I- Introduction
The Scope of Analytical Chemistry:

Analytical chemistry has bounds which are amongst the widest of any technological discipline. An analyst must be able to design, carry out, and interpret his measurements within the context of the fundamental technological problem with which he is presented. The selection and utilization of suitable chemical procedures requires a wide knowledge of chemistry, whilst familiarity with and the ability to operate a varied range of instruments is essential. Finally, an analyst must have a sound knowledge of the statistical treatment of experimental data to enable him to gauge the meaning and reliability of the results that he obtains.

When an examination is restricted to the identification of one or more constituents of sample, it is known as qualitative analysis, while an examination to determine how much of a particular species is present constitutes a quantitative analysis. Sometimes information concerning the spatial arrangement of atoms in a molecule or crystalline compounds is required or confirmation of the presence or position of certain organic functional groups is sought. Such examinations are described as structural analysis and they may be considered as more detailed forms of analysis. Any species that are the subjects of either qualitative or quantitative analysis are known as anlayte.

The Function of Analytical Chemistry:

Some of the major areas of application are listed below.

(a) Fundamental research:

The first steps in unraveling the details of an unknown system frequently involve the identification of its constituents by qualitative chemical analysis. Follow up investigations usually require structural information and quantitative measurements. This pattern appears in such diverse areas as the formulation of new drugs, the examination of meteorites, and studies on the results of heavy ion bombardment by nuclear physicists.

(b) Product development:

The design and development of a new product will often depend upon establishing a link between its chemical composition and its physical properties or performance. Typical examples are the development of alloys and of polymer composites.

(c) Product quality control:

Most manufacturing industries require a uniform product quality. To ensure that this requirement is met, both raw materials and finished products are subjected to extensive chemical analysis. On the other hand, the necessary constituents must be kept at the optimum levels, while on the other impurities such as poisons in foodstuffs must be kept below the maximum allowed by law.

(d) Monitoring and control of pollutants:

Residual heavy metals and organo-chlorine pesticides represent two well known pollution problems. Sensitive and accurate analysis is required to enable the distribution and level of a pollutant in the environment to be assessed and routine chemical analysis is important in the control of industrial effluents.

(e) Assay:

In commercial dealings with raw materials such as ores, the value of the ore is set by its metal content. Large amounts of material are often involved, so that taken overall small differences in concentration can be of considerable commercial significance. Accurate and reliable chemical analysis is thus essential.

(f) Medical and Clinical Studies:

The level of various elements and compounds in body fluids are important indicators of physiological disorders. A high sugar content in urine indicating a diabetic condition and lead in blood are probably the most well-known examples.

Table 1: A general classification of important analytical methods

	Group
	Property measured

	gravimetric
	weight of pure analyte or of a stoichiometric compound containing it

	volumetric
	volume of standard reagent solution reacting with the analyte

	spectrometric
	intensity of electromagnetic radiation emitted or absorbed by the analyte

	electrochemical
	electrical properties of analyte solutions

	chromatographic
	physico-chemical properties of individual analytes after separation


Glossary of Terms

Accuracy:

The agreement between a measured value and the accepted true value.

Precision:

The degree of agreement between replicate measurements of the same quantity. That is, it is the repeatability of result. Good precision does not assure good accuracy.

Analyte:

Constituent of the sample which is to be studied by quantitative measurements or identified qualitatively.

Blank:

A measurement or observation in which the sample is replaced by simulated matrix, the conditions otherwise being identical to those under which a sample would be analyzed. Thus, the blank can be used to correct for background effects and to take account of analyte other than that present in the sample which may be introduced during the analysis, e.g. from reagents.

Primary standard:

A substance whose purity and stability are particularly well-established and with which other standards may be compared.

Requirements of titration:

1-
The reaction must be stoichiometric. That is, there must be well-defined and known reaction between the analyte and titrant. In the titration of acetic acid in vinegar with sodium hydroxide, for example, a well defined reaction takes place:


CH3COOH  +  NaOH  (  CH3COONa  +  H2O

2-
The reaction should be rapid.

3-
There should be no side reactions, and the reaction should be specific.

4-
There should be a marked change in some property of the solution when the reaction is complete. This may be change in the color of the solution or in some electrical or other physical property of the solution. In the titration of acetic acid with sodium hydroxide, there is a marked increase in the pH of the solution when the reaction is complete. A color change is usually brought about by addition of an indicator whose color is dependent on the properties of the solution, for example, the pH.

5-
The point at which an equivalent or stoichiometric amount of titrant is added is called the equivalence point. The point at which the reaction is observed to be complete is called the end point, that is, when a change in some property of the solution is detected. The end point should coincide with the equivalence point.

6-
The reaction should be quantitative. That is, the equilibrium of the reaction should be far to the right so that a sufficiently sharp change will occur at the end point to obtain the desired accuracy.

Requirements of primary standard:

1-
It should be 100% pure.

2-
It should be stable to drying temperatures.

3-
It should be readily available.

4-
It should have a high formula weight (to minimize weighing error).

5-
It should posses the properties required for a titration (soluble and react rapidly ....).

Classification of volumetric methods:

There are four general classes of volumetric methods.

1- Acid-Base:

Many compounds, both inorganic and organic, are either acids or bases and can be titrated with a standard solution of a strong base or a strong acid. The reactions involve the combination of hydrogen and hydroxide ions to form water. The end points of these titrations are easy to detect, either by means of indicator or by following the change in pH with a pH meter. The acidity and basicity of many organic acids and bases can be enhanced by titrating in nonaqueous solvent, so the weaker acids and bases can be titrated.

2- Precipitation:

In the case of precipitation, the titrant forms an insoluble product with the analyte. An example is the titration of chloride ion with silver nitrate solution.

3- Complexometric:

In complexometric titrations, the titrant is a complexing agent and forms a water-soluble complex with the analyte, a metal ion. The titrant is often a chelating agent.

4- Reduction-oxidation:

The "redox" titrations involve the titration of an oxidizing agent with a reducing agent, or vice versa. An oxidizing agent gains electrons and a reducing loses electrons in a reaction between them.

Expressions of concentration:

Concentration of solutions:

Standard solutions are expressed in terms of molar concentrations or molarity (M).

Molar solution is defined as one that contains one mole of substance in each liter of a solution.

Molarity of a solution is expressed as moles per liter or as millimoles per milliliters.

moles = (moles/liter) x liters = molarity x liters

millimoles = molarity x milliliters

mmole = M x ml

Molarity (M) = (moles of solute) / (volume of solution in liters)
The equivalent weight:

The equivalent weight is that weight of a substance in grams that will furnish one mole of the reacting unit. Thus, for HCl, the equivalent weight is equal to the formula weight:




The milliequivalent weight is one thousandth of the eq.wt.

A normal solution contains one gram eq.wt of solute in one liter of solution:







By rearrangement of these equations we obtain the expression for calculating other quantities:

( No of gram eq. = N x No. of liters

 No. of milligram eq. = N x ml = N x V

Formality (F):

Is the number of gram formula weight of solute dissolved in liter of solution?
Titer:

It is often convenient to calculate the titer of the titrant.

The titer is the weight of analyte that is chemically equivalent to 1 ml of titrant, usually expressed in milligrams. For example, if 1 ml of a hydrochloric acid solution will exactly neutralize 4 mg of sodium hydroxide, the titer is 4 mg/ml.

Titer (T) can be easily converted to normality as seen from the following equations:




Thus T= N x Eq.wt

In the example, if the titer of hydrochloric acid solution is 4 mg/ml of sodium hydroxide, the normality is obtained upon dividing by 40 mg/meq (the equivalent weight of sodium hydroxide) giving a normality of 0.1 meq/ml.

Back titration:

In back-titration, a known number of millimoles of reactant are taken in excess of the analyte. The unreacted portion is titrated for example, in the titration of antacid tablets with a strong acid such as HCl.  


Acid-Base Theories

Several acid-base theories have been proposed to explain acidic and basic properties of substances. We describe the common acid-base theories.

Arrhenius Theory:

Arrhenius, as a graduate student, introduced a radical theory in 1804 that, an acid is any substance that ionizes (partially or completely) in water to give hydrogen ions which associate with the solvent to give hydronium ions H3O+.
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A base ionizes in water to give hydroxyl ions. Weak (partially ionized) bases generally ionize as follows:
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While strong bases such as metal hydroxides (e.g. NaOH) dissociate as:

M(OH)n    (   Mn+   +   nOH(
This theory is obviously restricted to water as the solvent.

Lewis Theory:

In the Lewis theory, an acid is a substance that can accept an electron pair and a base is a substance that can donate an electron pair. The latter frequently contains oxygen or nitrogen as the electron donor. Thus, nonhydrogen-donating substances are included as acids. 

Examples of acid-base reactions in the Lewis theory are as follows:
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In the second examples, aluminium chloride is an acid and ether is a base.

