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12.1 INTRODUCTION 

In Block 4 you have studied about Redox titrations and complexometric titrations. 

This is the last block of this course containing three units.  First unit deals with the 

precipitation titration and the second unit is on gravimetric titrations and in the last 

unit we introduce you to instruments used in analytical analysis. In this unit first we 

will discuss the feasibility of precipitation titrations followed by indicators for 

precipitation titration. We will also discuss titration curves in detail. Then we will 

discuss Mohr’s, Fajan's and Volhard titrations followed by application of precipitation 

titrations.  

Objectives 

After studying this unit you should be able to:  

• understand the principle of precipitation titration, 

• calculate and plot a precipitation titration curve in which a single precipitate is 

formed, 

• determine the graphic end point of a precipitation titration curve, 

• explain precipitation titration curve in which two precipitates with much 

different solubilities are formed, 

• explain how formation of a coloured precipitate can be used to determine end 

point, 
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• explain an example in which formation of a coloured complex ion can be 

employed  to indicate the end point in a precipitation titration and  

• The mode of action of adsorption indicators for precipitation titrations. 

12.2 PRECIPITATION TITRATION– AN   

INTRODUCTION 

A precipitation titration is one in which the titrant forms a precipitate with the analyte. 

Although it might appear that numerous precipitation reactions could be made the 

basis of a titration, requirements must be met that seriously limit the number. The 

basic requirements are that the reaction must be sufficiently rapid and complete, lead 

to a product of reproducible composition and of low solubility, and a method must 

exist to locate the end point. Some difficulties in meeting these requirements must be 

noted. Precipitation frequently proceeds slowly or starts after some time. Many 

precipitates show a tendency to adsorb and thereby coprecipitate the species being 

titrated or the titrant. The indicator may also be adsorbed on the precipitate formed 
during the titration and thereby be unable to function appropriately at the end point. If 

a precipitate is highly coloured, visual detection of colour change at the end point may 

be impossible, but even where a white precipitate is formed; the milky solution may 

still make location of the end point difficult. Due to these difficulties, precipitation 

titrations are not so popular in present–day routine analysis.  The major areas of 

application include the determination of silver or halides by the precipitation of the 

silver salts (argentometric titrations) and the determination of sulphate by precipitation 

as barium sulphate. 

 

In these titrations, there is an abrupt decrease in analyte concentration and increase in 

titrant concentration at the equivalence point. Therefore, a plot of log[analyte] or 

log[titrant] versus volume of the titrant added typically gives an S – shaped titration 

curve with the break at the equivalence point. The end point (experimental 

determination of the equivalence point) is found by graphical analysis of the break or 

by indicators.  

SAQ 1 

What are the difficulty occur during precipitation titration? 

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

12.3 FEASIBILITY OF PRECIPITATION TITRATIONS 

The reaction rate should be sufficiently rapid, specifically in the titration of dilute 

solutions and in the immediate vicinity of the end point; the rate of precipitation may 

be impracticably slow. To improve the rate of precipitation, it is sometimes beneficial 

to change solvents e.g., by adding alcohol or to raise the temperature. By adding an 

excess of reagent and back–titrating, it may be possible to take advantage of a more 

rapid precipitation in the reverse direction. By changing an end–point method that 

does not require equilibrium to be reached in the immediate vicinity of the end point, 

e.g., a conductometric or amperometric method, one may be able to take advantage of 

a faster reaction rate at points away from the end point. 
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Precipitation Titrations The stoichiometry must be exact. In direct titration it is not, in general, possible to take 

advantage of the beneficial effects of aging on the purity of precipitates. It is therefore, 

necessary that, under the conditions of titration, coprecipitation should be negligible. 

Coprecipitation by solid solution formation, foreign ion entrapment, and adsorption 

must be considered possible source of error. The nature of the solvent, the pH of the 

solution, the concentration of reactants, low solubilty product of the compound 

formation during the titration, the nature and concentrations of foreign substances, the 

temperature, and the order and speed of addition of reagent are all conditions that may 

be of importance in determining the exactness of stoichiometry.  

SAQ 2  

How would you improve the rate of precipitation? 

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

12.4 TITRATION CURVES 

A precipitation titration curve has the same general shape as that of a strong acid 

titrated with a strong base in the case where the precipitate has very low solubility. It 

is shaped like the curve for the titration of a weak acid with a strong base when a more 

soluble precipitate is formed. As an example of the former, consider the titration of 

100 ml of 0.01 M KI with the 0.1000 M AgNO3 titrant. The reaction is  

Ag
+
  +  

−
I   → AgI(s)                                                    

and the AgI product has a relatively low solubility product,  

Ksp = [Ag
+
] [I

–
] = 1.0 × 10

–16
                 

In 100.0 ml of 0.0100 M I
–
 there is initially 

100 ml × 0.01000 mmol/ml 

= 1.000 mmol of I
–
                                                                 

This requires the addition of 1.000 mmol of Ag
+
 to precipitate all the I

–
 , 

corresponding to a total of 10.00 ml of Ag
+
 to reach the equivalence point. 

