Titrimetric Methods

titr imetry involves measuring the volume of a solution of known concentration that is

needed to react essentially completely with anayte

1- A standar d solution (or astandard titrant) is areagent of exactly known
concentration that isused in atitrimetric analysis.

Titration isaprocessin which a standard reagent is added to a solution of an analyte

until the reaction between the analyte and reagent is judged to be complete .
Back-titration isaprocessin which the excess of a standard solution

used to consume an analyte is determined by titration with a second standard solution.

Back-titrations are often required when the rate

reagent is slow or when the standard solution lacks stability
The eguivalence point isthe point in atitration when the amount of

added standard reagent is exactly equivalent to the amount of analyte.
The end point isthe point in atitration when a physical change

occursthat is associated with the condition of chemical equivalence
In volumetric methods, the titration error E;is given by

E =

Vep-Veq

where Vep isthe actual volume of reagent required to reach the end
point and Veq is the theoretical volume to reach the equivalence point .

13A-2 Primary Standards

A primary standard i1s a highly purified compound that serves as a reference
material in volumetric and mass titrimetric methods. The accuracy of a method is
critically dependent on the properties of this compound. Important requirements
for a pnimary standard are the following:

1.
2.
3.

4.
5.
6.

High purity. Established methods for confirming purity should be available.
Atmospheric stability.

Absence of hydrate water so that the composition of the solid does not change
with variations in humidity.

Modest cost.

Reasonable solubility in the titration medium.

Reasonably large molar mass so that the relative error associated with weighing
the standard is minimized.

of



13B | STANDARD SOLUTIONS

Standard solutions play a central role in all titrimetric methods of analysis. There-
fore, we need to consider the desirable properties for such solutions, how they are
prepared. and how their concentrations are expressed. The ideal standard solution
for a titrimetric method will

1. be sufficiently stable so that it 1s necessary to determine its concentration only once:

2. react rapidly with the analyte so that the time required between additions of
reagent is minimized:

3. react more or less completely with the analyte so that satistactory end points are

realized; and
4. undergo a selective reaction with the analyte that can be described by a bal-
anced equation.

13C-1 Some Useful Algebraic Relationships

Most volumetric calculations are based on two pairs of simple equations that are
derived from definitions of the millimole, the mole. and the molar concentration.
For the chemical species A, we may write

amount A (mmol) = S (13-1)

mass A (g)

SR MOl = molar mass A (g/mol) (15-2)

The second pair is derived from the definition of molar concentration, That is,

amount A {(mmol) = V (mL) X ¢, (mmol A/mL) (13-3)

amount A (mol) = V(L) X ¢, (mol A/L) (13-4)



where V'is the volume of the solution.

Usie: Equations 13-1 and 13-3 when volumes are measured in milliliters and
Equations 13-2 and 13-4 when the units are liters.

EXAMPLE 13-1
Describe the preparation of 2.000 L of 0.0500 M AgNO, (169.87 g/mol) from
the primary-standard—grade solid.

Since the volume is in liters, we base our calculations on the mole rather than
the millimole. Thus. to obtain the amount of AgNO; needed. we write

amount AgNO; = V(L) X ¢, np.(mol/L)

0.0500 mol Na.CO,
= 2000k X v = (0.1000 mol AgNO,

To obtain the mass of AgNO;, we rearrange Equation 13-2 to give

mol-AgiNO;

mass AgNO; = 0.1000 mol AsNO; X
= 16.98 g AgNO,

Therefore, the solution is prepared by dissolving 16.98 g of AgNO; in water and
diluting to exactly 2.000 L.

EXAMPLE 13-2

A standard 0.0100 M solution of Na™ is required to calibrate a flame photomet-
ric method to determine the element. Describe how 500 mL of this solution can
be prepared from primary standard Na,CO, (105.99 g/mL).

We wish to compute the mass of reagent required to give a species molarity
of 0.0100. Here, we will use millimoles, since the volume 1s in milliliters.
Because Na,CO5 dissociates to give two Na't ions, we can write that the number
of millimoles of Na,CO; needed is



0.0100 mmeltNa™ % I mmol Na,CO,

% = X NT
amount Na,CO; = 500 mi oF > o

= 2.50 mmol

From the definition of millimole, we write

= g NHECO
mass Na,CO; = 2.50 mmelNas€O; X 0.10599 % _ = (.265 g

&) 3

The solution is therefore prepared by dissolving 0.265 g of Na;CO; in water and
diluting to 500 mL. .