Acid-base equilibrium in water:

When acid or base is dissolved in water, it will dissociate or "ionize", the amount of ionization being dependent on the strength of the acid. A "strong" electrolyte is completely dissociated, while a "weak" electrolyte is partially dissociated.

Table 2 lists some common electrolytes, some strong and some weak.

Table 2: Some strong electrolytes and some weak electrolytes.

	Strong
	Weak

	HCl

HClO4
H2SO4(a)
HNO3
NaOH

CH3COONa
	CH3COOH (acetic acid)

NH3
C6H5OH

HCOOH (formic acid)

C6H5NH2 (aniline)


(a)
The first proton is completely ionized in dilute solution but the second proton is partially ionized (Ki= 10-2).

Hydrochloric acid is strong acid and its ionization is complete:

HCl  +  H2O  (   H3O+   +   Cl(
 (1)

An equilibrium constant for equation (1) would have a value of infinity. The proton H+ exists in water as a hydrated ion, the hydronium ion H3O+. Acetic acid is a weak acid, which ionizes only partially (a few percent).

HOAc  +  H2O  (   H3O+   +   OAc(
 (2)

We can write an equilibrium constant for this reaction:




(3)

where 

 = thermodynamic acidity constant

a = activity

The activity can be thought of as representing the effective concentration of an ion. In dilute solution, the activity of water remains essentially constant and is taken as unity at standard state.

Equation (3) can be written:




(4)

Pure water ionizes or undergoes autoprotolysis:
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The equilibrium constant is:




Activity of water is constant in dilute solutions (its concentration is constant ~55.3 molar.






 = Thermodynamic autoprotolysis or self ionization constant.

We will use H+ in place of H3O+, for simplification. Also, molar concentration will generally be used instead of activities. Molar concentration will be represented by square brackets [ ] around the species.
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Kw = [H+] [OH-]

At 25°C, Kw = 1.0 x 10-14
Kw = ionic product of water

[H+] [OH-] = 1.0 x 10-14
In pure water, the concentration of [H+] = [OH-]

[H+] [OH-] = 1.0 x 10-14

[H+] = 1.0 x 10-7 M = [OH-]

If [H+] = [OH-] = 10-7 ( neutral solution

If [H+] is 10-5 or 10-2 ... etc ( acidic solution

If [H+] is 10-8 or 10-10 ... etc ( alkaline solution

The pH scale:

Sorensen suggested a scale based on the exponent of the hydrogen ion concentration but with sign reversed. The concentration of H+ or OH- in aqueous solutions can vary over wide range, from 1 M or greater to 
10-14 M or less.

The pH of a solution is defined as:

pH = - log [H+]

A similar definition is made for the hydroxyl ion concentration:

pOH = - log [OH-]

The following summary indicates the relationship:

	H
	10n
	10-1
	10-2
	10-3
	10-4
	10-5
	10-6
	10-7
	10-8
	10-9
	10-10
	10-11
	10-12
	10-13
	10-14

	pH
	0
	1
	2
	3
	4
	5
	6
	7
	8
	9
	10
	11
	12
	13
	14

	pOH
	14
	13
	12
	11
	10
	9
	8
	7
	6
	5
	4
	3
	2
	1
	0

	
	Acidic
	N.
	Alkaline


pH scale of water

Kw = [H+] [OH-]

- log Kw = - log [H+] [OH-] = - log [H+] - log [OH-]

pKw = pH + pOH

At 25°C

14 = pH + pOH

The reaction of any aqueous solution at room temperature is defined:

pH < 7 < pOH
acidic reaction

pH = 7 = pOH
neutral reaction

pH > 7 > pOH
basic reaction

Example:

i-
Find the pH of a solution of which [H+] = 4.0x 10-5.


pH = - log [H+] - log (4x10-5) = 5 - log 4 = 5 - 0.602 = 4.398

ii-
Calculate the pH of a 2.0 x 10-3 M solution of HCl ?


HCl is completely ionized, so


[H+] = 2.0 x 10-3 M


pH = - log (2.0 x 10-3) = 3 - log 2.0 = 3 - 0.30 = 2.70

Calculation of pH:

1- pH of strong acid and bases:

Ionization of strong acids and strong bases is complete. The concentration of H+ or OH- is determined readily from the concentration of the acid or base.

pH = - log [H+]

pOH = - log [OH-]

2- pH of weak acids:
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Ka = acidity constant = 


(5)

.. [H+] = [A-]

( Eq (1) becomes:

Ka = 


(6)

If the molecular concentration of acid is Ca:

( undissociated part = [Ca - [H+]]

( Eq. (2) becomes:

Ka = 


(7)

[H+]2 = Ca . Ka
[H+] ( Ca . Ka
pH = ½ pCa + ½ pKa
3- pH of weak bases:
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Kb = 


(8)

.. [B+] = [OH-]

( Eq (1) becomes:

Kb = 


(9)

If the molecular concentration of base is Cb and undissociated part is very small,

( Eq. (9) becomes:

Kb = 


[OH-]2 = Ca . Kb
[OH-] ( Cb . Kb
pOH = ½ pCb + ½ pKb
But since pOH = pKw - pH

(pKw - pH = ½ pCb + ½ pKb
and pH = pKw - ½ PCb - ½ pKb
4- pH of salts solution:

When an acid in solution is exactly neutralized with base, the resulting solution corresponds to a solution of the salt of the acid-base pair. This is a situation which frequently arises in analytical procedures and the calculation of the exact pH of such a solution may be of considerable importance. The neutralization point or end point in an acid-base titration is a particular example.

Salts may in all cases be regarded as strong electrolytes so that a salt AB derived from acid AH and base BOH will dissociate completely in solution. If the acid and base are strong, no further reaction is likely to occur and the solution pH remains unaffected by the salt. However, if either or both acid and base are weak a more complex situation will develop. It is convenient to consider three separate cases: (a) weak acid - strong base, (b0 strong acid - weak base and (c) weak acid - weak base.

(a) Weak acid - strong base solution:

The conjugate base A- will react with water and undergo hydrolysis, 
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(10)

Prodrug undissociated acid and hydroxyl ions with an accompanying rise in pH. The equilibrium constant for this reaction is known as the hydrolysis constant Kh.




(11)

(The solvent term [H2O] is by convention omitted. Kb is simply related to Kw and Ka by equation (12) and as such is a redundant constant whose use should be discouraged).




(12)

Equation (10) shows that the amounts of AH and OH- generated in the hydrolysis are equal. Furthermore, if it is assumed that only a small amount of the salt is hydrolyzed, the concentration CA- of the salt dissolved is approximately the same as the concentration of A-. Then from (12):




[OH-] = 


(13)

( pOH = ½ pKw - ½ pKa + ½ pCA- = pKw - pH

( pH = ½ pKw + ½ pKa - ½ PCs
The pH of the solution will be dependent upon both pKa for the acid HA and on the concentration of the salt dissolved in the solution. For example, the pH of solutions of sodium cyanide may be calculated as follows:

pKa for HCN = 9.22



pH = 7.0 + 4.6 + ½ log CA-


      = 11.6 + ½ log CA-
Thus when:



C= 1 mole dm-3

pH = 11.6



C= 0.1 mol dm-3

pH = 11.1



C= 2 mol dm-3

pH = 11.8

(b) Strong acid - weak base solution:

Similar reasoning shows hydrolysis leading to the production of hydrogen ions and drop in pH,
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and enables an analogous expression for pH to be derived, i.e.

pH = ½ pKw - ½ pKb + ½ pC ....

Buffers:

A buffer is defined as a solution that resists change in pH when a small amount of an acid or base is added or when the solution is diluted. A buffer solution consists of a mixture of a weak acid and its conjugate base or a weak base and its conjugate acid at predetermined concentrations and ratios. Typical mixtures are acetic acid and sodium acetate, ammonia and ammonium chloride, boric acid and borate ...etc. The pH values of such mixtures will lie at point on rather flat regions of the titration graphs, pH vs. milliters, for the various weak acids or bases.

Consider an acetic acid - acetate buffer. The acid equilibrium that governs this system is:
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(21)

Since we have added a supply of acetate ions to the system (from sodium acetate for example), the hydrogen ion concentration is no longer equal to the acetate ion concentration. The hydrogen ion concentration is:




(22)

Taking the negative logarithm of each side of this equation we have




(23)




upon inverting the last log term, it becomes positive:




This terms of the ionization constant equation is called the Henderson-Hasselbach equation. It is useful for calculating the pH of a weak acid solution containing its salt. A general form can be written for a weak acid HA that ionizes to its salt, A-, and H+:

[image: image11.wmf]H

A

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

H

+

 

 

 

 

+

 

 

 

A

-


(24)




(25)




The mixture of a weak acid and its salt may also be obtained by mixing an excess of weak acid and some strong base to produce the salt by neutralization or by mixing an excess of salt with strong acid to produce the weak acid component of the buffer.