12.4.1 Major Regions of a Precipitation Titration Curve:  

There are three major regions of the titration curve i) prior to the equivalence point, ii) 

at the equivalence point where exactly 10.00 ml of Ag+ titrant have been added, and 

iii) beyond the equivalence point where Ag+ is in excess. Initially at 0 ml added titrant, 

no Ag
+
 has been added and it is not possible to calculate a meaningful value of [Ag

+
].  

 

The addition of 1.00 ml of Ag
+ 
titrant correspond to  

(1.00 ml Ag
+
)(0. 1000 mmol/ml) = 0. 1000 mmol added Ag

+
            

 

According to above reaction (Ag
+
 + I

–
  → AgI(s)) the precipitates 0.1000 mmol of I

–
, 

leaving 0.900 mmol I
–
 in 100.0 + 1.0 = 101.0 ml of solution. The concentration of I

–
 is  

 

[I–] = 0.900 mmol/101.0 ml = 8.91 × 10 –3 M            

 

Both the unreacted KI and the slightly soluble AgI contribute to the species 

concentration of iodide ion. Thus, the equilibrium concentration of I
–
 is larger than the 
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analytical concentration of KI by an amount equal to the molar solubility of the 

precipitate. 

[I–] = 8.91 × 10 –3 + [Ag+]                                               

[I
–
] = 8.91 × 10 

–3
 + Ksp/[I

–
]                                            

Since, [Ag
+
] = Ksp/[I

–
]                                                      

The contribution of the AgI to the equilibrium iodide concentration is equal to [Ag+] 

because one silver ion is formed for each iodide ion from this source. Unless the 

concentration of KI is very small, this term can be neglected 

 

The values of [Ag
+
] and log Ag

+
 are then calculated as follows: 

[Ag
+
] = Ksp/[I

–
] = 1.00 ×10

–16
/8.91 × 10

–3
 = 1.12 × 10

–14
 M       

log [Ag
+
] = log 1.12 × 10

–14
 = –13.95, +Ag

p  = 13.95               

All the values of log[Ag
+
] or pAg prior to the equivalence point are calculated in an 

identical manner.  

At the equivalence point (exactly 10 ml of added titrant) there is no stoichiometric 

excess of either Ag+ or I–. The very low concentrations of these ions in solution come 

from the dissolution of AgI(s), and their concentrations are equal. This enables 

calculation of log [Ag
+
] as follows 

log [Ag
+
] = [I

–
] = √Ksp = 1.00 × 10

–8
 M                            

log [Ag
+
] = – 8.00, +

Ag
p  = 8.0                                  

By referring to the Table.12.1, note the tremendous jump in log [Ag+] from adding just 

0.01 ml of titrant from 9.99 ml to 10.00 ml. 

 

The rest of the values of log[Ag
+
] are determined on the basis of the presence of 

excess Ag
+
 . For example, after the addition of 11.00 ml of titrant, a total of 1.100 

mmol of Ag+ has been added, 1.000 mmol of which was precipitated by I– , leaving 

0.100 mmol of excess Ag+ in a solution having a volume of 100.0 ml + 11.00 ml = 

111.0 ml. The calculation of log[Ag
+
] is  

[Ag
+
] = 0.100 mmol/111.1 ml = 9.01 × 10

–4
 M           

The equilibrium concentration of silver ion is 

[Ag
+
] = 9.01 × 10

–4
 + [I

–
]                                     

[Ag+] = 9.01 × 10–4 + Ksp/[Ag+]                                           

Since, [I
–
] = Ksp/[Ag

+
]                                                     

Measure of Ag
+
 concentration resulting from the slight solubility of AgI; it can be 

ordinarily be neglected. Thus,   

log [Ag+] = log 9.01 × 10–4 = – 3.04, pAg = 3.04                  

Other values of log [Ag
+
] beyond the equivalence point are calculated in an identical 

manner.  

12.4.2 Plot of a Precipitation Titration Curve  

The titration curve for the titration of 100 ml of 0.0100 M KI with 0.1000 M AgNO3 

plotted from the data in Table 12.1 is shown in Fig.12.1. The equivalence point 

volume corresponds to the point half way up on the titration curve break. A vertical 



 

9

 

Precipitation Titrations line drawn from this point to the volume axis would intersect it at the equivalence 

volume of exactly 10.00 ml. This point could be determined graphically by the method 

similar to the titration of an acid with a base. Note that the break in this titration curve 

is extremely steep and the equivalence point could be readily found.  Furthermore, if 

the general shape of the titration curve is known, only three points, commonly those at 

