Chapter 14
Principles of Neutralization
Titrations

Like any titration, neutralization titrations depend on a chemical
reaction between the analyte and a standard reagent.

The point of chemical equivalence iIs indicated by a chemical
Indicator or an instrumental measurement.

The discussion here focuses on the types of standard solutions and the
chemical indicators that are used for neutralization titrations.
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Standard Solutions

The standard solutions employed in neutralization titrations are strong
acids or strong bases because these substances
with an analyte than their weaker counterparts do and thus yield

Standard solutions of acids are prepared by diluting concentrated
hydrochloric, perchloric, or sulfuric acid.

Standard solutions of bases are ordinarily prepared from solid sodium
or potassium and occasionally barium hydroxides. The concentrations
of these bases must be established by standardization.
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Acid/Base Indicators

Many substances display colors that depend on the pH of the solutions

In which they are dissolved.

An acid/base indicator i1s a weak organic acid or a weak organic base
whose undissociated form differs in color from its conjugate form.
e.g., the behavior of an acid-type indicator, HIn, is described by the

equilibrium o
HIn+H,0 ——  In"+H;0"
acid color base color Zon

The equilibrium for a base-type indicator, In, is @
In+H,O0 +—— InH* + OH- I
base color acid color 0 9

ode  Catalyst



...continued...

The equilibrium-constant expression for the dissociation of an acid-
type indicator takes the form

~[HsO " [[In" ]
~ [HIn]

d
Rearranging leads to
'Hin|
In "~
The hydronium ion concentration determines the ratio of the acid to

the conjugate base form of the indicator and thus determines the color
developed by the solution.

[H30+]: Ka
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...continued...

The human eye is not very sensitive to color differences in a solution containing a
mixture of Hin and In-, particularly when the ratio [HIn/In] is greater than about 10 or
smaller than about 0.1.

The color imparted to a solution by a typical indicator appears to the
average observer to change rapidly only within the limited
concentration ratio of approximately 10 to 0.1

The average indicator, HIn, exhibits its pure acid color when
‘Hin] 10
- —> —
In 1

and its base color when _
HIn 1

= - < —

In | 10

The color appears to be intermediate for ratios between these two
values. These ratios vary considerably from indicator to indicator.
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...continued...

For the full acid color,
[H;O0*] =10 K,

and similarly for the full base color,
[H;O0*] = 0.1 K,

To obtain the indicator pH range, we take the
negative logarithms of the two expression:

pH (acid color) = -log (10K,) = pK, + 1
pH (basic color) = -log (0.1K,) = pK, -1

Indicator pH range = pK, =1

pH

3.5

4.0

S '() I\ K’ii

6.0

Figure 14-2 Indicator color as a
function of pH (pK, = 5.0).
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TABLE 14-1

Some Important Acid/Base Indicators

Common Name Transition Range, pH pK,* Color Changet Indicator Type:
Thymol blue 1.2-2.8 1.65§ R-Y I
8.0-9.6 8.96§ Y-B
Methyl yellow 2.94.0 R-Y 2
Methyl orange 3.144 3.468 R-O 2
Bromocresol green 3.8-54 4.66§ Y-B I
Methyl red 4.2-6.3 5.00§ R-Y 2
Bromocresol purple 5.2-6.8 6.12§ Y-P 1
Bromothymol blue 6.2-7.6 7.10§ Y-B I
Phenol red 6.8-8.4 7.818 Y-R |
Cresol purple 7.6-9.2 Y-P 1
Phenolphthalein 8.3-10.0 C-R I
Thymolphthalein 9.3-10.5 C-B 1
Alizarin yellow GG 10-12 C-Y 2

*At ionic strength of 0.1.

7B = blue; C = colorless; O = orange; P = purple; R = red: Y = yellow.
(1) Acid type: HIn + H,O == H;0* + In~; (2) Base type: In + H,O == InH* + OH".

§For the reaction InH* + H,O = H;0" + In.
© 2004 Thomson - Brooks/Cole
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CALCULATING pH IN TITRATIONS OF STRONG ACIDS
AND STRONG BASES

The hydronium ions in an agueous solution of a strong acid have two
sources:

(1) the reaction of the acid with water and
(2) the dissociation of water itself.

In all but the most dilute solutions, however, the contribution from the

strong acid far exceeds that from the solvent. Thus, for a solution of

HCI with a concentration greater than about 10-° M, we can write
[H30%]= cyyq) + [H3O'] ~ €y

where [OH-] represents the contribution of hydronium ions from the

dissociation of water. An analogous relationship applies for a solution
of a strong base, such as sodium hydroxide. That is,

[OH]= Cnaon + [OH] = Caon
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Titrating a Strong Acid with a Strong Base

We will be interested here, in calculating hypothetical titration curves
of pH versus volume of titrant. Three types of calculation must be done
to construct the hypothetical titration curve for titrating a solution of a
strong acid with a strong base. Each calculation corresponds to a
distinct stage in the titration:

1. Preequivalence
2. Equivalence

3. Postequivalence

In the preequivalence stage, we compute the concentration of the acid from its
starting concentration and the amount of base that has been added.

At the equivalence point, the hydronium and hydroxide ions are present in equal
concentrations, and the hydronium ion concentration is derived directly from the ion-
product constant for water.

In the postequivalence stage, the analytical concentration of the excess base is
computed, and the hydroxide ion concentration is assumed to be equal to or a

multiple of the analytical concentration.
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...continued...

K,, = [H;0"][OH]
-log K,, = -log [H;0*][OH"]
= -log [H;0*] — log [OH"]
pK, = pH + pOH
-log 1014 = 14.00
= pH + pOH
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EXAMPLE 14-1

Generate the hypothetical titration curve for the titration of 50.00 mL. of 0.0500
M HCI with 0.1000 M NaOH.

Initial Point
Before any base is added. the solution is 0.0500 M in H;0™, and

pH = —log[H;07] = —log 0.0500 = 1.30
After Addition of 10.00 mL of Reagent
The hydronium ion concentration is decreased as a result of both reaction with

the base and dilution. So the analytical concentration of HCI is

no. mmol HCI remaining after addition of NaOH

C ——
L total volume soln

original no. mmol HCI — no. mmol NaOH added

total volume soln
~ (50.00 mL X 0.0500 M) — (10.00 mL X 0.1000 M)
5 50.00 mL + 10.00 mL
_ (2.500 mmol — 1.000 mmol)
i 60.00 mL

[H;O*] = 2.500 X 107*M
and pH = —log[H;0"] = —log (2.500 X 107?) = 1.60 Catalyst

= 2.500 X 10*M



We calculate additional points defining the curve in the region before the equiva-
lence point in the same way. The results of these calculations are shown in the
second column of Table 14-2.

After Addition of 25.00 mL of Reagent: The Equivalence Point

At the equivalence point, neither HCI nor NaOH is in excess, and so the con-
centrations of hydronium and hydroxide ions must be equal. Substituting this
equality into the ion-product constant for water yields

[Hi0"] = VK, = V1.00 X 107" = 1.00 X 10-7M
pH = —1log(1.00 X 10°7) = 7.00

After Addition of 25.10 mL of Reagent
The solution now contains an excess of NaOH, and we can write

no. mmol NaOH added — original no. mmol HCI

CNaOH =
= total volume soln

_25.10 X 0.100 — 50.00 X 0.0500

75.10
and the equilibrium concentration of hydroxide ion is

=133 X 107*M

[OH_] = CNaOH — 1.33 X IO_4M
pOH = —log (1.33 X 107%) = 3.88

and
pH = 14.00 — 3.88 = 10.12

We compute additional data defining the curve beyond the equivalence point

in the same way. The results of these computations are shown in Table 14-2. Catalyst



TABLE 14-2
Changes in pH during the Titration of a Strong Acid with a Strong Base

pH
50.00 mL of 0.0500 M HCI 50.00 mL of 0.000500 M HCI
Volume of NaOH, mL with 0.100 M NaOH with 0.00100 M NaOH

0.00 1.30 3.30

10.00 1.60 3.60
20.00 2.15 4.15
24.00 2.87 4.87
24.90 3.87 5.87
25.00 7.00 7.00
25.10 10.12 8.12
26.00 1142 0.12
30.00 11.80 9.80

© 2004 Thomson - Brooks/Cole
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FEATURE 14-1

Using the Charge-Balance Equation to Construct Titration Curves

In Example 14-1, we generated an acid/base titration curve from the reaction
stoichiometry. We can show that all points on the curve can also be calculated
from the charge-balance equation.