Mechanism of buffer for a mixture of a weak acid and its salt can be explained as follows. The pH is governed by the logarithm of the ratio of the salt and acid.




If the solution is diluted, the ratio remains constant, and so the pH of the solution does not change. If a small amount of a strong acid is added, it will combine with an equal amount of the A( to convert it to HA. That is, in the equilibrium HA ( H+ + A(, Le Châtelier's principle indicates that add H+ will combine with A( to form HA, with equilibrium lying far to the left if there is an excess of A(. The change in the ratio [A(]/[HA] is small and hence the change in pH is small. If a small amount of a strong base is added, it combine with part of the HA to form an equivalent amount of A(. Again, the change in the ratio is small.

The amount of acid or base that can be added without causing a large change in pH is governed by the buffering capacity of the solution. The buffering capacity increases with concentrations of the buffering species. In addition to concentration, the buffering capacity is governed by the ratio of HA to A(. It is maximum when the ratio is unity, that is, when the pH = pKa.




(26)

In general the buffering capacity is satisfactory over a pH range of pKa ± 1.

Examples:

Calculate the pH of the solution produced by adding 10.0 ml of N hydrochloric acid to 1 liter of a solution which is 0.1 N in acetic acid and 0.1 N in sodium acetate (Ka= 1.82 x 10-5).




Neglecting the volume change from 1000 to 1010 ml, the hydrochloric acid reacts with acetate ion forming practically undissociated acetic acid.
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[CH3COO(] = 0.1  -  0.01  = 0.09

[CH3COOH] = 0.1  - 0.01  = 0.11

pH = 4.74 + log 

 = 4.71 - 0.09 = 4.65

Hence on adding the strong acid, the pH changes only by 4.74-4.65 = 0.09 pH unit, whereas, if 10 ml of N-hydrochloric acid were added to 1 liter of pure water (pH= 7), the pH would have changed from 7 to 
- log (0.01) = 2, i.e., by 5 pH units. This illustrates the action of the acetic acid sodium acetate buffer.

Similar calculation applies for mixtures of weak bases and its salt. We can consider the equilibrium between the base B and its conjugate acid BH+ and write a pKa for the conjugate (Br(nsted) acid:

BH+  =  B   +  H+
(27)




(28)

The logarithmic Henderson-Hasselbach form exactly as above:













Since pOH = pKw - pH, we can also write:




The alkaline buffering capacity is maximum at pH = pKa = 14 - pKb or pOH = pKb with a usual range of pKa ± 1.

We must select a buffer with pKa value near the desired pH i.e. a weak acid and its salt give the best buffering in acid solution and a weak base and its salt give the best buffering in alkaline solution. Table 3 shows some typical buffer solutions.

Table 3: Some typical buffer solutions

	Solutions
	pH range

	Phthalic acid and potassium hydrogen phthalate

Citric acid and sodium citrate

Acetic acid and sodium acetate

Sodium dihydrogen phosphate and disodium hydrogen phosphate

Ammonia and ammonium chloride

Borax and sodium hydroxide
	2.2-4.2

2.5-7.0

3.8-5.8

6.2-8.2

8.2-10.2

9.2-11.2


Acid-Base Indicators:

Acid-base indicators are substances whose presence during a titration renders the end-point visible. Thus, at a certain pH very near, or at the equivalence point of the titration the indicator produces in the system a change which is easily perceptible to the eye, and may consist of:

a-
Sharp transformation from one color to another or to colorless.

b-
Formation of a turbidity in a clear solution, or clearing up of a turbidity.

c-
Development or disappearance of a fluorescence.

Most of the color acid base indicators of practical value are organic in nature. As the color changes of these indicators depend on the change of the pH, they must themselves be acids or bases. 
Table : A range of visual indicators of acid-base titrations

	Indicator
	pKIn
	Low pH color
	High pH color
	Experimental color change range/pH

	cresol red

thymol blue

bromo-phenol blue

methyl orange

methyl red

bromo-thymol blue

phenol red

phenolphthalein
	ca. 1

1.7

4.0

3.7

5.1

7.0

7.9

9.6
	red

red

yellow

red

red

yellow

yellow

colorless
	yellow

yellow

blue

yellow

yellow

blue

red

red
	0.2-1.8

1.2-2.8

2.8-4.6

3.1-4.4

4.2-6.3

6.0-7.6

6.8-8.4

8.3-10.0


The well known indicator phenolphthalein (below) is a diprotic acid and it’s colorless. It dissociates first to a colorless form and then, on losing the second hydrogen to an ion with a conjugated system; a red color results.
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Methyl orange, another widely used indicator, is a base and is yellow in the molecular form. Addition of a hydrogen ion gives a cation which is pink in color.
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Increasing the concentration of indicators has a serious effect on one-color indicators such as phenolphthalein.

Neutralization curves:

An insight into the mechanism of neutralization processes is obtained by studying the changes in the hydrogen ion concentration during the course of the appropriate titration. The curve obtained by plotting pH as ordinates against the percentage of acid neutralized (or the number of ml of alkali added) as abscissa is known as the neutralization curve.
1- Strong acid versus strong base:

In case of strong acid versus strong base, both the titrant and the analyte are completely ionized. An example is the titration of hydrochloric acid with sodium hydroxide:

H+  +  Cl(  +  Na+  +  OH(   (   H2O  +  Na+  +  Cl(
(36)

The H+ and OH( combine to form H2O, and the other ions (Na+ and Cl() remain unchanged, so the net results of neutralization is conversion of the HCl to a neutral solution of NaCl. To titration curve for 100 ml of 1M HCl with 1 M sodium hydroxide. It is a simple matter to calculate the pH values at different points in the titration and from them to plot a titration curve, consider, for example the following points in the titration:

a- At the beginning of titration:

We have an acid concentration of 100 x 1 = 100 milliequivalent per 100 ml, [H+] = 1N.

( pH = - log [H+] = - log 1 = zero

b- During the titration:

For 50 ml of base [H+] = 50 x 1/150 

= 3.33x10-1 or pH= 0.48

For 75 ml of base [H+] = 25 x 1/175 

= 1.43x10-1 or pH= 0.84

For 90 ml of base [H+] = 10 x 1/190

= 5.27x10-2 or pH 1.30

For 99 ml of base [H+] = 1.0 x 1/199

= 5.03x10-3 or pH 2.30

For 99.9 ml of base [H+] = 0.1 x 1/199.9
= 5.01x10-4 or pH 3.30

c- At the equivalence point:

(The point at which the reaction is theoretically complete). When acid and alkali have been added in exactly equivalent point, the solution contains only NaCl and water. The pH value of the solution is 7.00.

pH + pOH = 14



( pH = 7

d- Beyond the equivalence point:

The solution contains excess alkali.

With 100.1 ml of base [OH-] (
= 0.1/200= 5.00x10-4 






or pOH 3.3 and pH= 10.7

With 101 ml of base [OH-] (
= 1/201= 5.00x10-3 






or pOH 2.3 and pH= 11.7

The results show that as the titration precedes the pH rises slowly, but between the addition of 99.9 and 100.1 ml of alkali, the pH of the solution rises from 3.3 to 10.7, i.e. in the vicinity of the equivalence point the rate of change of pH of the solution is very rapid. The appropriate indicator is one that changes color between pH 3.3 and pH 10.5. Phenolphthalein, methyl red, and methyl orange are most often 
2- Weak acid versus strong base:

In titration curve of 100 ml of 0.1 M acetic acid titrated with 0.1 M sodium hydroxide is shown in Fig. 2. The neutralization reaction is

HOAc  +  Na+   +  OH(  (  H2O  +  Na+   +  OAc(
(37)

In acetic acid, which is only a few percent ionized, depending on the concentration, is neutralized to water and an equivalent amount of the salt, sodium acetate.

a- At the beginning of titration:

We have 0.1 M HOAc, and the pH is calculated as described for weak acids

[H+]  =  


pH = ½ pKa  +  ½ pCa

.. pKa for acetic acid = 4.75

pCa for 0.1 N acetic acid = - log [(0.1 x 100) / 100] = 1

( pH = 2.37 + 0.5 = 2.87

b- During titration:

As the titration proceeds, the pH slowly increases as the ratio 
[OAc(]/[HOAc] changes. The titration of NaOH to acetic acid solution continually forms sodium acetate in solution and the acetate ions repress the ionization of unneutralized acid. The system becomes one of the buffer-type (mixture of weak acid and salt of that acid). The pH of such solutions could be calculated from the general Henderson's equation:




1-
After adding 25 ml of 0.1 N NaOH


[Acid = 75 x 0.1/125 and Salt = 25 x 0.1/125]


(pH = 4.74 + log 25/27 = 4.74 - 0.48 = 4.26

2-
At the mid point of the titration, (50 ml 0.1 N NaOH)


[Salt] = [Acid], and the pH is equal to pKa

[Salt] = 50 x 0.1/150 = 3.33 x 10-2 and


[Acid] = 50 x 0.1/150 = 3.33 x 10-2

(
pH = pKa = 4.74

The pH values of other points on the titration curves are similarly calculated.

c- At the equivalence point:

At equivalence point, we have a solution of sodium acetate. Since this is a Br(nsted base (it hydrolyzes), the pH at the equivalence point will be alkaline.