50%, 100% and 150% titrated (5, 10 and 15 ml in Fig.12.1) are enough to produce a 

reasonable sketch of the titration curve.  
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Fig.12.1:  Curve for the titration of 100.0 ml of 0.0100 M KI with 0.1000 M AgNO3 

12.4.3 Titration of Br
–
 with Ag+ 

Consider the precipitation titrations of bromide with silver nitrate to generate AgBr of 

solubility product of Ksp = 5.2 × 10
–13

. Suppose that 100 ml of 0.0100 M KBr is 
titrated with 0.1000 M AgNO3 titrant. The calculations are exactly the same as those 

used to calculate the points in constructing the curve for the titrations of I– with the 

Ag
+
. Fig 12.2.  
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Fig.12.2:  Curve for the titration of 100.0 ml of 0.0100 M KBr with 0.1000 M AgNO3 

12.4.4 Titration of Cl
–
 with Ag+ 

Consider next a precipitation titration in which a much more soluble salt AgCl , Ksp =  

1.82 × 10
–10

 , is formed. Suppose that 100 ml of 0.01000 M KCl is titrated with 0.1000 
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M AgNO3 titrant. The calculations are exactly like those used to calculate the points 

used in constructing the curve for the titrations of I– with the Ag+.  

 

The curve for the titration of 100 ml of 0.01000 M KCl with 0.1000 M AgNO3 is 

shown in Fig.12.3. In comparison to the titration curve for I
–
 the curve Cl

– 
shows a 

much smaller, more gradual, sloping break. It may be inferred from the more distinct 

break in the I
–
 titration curve resulting from the lower solubility of AgI than AgCl that 

more dilute solutions of I– can be titrated compared to those of AgCl.  
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Fig.12.3:  Curve for the titration of 100.0 ml of 0.0100 M KCl with 0.1000 M AgNO3 

12.4.5 Titration of Iodide–Chloride Mixture with Silver Ion  

When two different ions react with the same ion of opposite charge to form two 

different salts with greatly different Ksp, the two ions give a precipitation titration 

curve with two different equivalence points, much like a mixture of strong and weak 

monoprotic acids titrated with base. This is best illustrated for a mixture of I
–
(KAgI = 

1.00.10
–16

) and Cl
–
  (KAgCl = 1.82.10

–10
) titrated with AgNO3. Consider the titration 

with 0.1000 M AgNO3 of a solution that is 0.01000 M in both I– and Cl–. Since AgI 

has a much lower solubility than AgCl, the initial reaction that occurs as Ag+ is first 

added as  

Ag
+
  + I

–
  → AgI(s)           

Initially there are 1.000 mmol of I
–
 and 1.000 mmol of Cl

–
 present, and no Cl

–
 

precipitates until 1.000 mmol of Ag+ has been added.  
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Fig.12.4:  Curve for the titration of 100.0 ml of 0.0100 M KCl and 0.0100 M KI with 

0.1000 M AgNO3 



 

11

 

Precipitation Titrations The plot of the titration curve for 100 ml of 0.01000 M I
–
, 0.01000 M Cl

–
 titrated with 

0.1000 M Ag+ is shown in Fig 12.4. A unique feature of this curve is that the first 

equivalence point comes at a "corner" (a cusp in mathematical terms) formed at the 

point where the solubility product of AgCl is exceeded. When that happens, 

precipitation of AgCl stops the steep rise in [Ag
+
]. This occurs abruptly as I

–
 is 

stoichiometrically exhausted.  

 

As shown in Fig. 12.4 the second equivalence point occurs on a conventional S–

shaped portion of the titration curve. This equivalence point, corresponding to 

stoichiometric precipitation of Cl
–
 as solid AgCl, occurs at the midpoint of the second 

break. 

12.4.6 Factors Affecting the Sharpness of End Point 

Both the magnitude and the sharpness of the end–point break influence how the 

equivalent point can be estimated. Therefore, it is important for us to examine the 

variables that can influence the shape of the titration curve. The properties of 

indicators also affect how well equivalence points can be estimated.  

 

The silver ion concentration before the equivalence point depends partly on the 

original concentration of bromide ion, while after the equivalence point it depends 

partly on its own original concentration. As a result, high concentration of analyte and 

titrant produce larger and sharper end–point break than do low concentrations. The 

effect is illustrated by the family of curves in Fig.12.5. Most of the indicators require a 

sharp, twofold or greater change in the p–value in order to function well. Fig.12.5 

suggests that 0.1 M bromide can be titrated with minimal error but when the 

concentration is 0.001 M, the break is less than two +
Ag

p  units, and although the 

titration may still be possible, the error will be large. 

12.4.7 Completeness of the Reaction 

The equilibrium constant for a reaction in which a precipitate is formed usually is just 

the reciprocal of the solubility product constant for the precipitate. For example, when 

silver nitrate is titrated with potassium thiocyanate, the net ionic reaction is  

Ag
+
  +  SCN

–
 → AgSCN(s)                                               

for which the equilibrium constant is  

Keq = 1/([Ag+][SCN–] = 1/Ksp                                                                
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Fig.12.5:   Effect of titrant and analyte concentration on the shape of the  titration curve. 