For the system treated in Example 14-1, the charge-balance equation is given
by

[HyO"] + [Na'] = [OH ] + [C] ]

where the sodium and chloride ion concentrations are given by

VaatnCi
[Na_..] 2l NaOH"NaOH
Vieon T Via
Vyeic
[ClI-] = HCICHCI
Vieon + Vua

We can rewrite the first equation in the form
[H;0"] = [OH™] + [CI"] — [Na™]
For volumes of NaOH short of the equivalence point, [OH™] << [CI™], so
[H;07] = [CI"] — [Na™]
and

Viciener  Vviontneon VuaaCua — VaeonCneon

[H:O7] =
: Via + Vnoon  Vua + Vaaon Via + Vaeon
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At the equivalence point, [Na™] = [Cl™] and
[H;O"] = [OH"]

[H30+] =N Kw

Beyond the equivalence point, [H;O7] << [Na™], and the original equation
rearranges to

[OH"] = [Na*] — [C]7]

Viaoontnaon  Veacua VeouCxaon — ViciChc

Vaiworn + YVua Viwon T Via Vvaor T Vi

Catalyst



The Effect of

Concentration 12.00

Titration curves for HCI with

NaOH. 10.00 |
Curve A: 50.00 mL of 0.0500 ' Phenolphthalein

M HCI with 0.1000 M NaOH.
Curve B: 50.00 mL of 0.000500 8.00
M HCI with 0.001000 M Bromothymol blue

NaOH. it]
transition range
T 6.00| e

transition range

' Bromocresol green
Choosing an transition range

Indicator 4.00

_—

ll’
_——_——

2.00

0.00
0.00 5.00 10.00 15.00 20.00 25.00 30.00
Volume of NaOH, mL
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Titrating a Strong Base with a Strong Acid

14

12

10

0
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Volume HCI, mL
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[ITRATION CURVES FOR WEAK ACIDS

Four distinctly different types of calculations are needed to derive a titration curve for
a weak acid (or a weak base):

1.

At the beginning, the solution contains only a weak acid or a weak base, and the
pH is calculated from the concentration of that solute and its dissociation
constant.

After various increments of titrant have been added (in quantities up to, but not
including, an equivalent amount), the solution consists of a series of buffers. The
pH of each buffer can be calculated from the analytical concentrations of the
conjugate base or acid and the residual concentrations of the weak acid or base.
At the equivalence point, the solution contains only the conjugate of the weak
acid or base being titrated (that is, a salt), and the pH is calculated from the
concentration of this product.

Beyond the equivalence point, the excess of strong acid or base titrant represses
the acidic or basic character of the reaction product to such an extent that the pH
IS governed largely by the concentration of the excess titrant.
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EXAMPLE 14-3

Generate a curve for the titration of 50.00 mL of 0.1000 M acetic acid with
0.1000 M sodium hydroxide.

Initial pH
First, we must calculate the pH of a 0.1000 M solution of HOAc using Equation
9-22.

[H:0*] = VK,crose = V1.75 X 1075 X 0.100 = 1.32 X 1073 M
pH = —log (1.32 X 107%) = 2.88
pH after Addition of 5.00 mL of Reagent

A buffer solution consisting of NaOAc and HOAc has now been produced. The
analytical concentrations of the two constituents are

50.00 mL X 0.100M — 5.00 mL X 0.100M _ 4.500

% L — e i \,
CHOA: 60.00 mL 60.00
~_500mL X 0.100M _ 0.500
ENaOAe 60.00 mL 60.00

Note that the total volume of solution
Now for the 5.00-mL volume, we substitute the concentrations of HOAc and | IS present in both numerator and

OAc™ into the dissociation-constant expression for acetic acid and obtain denominator and thus cancels in the
) .\ .

_ L0 IOstan) <orsens cimilar to ths provide points on the

= T = 1.75 similar to this provide points on the

) , curve throughout the buffer region.
[H;0"] = 1.58 X 10 M Data from these calculations are
pH = 3.80 presented in column @agfivRdble 14-3.




TABLE 14-3
Changes in pH during the Titration of a Weak Acid with a Strong Base

pH
50.00 mL of 0.1000 M HOAc 50.00 mL of 0.001000 M HOAc
Volume of NaOH, mL with 0.1000 M NaOH with 0.001000 M NaOH

0.00 2.88 391
10.00 4.16 4.30
25.00 4.76 4.80
40.00 5.36 5.38
49.00 6.45 6.46
49.90 7.46 747
50.00 8.73 7.73
50.10 10.00 3.09
51.00 11.00 9.00
60.00 11.96 9.96
70.00 12.22 10.25
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pH after Addition of 25.00 mL of Reagent
As in the previous calculation, the analytical concentrations of the two con-
stituents are

50.00 mL X 0.100M — 25.00 mL X 0.100M _ 2.500

CHoA 60.00 mL ~ 60.00
¢ _25.00mL X 0.100M _ 2.500
St 60.00 mL 60.00

Now for the 25.00-mL volume, we substitute the concentrations of HOAc
and OAc™ into the dissociation-constant expression for acetic acid and obtain

~ [H;07 ](2-560/60:00)
; 2.500/60:60

= [H;0*] = 1.75 X 105

pH = pK, = 4.76

At this point in the titration, both the analytical concentrations of the acid and

conjugate base as well as the total volume of solution cancel in the expression
for [H;O™].
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Equivalence Point pH

At the equivalence point, all the acetic acid has been converted to sodium
acetate. The solution is therefore similar to one formed by dissolving that salt in
water, and the pH calculation is identical to that shown in Example 9-10 (page
250) for a weak base. In the present example, the NaOAc concentration is
0.0500 M. Thus,

OAc™+ H,0 = HOAc + OH™
[OH™] = [HOAc]
[OAc™] = 0.0500 — [OH"] = 0.0500

Substituting in the base dissociation-constant expression for OAc™ gives

[OH=12 K, 1.00 x10™¢
_— = = 9. > 4 —-10
0.0500 K 1.75 X 1073 T

[OH"] = V0.0500 X 5.71 X 10~ = 534 X 10-M
pH = 14.00 — (—log 5.34 X 10~%) = 8.73
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pH after Addition of 50.01 mL of Base

After the addition of 50.01 mL of NaOH, both the excess base and the acetate
ion are sources of hydroxide ion. The contribution from the acetate ion is small,
however, because the excess of strong base represses the reaction of acetate with
water. This fact becomes evident when we consider that the hydroxide ion con-
centration is only 5.35 X 107° at the equivalence point; once a tiny excess of

strong base is added, the contribution from the reaction of the acetate is even
smaller. We then have

50.01 mL X 0.1000 M — 50.00 mL X 0.1000 M
100.01 mL

[OH™] = cngon =
=1.00 X 10°M
pH = 14.00 — [—log (1.00 X 1073)] = 9.00

Note that the titration curve for a weak acid with a strong base is identical to that for
astrong acid with a strong base in the region slightly beyond the equivalence point.
Table 14-3 and Figure 14-5 compare the pH values calculated in this example

with a more dilute titration. The effect of concentration is discussed in Section
14C-1.
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« The analytical concentrations of acid and conjugate base are
Identical when an acid has been half neutralized.

« the buffer capacities of each of the solutions are at a maximum at
this point. These points are often called the half-titration points.

» At the half-titration point in the titration of a weak acid,
[H30*] = Ka or
PH = pKa

» At the half-titration point in the titration of a weak base,
[OH] = Kb or
POH = pKb

FEATURE 14-3

Determining Dissociation Constants for Weak Acids and Bases

The dissociation constants of weak acids or weak bases are often determined by ‘

monitoring the pH of the solution while the acid or base is being titrated. A pH |

| meter with a glass pH electrode (see Section 21D-3) is used for the measure-

ments. For an acid, the measured pH when the acid is exactly half neutralized is

numerically equal to pK,. For a weak base, the pH at half titration must be con- |

verted to pOH, which is then equal to pK;,. | Catalyst




The Effect of Concentration

» Note that the initial pH values are higher and the
equivalence-point pH is lower for the more dilute solution
(curve B).

« At intermediate titrant volumes, however, the pH values
differ only slightly because of the buffering action

» The pH of buffers is largely independent of dilution.
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Choosing an Indicator: The
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The Effect of Reaction Completeness

The pH change in the equivalence-point region becomes smaller as the acid becomes
weaker-that is, as the reaction between the acid and the base becomes less complete.

12.0

10.0

8.0

6.0

4.0

2.0

0 10 20

\

K,=107°

.

K,=10"*
/Ka =102

Strong acid

30 40 50
Volume of 0.1000 M NaOH, mL

© 2004 Thomson - Brooks/Cole

Phenolphthalein
transition range

Bromothymol blue
transition range

Bromocresol green
transition range

60
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TITRATION CURVES FOR WEAK BASES

Strong base

\ Ky, =107

12.0

10.0 .

Phenolphthalein

- K, =10 transition range
' 2 Bromothymol blue

= 6.0 K, =10~ transition range
Bromocresol green

4.0 transition range

2.0

0 10 20 30 40 50 60
Volume of 0.1000 M HCI, mL
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EXAMPLE 14-4

A 50.00-mL aliquot of 0.0500 M NaCN is titrated with 0.1000 M HCL. The
reaction is

CN- + H;0* = HCN + H,0

Calculate the pH after the addition of (a) 0.00. (b) 10.00, (c) 25.00, and (d)
26.00 mL of acid.