Now the pH value at the equivalence point can be calculated from the general formula:

pH = ½ pKw  +  ½ pKa  -  ½ pCs
pCs at the equivalence point = - log (100 x 0.1/200) = 1.3

( pH = 7 + 2.37 - 0.65 = 8.72

d- Beyond the equivalence point:

NaOH is added, and the ions in the solution have no appreciable effect on the hydrogen ion concentration. With 100.1 ml of base.








( pH= 14 - 4.3 = 9.7

The preceding pH values and other values in the titration are depicted graphically in Figure 2. The common indicator suitable for this titration is phenolphthalein, and the use of an indicator like methyl red or methyl orange would lead to erroneous results.

The equivalence point for the titration of any weak acid with a strong base will be alkaline. The weaker the acid (the smaller the Ka), the larger the Kb of the salt and the more alkaline the equivalence point.

Choice of indicators:

Feasibility of titration. As general rule for a titration to be feasible there should be:

1-
A change of approximately two units of at or near the stoichiometric points.

2-
The pH at either side of equivalence point (0.1-1 mL) may be calculated as described before.

3-
The pH change on both sides of the equivalence point may be obtained from the neutralization curve determined by potentiometric titration.

4-
If the pH change is satisfactory, an indicator should be selected that changes at or near the equivalence point.

The conclusions are summarized here:

1- Strong acid and strong base:

For 0.1 M or more concentrated solutions any indicator may be used which has a range between the limit pH 4.5 and 9.5 with 0.01 M solutions, the pH range between pH 5.5-8.5.

2- Weak acid and strong base:

The pH at the equivalence point is calculated from the equation:

pH = ½ pKw + ½ pKa - ½ Pc
The pH range for acids with Ka > 10-5 is 7-10.5; for weak acids Ka > 10-6 the range reduced (8-10). The pH 8-10.5 permits the use of thymol blue thymolphthalein or phenolphthalein.

3- Weak base and strong acid:

The pH at the equivalence point is calculated from the equation:

pH = ½ pKw - ½ pKb + ½ Pc
The pH range for bases with Kb > 10-5 is 3-7; and for weaker bases Kb > 10-6 it is 3-5. Suitable indicators are methyl red, methyl-orange, methyl yellow, bromocresol green and bromophenol blue.

4- Weak acid and weak base:

There is no sharp rise in the neutralization curve, no simple indicator can be used. The approximate pH at the equivalence point can be calculated from the equation:

pH = ½ pKw + ½ pKa - ½ Pc
It is sometimes to use mixed indicator; e.g. neutral red-methylene blue for dilute ammonia solution and acetic acid.
Application of Neutralization Titrations

Neutralization titrations are used to determine the innumerable inorganic, organic and biological species that posses inherent acidic or basic properties. Equally important, however, are the many applications that involve conversion of an analyte to an acid or base by suitable chemical treatment followed by titration with standard strong base or acid.

Determination of Inorganic Substances

1- Determination of Carbonate and Bicarbonate 
in Mixture

The analysis of such mixture requires two titrations, one with an alkaline-range indicator, such as ph.ph. and the other with an acid-range indicator, such as methyl-orange (see theoretical part).

Na2CO3  +  HCl  (  NaHCO3  +  NaCl
pH 8.3

NaHCO3  +  HCl  (  CO2  +  H2O  +  NaCl
pH 3.8

A portion of cold solution is slowly titrated with standard hydrochloric acid using ph.ph. as indicator. This volume of acid (V1) corresponds to half the carbonate.
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Another sample of equal volume is then titrated with the same standard acid using methyl-orange, as indicator. The volume of acid (V2) corresponds to carbonate + bicarbonate; hence 2V1 = carbonate and V2-2V1 = bicarbonate.

2- Determination of Boric Acid

Boric acid acts as a weak monoprotic acid (Ka= 6.4x10-10), it cannot therefore titrated accurately with standard alkali. However, by the addition of certain organic polyhydroxy compounds, such as glycerol, mannitol, sorbitol, or glucose, it acts as a much strong monobasic and can be directly titrated with sodium hydroxide, using phenolphthalein as indicator.

NaOH + H3BO3 = NaBO2 + 2 H2O

The effect of polyhydroxy compounds has been explained on the basis of the formation of 1:1 and 1:2-mole ratio complexes between the hydrated borate ion and 1,2- or 1,3-diols:
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4- Determination of Borax

When borax is dissolved in water, it is hydrolyzed into:

Na2B4O7 + 7 H2O SYMBOL 171 \f "Symbol" 4 H3BO3 + 2 NaOH

If the aqueous solution is titrated with standard hydrochloric acid using methyl orange as indicator, it is the NaOH that is actually titrated; boric acid being of no effect on the indicator, and net reaction is:

Na2B4O7.5 H2O + 2 HCl = 4 H3BO3 + 2 NaCl

SYMBOL 92 \f "Symbol" Na2B4O7.10 H2O = 2 HCl

The residual solution can be titrated for the remaining boric acid with standard sodium hydroxide after adding glycerol and using phenolphthalein as indicator. The reaction would be:

Na2B4O7 + 5 H2O + 2 HCl = 4 H3BO3 + 2 NaCl

SYMBOL 92 \f "Symbol" Na2B4O7.10 H2O = 4 NaOH

In other words, when a pure sample of borax containing no free acid is titrated, the volume of standard alkali used would be exactly double the volume of standard acid.

[image: image26.wmf]If the borax solution is treated directly with glycerol and titrated against standard sodium hydroxide, the solution could then be regarded as boric acid which is half neutralized.

[image: image27.wmf]Na2B4O7 + 5 H2O 

 
2 NaH2BO3 + 2 H3BO3
SYMBOL 92 \f "Symbol" Na2B4O7.10 H2O = 2 NaOH

5- Determination of Mixture of Boric Acid and Borax

Solutions of alkali borates may be titrated with standard acid (e.g. HCl) using methyl orange as indicator. They react towards this indicator as if they were solutions of alkali hydroxides. They behave as dinormal bases when titrated with acids.

Na2B4O7.10 H2O + 2 HCl = 4 H3BO3 + 2 NaCl + 5 H2O

While the liberated boric acid consumes 4 molecules of NaOH when titrated with alkali (e.g. NaOH), using phenolphthalein as indicator in presence of glycerol (More details in the practical part).

6- Determination of Acetylsalicylic Acid (Aspirin)

Esters of the type in which the hydroxyl group is esterified, such as acetylsalicylic acid, readily dissolve in dilute sodium hydroxide solution and are completely hydrolyzed by boiling or by heating for a few minutes on a water bath with an excess of base liberating the sodium salts of acetic acid and salicylic acid. The residual base can then be back titrated with standard acid, using phenolphthalein as indicator.

CH3.CO.O.C6H4.COOH + 2 NaOH = CH3.COONa + C6H4(OH)COONa

7- Blank Determinations

A blank determination is defined as "a separate determination in which all conditions (vessels, amounts of reagents and volumes of solution, temperature, etc), are virtually identical with those employed in the analysis except that the sample is omitted".

In general, blank determinations are used in the following cases:

a)
If the standard solution is unstable or if it changes its strength during the assay, e.g. standard sodium hydroxide in the assay of ammonium chloride by indirect method and assay of acetyl salicylic acid.

b)
If it is necessary to heat the sample with an excess of standard alkali, cooling and titrating back the residual alkali. Heating and cooling an alkaline liquid results in some changes in the strength of the alkali with certain indicators probably due to absorption of atmospheric carbon dioxide or to interaction with the glass, e.g. standard sodium hydroxide in the assay of ammonium chloride by indirect method and assay of acetyl salicylic acid.

c)
To determine the excess of standard solution necessary to establish the end point under the conditions met with in the titration of the unknown sample, the "titration error" is thus minimized. 


The titration error, or chemical error, which corresponds to the difference between the observed end point and the equivalence point. Calculating the size of this error will be considered for the titration of strong monofunctional acids and bases and will give a further insight into titration processes. The calculation for titrations involving weak acids or bases is possible, but involved.

d) To obtain corrections to be applied to the measurements of the unknown, for example to correct for the effect of the impurities introduced through the reagents or vessels. However, a large blank correction is undesirable, because the exact volume then becomes uncertain. 
Volumetric Precipitation Titrations (Precipitimetry)
Precipitation titrations are volumetric methods based on the formation of a slightly soluble precipitate. They are in many ways simpler than gravimetric methods. The precipitate needs not be separated, and needs not be pure, as long as the impurity does not consume titrant. The substance is determined simply by converting it into an insoluble form of known composition by adding a standard solution of the titrant. The equivalence point is reached when an equivalent amount of the titrant has been added. From the volume of the latter, the amount of the substance is calculated. The precipitate must be sufficiently insoluble to ensure completion of the reaction and to ensure a marked change in the concentration of the ions of precipitate at the equivalence point of the titration.