EXAMPLE 13-3

How would you prepare 50.0-mL portions of standard solutions that are 0.00500
M, 0.00200 M, and 0.00100 M in Na' from the solution in Example 13-2?

The number of millimoles of Na™ taken from the concentrated solution must
equal the number in the diluted solutions. Thus,

amount Na* from coned soln = amount Na™ in dil soln

Recall that the number of millimeles is equal to the number of millimoles per
milliliter times the number of milliliters. That is,

Veoncd X Cconca = Vi X i
where Vi.q and Vi are the volumes in milliliters of the concentrated and

diluted solutions, respectively, and ¢ .,.q and ¢g; are their molar Na* concentra-
tions. For the 0.00500-M solution, this equation rearranges to

v YaXcq _ 50.0mL X 0.00500.mmeol-Na*fmL
coned Ceoncd 0.0100 mmel-Na=/mL

= 25.0mL

Thus, to produce 50.0 mL of 0.00500 M Na ™, 25.0 mL of the concentrated solu-
tion should be diluted to exactly 50.0 mL.

Repeat the calculation for the other two molarities to confirm that diluting
10.0 and 5.00 mL of the concentrated solution to 50.0 mL produces the desired
solutions.



EXAMPLE 13-4

A 50.00-mL portion of an HCI solution required 29.71 mL of 0.01963 M

Ba(OH), to reach an end point with bromocresol green indicator. Calculate the
molarity of the HCI.

In the titration, 1 mmol of Ba(OH)- reacts with 2 mmol of HCL:
Ba(OH), + 2HCl — BaCl, + 2H,0
Thus. the stoichiometric ratio is

2 mmol HCl

stoichiometric ratio = —————————
1 mmol Ba(OH).

The number of millimoles of the standard is obtained by substituting into Equa-
tion 13-3:
mmol Ba{Dﬂ):

amount Ba(OH), = 29.71 5 001963 ————
nt Ba(UH), mL-BatOHT, -

To obtain the number of millimoles of HCIL. we multiply this result by the stoi-
chiometric ratio determined initially:

2 mmol HCl

1 mmolBatOH);

amount HCI = (29.71 X 0.01963) mmel BatOH); X

To obtain the number of millimoles of HCI per mL., we divide by the volume of
the acid. Thus.

IEQ‘TIf [3.0]_‘_963 XFEJ mmpl I-El
50.0 mL HClI

1 HCI
— 0023328 MMOLHCL _ ) 9333 M

mL HCI

Cucl =




EXAMPLE 13-5

Titration of 0.2121 g of pure Na,C,0, (134.00 g/mol) required 43.31 mL of
KMnO;. What is the molarity of the KMnO, solution? The chemical reaction is

2MnO; + 5C,07 + I6H" — 2Mn” " 4+ 10CO- + 8H,0O
From this equation, we see that

2 mmol KMnO,
5 mmol NﬂngO,;

stoichiometric ratio =

The amount of primary-standard Na,C-O, is given by Equation 13-1;

I mmol Na,C;0,

amount Na,C,0, = 0.2121 g Na-€50] X :
T 0.13400.2 NasEs0;

To obtain the number of millimoles of KMnO,, we multiply this result by the
stoichiometric ratio:

= 0.2121 . 2 mmol KMnQO,
= ——— mmel-NaC50; '
amount KMnO, 0.1340 T 5 mmel Nas€507;

The molarity is then obtained by dividing by the volume of KMnO, consummed.
Thus,

0.2121 2 KM
i x 2
i 5 Mmo nQ,

_ = 001462 M
CKMnO4 43.31 mL KMnO,




EXAMPLE 13-6

A 0.8040-g sample of an iron ore is dissolved in acid. The iron is then reduced
to Fe’* and titrated with 47.22 mL of 0.02242 M KMnOj, solution. Calculate the
results of this analysis in terms of (a) % Fe (55.847 g/mol) and (b) % Fe 0,
(231.54 g/mol). The reaction of the analyte with the reagent s described by the

equation
MnQ)j, + 5Fe’* + 8H* — Mn?* + 5Fe** + 4H.0

5 mmeol Fe’*
I mmol KMnQ,

0.02242 mmol KMnO,
amount KMnO, = 47.22 mL KMm0O; X — e

5 mmol Fe?*
1 mmel-KMnO;