(a) 0.00 mL of Reagent
The pH of a solution of NaCN can be derived by the method shown in Example
9-10, page 250:

CN~ + H,0 = HCN + OH-

_IOH"J[HCN] _ K, _ 1.00 X 10~"
[CN™] K 62x 107
[OH™] = [HCN]

[CN"] = enaen = [OH™] = cyyen = 0.050 M

= 1.61 X 10~

)
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Substitution into the dissociation-constant expression gives, after rearrange-
ment,

[OH ] = VKycneen = V1.61 X 1075 X 0.0500 = 8.97 X 10~*
pH = 14.00 — (—log 8.97 X 107%) = 10.95

(b) 10.00 mL of Reagent
Addition of acid produces a buffer with a composition given by

50.00 X 0.0500 — 10.00 X 0.1000 _ 1.500

= = M
EHac 60.00 60.00

_ 1000 X 0.1000 _ 1.000
CHCN 60.00 60.00

These values are then substituted into the expression for the acid dissociation
constant of HCN to give [H,07] directly (see Margin Note):

6.2 X 107" X (1.000/60-66
[HO"] = I 500/(;}% e 4,13 X 10710

pH = —log(4.13 X 107'%) = 9.38
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(¢) 25.00 mL of Reagent
This volume corresponds to the equivalence point, where the principal solute
species is the weak acid HCN. Thus,

25.00 X 0.1000
oy = oo = 003333 M

Applying Equation 9-22 gives

[H:0*] = VK,cuen = V6.2 X 10710 X 0.03333 = 4.45 X 10°M
pH = —log(4.45 X 107° = 5.34
(d) 26.00 mL of Reagent

The excess of strong acid now present represses the dissociation of the HCN to
the point where its contribution to the pH is negligible. Thus,

26.00 X 0.1000 — 50.00 X 0.0500
[H30+] =CHR0 = 76.00 = 1.32 X 103*M

pH = —log(1.32 X 107%) = 2.88
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(a)

(b)

¢AV/H4,V

VNaousmL

Catalyst
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Chapter 9
BUFFER SOLUTIONS

A buffer is a mixture of a weak acid and its conjugate base or a weak
base and its conjugate acid that resists changes in pH of a solution.

Buffers are used in all types of chemistry whenever it is desirable to
maintain the pH of a solution at a constant and predetermined level

What Are the Unique Properties of Buffer Solutions?

Buffers do not maintain pH at an absolutely constant value, but
changes in pH are relatively small when small amounts of acid or base
are added.

<€ Buffered aspirin contains buffers to
help prevent stomach irritation from the
acidity of the carboxylic acid group in

aspirin.
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Calculating the pH of Buffer Solutions

Buffers Formed from a Weak Acid and Its Conjugate Base

A solution containing a weak acid, HA and its conjugate base
A, may be acidic, neutral, or basic, depending on the position

of two competitive equilibria:

[H:0" JJA"]
T [HA]

HA + H,0 — H,0* + A"

A +H,0 — OH +HA i
Kb_gg_[OH [HA]
CKa  [AT]

If the first equilibrium lies farther to the right than the second,
the solution Is acidic. If the second equilibrium is more

favorable, the solution is basic.
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The pH of a solution containing both an acid, HA, and its conjugate
base, A~

HA+H,0 =— H,0"+A
A-+H,0 <—= OH +HA

An examination of the two equilibriareveals that the first reaction decreases the concentration
of HA by an amount equal to [H;0"], whereas the second increases the HA concentration by an
amount equal to [OH]

[HA] = Cyu - [H;0°] + [OH]

[A]] = Cy. + [H;07] - [OH]
The difference in concentration between these two species 1s usually so small relative to the
molar concentrations of acid and conjugate base

[HA] ~ CHA and [A-] ~ CA-

[H;0*] =K, 2 mm) —log[H;0*] = —logK, — log
A_

A Che

pH = pK, + logi
CHa
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EXAMPLE 9-11

What is the pH of a solution that is 0.400 M in formic acid and 1.00 M in

sodium formate?
The pH of this solution will be affected by the K, of formic acid and the K;
of formate ion.

HCOOH + H,0 = H;0" + HCOO™ .= 1.80 X 1074

Kw
HCOO™ + H,O =HCOOH + OH" K, = X 5.56 X 10~ !

Since the K, for formic acid is orders of magnitude larger than the K, for for-
mate, the solution will be acidic and K, will determine the H;O™ concentration.
We can thus write

K = D JTHOSR VI 1.80 X 1074
B [HCOOH )

[HCOO—] = CHCOO- — 1.00M
[HCOOH] = CHCOOH — 0.400 M

Substitution into Equation 9-29 gives, with rearrangement,

0.4
[H;0%] = 1.80 X 107* X % =720 % 1075M

Note that the assumption that [H;07] << ¢ycoon and that [H30™] << ¢yeoo- 18
valid. Thus,

pH = —log (7.20 X 107°) = 4.14
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Properties of Buffer Solutions

The Effect of Dilution
The pH of a buffer solution remains essentially

Independent of dilution until the concentrations of the = |

species it contains are decreased to the point where the
approximations used to develop equations [HA] = C A
and [A'] = C,_become invalid

The Effect of Added Acids and Bases

Resistance to pH change after addition of small amounts
of strong acids or bases.(Ex. 9-13)

10 102 1072 107

Concentration of reagents, M

Catalyst
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EXAMPLE 9-13

Calculate the pH change that takes place when a 100-mL portion of (a) 0.0500
M NaOH and (b) 0.0500 M HCl is added to 400 mL of the buffer solution that
was described in Example 9-12. [0.200 M in NH; and 0.300 M in NH,CL.

(a) Addition of NaOH converts part of the NHj in the buffer to NH;:
NHI O = NH; 25 Hzo
The analytical concentrations of NH; and NH,CI then become

400 X 0.200 + 100 X 0.0500  85.0
*SHy 500 500

=0.170M

400 X 0.300 — 100 X 0.0500 115
CNH,C1 = 500 = 500

= 0230 M

When substituted into the acid dissociation-constant expression for NHj,
these values yield

[H;0%] = 5.70 X 10710 X Sl =771 X 1071M
: 0.170

pH = —log 7.71 X 1071* = 9.11]
and the change in pH is

ApH=9.11 —9.07 = 0.04 Catalyst



Buffer Capacity (f)

A solution containing a conjugate acid/base pair possesses
remarkable resistance to changes in pH. The ability of a buffer to
prevent a significant change in pH is directly related to the total
concentration of the buffering species as well as to their concentration
ratio.

The buffer capacity (#) of a solution is defined as the number of
moles of a strong acid or a strong base that causes 1.00 L of the buffer
to undergo a 1.00 unit change in pH.

ey, dc,

“dpH  dpH

The capacity of a buffer depends not only on the total concentration of
the two buffer components but also on their concentration ratio. Buffer
capacity falls off moderately rapidly as the concentration ratio of acid
to conjugate base departs from unity.

B
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The pKa of the acid chosen for a
given application should lie
within: £1 unit of the desired pH
for the buffer to have a reasonable
capacity.

Buffer capacity

-1.2 -0.8 -04 0 04 038 1.2

CHA

© 2004 Thomson - Brooks/Cole
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Preparing Buffers

In principle, a buffer solution of any desired pH can be prepared by
combining calculated quantities of a suitable conjugate acid/base
pair. In practice, however the pH values of buffers prepared from
theoretically generated recipes differ from the predicted values. We
prepare buffers by making up a solution of approximately the
desired pH and then adjust by adding acid or conjugate base until
the required pH is indicated by a pH meter.

Buffers are of tremendous importance in biological and
biochemical studies where a low but constant concentration of
hydronium ions (10® to 10-1° M) must be maintained throughout
experiments.
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Chapter 15
Titration Curves for Complex

Acid/Base Systems

In this chapter; we describe methods for calculating titration curves for complex acid/base
systems. For the purpose of this discussion, complex systems are defined as solutions made
up of

(1) two acids or two bases of different strengths,

(2) an acid or a base that has two or more acidic or basic functional groups, or

(3) an amphiprotic substance, which is capable of acting as both an acid and a base.

Equations for more than one equilibrium are required to describe the characteristics of any
of these systems.
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MIXTURES OF STRONG AND WEAK
ACIDS OR STRONG AND WEAK BASES

e Strong acid and a weak acid (or a strong base and
a weak base)

— the concentrations of the two are of the same order of
magnitude and

—the K, or K, for the weak acid or base is somewhat less
than about 10

— Assume all [H,0*] = comes from strong acid

Catalyst



EXAMPLE 15-1

Calculate the pH of a mixture that is 0.1200 M in hydrochloric acid and 0.0800
M in the weak acid HA (K, = 1.00 X 10™%) during its titration with 0.1000 M
KOH. Compute results for additions of the following volumes of base: (a) 0.00
mL and (b) 5.00 mL.

(a) 0.00 mL KOH Added

The molar hydronium concentration in this mixture is equal to the concentration
of HCI plus the concentration of hydronium ions that results from dissociation
of HA and H,O. In the presence of the two acids, however, we can be certain
that the concentration of hydronium ions from the dissociation of water is
extremely small. We therefore need to take into account only the other two
sources of protons. Thus, we may write

[H:01] = eyey + [A7] = 0.1200 + [A7]

Note that [A™] is equal to the concentration of hydronium ions from the dissoci-
atuon of HA.

Now assume that the presence of the strong acid so represses the dissociation
of HA that [A™] << 0.1200 M; then

[H;O7] = 0.1200 M, and the pH is 0.92 Catalyst



To check this assumption, the provisional value for [H;O"] is substituted into
the dissociation-constant expression for HA. When this expression is
rearranged, we obtain

TR ro0xie®
[HA]  [H:0) 0.1200

=833 X 107

This expression can be rearranged to
[HA] = [A"]/(8.33 X 107%)

From the concentration of the weak acid. we can write the mass-balance
expression

cua = [HA] + [A™] = 0.0800 M
Substituting the value of [HA] from the previous equation gives

[A 1833 X 10°% + [A7] = (1.20 X 103)[A] = 0.0800 M
[AT] =6.7 X 10°° M

We see that [A~] is indeed much smaller than 0.1200 M, as assumed.“®®@"*!