Table 1: Substances determined by precipitation titrations with Ag+.

	AsO43-, Br-, CNO-, CO32-, CrO42-, CN-, Cl-, C2O42-,  I-, PO43-, SCN-, S2-, fatty acids


Table 2: Miscellaneous precipitation titrations

	Analyte
	Reagent
	Precipitate

	Cl-, Br-
SO42-, MoO42-
Zn2+
PO34-, C2O42-
	Hg2(NO3)2
Pb(NO3)2
K4Fe(CN)6
Pb(OAc)2
	Hg2Cl2, Hg2Br2
PbSO4, PbMoO4
K2Zn3[Fe(CN)6]2
Pb3(PO4)2, PbC2O4


Limitations of volumetric precipitation titrations:

Volumetric precipitation reactions have several limitations combining those of the titrimetric methods in general, and some of those of the gravimetric methods. In particular, few points need here be stressed in comparing volumetric precipitation reactions with the other volumetric reactions, where no precipitates form.

1- The rate of reaction:

Particularly in dilute solutions, is often slow so that a long wait is necessary for each addition of titrant to react completely. As the equivalence point is approached, a high degree of supersaturation will not exist, and the rates of precipitation and attainment of solubility equilibrium become too slow for convenience of titration. The most suitable alternative, and often the only one, is to take advantage of a more rapid precipitation in the reverse direction, i.e. to add a measured excess of titrant and back-titrate.

2- The lack of suitable indicators for many precipitation titrations imposes another limitations in such titrations.

Limitations of argentometric titrations:

1-
Reducing agents, such as, sulphur dioxide interfere by reducing the silver ions, and must be removed by previous oxidation.

2-
Coloured compounds of any sort obscure the end point, which is taken as the faintest ting of colour detectable on the precipitated silver halide, or in solution, as the case may be.

3-
Silver halides are sensitive to photodecomposition, and the titration should be carried out in diffused daylight, or artifical light.

4-
Most cations except the alkalies and alkaline earths interfere in several ways. (a) Some, such as Fe3+ form insoluble coloured hydroxide in neutral or slightly acid medium; (b) Some, such as Al3+, hydrolyse to insoluble basic salts in neutral or slightly acid solution, showing a tendency to coprecipitate chloride; (c) Hg2+ form soluble complexes with halides of the type [HgI4]2-.

Solubility product:

Ionic reactions are actually complete when any change occurs that lowers the concentrations of ions to very small values. The factor governing the completeness of a precipitation reaction is the solubility of the precipitate formed. The more insoluble the precipitate, the more complete is the reaction at the equivalence point of the titration, and the larger is the change in concentration of the reacting ions. The equilibrium constant expressing the solubility of a precipitate is the familiar solubility product constant.

Let us consider what happens when the sparingly soluble salt AB comes in contact with water. Some of the salt dissolves in water and, assuming this compound to be an ionic solid, dissociates into its ions A+ and B-. This reaction can be represented in its simplest form (i.e. without considering hydration of the ions) by the equation:

AB ( A+  +  B-
 (1)

However, as the salt AB dissolves, more and more A+ and B- are in solution, with the net result that the chance of their recombining to form AB increases; that is, the equilibrium represented simply by equation (2) for the saturated solution is established.

[image: image28.wmf]AB (solid)
    A+   +   B- (solution)

(2)

The equilibrium constant for this reaction is:




Since the concentration of AB is constant as long as the temperature remains constant and there is some solid AB in contact with the solution, this equilibrium expression becomes.

K X const. = [A+] [B-] = SAB = Solubility product constant. 

Let us consider in the same way the saturated solution of the sparingly soluble salt Xm Yn which dissociates into m cation, Xn+ and n anions, Ym-. The equilibrium for this saturated solution can be represented by the equation:

[Xn+]m  [Ym-]n = SXm Yn
Calculation of the solubility product from solubility [image: image29.wmf] (Molar solubility):

Example (1): If the solubility of AgCl is 0.0015 g/l what is the solubility product.

( Molar concentration of saturated solution =

0.0015/143 = 1.05x10-5 g.mol/L
(143 is Molecular weight)

[AgCl] = [Ag+] = [Cl-]


SpAgCl = [Ag+] [Cl-]

( SpAgCl = (1.05x10-5) (1.05x10-5) = 1.1x10-10
SpAB  = S2
(S= molar solubility)

Example (2): Calculate the solubility product of Pb3(PO4)2 (solubility= 0.00014 g/l).

( Molar concentration of saturated solution = 


0.00014/811.7 = 1.4x10-7 g. mol/l

(811.7 is M.W.)

If we consider we have A mol/l.

[image: image30.wmf]Pb3(PO4)2
                     3Pb2+   +   2PO43-
A mole


3A

2A

Pb3(PO4)2 = [3A]3  [2A]2


= [3 (1.7x10-7)]3  [2(1.7x10-7)]2


= 1.5 x 10-32
Calculation of solubility from solubility product.

Example (3): Calculate the solubility of silver sulphide in pure water.

(SpAg2S = 6x10-50)

[image: image31.wmf]Ag2S
          2Ag+   +  S--
SpAg2S = [Ag+]2 [S] = 6x10-50
[image: image32.wmf]A mole Ag2S 
          2Ag+   +  S--
If we have A mole
2A
     A

SpAg2S = [2A]2 [A]

6x10-50 = 4A3

A= 

  

Factors Affecting Solubility of the Precipitate:

1- Common ion effect on solubility (C.I.):

A common ion is one of the component ions of sparingly soluble salt but found in solution from ionization of other salts e.g. if AgCl is dissolved in NaCl or KCl. The chloride ion obtained from ionization of these salts form a common ion with chloride ion produced from ionization of AgCl, similarly if AgCl is dissolved in AgNO3 solution. The common ion usually causes depression of the solubility. Thus, if we have a saturated solution of sparingly soluble salt e.g. AgCl there is equilibrium between solid phase and soluble molecule i.e. with the ions in solution.

To illustrate the C.I. effect we will discuss the case when Cl- or Ag+ are added to saturated solution of AgCl. Thus, if AgCl(S) is shaken with pure water SpAgCl= [Ag+] [Cl-], if Ag+ are added (from AgNO3) excess Ag+ will disturb the equilibrium and this ions will combine with Cl- to form precipitate AgCl till equilibrium is again reached where [Ag+] [Cl-] = SpAgCl i.e. the solubility decreases. A similar effect occurs if excess Cl- is added to the solution.

One can calculate the extent of the depression of the solubility if the concentration of common ion is known.

Example: Calculate the solubilities of AgCl in 0.001M, 0.01M and 0.1M KCl.

In 0.001 M KCl   [Cl-] = 10-3
In a saturated solution of AgCl

SpAgCl= [Ag+] [Cl-]

1.1x10-10 = [Ag+] [10-3]

( [Ag+] ( 10-7
( molar solubility of AgCl = 10-7
This is explained by the that fact Ag+ is found in solution only from the ionization of soluble part of AgCl at saturation, and since each 1 mol AgCl furnishes one Ag+ ( molar Ag+ concentration = [AgCl] soluble. Similarly

in 0.01 M KCl solution [Cl-] = 10-2
( 1.1 x 10-10 = [Ag+] [10-2]

( [Ag+] ( 10-8 



( molar solubility of [AgCl] = 10-8
in 0.1 KCl solution the solubility will be 10-9.

In pure water 1.05x10-5
S= SpAgCl
Depression of solubility by common ion effect is of great importance in gravimetric analysis, to ensure complete precipitation excess of precipitating agent is added which by common ion effect minimize the solubility.

However, in some cases the presence of common ion may increase solubility and this is due to complex formation and must be avoided.

2- Increased solubility by complex formation:

The solubility can be increased by including an ion which forms a complex with one of ion components of the precipitate, e.g. when potassium cyanide is added to silver nitrate a white precipitate of silver cyanide is first formed, because the solubility product of silver cyanide is exceeded. Additon of excess CN- will dissolve the precipitate due to the formation of complex ion [Ag(CN)2]-.

Notice that AgCl, AgBr and AgI are soluble in alkaline cyanide solutions while Ag2S is not (SpAg2S= 10-51). Also silver ion forms complex with ammonia.

[image: image33.wmf]Ag+  +  2NH3 

[Ag(NH3)2]+
The concentration of silver ion produced from dissociation of the complex is insufficient in presence of chloride to exceed the solubility product of silver chloride but it approachs that of bromide and exceeds that of iodide in their presence. So silver chloride is soluble in ammonia while bromide is partially soluble and silver iodide is insoluble.