(a) stoichiometric ratio =

amount Fe?! = (47.22 X 0.02242) mmeH&MIO, X

The mass of Fe>" is then given by

, FE: I
mass Fe*? = (47.22 X 0.02242 X 5).mmelFe* X 0.055847 == =
mmolFe* '

The percent Fe** is

(47.22 X 002242 X 5 X 05584T) gFe' o o
0.8040 g sample i

% Fe’t =

(b) To determine the correct stoichiometric ratio, we note that

5Fe2* = | MnO,



0.02242 mmel- KM, 9 5 mmeot-Fe
mL- KMo} | mmelKNIO,
0.05585 ¢ Fe 1
X X
mnretFe 0.8040 g sample

47.22 mL-KMO; X

X 100% = 36.77%Fe

Therefore,
5Fe;0; = 15Fe’* = 3MnO;}
and

5 mmol Fe;0,
3 mmol KMHO_g,

stoichiometric ratio =

As in part (a).

47.22 mlAMnG; X 0.02242 mmol KMnO,
amount KMnQ, = — = s

mL-KMnO;
FaO. = (1793 5 OU0 ) i e eM o MO PN
amount Fe,0, = (47. 02242 ‘
o e 7 3 mmelKvinty;
2 g Fe, O,
3V

5
(47.22 X 0.02242 X 5) X 0.23154 g Fe 0O,
% FE304 =

X 100% = 50.81%
0.8040 g sample



EXAMPLE 13-7
A 100.0-mL sample of brackish water was made ammeoniacal, and the sulfide it

contained was titrated with 16.47 mL of 0.02310 M AgNO;. The analytical
reaction 1s

2Ag" + 87— Ag,S(s)

Calculate the concentration of H-S in the water in parts per million.
At the end point

stoichiometric ratio = | mmel Hyo
2 mmol AgNO,
amount AgNO; = 16.47 mL-AgNO3 X 0.02310 mmol AgNO,
' mL-AgNO;
amount AgNO; = 16.47 mL-AegNO; X 0.02310 mmol AgNO,
amount H-S = (16.47 X 0.02310) mmol-AgNO; X I mmol H-S
- 7 2 mmel AgNO;
mass H,S = (1674? X 0.02310 X l),mma{—l-fgﬂ X 0_034302&
" 2 ' mmeHH:S
= 6.620 X 10 *g H.S
6.620 X 10 g H.S

concd HsS = — —— X 10% ppm

100.0 mlsampte X 1.000 g.-samplemerqamp‘]E

= 6.62 ppm H-S



p-function

| Equivalence
|~ point

Reagent volume

<€ Titration curves are plots of a
concentration-related variable as a
function of reagent volume,

Titrations

Principles of Neutralization

SOLUTIONS AND INDICATORS FOR

14A| ACID/BASE TITRATIONS

Like all titrations, neutralization titrations depend on a chemical reaction between
the analyte and a standard reagent. The point of chemical equivalence is indicated
by a chemical indicator or an instrumental method. The discussion here focuses on
the types of standard solutions and the chenucal indicators that are used for neu-

tralization titrations.

<« The standard reagents used in
acid/base titrations are always strong
acids or strong bases, most commonly
HCI, HCIO,, H-804, NaOH, and KOH.
Weak acids and bases are never used as
standard reagents because they react
incompletely with analytes.



14A-2 Acid/Base Indicators

Many substances, both naturally occurring and synthetic, display colors that
depend on the pH of the solutions in which they are dissolved. Some of these sub-
stances, which have been used for centuries to indicate the acidity or alkalinity of
water. are still employed as acid/base indicators.