(b) After Adding 5.00 mL of Base

25.00 X 0.1200 = 5.00 X 0.1000
25.00 + 5.00 = 0.0833 M

CHCl =

and we may write

[H;O7] = 0.0833 + [A~] = 0.0833 M
pH = 1.08

To determine whether our assumption is still valid, we compute [A ] as we

did in part (a), knowing that the concentration of HA is now 0.0800 X
25.00/30.00 = 0.0667, and find

[A"]=80X105M

which is still much smaller than 0.0833.
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EXAMPLE 15-2

Calculate the pH of the solution that results when 29.00 mL of 0.1000 M NaOH
is added to 25.00 mL of the solution described in Example 15-1.
Here,

25.00 X 0.1200 = 29.00 X 0.1000

Cycl = 54.00 - 1.85 X ].0‘3 M
25.00 X 0.0800
CHA — 5400 = 3.70 X 10—2 M

A provisional result based (as in the previous example) on the assumption that
[H;07] = 1.85 X 1077 yields a value of 1.90 X 1073 for [A~]. Clearly, [A™] is
no longer much smaller than [H;O™], and we must write

[H3O+J =Cycy T [A7] = 1.85 X 1073 + [A7] {15-1)
In addition, from mass-balance considerations, we know that

[HA] + [A7] = cys = 3.70 X 102 (15-2)

(contigyedds



We rearrange the acid dissociation-constant expression for HA and obtain

[H;O7][A”]
1.00 x 10~*

[HA] =

Substitution of this expression into Equation 15-2 yields

[H;O"][A7] =t "
e AT = 310600
3.70 X 1075
[A7] =

[H;0°] + 1.00 X 104
Substitution for [A~] and ¢y in Equation 15-1 yields

3.70 X 1076
[H;O0%] + 1.00 X 10~*
[H;O1)2 + (1.00 X 10~%) [H;0"] = (1.85 X 107%) [H;0"] +
1.85 X 1077 + 3.7 % 1079

[H0*] = 1.85 X 1073 +

Collecting terms gives
[H;0%]%2 — (1.75 % 1073) [H;0"] — 3.885 X 1070 — 0
Solving the quadratic equation gives

[H;0*] = 3.03 X 1073 M
pH = 2.52

Note that the contributions to the hydronium ion concentration from HCI (1.85
X 1073 M) and HA (3.03 X 107° M — 1.85 X 107 M) are of comparable
magnitude.
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assume that [A7] < < C,and [H;0*] = C
The approximation employed in Example 15-1 can be shown to
apply until most of the HCl has been neutralized by the titrant.
* the curve in this region is identical to the titration curve for a
solution of a strong acid by itself.
the presence of HA must be taken into account as the first end
point in the titration is approached
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EXAMPLE 15-2

Calculate the pH of the solution that results when 29.00 mL of 0.1000 M NaOH
is added to 25.00 mL of the solution described in Example 15-1.
Here,

25.00 X 0.1200 — 29.00 X 0.1000

CHCl = 54.00 = 1.85 X 10-3 M
25.00 X 0.0800
A~ = 370X 102 M

A provisional result based (as in the previous example) on the assumption that
[H;O7] = 1.85 X 1073 yields a value of 1.90 X 1073 for [A~]. Clearly, [A™] is
no longer much smaller than [Hy;O ], and we must write

H:O' )l =y + [A7T] =185 X 1073 + [A7] (15-1)
In addition, from mass-balance considerations, we know that

[HA] + [AT] = cys = 3.70 X 1072 (15-2)

(conRBYEY



We rearrange the acid dissociation-constant expression for HA and obtain

[(H;O"][A7]

(HAI=="T50 % 10

Substitution of this expression into Equation 15-2 yields

HO7JIA] | 1a-) =370 % 102
1.00 X 107 :
3.70 X 10°¢
[AT] =

[H;O"] + 1.00 X 107*
Substitution for [A "] and ¢y in Equation 15-1 yields

3.70 X 10°°
[H;O*] + 1.00 X 10°*
[H;OT]% + (1.00 X 107%) [H;0"] = (1.85 X 1077) [H;0*] +
1.85 %X 1077+ 3.7 X 106

[H:01] = 1.85 X 1073 +

Collecting terms gives
[H:O* 2 = (1.75 X 107 [H:07] — 3.885 X 107°= 0
Solving the quadratic equation gives

[H;0*] =303 X 10 M
pH = 2.52

Note that the contributions to the hydronium ion concentration from HCI (1.85
X 1073 M) and HA (3.03 X 107 M — 1.85 X 107* M) are of comparable

magnitude. Catalyst



The shape of the curve for a
mixture of weak and strong acids,
and hence the information
obtainable from it, depends in
large measure on the strength of
the weak acid.

Figure 15-1 Curves for the
titration of strong acid/weak acid
mixtures with 0.1000 M NaOH.
Each titration is on 25.00 mL of a
solution that is 0.1200 M in HCI
and 0.0800 M in HA.

The composition of a mixture of a
strong acid and a weak acid can
be determined by titration with
suitable indicators if the weak
acid has a dissociation constant
that lies between 10* and 108
and the concentrations of the two
acids are of the same order of
magnitude.

pH

8.0

6.0

(.0

0

10 20 30 40 50
Volume of 0.1000 M NaOH. mL

60
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POLYFUNCTIONAL ACIDS AND BASES

* Several species are encountered in analytical chemistry that
have two or more acidic or basic functional groups. Generally,
the two groups differ in strength and, as a consequence,
exhibit two or more end points in a neutralization titration.
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The Phosphoric Acid System

[H;O07 ] [H,PO; |

H.PO, + H,O0 = H,PO; + H,O* =
3PV, 2 210y 3 K. [H:PO, |
=7.11 X 1072

[H;0* ] [HPO}]

H,PO; + H,O = HPO?  + H.O* = -
2 4 2 4 3 Kaz [HQPO.;-]
=6.32 X 1078

A 2
HPOi~ + H,0 = POj + H,0* K = [H3l(l)ipg F'.(J)4 |
4

=45Xx1013

With this acid, as with other polyprotic acids
Kc71> K02> Ka3'

<4 Throughout the remainder of this
chapter, we use K. K,» to represent the
first and second dissociation constants
of acids and K,,;, Kj,» to represent the
stepwise constants for bases.

<« Generally, K,; > K,», often by a fac-
tor of 10* to 10° because of electro-
static forces. That is, the first dissocia-
tion involves separating a single
positively charged hydronium ion from
a singly charged anion. In the second
step, a hydronium ion is separated from
a doubly charged anion, a process that
requires considerably more energy.
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P A second reason that K, > K, is a
statistical one. In the first step, a proton
can be removed from two locations; in
the second step, only one can be
removed. Thus. the first dissociation is
twice as probable as the second.

(H,0* 1?[HPO3"]
[H:PO,]
=711 X 1073 X 6.32 X 1078 = 449 X 10710

KalKa’l =

H,PO, = 3H,0" + PO}

[H;O1]3[PO3"]
H;PO,
=711 X103 X 632X 108X 45X 10713=20x 102

K KoK =

Catalyst



The Carbon Dioxide Carbonic Acid System

- , [H,CO, ] , ,
COxaq) + HyO = HyCO;  Kipya = = =28 X 1073

[COs(aq) ]
I]:(_‘Ot, t ll:() pr— ll;() t llCO,

H.O* 1 [HCO;
"|-~[ 071 ] 1.5 % 104

[H,CO; ]
HCO; + H,0 = H,0" + CO}
. [H;0*][CO37]
s [HCO; |

= 4,69 X 101!

The first reaction describes the hydration of aqueous CO, to form carbonic acid. Note that
the magnitude of Khyd indicates that the concentration of CO,( aq) is much larger than the
concentration of H,CO, (that is, [H,CO,] is only about 0.3% that of [CO,(aq)]. Thus, a more

useful way of discussing the acidity of solutions of carbon dioxide is to combine 1t and 2"
Equations gives:

[H;0* ] [HCO; ]
 [COxag)]
=28 ¥ I3 X 1.5% 107
=42 X 1077
HCO; + H,0 = H;0" + CO} K, =469 % 10!

COs(ag) + 2ZH,0O = H,O" + HCO; Ka
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EXAMPLE 15-3

Calculate the pH of a solution that is 0.02500 M CO,. From mass-balance
considerations,

cco, = 0.02500 = [COx(ag)] + [H,CO;] + [HCO;] + [CO5

The small magnitude of Kj,4. K, and K; (see Equations 15-3, 15-4, and 15-5)
suggests that

([H,CO;] + [HCO3] + [CO3T]) << [COxaq)]
and we may write
[COx(ag)] = ccp. = 0.02500 M
From charge-balance considerations,
[H;O*] = [HCOs] + 2[CO%] + [OH ]
We will then assume
2(]CO% | + [OHT]) << [HCO;]
Thus,
(H;07] = [HCO5]

Substituting these approximations into Equation 15-6 leads to

M =K, =42x10"7
0.02500 LA

[H:0%] = V0.02500 X 4.2 X 1077 = 1.02 X 10°*M
pH = —log (1.02 X 107%) = 3.99

Calculated tentative values for [H,CO;), [CO3 |, and [OH ] indicate that the Catalyst
assumptions were valid.




