+ @0 #.zf#).*)

As aresult, the solution in the titration flask soon becomes a buffer mixture with appreciable concentrations of the CH;COO™ ion
as well as its conjugate acid. The [H;0"] and the pH are then controlled by the ratio of acid to conjugate base (equations 2 and 3 in
the section on buffer solutions). When we are halfway to the endpoint, for example, [CH;COOH] will be essentially the same as
[CH3COO7, and

CH3;COOH
[H;07] = K, x % (14.10.17)
[CH3CO07]
~ K,=18 x 10> mol L} (14.10.18)
while the pH will be given by the Henderson-Hasselbalch equation as
[ CH;COOH |
H =pK, +log ————— 14.10.19
PR PR T8 T eH, 000 ( )
~ pK,=4.74 (14.10.20)

Comparing this to the pH of 1.78 calculated above for the halfway stage in the titration of HCI, we find a difference of roughly
three pH units. The effect of the buffering action of the CH3COOH/ CH3COO™ conjugate pair is thus to keep the pH some three
units higher than before and hence to cut the jump in pH at the endpoint by approximately this amount.
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Exactly at the equivalence point we no longer have a buffer mixture but a 0.05-M solution of sodium acetate. This solution is
slightly basic, and its pH of 8.72 can be calculated from equation 4 on the section covering the pH of weak base solutions. Beyond
this equivalence point, the story is much the same as in the strong-acid case. Addition of even a drop (0.05cm>) of excess base
raises the OH™ concentration to 10 mol L ™! and the pH to 10. Of the three indicators which could be used in the titration of HCI,
only one is useful for acetic acid. This is phenolphthalein, which changes color to the pinkish hue, as seen below, when in the pH
range 8.3 to 10.0.

Figure 14.10.1 b, the color of methyl red would start changing after only about 4 cm? of base had been added!

The titration of a weak base with a strong acid also involves a buffer solution and consequently requires a more careful choice of
indicator.

v/ Example 14.10.2 : Titration

For the titration of 25.00 cm® of 0.010 M NH3 with 0.010 M HCI, calculate the pH (a) before any acid is added; (b) after 12.50
cm? of HCI has been added; (c) at the equivalence point; (d) after 30.00 cm® of HCI has been added.

Solution:

a) Before any acid is added, we have a solution of a weak base, and equation 4 from the section on weak bases applies:

[OH| = /Ky (14.10.21)
=+/1.8 x 105 mol L™ x 1.0 x 10 2 mol L™* (14.10.22)
=4.24 x 107 mol L ™! (14.10.23)

pOH = —log (4.24 x107%) =3.37

and pH =14 —3.37 =10.63

b) Since the concentrations of base and acid are equal, 12.50 cm® of HCl is enough to consume half the NH3, converting it to
the conjugate acid NH4".

The Henderson-Hasselbalch equation may be used to obtain the pH of this buffer system, provided we use pK,(NH,").
Rearranging equation 2 from the section on acid-base pairs and pH,

pK,(NH; ) = 14 — pK;,(NH,) (14.10.24)
=14 +1log(1.8 x 1075) (14.10.25)
=14-4.74=9.26 (14.10.26)
Since [ NH; | ~ [ NH;]
pH =pK, + log [A] (14.10.27)
[HA]

= pK, + log [ NH| (14.10.28)

¢ [ NH; ] o
~pK, =9.25 (14.10.29)

c) At the equivalence point all the NH3 has been converted to NH4", and so we have a solution of NH4Cl. The volume of
solution has doubled because 25.00 cm> of HC] was added, and so cyp4+ must be half the original cnp3; that is, enpg+ = 0.0005
mol L1, K,(NH,") is obtained from Kj(NH3) using equation 1 from the section on acid-base pairs and pH:
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K,
K,(NH )= —2%__ 14.10.30
a( 4 ) Kb(NHg) ( )
1. 1074 mol? L2
_ 100 10" " mo d (14.10.31)
1.8 x 1075 mol L™
=5.56 x 107" mol L (14.10.32)
Thus
[H30"] = /Kaca (14.10.33)
=+/5.56 x 10 °mol L' x 5.0 x 103 mol L ! (14.10.34)
text =1.67 x 10 ° mol L ™! (14.10.35)
(14.10.36)
pH = —log (1.67 x107%) =5.78 (14.10.37)

d) By adding an excess 5.0 cm3 of HCl we have added a strong acid to a solution which previously contained the very weak
acid NH,*. To a first approximation, then, we consider only H;O* produced by HCL

5.0 cm® X 0.010 mol L !

[H;0*] = K, x o (14.10.38)
=9.1 x 10 * mol ™! (14.10.39)
(14.10.40)
pH = —log (1.69.17 x 10 ) = 3. .10.
H = —log (1.69.17 x 107*) = 3.04 14.10.41

The pH variation during titrations of strong and weak bases with strong acid are shown in Figure 14.10.2 In the case of the
titration of 0.010 M NH; with 0.010 M HCI, methyl red, but not phenolphthalein, would be a suitable indicator. In general the best
indicator for a given titration is the one whose pK, most nearly matches the pH calculated at the theoretical endpoint.

14

Strong base (KOH) 18 Weak base (NHg)

Theoretical endpoint — ___

| I I | |
0 10 20 30 ] 10 20 30

Volume 0.01 M HNOy added/cm® Volume 0.01 M HCI addad/cm?®
(a) (B)

Figure 14.10.2 Variation of pH during titration of strong and weak bases with strong acid: (a) 25.00 cm? of 0.010 M KOH titrated
with 0.010 M HNOs; (b) 25.00 cm3 of 0.010 M NH3 titrated with 0.010 M HCI. The pH ranges over which the indicators
phenolphthalein (pH to 10.0) and methyl red (pH 4.2 to 6.2) change color are indicated in gray.
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