3- Effect of temperature on solubility:

Increase of temperature mostly increases the solubility of precipitate.

4- Diverse ion effect:

Diverse salts increase the solubility of precipitates and have more effect on precipitates with multiply charged ions. 

The presence of diverse salts will generally increase the solubility of precipitates due to the shielding of the dissociated ionic species, for example BaSO4 in presence of NaNO3 (diverse ion).

5- Effect of acids:

For sparingly soluble salts of a strong acid, the effect of the addition of an acid will be similar to that of any other indifferent electrolyte; but if the sparingly soluble salt MA is the salt of a weak acid HA, then acids will generally have a solvent effect upon it. If hydrochloric acid is added to an aqueous suspension of such a salt, the following equilibrium will be established:
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If the dissociation constant of the acid HA is very small, the anion A- will be removed from the solution to form the undissociated acid HA. Consequently, more of the salt will pass into solution to replace the anions removed in this way, and this process will continue until equilibrium is established (i.e. until [M+][A-] has become equal to the solubility product of  MA), or if sufficient hydrochloric acid is present, until the sparingly soluble salt has dissolved completely.

The sparingly soluble sulphates (e.g. those of barium, strontium and lead) also exhibit increased solubility in acids as a consequence of the weakness of the second-stage ionisation of sulphuric acid   (K2= 1.2x10-2 mol L-1):

[image: image19.wmf]S

O

4

2

-

 

 

+

 

 

 

H

+

 

 

 

 

 

 

 

 

 

 

 

 

 

H

S

O

4

-


But since K2 is comparatively large, the solvent effect is relatively small; this is why in the quantitative separation of barium sulphate, precipitation may be carried out in slightly acid solution in order to obtain a more easily filterable precipitate and to reduce co-precipitation.

6- Effect of solvent:

The solubility of most inorganic compounds is reduced by the addition of organic solvents such as methanol, ethanol, propan-1-ol and acetone. For example, the addition of about 20 vol% ethanol renders the solubility of lead sulphate practically negligible, thus permitting quantitative separation. Similarly, calcium sulphate separates quantitatively from 50 vol% ethanol.

Fractional Precipitation:

We shall study the situation which arises when a precipitating agent such as Ag+ is added to a solution containing two anions e.g. chloride and iodide both of which form slightly soluble salt with the same cation. The questions which arise are:

1-
Which salt will precipitate first?

2-
How completely will the first salt be precipitated before the second ion begins to react with reagent?

The solubility product of AgCl and AgI is 1.1x10-10 and 1.7x10-16 respectively.

It is the initial concentration of iodide is 0.1M, upon addition of silver ion precipitation of silver iodide commences when the molar concentration of silver ion is.




And for chloride if the initial concentration is 0.1M silver chloride will begin to precipitate when the molar concentration of silver ion is:




So, when silver ion concentration reaches 10-15 iodide will be precipitated while chloride will not until silver ion concentration is raised and by 10-9. Such rise in silver ion concentration will only reach when practically all iodide is precipitated as silver iodide. In fact, both AgI and AgCl will be precipitated simultaneously when:





     


i.e. when the ratio of I- : Cl- = 1:106
This type of successive precipitation using the same precipitating agent is known by fractional precipitation.

Determination of end points in precipitation reaction:

Many methods are utilised in determining end points in these reactions, but only the most important will be mentioned here.

A- Formation of a coloured precipiate (Mohr method):

An example of the use of formation of second highly coloured precipitate for detection of end point, is the Mohr's method for determination of chloride and bromide ions with silver nitrate. 

Here, chromate ion is the indicator, the end point is detected by the appearance of brick red silver chromate (Ag2CrO4) in neutral medium.

The molar solubility of silver chromate is several times greater than that of silver chloride or bromide.

Thus silver chloride tends to form first in the titration mixture. By adjusting the chromate concentration to a suitable level, formation of silver chromate can be retarded until the silver ion concentration in the mixture is equal to the theoretical equivalence point for chloride. This can be easily determined as follows:

At equivalence point:

[Ag+] = [Cl-] = 


[Ag+] = 1.05x10-5
The chromate concentration required to initiate precipitation of silver chromate under these condition can be also calculated from its solubility product:

KSpAg2CrO4 = [Ag+]2 [CrO4--]




This means that the concentration of chromate necessary to give the brick red of silver chromate at equivalence point is 0.01M in fact it is 0.015M exactly.

Intereferences and limitations of Mohr method:

1-
The Mohr titration is applicable only in neutral or faintly alkaline solution with pH values from about 6 to 10. In acid solution, the CrO42- concentration is greatly decreased according to the following equilibrium:

[image: image34.wmf][image: image35.wmf]2 H+  +  2 CrO42-              2 HCrO4-
   Cr2O72-  +  H2O

and dichromate is formed whose silver salt is soluble. Therefore, no indicator precipitate forms.

If, on the other hand, the medium is alkaline, silver will precipitate as its oxide:

[image: image36.wmf][image: image37.wmf]2 Ag+  +  2 OH-

2 AgOH
   Ag2O  +  H2O

This interferes with the titration, the silver oxide may even precipitate before silver chromate especially where the solubility product of Ag2O is exceeded. If ammonium salts are present, the pH of the solution must not exceed pH 8 otherwise free ammonia will be produced and dissolve the silver chloride precipitate. Therefore, the halide solution should be neutralized before titration if necessary, by adding NaHCO3 or dilute HNO3, as the case may be.

2- Cations which give insoluble chromate e.g. barium ions: They must be absent or removed before the titration.

3- The reverse titration of silver ion with chloride ion using chromate as indicator is not feasible, the flocculated Ag2CrO4 formed initially, reacts slowly with chloride especially near the end point of the titration. However to determined silver by Mohr method, it is possible to add excess standard chloride solution and then back-titrate using the chromate indicator.

4- Titration of iodide; and of thiocyanate is not successful because silver iodide and silver thiocyanate adsorb chromate ions so strongly that a false and somewhat indistinct end point is obtained.

B- Formation of a soluble coloured compound (Volhard method):

This procedure is examplified by the method of Volhard for the titration of silver in the presence of free nitric acid with standard potassium or ammonium thiocyanate solution. The indicator is a solution of ferric nitrate or of ferric ammonium alum. The addition of the thiocyanate solution produces first a precipitates of silver thiocyanate (S.P. 7.1x10-13).

[image: image38.wmf]Ag+   +   SCN-
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When this reaction is complete, the silghtest excess of thiocyanate produces a reddish-brown colouration, due to the formation of the complex ferri-thiocyanate ion:

[image: image39.wmf]Fe+++   +   SCN-

[FeSCN]++
This method may be applied to the determination of chlorides, bromides, and iodides in acid solution. Excess of standard silver nitrate solution is added, and the excess is back-titrated with standard thiocyanate solution. For the chloride estimation, we have the following two equilibriums during the titration of excess of silver ions:
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  AgCl;
              Ag+   +   SCN-
AgSCN

The two sparingly soluble salts will be in equilibrium with the solution hence:




When the excess of silver has reacted, the thiocyanate may react with the silver chloride, since silver thiocyanate is the less soluble until the ratio [Cl-] / [SCN-] in the solution is 170. 

AgCl   +   SCN-

AgSCN  +  Cl-
This will take place before reaction occurs with the ferric ions in the solution and there will consequently be a considerable titration error. It is therefore absolutely necessary to prevent the reaction between the thiocyanate, and the silver chloride. This may be effected in several ways, of which the first is probably the most reliable:

i-
The silver chloride is filtered off before back titration.

ii-
After the addition of the silver nitrate, the suspension is boiled for about 3 minutes, cooled and then titrated immediately.

iii-
An immiscible liquid is added to "coat" the silver chloride particles and thereby protect them from interaction with the thiocyanate. The most successful liquid is nitrobenzene. With bromides, we have the equilibrium;




The titration error is small, and no difficulties arise in the determination of the end point. Silver iodide (S.P. 1.7x10-16) is less soluble than the bromide, the titration error is negligible but the ferric ion indicator should not be added until excess of silver is present, since the dissolved iodide reacts with the ferric iron.

2Fe+++   +   2I-

2Fe++  +   I2
C- Use of adsorption indications (Fajan method):

Fajan has introduced a useful type of indicator for precipitation reactions as a result of his studies on the nature of adsorption. The action of these indicators is due to the fact that at the equivalence point the indicator is adsorbed by the precipitate, and leads to a substance of different colour, they have therefore been termed adsorption indicators. The substances employed are either acid dyes, such as fluorescein, eosin, rose bengal, dichloro-fluorescein, and di-iodo-diemthyl-fluorescein; or basic dyes, such as rhodamine (6G), which are applied as the halogen salts.