BUFFER SOLUTIONS INVOLVING
POLYPROTIC ACIDS

* Two buffer systems can be prepared from a weak dibasic acid and
its salts. The first consists of free acid H,A and its conjugate base
NaHA, and the second makes use of the acid NaHA and its
conjugate base Na,A. The pH of the latter system is higher than that
of the former because the acid dissociation constant for HA"is
always less than that for H,A.

* only one of the equilibria is important in determining the
hydronium ion concentration of the solution.

* the dissociation of HA" to yield A%is neglected.
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EXAMPLE 15-4

Calculate the hydronium ion concentration for a buffer solution that is 2.00 M in
phosphoric acid and 1.50 M in potassium dihydrogen phosphate.
The principal equilibrium in this solution is the dissociation of H;PO,.

[H:O"] [HPO; | _

K
[H;PO, ] 5
=7:11:% 1053

H:PO; + H,O =H;0" + H,PO;

We assume that the dissociation of H,POj is negligible: that is, [HPOZ ] and
[PO3 ] << [H,PO; | and [H;PO,]. Then,

[H3PO,] = cjy 0, = 2.00 M
[H,PO; 1 = ckupo, = 1.50 M

7.11 X 1073 X 2.00
[H;0%] = %o =948 X 10°*M

We now use the equilibrium-constant expression for K> to show that [HPO;3 |
can be neglected:

H.OF | [HPO:Z Q4R ¥ 1073 HPO:~
[H, l[_4]= | ‘l=33=6.34><|0-8
[H,PO; | 1.50

[HPO3 | = 1.00 X 105 M

and our assumption is valid. Note that [PO; "] is even smaller than [HPO3 ].  Catalyst




* For a buffer prepared from NaHA and Na,A, the second
dissociation will ordinarily predominate, and the equilibrium

HA~ + H.O0 =H,A + OH

is disregarded. The concentration of H,A is negligible compared
with that of HA  or A>. The hydronium ion concentration can be
calculated from the second dissociation constant, again employing
the techniques for a simple buffer solution. To test the assumption,
we compare an estimate of the H,A concentration with the

concentrations of HA-and A%,
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EXAMPLE 15-5

Calculate the hydronium ion concentration of a buffer that is 0.0500 M in potas-
sium hydrogen phthalate (KHP) and 0.150 M in potassium phthalate (K,P).

[H;O™ ] [P*]

HP™ + H,O=H;0" + P*-
2 3 [HP-]

= Kaz = 3.9]1 X 10—6

Provided that the concentration of H,P in this solution is negligible,

[HP"] = cxup = 0.0500 M
[PZ—] = CK:P =0.150 M

3.91 X 10-® X 0.0500
[H:0*] = e =130 X 106 M

To check the first assumption, an approximate value for [H,P] is calculated by
substituting numerical values for [H,O" ] and [HP ] into the expression for K,

(1.30 X 1075) (0.0500) :
— =-1. = G
(HLP] g = 112 X 10

[H,P] = 6 X 1075 M

This result justifies the assumption that [H,P] << [HP™] and [P>~]—that is,
that the reaction of HP™ as a base can be neglected. Catalyst




CALCULATION OF THE pH OF
SOLUTIONS OF NaHA

e Salts that have both acidic and basic properties (salts that are
amphiprotic).

— Salts are formed during neutralization titration of polyfunctional acids and
bases

1 mol of NaOH is added to a solution containing 1 mol of the acid
H,A, 1 mol of NaHA is formed. The pH of this solution is
determined by two equilibria established between HA-and water:

[H-O" 1 [A*]
[HA]
K.,  [HA"]

HA™ + H,0 = A?™ + H;0" K., -

HA~ + H,0 = H,A + OH Kya =

Catalyst



mass-balance expression.

cnana = [HAT] + [HaA] + [A?7] 3
charge-balance equation

[Na*] + [H:0*] = [HA] + 2[A?"] + [OH]

Since the sodium ion concentration is equal to the molar analytical concentration
of the salt, the last equation can be rewritten as

cnama + [H;07] = [HA™] + 2[A*7] + [OHT] 4
We now have four algebraic equations (Equations 3 and 4 and the two dissociation
constant expressions for H,A) and need one additional expression to solve for the five

unknowns. The ion-product constant for water serves this purpose:
K, = [H.O7] [OH™]
We first subtract the mass-balance equation from the charge-balance equation.
cnga + [HiO7] = [HA™] + 2[A*7] + [OH™]
cnania = [HzA] + [HAT] + [A%7]
[H;0%] = [A2"] + [OH"] — [H,A]
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We then rearrange the acid-dissociation constant expressions for H2A to obtain

[H-A] L P e [A2-] = Ko[HA™]
2 K and for HA'to give = [H.O" ]

Substituting these expressions and the expression for Kw into Equation 15-12 yields

KolHA] K, [H;O* ] [HA™]

[H,0*] = [H0*] K

4k

[H:07] =

Multiplying through by [H;0*) gives

- [H:O" ]* [HA™]
[HOF = Ko [HAT] + K,y =
al

We collect terms to obtain
. { [HA"] _ :
[H,O7]- ¥ F 1] = K,[HAT] + K,

Finally, this equation rearranges to

H.0*] = [Kp[HAT] + K,

Under most circumstances, we can make the approximation that

5

[HA™] = Cpnana
Catalyst



Introduction of this relationship into Equation 5 gives

o
E?fﬂ..lm gl A

H,0*] = £

el = ﬂ'\" I""imm-'ffm °

The approximation shown as Equation 3 requires that [HA -] be much larger than any of
the other equilibrium concentrations in Equations 3 and 4 . This assumption is not valid
for very dilute solutions of NaHA or when K, or K, /K., is relatively large.

Frequently, the ratio Cy_,/K,; is much larger than unity in the denominator of Equation 6,
and K,,Cy.ua is considerably greater than K, in the numerator. With these assumptions,

the equation simplifies to . —
[H:0'] ~ VK K,

EXAMPLE 15-7

Find the hydronium ion concentration of a 0.0100 M NaH,PO, solution.

The two dlssouauon constants of importance (those containing [H,POI )
are K,; = 7.11 X 107% and K, = 6.32 X 107%. We see that the denominator of
Equation 15-15 cannot be \nnphllul. but the numerator reduces to K¢y po.-
Thus, Equation 15-15 becomes

[ 632X 105 X 1.00 X 10~2 : .
[H:07] = 5 1.62 X 10°°M
\ 1.00 + (1.00 X 1072/(7.11 X 10 Catalyst




TITRATION CURVES FOR POLYFUNCTIONAL ACIDS

 Compounds with two or more acid ;5

functional groups yield multiple end E: Solution
. . . . . f Na,A
points in a titration provided that e s ‘

i i 10.00 S F: Solution
the functional groups differ ) D: Buffer solution | of NaOH
sufficiently in strength as acids. of HA™ and A°

)
8.00 — I

* Figure 15-2 Titration of 20.00 mL of
0.1000 M H,A with 0.1000 M NaOH.

=  0.00 —
— ForH,A, K,;=1.00X10%and =
B: Buffer solution
Ka2 =1.00 X 107. The method of HLA and HA
. . T A {': Solution of NaHA
of pH calculation is shown for so0
several points and regions on |
the titration curve.
2.00 1=
“A: Weak acid with
K,=1.00x10"
0.00 l I |2
(.0 1 0).0) 20.0 30.0 400.0 50.0

Volume of 0,100 M NaOH Gatalyst



EXAMPLE 15-9

Construct a curve for the titration of 25.00 mL of 0.1000 M maleic acid,
HOOC—CH=—=CH-—COOH, with 0.1000 M NaOH.
Symbolizing the acid as H,M, we can write the two dissociation equilibria as

H,M + H,0 = H;0" + HM~ K,y =13%X1072
HM~ 4+ H,O0 =H,0" + M*~ Kpo=59X%X 1077
Because the ratio K,,/K » is large (2 X 10%), we proceed as just described.

Initial pH
Only the first dissociation makes an appreciable contribution to [H;07]; thus,

[H;07] = [HM™]
Mass balance requires that
CHI"“ o ngM] + [HM_I = 0.1000 M

or

[HoM] = 0.1000 — [HM ] = 0.1000 — [H:0"] Catalyst



Substituting these relationships into the expression for K, gives

[H:O™]*

K,=13%10"2=
" 0.1000 — [H:0" ]

Rearranging yields
HO"PP + 13 X 1072 [H;0*] - 13X 1073 =0

Because K, for maleic acid is large, we must solve the quadratic equation
exactly or by successive approximations. When we do so, we obtain

[H:0%] = 3.01 X 102 M
pH =2 — log 3.01 = 1.52
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First Buffer Region

The addition of 5.00 mL of base results in the formation of a buffer consisting of
the weak acid H,M and its conjugate base HM . To the extent that dissociation
of HM™ to give M? is negligible, the solution can be treated as a simple buffer
system. Thus, applying Equations 9-27 and 9-28 (page 252) gives

5.00 X 0.1000

Cnapiv = [HM ] = 30.00 =167X10*M
25.00 X 0.1 - 5.00 X 0.
ey = [HM] = 20 X0 00;)0 005 LLLAULL =6.67 X 1072 M

Substitution of these values into the equilibrium-constant expression for K,
yields a tentative value of 5.2 X 1072 M for [H;07]. It is clear, however, that the
approximation [HyO™] <<<< ¢y or ey~ is not valid; therefore, Equations 9-25
and 9-26 must be used, and