A:10.0 ml of 0.100 M KBr with 0.100 M AgNO3. B: 10.0 ml of 0.010 M KBr with 0.010 M 

AgNO3. C: 10.0 ml of 0.001 M KBr with 0.001 M AgNO3  
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A product that is very insoluble (small Ksp) will lead to a titration reaction that is very 

complete. Fig.12.6 shows the effect of solubility on the shape of the titration curve. 

The largest change in pAg occurs in the titration of iodide ion, which, among the ions 

considered forms the most insoluble silver salt. The smallest change in pAg occurs with 

chloride ion, which forms the least insoluble silver salt. Reactions that produce silver 

salts with solubilities intermediate between these extremes yield titration curves with 

end–point changes that are also intermediate in magnitude. This effect is common to 

all reaction types. 
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Fig.12.6:  Effect of solubility on the shape of the titration curve. Each curve is for 100.0 

ml of 0.010 M anion titrated with 0.100 M AgNO3 

12.5.8 Experimental Measures of Titration Curves with Ag+ Titrant. 

The titration curve in Fig .12.4 is readily reproduced experimentally by using a silver 

metal electrode, the electrical potential of which is measured against a suitable 

reference electrode. The electrical potential E in volts at 25
o
C is given by the Nernst 

equation as follows: 

E = Ea + 0.0591 log [Ag+]   

Where Ea is a constant for the electrode system. Plots of E versus ml AgNO3 give 

titration curves identical in shape to those in Fig. 12.1–12.3. 

SAQ 3 

What are the main regions of titration curve?  

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

…………………………………………………………………………………………... 

12.5 INDICATORS FOR PRECIPITATION TITRATION 

The titration curves just described show an abrupt rise in titrant concentration, 

accompanied by an abrupt fall in analyte concentration at the equivalence points. 

Obviously, a reagent that responds to the abrupt rise in analyte concentration at the 

equivalence point can be employed as an indicator to show the end point. Several 

methods have been developed for showing end point in precipitation titrations. The 

better known of these have been developed for titration involving Ag
+
; they are based 



 

13

 

Precipitation Titrations on formation of a coloured precipitate, turbidity, formation of a coloured complex ion, 

and adsorption of dyes onto charged precipitate particles. These methods are described 

in the following sections.  

12.6  THE VOLHARD METHOD 

In the Volhard method chlorides are first precipitated with excess silver nitrate, then 

excess silver is titrated with potassium (or sodium) thiocyanate. 

 

The formation of the colour complex ion FeSCN
2+

 may be used to indicate the end 

point when the Ag
+
 is titrated with SCN

–
. The titration reaction is  

Ag
+
 +  SCN

–
  → AgSCN(s)                     

When ferric is present in the solution the following reaction occurs at the end point.  

Fe
3+

  + SCN
– → FeSCN

2+
                           

(Red complex ion) 

The end point is readily observed by the intense colour of FeSCN2+ complex ion. In 

order for this means of indicating end point to work, the complex ion must form at 

nearly the equivalence–point concentration of the titrant. 

 

The formation of the FeSCN
2+

 forms the basis of Volhard method. The Volhard 

titration can, of course, be used for the determination of Ag
+
 by titration with SCN

–
. It 

can also be employed for the determination of Br– and I– by adding an excess of 

standard Ag+ and back titrating with standard SCN–. The determination of Cl– by this 

procedure is more difficult because AgCl is more soluble than AgSCN and the 

reaction 

AgCl(s) + SCN
–
  → AgSCN(s)  + Cl

–
                        

Occurs near the end point of the back titration.  

 

Using a very high (0.2 M) concentration of Fe
3+

 essentially eliminates this error. At 

this concentration of Fe
3+

, the equilibrium reaction (above reaction) is shifted far to the 

right and the concentration of "free" thiocyanate ion becomes very small. The value of 

the ion product [Ag
+
][ SCN

–
] does not reach that of the solubility product of silver 

thiocyanate and consequently the latter does not precipitate. Only when all the 

chloride is precipitated does the silver ion concentration become sufficiently high for 

silver thiocyanate to precipitate. Then the above equilibrium is shifted to the left (this 

is why it is called a Method of Swift) and the end point is indicated by the 

disappearance of the red solution colour. 

 

Another approach involves of the solid AgCl by filtration, followed by titration of the 

filtrate with SCN–. The fastest means of correcting for this error is to add 

nitrobenzene, which is immiscible with water and coats the AgCl particles to prevent 

their redissolving. Several ml of nitrobenzene are added and the titration flask is 

shaken vigorously before the back–titration coats the AgCl particles. 