An acid/base indicator is a weak organic acid or a weak organic base whose undis-
sociated form differs in color from its conjugate base or its conjugate acid form. For
example, the behavior of an acid-type indicator, HIn, is described by the equilibrium

Hn + HHO = In + H,0'

avid color base color
Here, internal structural changes accompany dissociation and cause the color
change (Figure 14-1). The equilibrium for a base-type indicator, In. is

In + HO = InH"* + OH

base color acid color



base color acid color

In the paragraphs that follow, we focus on the behavior of acid-type indicators. The
principles, however, can be easily extended to base-type indicators as well.
The equilibrium-constant expression for the dissociation of an acid-type indica-

tor takes the form

B [H;Q"][I_n‘] .
“7 [HIn] i)
Rearranging leads to
. _ .. |HIn]
[BA¥*] = K“[In—] (14-2)

We then see that the hydronium 1on concentration determines the ratio of the acid
to the conjugate base form of the indicator. which in turn controls the color of the
solution.

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 areater than
about 10 or smaller than about 0.1. Consequently, the color change detected by an
average observer occurs within a limited range of concentration ratios from about

C—O0OH o
=l | C’Z-O‘
““* Figure 14-1 Color change and
i molecular model for phenclphthalein.




10 to about 0.1. At greater or smaller ratios, the color appears essentially constant
to the eye and is independent of the ratio. As a result, we can write that the average
indicator, Hln, exhibits 1ts pure acid color when

[Hin] _ 10
[l ]~ 1

and its base color when

[ HIn ] -;:L
[In-] 10

The color appears to be intermediate for ratios between these two values. These
ratios vary considerably from indicator to indicator, of course. Furthermore, people
differ significantly m their ability to distinguish between colors; indeed a color-
blind person may be unable to distinguish any color change ar all.

If the two concentration ratios are substituted into Equation 14-2, the range of
hydronium ion concentrations needed to change the indicator color can be evalu-
ated. So, tor the full acid color,

[H:O"] = 10K,

and in the same way, for the full base color,
[H:0"] = 0.1K,

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

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

indicator pH range = pK, * 1 (14-3)



Titration Errors with Acid/Base Indicators

We find two types of titration errors in acid/base titrations. The first is a determi-
nate error that occurs when the pH at which the indicator changes color differs
from the pH at the equivalence point. This type of error can usually be minimized
by choosing the indicator carefully or by making a blank correction.

The second type is an indeterminate error that originates from the limited ability
of the eye to distinguish reproducibly the intermediate color of the indicator. The
magnitude of this error depends on the change in pH per milliliter of reagent at the
equivalence point, on the concentration of the indicator, and on the sensitivity of
the eye to the two indicator colors. On the average, the visual uncertainty with an
acid/base indicator is in the range of =0.5 to =1 pH unit. This uncertainty can
often be decreased to as little as 0.1 pH unit by matching the color of the solution
being titrated to that of a reference standard containing a similar amount of indica-
tor at the appropriate pH. These uncertainties are of course approximations that
vary considerably from indicator to indicator as well as from person to person,

Variables That Influence the Behavior of Indicators

The pH interval over which a given indicator exhibits a color change is influenced
by temperature, by the ionic strength of the medium, and by the presence of organic
solvents and colloidal particles. Some of these effects, particularly the last two, can
cause the transition range to shift by one or more pH units.'

The Common Acid/Base Indicators

The list of acid/base indicators is large and includes a number of organic com-
pounds. Indicators are available for almost any desired pH range. A few common
indicators and their properties are listed in Table 14-1. Note that the transition
ranges vary from 1.1 to 2.2, with the average being about 1.6 units. These indica-
tors and several more are shown along with their transition ranges in the color chart
inside the front cover of this book.



TABLE 14-1
Some Important Acid/Base Indicators

Common Name Transition Range, pH  pK,* Color Change} Indicator Typed
Thymol blue 1.2-2.8 1.65§ R-Y 1
8.0-9.6 8.96§ Y-B
Methyl yellow 2.9-4.0 R-Y 2
Methyl orange 3.1-44 3.468 R-O 2
Bromocresol green 3854 4.66§ Y-B 1
Methyl red 4.2-6.3 5.00§ R-Y 2
Bromocresol purple 5268 6.12§ F I
Bromothymol blue 6.2-7.6 7.108 Y-B 1
Phenol red 6.8 8.4 T.818 Y-R 1
Cresol purple 7.6-9.2 Y-P 1
Phenolphthalein 8.3-10.0 C-R 1
Thymolphthalein 9.3-105 C-B |
Alizarin yellow GG 10-12 C-Y 2

*At ionic strength of 0.1.

iB = blue; C = colorless; O = orange; P = purple; R = red; Y = yellow.