[HM™] = 1.67 X 1072 + [H;O*] = [OH "]
[HM] = 6.67 X 1072 — [H;0"] + [OH"]
Because the solution is quite acidic, the approximation that [OH ] is very small

is surely justified. Substitution of these expressions into the dissociation-
constant relationship gives

[H:0*1(1.67 X 1072 + [H;07])
6.67 X 1072 — [H07 ]

=13X 10—2 = Ka|

[H:OTP + (297 X 1073 [H;07] — 867 X 1074 =0
[Hy0'] = 1.81 X 102M
pH= —log (1.81 X 10°2) = 1.74

Additional points in the first buffer region can be computed in a similar way.
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Just Prior to First Equivalence Point

Just prior to the first equivalence point, the concentration of H,M is so small that
it becomes comparable to the concentration of M?~, and the second equilibrium
must also be considered. Within approximately 0.1 mL of the first equivalence
point, we have a solution of primarily HM™ with a small amount of HsM
remaining and a small amount of M*~ formed. For example, at 24,90 mL of
NaOH added,

24.90 x 0.1000
IHM—] = CNaHM — 49 90 = 499 X ]0—2 M
25.00 X 0.1000  24.90 X 0.1000
CHM — 49.90 = 49 90 =200X 10°*M

Mass balance gives

Cum + Onaam = [HoM] + [HM™] + [M?7]
(continued)
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Charge balance gives
[H:O"] + [Na™] = [HM ] + 2[M?*"] + [OH ]

Since the solution consists primarily of the acid HM™ at the first equivalence
point, we can neglect [OH™] in the previous equation and can replace [Na™)]
with ¢xaan- After rearranging, we obtain

Exanv = [HM7] + 2[M*7] — [H;07]
Substituting this into the mass-balance expression and solving for [H,O "] gives
[HiO*] = ey + [M?7] — [HM]
If we express [M? | and [H,M] in terms of [HM | and [H;0 "], the result is

Ko[HM™]  [H0*][HM ]

+]1 = A DL T ERTEE S
[HO"] = ey + (HO | K.,

Multiplying through by [H;O*| gives, after rearrangement,

[HM™]

[H30+]2(1 + ) — ey [H307] = Ky [HM7] = 0

al

Substituting [HM "] = 4.99 X 1072, ¢y = 2.00 X 1074, and the values for K,
and K, leads to

4.838 [H;0%]2 — 2.00 X 1074 [H;0"] — 2.94 X 1078
The solution for this equation is
[H;0*]=1.014 X 10°*M  or pH=3.99
The same reasoning applies at 24.99 mL of titrant, where we find

[H;07] = 8.01 X 10°M

pH = 4.10 Catalyst



First Equivalence Point
At the first equivalence point,

25.00 x 0.1000
50.00

[HM—] = CNaMM — = 5.00 X ]0-2 M

Our simplification of the numerator in Equation 15-15 is clearly justified. On

the other hand, the second term in the denominator 1s not << 1. So,

[H:O*] = \[ancum . \/ 59 X 1077 X 5.00 X 1072
3 1 + cum /K, 1 + (5.00 X 1072)/(1.3 X 1072

=780 X 10°°M
pH = — log (7.80 X 107%) = 4.11
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Just after the First Equivalence Point

Until the second equivalence point, we can obtain the analytical concentration
of HM~ and M?~ from the titration stoichiometry. At 25.01 mL, the values are
calculated as

mmol NaHM formed — (mmol NaOH added — mmol NaHM formed)

St total volume of solution
25.00 X 0.1000 — (25.01 — 25.00) X 0.100
= = (.04997
50.01
e (mmol NaOH added — mmol NaHM formed) = {096 % 105

total volume of solution

In the region of a few tenths of a milliliter beyond the first equivalence point, the
solution is primarily HM ~ with some M2~ formed as a result of the titration. So,
the mass balance is

ot Enativ = [HoM] + [HM ] + [M27] = 0.04997 + 1.996 X 1073
= 0.049999

and the charge balance is

[H;OF] + [Na*] = [HM ] + 2[M27] 4 [OH ]
Catalyst



Again, the solution should be acidic, and so we can neglect OH™ as an impor-
tant species. The Na* concentration equals the millimoles of NaOH added
divided by the total volume, or

25.01 X 0.1000
[Na*] = 50.01 = 0.05001 M

Subtracting the mass balance from the charge balance and solving for [H;O 7] gives
[H;O0] = [M?7] — [H,M] — (0.05001 — 0.049999)
Expressing the [M?~ ] and |H,M] in terms of the predominant species HM ~ gives

KolHM™]  [H;O'][HM™]

— =3
e % 1.9996 X 10

[H;0"] =

Since [HM ™| = exan = 0.04997, we can solve for [H;07] as

[H;0'] =
—1.9996 X 1075 = V/(1.9996 X 1075 — 4 X 4.8438 X (—2.948 X 10-%)
2 X 4.8438
=740 X 10°°M
pH=4.13

(continued)
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Second Buffer Region

Further additions of base to the solution create a new buffer system consisting of
HM™ and M?". When enough base has been added that the reaction of HM ™~
with water to give OH ™~ can be neglected (a few tenths of a milliliter beyond the
first equivalence point), the pH of the mixture is readily obtained from K.
When we introduce 25.50 mL of NaOH, for example,

(25.50 — 25.00)(0.1000) _ 0.050
50.50 ©50.50

gy Lo
M=) = ey =

and the molar concentration of NaHM 1s

(25.00 X 0.1000) — (25.50 — 25.00)(0.1000)  2.45

50.50 ~50.50 M

[HM™] = cyunm =

Substituting these values into the expression for K, gives

[H.0* 1(0.050/50-50) i
— = = 59 X 1077
2.45/50:50
[H:0*] = 2.89 X 105 M

The assumption that [H;07 ] is small relative to ¢y~ and ¢ye- is valid, and pH =
4.54. Catalyst



Just Prior to Second Equivalence Point
At 49.90 mL and 49.99 mL, the ratio M*"/HM ™~ becomes large, and the simple

buffer equation no longer applies. At 49.90 mL, ¢y = 1.335 X 107* and
ey = 0.03324. The primary equilibrium is now

M2~ + H,0 = HM~ + OH"

We can write the equilibrium constant as

e Ky [OH"][HM™] [OH"]J(1.335 X 10™* + [OH"])
(i =

K [M2-] (0.03324 — [OH™])
1.00 X 10~
= =F. > -3
59 X 1077 109 5

It is easier to solve for [OH ] than for [H;O*]. This gives

[OH"T2 + (1.335 X 10~* + K,,) [OH"] — 0.03324 K, = 0
[OH ] =4.10 X 10°*M
pOH = 5.39

and
pH = 14 — 5.39 = 8.61

This same reasoning is used for 49.99 mL, which leads to [OH™] = 1.80 X 1077
M and pH = 9.26. Catalyst



Second Equivalence Point
After the addition of 50.00 mL of 0.1000 M sodium hydroxide, the solution is
0.0333 M in Na,M. Reaction of the base M2~ with water is the predominant

equilibrium in the system and the only one that we need to take into account.
Thus,

M2~ + H,0 = OH~ + HM~
[OH-][HM-] K, 1.00 X 10-% 3
T -k, soxinE ot =
[OH™] = [HM™]
[M?7] = 0.0333 — [OH"] = 0.0333 M
[OH ]2 1.00 x 10~

0.0333 59 X 107
[OH"] =238 X 107°M
pOH = — log(2.38 X 107°) = 4.62
pH = 14.00 — 4.62 = 9.38

Catalyst



pH Just Beyond the Second Equivalence Point
In the region just beyond the second equivalence point (50.01 mL, for example).
we still need to take into account the reaction of M>~ with water. The analytical

concentration of M2~ is the number of millimoles of M?>~ produced divided by
the total solution volume.

25.00 X 0.1
G- = = = 0.03333 M

The [OH ] now comes from the reaction of M2~ with water and from the excess
OH ™ added as titrant. The excess OH ~ is then the number of millimoles of
NaOH added minus the number required to reach the second equivalence point
divided by the total solution volume. Or,

50.01 — 50.00) X 0.1
excess OH™ = ( e ) = 13333 X 10°°M

[t is now relatively easy to solve for [HM ™| from Kj,,.