The following conditions will govern the choice of a suitable adsorption indicator:

i-
The precipitate should separate as far as possible in colloidal conditions. The solution should not be too dilute as the amount of precipitate formed will be small and the colour change is not sharp with certain indicators.

ii-
The indicator ion must be of opposite charge to the ion of the precipitating agent.

iii-
The indicator ion should not be adsorbed before the particular compound has been completely precipitated, but is should be strongly adsorbed immediately after the equivalence point.

Some adsorption indicators and their applications:

1-
Fluorescein: can be used during the titration of halides. This is a very weak acid (Ka= 1 x 10-8) hence even a small amount of other acids reduces the already minute ionisation, thus rendering the detection of the end point (which depends essentially upon the adsorption of the free anion) either impossible or difficult to observe. The optimum pH range is between 7 and 10.

2-
Dichlorofluorescein: is a stronger acid and may be utilised in slightly acid solution of pH greater than 4.4. This indicator has the further advantage that it is applicable in very dilute solutions.

3-
Eosin (tetrabromofluorescein): is a stronger acid and can used down to a pH of 1.2. The colour change is sharpest in an acetic acid solution. Eosin can't be used as indicator for the determination of chloride because eosin anion is adsorbed by AgCl ppt before the equivalence point. With the more strongly adsorbing ions, Br-, I- and SCN-, the competition is not serious and a very sharp end point is obtained in their titration even in dilute solutions. Rose bengal (dichlorotetraiodofluorescein) and dimethyl di-iodofluorescein have been recommend for the titration of iodides.

Compleximetry
Analytical Importance of Complexes:

Coordination complexes are neutral or ionic compounds that involve the formation of at least one coordinate covalent bond between the metal ion and a complexing agent. Coordination complexes play an important role in many analytical processes as shown by the following examples:

-
Many coordination compounds are insoluble in water and form the basis of rather specific precipitation reactions in gravimetry.

-
Complexing agents that form coordination complexes with certain specific metal ions may often be used as masking agents to prevent a metal ion from undergoing an undesired reaction that would result in interference.

-
Because coordination compounds are often highly colored, they are frequently used in many colorimetric and photometric procedures.

-
Furthermore, the solubility of many neutral coordination compounds in organic solvents allows the extraction of metal ions from aqueous solution into the organic phase and thus forms the basis for some analytical separations.

Complexation:

The processes of complex-ion formation can be described by the general term complexation. A complexation reaction with a metal ion involves the replacement of one or more of the coordinated solvent molecules by other nucleophilic groups. The groups bound to the central ion are called ligands and in aqueous solution the reaction can be represented by the equation:

M(H2O)n  +  L  =  M(H2O)(n-1) L   +   H2O

Here the ligand (L) can be either a neutral molecule of a charged ion, and successive replacement of water molecules by other ligand groups can occur until the complex MLn is formed; n is the coordination number of the metal ion and represents the maximum number of monodentate ligands that can be bound to it.

Ligands may be conveniently classified on the basis of the number of points of attachment to the metal ion. Thus simple ligands, such as halide ions or the molecules H2O or NH3, are monodentate, i.e. the ligand is bound to the metal ion at only one point by the donation of a lone pair of electrons to the metal. When, however, the ligand molecule or ion has two atoms, each of which has a lone pair of electrons, then the molecule has two donor atoms and it may be possible to form two coordinate bonds with the same metal ion; such a ligand is said to be bidentate and may be exemplified by consideration of the tris(ethylene-diamine) cobat(III) complex, [Co(en)3]3+. In this six-coordinate complex of cobalt(III), each of the bidentate ethylenediamine molecules is bound to the metal ion through the ion pair electrons of the two nitrogen atoms. This result in the formation of three five-membered rings, each including the metal ion; the process of ring formation is called chelation and like this complex is called a chelate.

Multidentate ligands contain more than two coordinating atoms per molecule, e.g. 1,2-diaminoethanetetra-acetic acid (ethylenediaminetetra-acetic acid, EDTA), which has two donor nitrogen atoms and four donor oxygen atoms in the molecule, can be hexadentate.

A ligand involved in complexation can be either charged (acidic or anionic functional groups) or uncharged groups.

In the foregoing it has been assumed that the complex species does not contain more than one metal ion, but under appropriate conditions a binuclear complex, i.e. one containing two metal ions, or even a polynuclear complex, containing more than two metal ions may be formed. Thus, interaction between Zn2+ and Cl- ions may result in the formation of binuclear complexes, e.g. [Zn2Cl6]2-, in addition to simple species such as ZnCl3- and ZnCl42-. The formation of bi- and polynuclear complexes will clearly be favored by a high concentration of the metal ion; if the latter is present as a trace constituent of a solution, polynuclear complexes are unlikely to be formed.

Chelate Effect:

The process of chelation highly affects the stability of the formed complexes. Thus, multidentate ligands usually form stronger metal complexes than do similar monodentate ligands. For example, the reaction of Cd2+ with two molecules of ethylenediamine has a much larger equilibrium constant than its reaction with four molecules of methylamine.

The chelate effect, then, is the observation that multidentate ligands form more stable metal complexes than do similar monodentate ligands. The chelate effect is most pronounced for ligands such as EDTA or DCTA (trans-diaminocyclohexane-tetracetic acid), which can occupy all six coordination sites about a metal ion.

Complexones:

The formation of a single complex species rather than the stepwise production of such species will clearly simplify complexometric titrations and facilitate the detection of end points. Schwarzenbach realized that the acetate ion is able to form acetate complexes of low stability with nearly all polyvalent cations, and that if this property could be reinforced by the chelate effect, then much stronger complexes would be formed by most metal cations. He found that the aminopolycarboxylic acids are excellent complexing agents; the most important of these is 1,2-diamino-ethanetetraacetic acid (ethylene-diaminetetraacetic acid, H4Y). 
Various trivial names are used for ethylenediaminetetra-acetic acid and its sodium salts, and these include Trilon B, Complexone III, Sequestrene, Versene, and Chelaton 3; the disodium salt is most widely employed in titrametric analysis. To avoid the constant use of the long name, the abbreviation EDTA is utilized for the disodium salt.

Other complexing agents (complexones) which are sometimes used include: (a) nitrilotriacetic acid (NITA or NTA or Complexone I; this has pK1= 1.9, pK2= 2.5 and pK3= 9.7), (b) trans-1,3-diaminocyclohexane-N,N,N',N'-tetra-acetic acid: this should presumably be formulated as a zwitterion structure like (I); the abbreviated name is CDTA, DCyTA, DCTA or Complexone IV, (c) 2,2'-ethylenedioxybis {ethyliminodi(acetic acid)} also known as ethylene glycol-bis (2-aminoethyl ether) N,N,N',N'-tetra-acetic acid (EGTA or Complexone V), and (d) triethylenetetramine-N,N,N',N",N'",N'"-hexa-acetic acid (TTHA or Complexone VI).

CDTA often forms stronger metal complexes than does EDTA and thus finds applications in analysis, but the metal complexes are formed rather more slowly than with EDTA so that the end-point of the titration tends to be drawn out with the former reagent. EGTA finds analytical application mainly in the determination of calcium in a mixture of calcium and magnesium and is probably superior to EDTA in the calcium / magnesium water-hardness titration.

However, EDTA has the widest general application in analysis because of its powerful complexing action and commercial availability. The spatial structure of its anion, which has six donor atoms, enables it to satisfy the coordination number of six frequently encountered among the metal ions and to form strainless five-membered rings on chelation.
To simplify the following discussion EDTA is assigned the formula H4Y: the dissolution salt is therefore Na2H2Y and affords the complex-forming ion H2Y2- in aqueous solution; it reacts with all metals in 1:1 ratio. The reactions with cations, e.g. M2+, may be written as:
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For other cations, the reactions may be expressed as:
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One mole of the complex-forming H2Y2- reacts in all cases with one mole of the metal ion and in each case, also, two moles of hydrogen ion are formed. It is apparent from equation (4) that the dissociation of the complex will be governed by the pH of the solution; lowering the pH will decrease stability of the metal-EDTA complex. The more stable the complex, the lower the pH at which an EDTA titration of the metal ion in question may be carried out. Table (2) indicates minimum pH values for the existence of EDTA complexes of some selected metals.

Table 2: Stability with respect to pH of some metal-EDTA complexes.

	Minimum pH at which complexes exist
	Selected metals

	1-3

4-6

8-10
	Zr4+; Hf4+; Th4+; Bi3+; Fe3+
Pb2+; Cu2+; Zn2+; Co2+; Ni2+, Mn2+; Fe2+; Al3+; Cd2+; Sn2+
Ca2+; Sr2+; Ba2+; Mg2+


It is thus seen that, in general, EDTA complexes with metal ions of the charge number 2 are stable in alkaline or slightly acidic solution, whilst complexes with ions of charge numbers 3 or 4 may exist in solutions of much higher acidity.