12.6.1 Volhard Titration Equilibrium 

The Volhard titration end point is not heavily dependent upon Fe
3+

 ion concentration. 

Iron(III) concentration between 0.002 and 1.6 M can be used with little end point 

error. Typically the concentration of coloured FeSCN
2+

 must reach 6.5 × 10
–6 

M before 

it is visually detectable by the average individual. Suppose that [Fe
3+

] = 0.010 M at the 

end point (the concentration of Fe
3+

 commonly used); what must be the value of 

[SCN
–
] before the red FeSCN

2+ 
complex is observed? The formation constant for 

FeSCN
2+ 

is given by the expression 
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Kf = [FeSCN2+ ]/ [Fe3+] [SCN–] = 1.4 × 102  

If FeSCN2+  is to have a concentration of 6.5 × 10–6  M in a  medium 0.010 M in Fe3+, 

the value of [SCN–] is given by the following: 

[SCN–] = [FeSCN2+]/ [Fe3+] Kf = 6.5 × 10–6/(0.010×1.4×102)  

= 4.6 × 10
–6 

M                                                      

At exactly the equivalence point the concentration of SCN– is given by  

AgSCN(s) → Ag+ + SCN–                                  

[Ag
+
] = [SCN

–
] = Ksp of AgSCN = √1.1 × 10

–12 
M = 1.0 × 10

–6 
       

The concentration of excess SCN– beyond that present from the dissolution of AgSCN 

required to make  

[SCN–] = 4.6 × 10–6 M is 

[SCN–]excess = [SCN–] – [SCN–]dissolution of AgSCN             

[SCN
–
]excess = 4.6 × 10

–6
 – 1.0 × 10

–6
 = 3.6 × 10

–6
 M               

The number of mmol of excess SCN
–
 in 50.0 ml of the final solution at the 

equivalence point is 

mmol of excess SCN
–
  

= 3.6 × 10
–6

/ ml × 50.0 ml = 1.8  × 10
–4

                        

The volume of 0.0500 M SCN– titrant that must be added beyond the equivalence 

point to provide 1.8 × 10
–4  

mmol of excess SCN
–
 is  

= 1.8 × 10
–4 

mmol/(5.00 × 10
–2 

mmol/ml) = 0.0036
 
ml           

Titration error = (0.0036 ml/25.0 ml)× 100) = 0.014%        

 

Since a concentration of only 4.6 × 10
–6 

M is required to form a visible concentration 

of the coloured FeSCN
2+

 product, only an insignificant excess of SCN
–
 need be added 

beyond the equivalence point for the end point to be observed. 

SAQ 4  

Fill in the following blanks: 

i) Ag
+
 + SCN

–
→ …………….. 

ii) AgCl + SCN
–
 → ……..…  +  ………. 

iii) Fe3+ + SCN– → …………… 

12.7  FAJAN'S METHOD 

The Fajan’s method is a direct titration of chloride with silver ions (from silver nitrate) 

using dichloroflurescein as the indicator: 

Ag
+
 + 1Cl−  →  AgCl(s)    Ksp = 1.8×  1010−  

12.7.1 How Adsorption Indicators Work 

Adsorption indicators are dyes that adsorb, or desorb from, the surface of a precipitate 

near the equivalence point in a precipitation titration. To be useful for end point 
indication, this must result in a distinct change in colour, either on the surface of the 
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Precipitation Titrations precipitate or in the dye in which it is suspended. This method of end point indication 
is sometimes called the Fajan's method after its originator. 
The best–known adsorption indicator is fluorescein, which is used to indicate the 

equivalence point in the titration of Cl
–
 with Ag

+
. Fluorescein is a weak acid, which 

partially dissociates in water to form fluoresceinate anion. 

O

HO OH

O

O

OHO O

O

C

C

C

C

+ H +

 

                       Fluorescein                                             Fluoresceinate anion(Yellow green) 
  

The fluoresceinate anion has a yellow–green colour in solution. Although 

fluoresceinate anion forms an intensely coloured precipitate with Ag+, it is used as an 

indicator at concentrations that do not exceed the solubility product of the silver 
fluoresceinate salt.  

AgCl.Ag
+
 + A

–
( fluoresceinate anion) → AgCl.Ag

+ 
: A

–
                 

Greenish yellow                   Pink 

When Cl
–
 is titrated with Ag

+
 in the presence of fluorescein, the negatively charged 

fluoresceinate anions are initially repelled by the negatively charged AgCl colloidal 
particles, with their primary adsorption layer of Cl

–
 ions. Thus the fluorescein remains 

in a yellow–green solution prior to the equivalence point. At the equivalence point, the 

colloidal AgCl particles undergo an abrupt change from a negative charge to a positive 
charge by virtue of Ag+ ions adsorbed in the primary adsorption layer. The 
fluoresceinate ions are strongly adsorbed in the counter–ion layer of the AgCl colloids, 

giving these particles a red colour and providing an end point colour change from 

yellow–green to red or pink. 
  