[M27] = cpe- — [HM™] = 0.0333 — [HM "]
[OH"] = 1.3333 X 1073 + [HM]
k, = (HM"1LOH"] _ [HM"](1.3333 X 10°% + [HM"])
(M>~] 0.03333 — [HM ]

Catalyst



The quadratic formula for [HM | 1s

[HM™)? + (1.33 X 107° + K;,;) [HM "] — 0.03333 K;,; =0
[HM ] = 1.807 X 107° M
[OH 1=1333X 107+ 1807 X 10°=314 X 10°M
pOH = 4.50 and pH = 14 — pOH = 9.50

The same reasoning applies to 50.10 mL., where the calculations give
pH = 10.14

pH Beyond the Second Equivalence Point

Further additions of sodium hydroxide repress the basic dissociation of M?".
The pH is calculated from the concentration of NaOH added in excess of that
required for the complete neutralization of H-M. Thus, when 51.00 mL of
NaOH have been added, we have 1.00 mL excess of 0.1000 M NaOH and

1.00 % 0.1000
T B — - 1. 2X -3
[OH ] 3 1.3 107" M
pOH = — Jog (1.32 X 1079

pH = 14.00 — pOH = 11.12
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TITRATION CURVES FOR POLYFUNCTIONAI BASES

K. 1.00x 10~

CO5 + H,O0=0H + HCO; Ky = = -=2.13 X 1074
| ’ : " Ko 469X 107"
HCO;5; + H,O=0H + CO-(aqg) K> = I‘(L L A L =24 X 10-°
SR TS 254 e K  Agseipt
14
12
Figure 15-5 Curve for the titration of 25.00 mL
10 of 0.1000 M Na,CO5 with 0.1000 M HCI.
8(
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4
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TITRATION CURVES FOR AMPHIPROTIC SPECIES

K. 1.00 X 107
A1

H,PO; + H.O = H;0" + HPO; K»=632X107%
H:P(): A l'l"!o — Oll - l'\,PO; K‘:; — e ——te e T -, I 4 X () 12
' BT T ik - S

HPO3 + H,O0 =H;0* + PO}~ K, =45x 10713
K, 100X 10"

HPL)_";— = 5 H:O — OH_ “+ Ilzpol k’hl = K ot 6.32 X 107"

A

Catalyst
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Chapter 17
Complexation Reactions and Titrations

Complex-formation reactions are widely used in analytical chemistry. One of the first
uses of these reagents was for titrating cations. In addition, many complexes are
colored or absorb ultraviolet radiation; the formation of these complexes is often the
basis for spectrophotometric determinations. Some complexes are sparingly soluble
and can be used in gravimetric analysis. Complexes are also widely used for
extracting cations from one solvent to another and for dissolving insoluble
precipitates. The most useful complex forming reagents are organic compounds that
contain several electron donor groups that form multiple covalent bonds with metal
lons.
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FORMING COMPLEXES

Most metal ions react with electron-pair donors to form coordination compounds or
complexes.

The donor species, or ligand is an ion or a molecule that forms a covalent bond with a
cation or a neutral metal atom by donating a pair of electrons that are then shared by
the two.

The number of covalent bonds that a cation tends to form with electron donors is its
coordination number. Typical values for coordination numbers are two, four, and
six. The species formed as a result of coordination can be electrically positive,
neutral, or negative.

A ligand that has a single donor group, such as ammonia, is called unidentate
(single-toothed), whereas one such as glycine, which has two groups available for
covalent bonding, is called bidenate. Tridentate, tetradentate, pentadentate, and
hexadentate chelating agents are also known.

Another important type of complex, a macrocycle, is formed between a metal ion
and a cyclic organic compound. The selectivity of a ligand for one metal ion over
another relates to the stability of the complexes formed. The higher the formation
constant of a metal-ligand complex, the better the selectivity of the ligand for the
metal relative to similar complexes formed with other metals.

Catalyst



NH,

I O0=C O\ /O C=0
Cu’*+2H—C—C—OH — /Cg + 2H"
I|{ (”) H,C—NH NH—CH,

Glycine

18-crown-6 dibenzo-18-crown-6 cryptand 2,2,2
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Producing Soluble Compelxes
Complexation reactions involve a metal ion M reacting with a ligand L to form a
complex ML.
M + L == ML

Complexation reactions occur in a stepwise fashion, and the reaction above is often
followed by additional reactions:

ML + L = ML,

Unidentate ligands invariably add in a series of steps. With multidentate ligands, the
maximum coordination number of the cation may be satisfied with only one or a few
added ligands.

The equilibrium constants for complex formation reactions are generally written as
formation constants.

M+ 2L = ML, M+3L = ML, M+nL+= ML,
[ ML.] [ ML3)] [ MLa]
2= = Ki1K2 3= ——— = - KiK2Ks h = = KiKa.... Kn
7= ML o=y = KKK | A I

The overall formation constants are products of the stepwise formation constants for

the individual steps leading to the product. Catalyst



Forming Insoluble Species

The addition of ligands to a metal ion may result in insoluble species, such as the
familiar nickel-dimethylglyoxime precipitate.

In many cases, the intermediate uncharged complexes in the stepwise formation
scheme may be sparingly soluble, whereas the addition of more ligand molecules
may result in soluble species. AgCI is insoluble, but addition of large excess of Cl-
produces soluble AgCl,-, AgCl;#, and AgCl,>-.

In contrast to complexation equilibria, which are most often treated as formation
reactions, solubility equilibria are usually treated as dissociation reactions

M,A(s) == xMV*(aq) + yA*(aq) Ksp = [MVPIAXP

B ];Nhere, Ksp = solubility product. Hence, for Bil,, the solubility product is written KSIO —
Bist|[1-]°.

The formation of soluble complexes can be used to control the concentration of free
metal ions in solution and thus control their reactivity.
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TITRATION WITH INORGANIC COMPLEXING AGENTS

Complexation reactions have many uses in analytical chemistry, but
their classical application is in complexometric titrations. Here, a metal
lon reacts with a suitable ligand to form a complex, and the equivalence
point iIs determined by an indicator or a suitable instrumental method.
The formation of soluble inorganic complexes is not widely used for
titration but the formation of precipitates is the basis for many
Important determinations.
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Complexation Titrations

The progress of a complexometric
titration is generally illustrated by a
titration curve, which is usually a plot of
pM= -log[M] as a function of the
volume of titrant added.

Most often in complexometric titrations
the ligand is the titrant and the metal ion
the analyte, although occasionally the
reverse is true.

Many precipitation titrations use the
metal ion as the titrant. Most simple
inorganic ligands are unidentate, which
can lead to low complex stability and
indistinct titration end points.

20

15

0

1:1

2:1

0 10 20 30 40 50 60 70 80 90
Volume of reagent added, mL
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As titrants, multidentate ligands, particularly those having four or six donor groups,
have two advantages over their unidentate counterparts. First, they generally react
more completely with cations and thus provide sharper end points. Second, they
ordinarily react with metal ions in a single-step process, whereas complex formation

with unidentate ligands usually involves two or more intermediate specieSatalyst



Precipitation Titratons (Chapter 13)

Precipitation titrimetry, which is based on reactions that yield ionic
compounds of limited solubility, Is one of the oldest analytical
techniques. The slow rate of formation of most precipitates, however,
limits the number of precipitating agents that can be used in titrations to
a handful.

The most widely used and important precipitating reagent, silver nitrate,
which is used for the determination of the halogens, the halogen-like
anions. Titrations with silver nitrate are sometimes called
argentometric titrations.
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ORGANIC COMPLEXING AGENTS
(Chapter 17)

Many different organic complexing agents have become important in
analytical chemistry because of their inherent sensitivity and potential
selectivity In reacting with metal ions. Such reagents are particularly
useful in precipitating metal and in extracting metal from one solvent
to another. The most useful organic reagents form chelate complexes
with metal ions.

Catalyst



Reagents for Precipitating Metals

One important type of reaction involving an organic complexing agent
Is that in which an insoluble, uncharged complex is formed. Usually, it
IS necessary to consider stepwise formation of soluble species in
addition to the formation of the insoluble species. Thus, a metal ion M"*
reacts with a complexing agent X- to form MX®-D+ MX, -2+ MX_ ,*,
and MX_(soln).

[ MXy]

MM +nX- = MX(soln) .= X T KiKa....Ka

MX,(solid)= MX(soln) K., =[MX]
Solubility product expression is:
Ksp = [Mn+][x-]n = Keq / ﬁn

Catalyst



Forming Soluble Complexes for Extractions

Many organic reagents are useful in converting metal ions into form
that can be readily extracted from water into an immiscible organic
phase. Extraction are widely used to separate metals of interest from
potential interfering ions and for achieving a concentrating effect by
extracting into a phase of smaller volume. Extractions are applicable to
much smaller amounts of metals than precipitations, and they avoid

problems associated with coprecipitation.
TABLE 17-2

Organic Reagents for Extracting Metals

Reagent Metal Ions Extracted Solvents
8-Hydroxyquinoline Zn*t, Cu?t,, Ni?t, AP, Water — Chloroform
many others (CHCly)
Diphenylthiocarbazone Gi™, O, Cu®, Ph*, Water — CHCls, or
(dithizone) many others CCly
Acetylacetone Fe3t, Cu?*, Zn?*, U(VI), Water — CHCl5,
many others CCly, or C¢Hg
Ammonium pyrrolidine Transition metals Water — Methyl
dithiocarbamate isobutyl ketone
Tenoyltrifluoroacetone Ca*" 8Pt Latt PP, Water — Benzene
other rare earths
Dibenzo-18-crown-6 Alkali metals, some Water — Benzene

alkaline earths

Catalyst
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Ethylenediaminetetraacetic Acid (EDTA)

Ethylenediaminetetraacetic acid [also called (ethylenedinitrilo)tetraacetic acid], which
Is commonly shortened to EDTA, is the most widely used complexometric titrant.
Fully protonated EDTA has the structure
HOOC —H,C CH,— COOH
% /
_N—CH,—CH,—N
HOOC —H,C CH, —COOH

The EDTA molecule has six potential sites for bonding a metal ion: the four carboxyl
groups and the two amino groups, each of the latter with an unshared pair of electrons.
Thus, EDTA is a hexadentate ligand.
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EDTA Is a Tetrabasic Acid

The dissociation constants for the acidic groups in EDTA are K; = 1.02 X 10, K, =
2.14 X 103, K; =6.92 X 1077, and K, = 5.50 X 10-t! . It is of interest that the first two
constants are of the same order of magnitude, which suggests that the two protons
involved dissociate from opposite ends of the long molecule. As a consequence of
their physical separation, the negative charge created by the first dissociation does not
greatly affect the removal of the second proton. The various EDTA species are often
abbreviated H,Y, H;Y-, H,Y?, HY?", and Y*-.