(1) Acid type: Hin + H,0 = H;0" + In; (2) Base type: In + H,O —= InH" + OH .
§For the reaction InH" + H,0 — H.O" + In.

TITRATION OF STRONG ACIDS AND
14B| STRONG BASES

The hydronium ions in an aqueous 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

are exceeds that from the solvent. So, for a solution of HCI with a concentration greater
10~¢ than about 107° M, we can write
uin

ac

[H;O"] = ¢y + [OH™ | = ¢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™] = epon + [HiO7 ] = enuons



14B-1 Titrating a Strong Acid with a Strong Base

We are interested here, and in the next several chapters, in calculating hypothetical
titration curves of pH versus volume of titrant. We distinguish between the curves
constructed by computing the values of pH and the experimental titration curves
observed in the laboratory. Three types of calculations must be done to construct
the hypothetical curve for titrating a solution of a strong acid with a strong base.
Each of these corresponds to a distinct stage in the titration: (1) preequivalence. (2)
equivalence, and (3) postequivalence. In the preequivalence stage. we compute the
concentration of the acid from its starting concentration and the amount of base

added. At the equivalence point. the hydronium and hydroxide ions are present in
equal concentrations, and the hydronium ion concentration is dertved directly from
the ion-product constant for water. In the postequivalence stage, the analytical con-
centration of the excess base is computed. and the hydroxide ion concentration is
assumed to be equal to or a multiple of the analytical concentration. Our approach
1s analogous to the method that we used in the silver chloride titration in Example
13-10.

A convenient way of converting hydroxide concentration to pH is to take the
negative logarithm of both sides of the ion-product constant expression for water.

Thus,
K, = [H;O"][OH"]
log K, = —log[H;O7J[OH | = — log [H;O"] — log [OH ]
pKy, = pH + pOH
—log 107" = pH + pOH = 14.00



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;O™, and

pH = —log[H;0"] = —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

{" —
A 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)
il '50.00 mL + 10.00 mL
_ (2,500 mmol — 1.000 mmol)
B 60.00 mL

[H;O"] = 2.500 X 10 °M

and pH = —log[H;0"] = —log (2.500 X 107%) = 1.60
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 1on-product constant for water yields

= 2.500 X 10*M

[H;0°] = VK, = V100X 10" =100 X 107M
pH = —log(1.00 x 10 7) = 7.00



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 HC] 50.00 mL. of 0.000500 M HCI
VYolume of NaOH, mL with 0.100 M NaOH with 0.O0G100 M NaOH

0.00 1.30 3.30

10.00 1.60 3.60
20.00 215 4.15

24.00 2.87 4.87

2490} 3.87 5.87

25.00 7.00 7.00

25.10 10.12 8.12

26.00 11.12 9.12

30.00 11.80 .80

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

Ly OH =
N total volume soln

2 X =i 5
= 25.10 U.IDDTS I_OO.U{} % 0.0500 — 133 % 104 M

and the equilibrium concentration of hydroxide ion is

[OH j = CpaOH — 1.33 X ]0_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,



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

[H;0*] + [Na*] = [OH ] + [CI7]

where the sodium and chloride ion concentrations are given by

Vi€
[Nat] = ;Ldﬂﬂ NaOH
Viaouw + Vaa
(Ci ] = VhciCuer
Vieon + Vha

We can rewrite the first equation in the form
[H:0%] =[OH"] + [CI7] — [Na"]
For volumes of NaOH short of the equivalence point, [OH] << [Cl 7], so
[H;O"] = [C1"] — [Na™]

and

Vhatua Veontrveon  VhicCao — VeouCraon

[H,0"] = -

Via + Vawon Vi + Vaeon Via t Viaon
At the equivalence point, [Na*] = [C]™] and
[H;O" | = [OH"]

[H,0*] = VK,

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




_ VmeouCneon  Vuouo  VieorCveon — VeaCha
Vhaow + Ve Vieon + Viar Viwon + Viiar

The Effect of Concentration

The effects of reagent and analyte concentrations on

: the neutralization titrati
curves for strong acids are shown by the %

two sets of data in Table 14-2. and the
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plots in Figure 14-3. Note that with 0.1 M NaOH as the titvant, the change in pH in
the equivalence-point region is large. With 0.001 M NaOH, the change 1s markedly
less but still pronounced.