 The reaction is reversible, so that the pink colour that forms at the point of addition of 
Ag+ to the solution just prior to the equivalence point as a result of localized excess of 
silver ion disappears as the solution becomes completely mixed. Furthermore, back–

titration with Cl
–
 solution reverses the end point colour change because of desorption 

of the dye. 

 
Dyes such as fluorescein, dichlorofluorescein and eosin that are strongly attracted to 
the counter–ion layer after the equivalence point are also strongly attracted to the 

primary adsorption layer before the equivalence point. If the indicator is adsorbed 
more strongly than the analyte ion, it cannot be used because the colour change will 

occur at the beginning of the titration. Dichlorofluorescein/ fluorescein is adsorbed 

less strongly than Cl
–
. Br

–
, I

–
 or SCN

–
 and can be used in the titration of any of these 

ions. Eosin is adsorbed more strongly than Cl
–
, but less strongly than Br

–
, I

–
, or SCN

–

and cannot be used in the titration of chloride ion.  
 

For the titration of Br
–
, I

–
, or SCN

–
, where a choice of indicators is possible, eosin is 

preferred because it can be used at a lower pH, thereby avoiding a number of potential 

interferences. In order for the above reaction to take place, the anion form of the 

indicator must be present in appreciable concentration. Dichlorofluorescein(DCF) 
cannot be used below about pH 6.5 because it is very weak acid and too little DCF

–
 

exists at low pH. Eosin is a stronger acid than dichlorofluorescein and therefore more 

highly dissociated at low pH. It can be used at pH values as low as 2.0. Most of the 

ions that interfere in the Mohr method also interfere in Fajan's method for chloride ion, 
and for the same reasons. When Br

–
, I

–
, or SCN

–
 are being titrated using eosin as the 
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indicator, the lower allowable pH eliminates the formation of some insoluble silver 
salts and transition metal hydroxides.  

12.7.2 Functioning of Adsorption Indicators 

The successful application of an adsorption indicator requires a colloidal precipitate to 

ensure maximum adsorption of the indicator and a maximum surface area to display 
the colour of the sorbed indicator. The colloidal particles of the precipitate must 

adsorb its constituent ions from solutions. The adsorption indicator must be held 

strongly in the counter–ion layer; this almost invariably means that the indicator ion 
must form a precipitate with the ions adsorbed in the primary adsorption layer. 

However, the solubility product of this species must not be exceeded. The pH of the 

solution in which the titration is being carried out must be such that the indicator is 

largely in the ionic form–that is, the charged conjugate acid or base of the neutral 
indicator species. Although the active forms of some adsorption indicators are 

cationic, most are anionic. Furthermore, most, like fluorescein, are conjugate bases of 
weak acid molecules. 
 

Silver halide precipitates are somewhat light sensitive. Unfortunately, many 
adsorption indicators greatly increase this light sensitivity. As a result, titrations 

should be performed rapidly and with the minimum necessary exposure to light. 

12.8 MOHR'S TITRATION 

The formation of a second coloured precipitate at the end point can be used for the 
determination of end point. The second precipitate should have a solubility slightly 

greater than that of the precipitate formed by the reaction of the analyte and titrant. 

Brick–red silver chromate, Ag2CrO4 , meets the criterion for a second precipitate to 
show the end point in the titration of Cl– with AgNO3. The coloured silver chromate is 

somewhat more soluble than the white AgCl product of this titration. The formation of 

Ag2CrO4 by reaction at the end point of Ag
+
 with a low concentration of CrO4

2–
 added 

to the solution titrated forms the basis of the Mohr determination. 

12.8.1 Calculation of End Point Equilibria in the Mohr Titration 

Prior to the end point in the Mohr titration the Cl
–
 analyte is precipitated by the Ag

+
 

titrant according to the following reaction: 

Ag
+
 + Cl

–
 → AgCl(s) [White precipitate]                                      

As the end point is approached, the concentration of Cl
–
 in the solution becomes quite 

low, and the value of [Ag
+
], limited up to the end point by the Ksp of  AgCl, rises 

steeply, as shown in Fig. 12.3. As this occurs, the solubility product of Ag2CrO4 is 
exceeded, and the following reaction takes place: 

2Ag
+
 + CrO4

2–
 →  Ag2CrO4(s)                                       

The appearance of the brick–red colour Ag2CrO4(s) on the background of white AgCl 

precipitate particles denotes the end point. 
 

The amount of chromate added to the solution is critical for the success of the titration.  