Reagents for EDTA Titrations

The free acid H,Y and the dihydrate of the sodium salt, Na,H,Y.2H,O, are
commercially available in reagent quality.

Under normal atmospheric conditions, the dihydrate, Na,H,Y.2H,O, contains 0.3%
moisture in excess of the stoichiometric amount. This excess is sufficiently
reproducible to permit use of a corrected weight of the salt in the direct preparation of
a standard solution. The pure dihydrate can be prepared by drying at 80°C for several
days in an atmosphere of 50% relative humidity.
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Molecular model of the H,Y zwitterion.

OOCCH, "H.C
YOCCH, " P H,COOH
*H~N~CH,~CH,~N~H"

/ ) ‘ N\
HOOCCH, CH,CO0"
(a) HY
“00CCH, % _CH,COOH

"H~N~CH,~CH.~N~H" "
7 . : \
OOCCH, CH,CO0"
(b) H,Y"
“O0CCH, % CH,CO0"
'H~N~CH,~CH.~N~H
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The Nature of EDTA Complexes with Metal lons

Solutions of EDTA are valuable as titrants because the reagent
combines with metal ions in a 1:1 ratio regardless of the charge on the
cation.

Agt+ Y4 =  AgY*

APt + Y4 —  AlY-
EDTA is a remarkable reagent not only because it forms chelates with
all cation but also because most of these chelates are sufficiently stable
for titrations. This great stability undoubtedly results from the several
complexing sites within the molecule that give rise to a cagelike

structure in which the cation is effectively surrounded and isolated from
solvent molecules.

The ability of EDTA to complex metals is responsible for its
widespread use as a preservative in foods and in biological samples.
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TABLE 17-3

Formation Constants for EDTA Complexes

Cation Kyw* log Ky;y Cation Kyy log Kyy
Agt 2.1 X 107 7.32 Cu?* 6.3 X 108 18.80
Mg?* 4.9 x 10% 8.69 Zii** 3.2 X 10'6 16.50
Ca?* 5.0 X 1010 10.70 Cd?t 2.9 X 10'6 16.46
.;rz; :z X m: 8.(7»3 Hg:: 6.3 X 10?; 21.80
a 58 %X 10 7.76 Pb 1.1 X 10 18.04
Mn2* 6.2 X 1013 13.79 APt 1.3 X 10'6 16.13
Fe?* 2.1 X 10M 14.33 Fedt 1.3 X 105 25.1
Co?* 2.0 X 106 16.31 vt 7.9 X 105 25.9
Ni2* 4.2 X 10'8 18.62 Th+ 1.6 X 108 23.2

*Constants are valid at 20°C and ionic strength of 0.1.
Data from G. Schwarzenbach, Complexometric Titrations, p. 8. London: Chapman and Hall, 1957.

@ 2004 Thomson - Brooks/Cole
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Indicators for EDTA Titrations

Indicators are organic dyes that form colored chelates with metal ions in a pM range
that is characteristic of the particular cation and dye. The complexes are often
intensely colored and are discernible to the eye at concentrations in the range of 10°
to 107 M.

Eriochrome Black T is a typical metal-ion indicator used in the titration of several
common cations.

H,O + H,In ——  HiIn> + H,0" K,=5X 10"
red blue

H,O + HIn* = In*+H,0* K,=2.8 X 1012
blue

The acids and their conjugate bases have different colors.

The metal complexes of Eriochrome Black T are generally red, as is H,In". Thus, for
metal-ion detection, it is necessary to adjust the pH to 7 or above so that the blue form
of the species, HIn?, predominates in the absence of a metal ion. Until the equivalence
point in a titration, the indicator complexes the excess metal ion so that the solution is
red. With the first slight excess of EDTA, the solution turns blue as a consequence of
the reaction

Min- + HY? <——=  HIn* + MY?#
red blue
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A ) T s = = | B > | I | I
1 |Titration of 50.00 mL 0.00500 M Ca?* with 0.0100 M EDTA at pH 10.00
2 K'csy| 1.78E+10 Initial ccg2+  0.0050
3 [Vol. Ca®™*, mL 50.00 ceota  0.0100
4 |Vol. EDTA, mL [Ca®] = [CaY’] cT pCa i
5 0.00 0.0050 230
B 5.00 3.64E-03 2.44 Lt
7 10.00 2 50E-03 260 10 =
8 15.00 1.54E-03 281
9 20.00 7 14E-04 3.15
10 24.00 1.35E-04 3.87 8
11 25.00 436E-07 | 0.003333 6.36
12 26.00 1.43E-09 0003289 0.000132 885 ,,
13 30.00 286E-10 0003125 0.000625 954 Q 6
14 35.00 1.43E-10 0.002941 0001176  9.85
15 40.00 952E-11 0.002778 0.001667  10.02 }
16 45.00 7 14E-11 | 0.002632 0.002105 10.15 4
17 50.00 571E-11 0.002500 0.002500  10.24 ,/
18 55.00 476E-11 0.002381 0.002857  10.32 |
19 60.00 408E-11 0002273 0003182 10.39 5 o
20 |Documentation
21 | Cell B6=(3B33"5E$2-A5"SE$3)/($B53+A5)
22 |Cell B11=SQRT((($B$3"$ES2)/($B$3+A11))/5B52) .
23 | Cell B12=C12/(D127$B52)
24 | Cell C11=($B$3"$E$2)/(5B$3+A11) o 20 0 40 %0 &0
25 | Cell D12=(A12*3E$3-$B$3"5E$2)/(3B53+A12) Volume EDTA, mL
26 | Cell E5=-LOG10(B5)

© 2004 Thomson - Brooks/Cole
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20.0 Kgoy- = 1.3 x 10

160 j KHng_ - 63 X 1021
’ L2l K, v2-=3.2%10'6
T Krowz-=2.1 % 10"
‘ KCaYZ- - 50 X 1012
4.0
e————————

10.0 20.0 30.0 40.0 50.0 60.0
Volume of 0.0100 M EDTA, mL
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Titration Methods Employing EDTA

Direct Titration: Many of the metals in the periodic table can be determined by
titration with standard EDTA solution. Some methods are based on indicators that
respond to the analyte itself, whereas others are based on an added metal ion.

Methods Based on Indicators for an Added metal lon: In case where a good, direct
indicator for the analyte is unavailable, a small amount of a metal ion for which a
good indicator is available can be added. The metal ion must form a complex that is
less stable than the analyte complex.

Potentionmetric Methods: Potential measurements can be used for end-point
detection in the EDTA titration of those metal ion for which specific ion electrodes are
available.

Spectrophotometric Methods: Measurement of UV/visible absorption can also be
used to determine the end points of titrations. In these cases, an instrument responds to
the color change in the titration rather than relying on a visual determination of the
end point.
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...continued...

Back-Titration Methods: Back-titrations are useful for the determination of cations
that form stable EDTA complexes and for which a satisfactory indicator is not
available; the determination of thallium is an extreme example. The method is also
useful for cations such as Cr(lll) and Co(lll) that react only slowly with EDTA. A
measured excess of standard EDTA solution is added to the analyte solution. After the
reaction is judged complete, the excess EDTA is back-titrated with a standard
magnesium or zinc ion solution to an Eriochrome Black T or Calmagite end point.

Displacement methods: In displacement titrations, an unmeasured excess of a
solution containing the magnesium or zinc complex of EDTA is introduced into the
analyte solution. If the analyte forms a more stable complex than that of magnesium or
zinc, the following displacement reaction occurs:

MgYZ- + M2+ MYZ- + Mg2+
where M?* represents the analyte cation. The liberated Mg?* or, in some cases Zn?* is

then titrated with a standard EDTA solution. Displacement titrations are used when no
indicator for an analyte is available.
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EXAMPLE 17-5

Determine the transition ranges for Eriochrome Black T in titrations of Mg**
and Ca®* at pH 10.0, given that (a) the second acid dissociation constant for the
indicator is

_ [H0" ) [In*"]

HIn?>~ + HLO=1In*" + H:O" K, . = 2.8 X 107°1%
e : : [HIn® |
(b) the formation constant for Mgln™ is
Mgin~
Mg** + In*~ = Mgln~ K; = IMEN LSS 1.0 X 107

(Mg ] [In*7]

and (c) the analogous constant for Ca®" is 2.5 X 10°.

We assume, as we did earlier (see Section 14A-1), that a detectable color
change requires a 10-fold excess of one or the other of the colored species; that
is, a detectable color change is observed when the ratio [Mgln~]/[HIn?"]
changes from 10 to 0.10. Multiplication of K, for the indicator by K; for Mgin~
gives an expression that contains this ratio:

[Mgln™ | [H,O" |
[HIn>~] [Mg**]

= 2.8 X 1072 X 1.0/ %10t =285 10

which rearranges to

[Mgin™] = _[H;0"]
[HIn>"] = 2.8 X 107*

[Mg**] =

Substitution of 1.0 X 10'° for [H;O0"] and 10 and 0.10 for the ratio yields the
range of [Mg”*] over which the color change occurs:

Mg2*]=36X10°M to 36X%X10°7M

pMg=54=*1.0

: i i Catalyst
Proceeding in the same way, we find the range for pCa to be 3.8 = 1.0.
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