As a first estimate, consider the calculation of the initial concentration of CrO4
2–

 that 

must be present so that Ag2CrO4 just begins to form at the equivalence point in the 

titration of 0.0500 M Cl
–
 with 0.0500 M  Ag

+
. The value of the solubility product for 

AgCl is 1.82 × 10
–10

, so that at the equivalence point  

[Ag+] = [Cl–] = √1.82 × 10–10 = 1.35 × 10–5 M                       

The value of [CrO4
2–

] at the equivalence point required for Ag2CrO4 to just begin 
forming is given by the following:  

Ksp = [Ag
+
]

2
 [CrO4

2–
] = 1.29 × 10

–12
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Precipitation Titrations [CrO4
2–] = Ksp/[Ag+]2 = 1.29 × 10–12/(1.35 × 10–5)2 = 7.08 × 10–3 M      

However, since a volume of titrant equal to the volume of analyte solution was added, 

the original concentration of CrO4
2– 

was halved, so that its concentration of CrO4
2–

 was 

Original [CrO4
2–

] = 2 × 7.08 × 10
–3

 M = 0.0142 M             

In practice, a concentration of the order of 7 × 10
–3

 M CrO4
2–  

at the equivalence point 
is not practical because the yellow colour of the chromate ions masks the colour 

change at the end point. A concentration of CrO4
2–

 at the end point of about 2.5 × 10
–3

 
M is generally used for the Mohr titration. This introduces the positive titration error 

because a concentration of Ag
+
 higher than 1.35 × 10

–5
 M must be reached, and a finite 

amount of Ag2CrO4 must be precipitated before the colour of the silver chromate can 
be observed.  

12.8.2 Indicator Blank in the Mohr Chloride Titration 

Compensation may be made for the Mohr chloride titration error by running an 

indicator blank, commonly used to correct for determinate end point errors. A 
suspension of solid, white, chloride–free calcium carbonate is made up in a solution 

having about  the same volume as the titrated solution at the equivalence point and 
containing the equivalence–point concentration of CrO4

2–
. The Ag

+
 reagent is added to 

this suspension until the end point colour  is observed. The volume of Ag
+
 reagent 

required to match the end point colour is subtracted from the end point volumes 
measured in the titrations of chloride.  
 

On the basis of their solubility products, bromide, iodide and thiocyanate should be 

titrable by this method; however, in practice the titration can only be extended to 
bromide because silver iodide and silver thiocyanate strongly adsorb the chromate ion. 

The reverse titration of silver ion with a standard chloride solution is not feasible when 

chromate is used as the indicator. Upon addition of chromate to the silver salt solution 
a precipitate of silver chromate would form; this precipitae would react only extremely 

slowly at the end point. 

 
Since the solubility of silver chromate increases rapidly with temperature, the titration 

must be performed at room temperature. Silver chromate is readily soluble in acidic 

solution due to the conversion of chromate to dichromate ion: 

2CrO4
2–

 + 2H
+
  Cr2O7

2–
 + H2O                       

As a consequence, the titration cannot be performed below about pH 6.5. 

On the other hand, the pH cannot be higher than about 10 because in too alkaline 
solution brown hydrous silver oxide precipitates. In practice the appropriate pH is 

commonly maintained by buffering with sodium hydrogen carbonate or with borate. 

 
Interferences in the Mohr titartion of chloride are many. Any anion that forms silver 
salt more insoluble than the chloride (e.g., I–, Br–,SCN–) will be precipitated first. 

Cations which form insoluble chromate(e.g.,Ba
2+

) also interfere by rendering the 
indicator inactive. The relatively high pH at which the Mohr titration must be 

performed imposes a serious limitation because difficulties occur if ions are present 

that form insoluble hydroxides or oxides, including iron and aluminum. Reducing 

substances may interfere by converting chromate ion to chromium(III) like iodide. 
Finaly, no substance can be tolerated that forms strong complexes with chloride 

ion(e.g., Hg
2+

) or with silver ion( e.g., CN
–
, NH3, above pH). 

12.9 APPLICATIONS 

Most of the applications of precipitation titrations are based upon the use of a standard 
silver nitrate solution. The Table 12.1  lists some typical applications of argentometry. 
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In many of these methods, the analyte is precipitated with a measured excess of silver 
nitrate, and this step is then followed by a Volhard titration with standard potassium 
thiocyanate. 

Both silver nitrate and potassium thiocyanate are obtainable in primary standard 

quality. The latter is, however, somewhat hygroscopic and thiocyanate solutions are 

ordinarily standardized against silver nitrate. Both silver nitrate and potassium 
thiocyanate solutions are stable indefinitely. 
Silver nitrate is a remarkably useful reagent for both titrimetric and gravimetric 

methods of analysis. Its greatest drawback is its cost, which fluctuates widely with the 
world price of silver. The high cost requires that considerable care must be exercised 

to minimize the quantity of silver samples so that dilute solutions or small volumes of 

silver nitrate are needed. In addition the silver salt formed in the analysis and any 
reagent remaining afterward would be collected for subsequent processing to recover 
the silver or perhaps to convert it to silver nitrate for reuse.  

Table 12.1:  Typical Argentometric Precipitation Methods 

Substance determined End point Remarks 

AsO4
3–

, Br
–
, I

–
, CNO

–
, 

SCN–,  
Volhard  Removal of silver salt not required 

CO3
2–

,CrO4
2–

,CN
–
,Cl

–
, 

C2O4
2–

, PO4
3–

, S
2–

, NCN
2–

 

Volhard Removal of silver salt required before 

back–titration of excess Ag
+
 

BH4
– Modified 

Volhard 
Titration of excess Ag+ following 
BH4

– + 8Ag+ + 8OH–  �    8Ag(s) + 

H2BO3
–
 + 5H2O 

Epoxide Volhard Titration of excess Cl
–
 following 

hydrohalogenation 

K+ Modified 

Volhard 

Precipitation of K+ with known excess 

of B(C6H5)4
–
, addition of excess Ag

+
 

giving AgB(C6H5)4(s), and back–
titration of the excess 

Br
–
, Cl

–
 Mohr  

Br
–
, Cl

–
,I

–
, SeO3

2–
 Adsorption 

indicator 

 

V(OH)4
+
, fatty acids, 

mercaptans 
Electro–
analytical 

Direct titration with Ag
+
 

Zn
2+

 Modified 

Volhard 

Precipitation as ZnHg(SCN)4, 

filtration, dissolution in acid, addition 

of excess Ag
+
, back–titration of excess 

Ag
+
 

F– Modified 

Volhard 

Precipitation as PbClF, filtration, 

dissolution in acid, addition of excess 

Ag
+
, back–titration of excess Ag

+
 

12.10  SUMMARY 

In this unit, we have discussed the precipitation reactions that could be made the basis 

of a successful titration method. The basic requirements for the precipitation titration 

is that the reaction should be sufficiently rapid and complete, lead to a product of 
reproducible composition and of low sulubility, and a method must exist to locate the 
end point. We have worked out the titration curves for the titration of iodide, bromide, 

chloride and simultaneous determination of chloride and iodide (based upon the large 
difference in their solubilities) with silver nitrate. Various methods of end point 

detection have also been described briefly. The theory of Volhard’s and Fajan's 
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Precipitation Titrations titrations for the determination of halides have been discussed in detail. Finally, some 
direct and indirect applications of these methods have been discussed.   

12.11 TERMINAL QUESTIONS 

1. State the conditions for functioning of adsorption indicators. 

2. What are the applications of precipitation titration? 

3. Why does the titration curved for Cl with Ag+ show a much smaller, more 

gradual, sloping break compared to the curved for I
–
 with Ag+? 

4. For what purpose Volhard’s titration is used for? 

5. In the Fajan’s method, for what purpose the dye eosin is used? 

6. What are the requirements for an adsorption indicator to function? 

12.12 ANSWERS 

Self Assessment Questions 

1. Precipitation frequently proceeds slowly or starts after some time. Many 
precipitates show a tendency to adsorb and thereby coprecipitate the species 

being titrated or the titrant. The indicator may also be adsorbed on the 

precipitate formed during the titration and thereby be unable to function 
appropriately at the end point. If a precipitate is highly coloured, visual 
detection of colour change at the end point may be impossible, but even where a 

white precipitate is formed; the milky solution may still make location of the 
end point difficult. 

2. To improve the rate of precipitation, it is sometimes beneficial to change 

solvents e.g., by adding alcohol or to raise the temperature. By adding an excess 
of reagent and back–titrating, it may be possible to take advantage of a more 

rapid precipitation in the reverse direction. 

3. There are three major regions of the titration curve i) prior to the equivalence 
point, ii) at the equivalence point where exactly 10.00 ml of Ag

+
 titrant have 

been added, and iii) beyond the equivalence point where Ag
+
 is in excess. 

4. i) AgSCN(s)   ;      ii) AgSCN(s)  + Cl
–
  ;          iii) FeSCN

2+
             

12.13 TERMINAL QUESTIONS 

1. See section 12.7.2 

2. See section 12.8 

3. In Fig. 12.2 Curve for the titration of 100.0 ml of 0.0100 M KBr with 0.1000 M 
AgNO3 has been shown. 

4. The Volhard titration can, of course, be used for the determination of Ag
+
 by 

titration with SCN–. It can also be employed for the determination of Br– and I– 

by adding an excess of standard Ag
+
 and back titrating with standard SCN

–
. 

5. In the Fajan’s methods the dye eosin is used specially for Br–, I–or SCN–

determination. 
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Eosin is adsorbed more strongly than Cl
–
, but less strongly than Br

–
, I

–
, or SCN

–

and cannot be used in the titration of chloride ion. For the titration of Br–, I–, or 
SCN

–
, where a choice of indicators is possible, eosin is preferred because it can 

be used at a lower pH, thereby avoiding a number of potential interferences.  

6. See section 12.7.2 

 