Stability Constants of EDTA Complexes:

The stability of a complex is characterized by the stability constant (or formation constant) K:
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K = [(MY)(n-4)+] / [Mn+] [Y4-]
(6)

Some values for the stability constants (expressed as log K) of metal-EDTA complexes are collected in Table 3:

Table 3: Stability constants (as log K) of metal-EDTA complexes.

	Mg2+
Ca2+
Sr2+
Ba2+
Mn2+
Fe2+
Co2+
Ni2+
Cu2+
	8.7

10.7

8.6

7.8

13.8

14.3

16.3

18.6

18.8
	Zn2+
Cd2+
Hg2+
Pb2+
Al3+
Fe3+
Y3+
Cr3+ 
Na+
	16.7

16.6

21.9

18.0

16.3

25.1

18.2

24.0
1.7


Types of EDTA titrations:

I. Direct titration:

In a direct titration, analyte is titrated with standard EDTA. The analyte is buffered to an appropriate pH at which the conditional formation constant for the metal-EDTA complex is large enough to produce a sharp end point. Since most metal ion indicators are also acid-base indicators, they have different colors at different values of pH. An appropriate pH must be one at which the free indicator has a distinctly different color from the metal-indicator complex.

In many titrations an auxiliary complexing agent, such as ammonia, tartarate, citrate, or triethanolamine, is employed to prevent the metal ion from precipitating in the absence of EDTA. For example, the direct titration of Pb2+ is carried out in ammonia buffer at pH 10 in the presence of tartarate, which complexes the metal ion and does not allow Pb(OH)2 to precipitate. The lead-tartarate complex must be less stable than the lead-EDTA complex, or the titration would not be feasible.

II. Back titration:

In a back titration a known excess of EDTA is added to the analyte. The excess EDTA is then titrated with a standard solution of a second metal ion. A back titration is necessary if the analyte precipitates in the absence of EDTA, if it reacts too slowly with EDTA under titration conditions, or if it blocks the indicator. The metal ion use din the back titration should not displace the analyte metal ion for its EDTA complex. Examples for using the back titration technique are:

Preventing precipitation:

Al3+ precipitates as Al(OH)3 at pH 7 in the absence of EDTA. An acidic solution of Al3+ can be treated with excess EDTA, adjusted to pH 7-8 with sodium acetate, and boiled to ensure complete complexation of the ion. The Al3+-EDTA complex is stable in solution at this pH. The solution is then cooled, eriochrome black T indicator is added; and back titration with standard Zn2+ is performed.

III. Displacement titration:

For metal ions that do not have a satisfactory indicator, a displacement titration may be feasible. In this procedure the analyte usually is treated with excess Mg(EDTA)2- chelate to displace Mg2+, which is later titrated with standard EDTA.

Mn+   +  MgY2-    (   MYn-4   +   Mg2+
(8)

Hg2+ is determined in this manner. The formation constant of Hg(EDTA)2- must be greater than the formation constant for Mg(EDTA)2-, or else Reaction (8) will not work.

An interesting application is the titration of calcium. In the direct titration of calcium ions, solochrome black gives a poor end point; if magnesium is present, it is displaced from its EDTA complex by calcium and an improved end point results. 

IV. Masking:

A masking agent is a reagent that protects, without physical separation, some component of the analyte from reaction with EDTA. Masking can be performed by the following methods:

1- Masking agents:

For example, Al3+ reacts with F- to form the very stable complex AlF63-. The Mg2+ in a mixture of Mg2+ and Al3+ can be titrated by first masking the Al3+ with F-, leaving only the Mg2+ to react with EDTA.

Cyanide is a common masking agent that forms complexes with Cd2+, Zn2+, Hg2+, Co2+, Cu2+, Ag+, Ni2+, Pd2+, Pt2+, Fe2+, and Fe3+, but not with Mg2+, Ca2+, Mn2+, or Pb2+. If cyanide is first added to a solution containing Cd2+ and Pb2+, only the Pb2+ is then able to react with EDTA. Fluoride can mask Al3+, Fe3+, Ti4+ and Be2+. Triethanolamine masks Al3+, Fe3+ and Mn2+, and 2,3-dimercaptopropanol masks Bi3+, Cd2+, Cu2+, Hg2+, and Pb2+.

2- Kinetic masking:

Is a special case in which a metal ion does not effectively enter into the complexation reaction because of its kinetic inertness? Thus the slow reaction of chromium(III) with EDTA makes it possible to titrate other metal ions which react rapidly, without interference from Cr(III); this is illustrated by the determination of iron(III) and chromium(III) in a mixture.

Demasking:

Refers to the release of a metal ion from a masking agent. Cyanide complexes can be demasked by treatment with formaldehyde in acetic acid medium or chlorohydrate.

EDTA Selectivity:

EDTA is very unselective chelating agent because it reacts with numerous bi-, tri-, tetravalent metals. But, the selectivity can be highly increased by:

(a) Masking and demasking:

This allows individual components of complex mixtures of metal ions to be analyzed by EDTA titrations. The use of masking and selective demasking agents permits the successive titration of many metals. Thus, a solution containing Mg, Zn and Cu can be titrated as follows:

(i)
Add excess of standard EDTA and back-titrate with standard Mg solution using Solochrome Black (Eriochrome Black T) as indicator. This gives the sum of all the metals present.

(ii)
Treat an aliquot portion with excess of KCN and titrate as before. This gives Mg only.

(iii)
Add excess of chloral hydrate (or of formaldehyde-acetic acid solution, 3:1) to the titrated solution in order to liberate the Zn from the cyanide complex, and titrate untie the indicator turns blue. This gives the Zn only. The Cu content may then be found by difference.

(b) Suitable control of the pH of the solution:

This, of course, makes use of the different stabilities of metal-EDTA complexes. Thus bismuth and thorium can be titrated in an acidic solution (pH= 2) with xylenol orange or methylthymol blue as indicator and most divalent cations do not interfere. A mixture of bismuth and lead ions can be successfully titrated by first titrating the bismuth at pH 2 with xylenol orange as indicator, and then adding hexamine to raise the pH to about 5, and titrating the lead.

(c) Classical separation:

These may be applied if they are not tedious; thus the following precipitates may be used for separations in which, after being re-dissolved. The cations can be determined complexometrically: CaC2O4, nickel dimethylglycoximate, Mg(NH4)PO4.6H2O and CuSCN.

(d) Solvent extraction:

This is occasionally of value. Thus zinc can be separated from copper and lead by adding excess of ammonium thiocyanate solution and extracting the resulting zinc thiocyanate with 4-methylpentan-2-one (isobutylmethylketone); the extract is diluted with water and the zinc content determined with EDTA solution.

(e) Choice of indicator:

The indicator chosen should be one for which the formation of the metal-indicator complex is sufficiently rapid to permit establishment of the end point without undue waiting and should preferably be reversible.

(f) Removal of anions:

Anions, such as orthophosphate, which can interfere in complexometric titrations may be removed using ion exchange resins.
Oxidation-reduction reactions

Involve changes in the oxidation number or state of oxidation or valence of the reacting substances. 

Electrons are transferred from the substance undergoing oxidation to that undergoing reduction. 

In oxidation-reduction reactions (or redox), electrons are transferred.
There are two components to a redox reaction.  Each is known as a half-reaction, and involves a transfer of electrons.  The half-reaction that involves a gain of electrons is called a reduction reaction.  The half-reaction that involves a loss of electrons is called an oxidation reaction.  These two half-reactions always occur simultaneously, because every time an e- is lost, it must also be gained by something else.

If the substance gained electrons: Substance is reduced


Substance cause oxidation to the other reacting species


Ex 1:  


MnO4- + 8H+ + 5e                Mn2+  +  4H2O


Permanganate ion

Manganous ion

If the substance loosed electrons: Substance is oxidized


Substance cause reduction to the other reacting species


Ex 2:  




Fe2+                              Fe3+ +  e

Ferrous ion            
Ferric ion

Ex 3: 


Fe2+  +  Ce4+                         Fe3+  +    Ce3+            

Ferrous ion    +  Cerric ion                  Ferric ion  +  Cerrus ion

Ex 4:  2Ca + O2 ---> 2CaO




2Ca ---> 2Ca2+ + 4e-  (oxidation reaction)




O2 + 4e- ---> 2O2-       (reduction reaction)

In the example above, we are able to break a reaction into two parts, oxidation and reduction.  Here, Ca acts as a reducing agent because it donates electrons to O and causes the O to be reduced.  The O2 acts as an oxidizing agent since it accepts electrons from the Ca causing Ca to be oxidized.  

Oxidation Number

In order to keep track of the transfer of e- in Redox reactions, oxidation numbers are assigned to the reactants and products.  Oxidation number refers to the number of charges an atom would have in a molecule (or an ionic compound) if e- were transferred completely.  Oxidation can be defined as an increase in oxidation number, while reduction can be defined as a decrease in oxidation number.

There are several important rules when assigning oxidation numbers:

1. In free elements (in an uncombined state) each atom has an oxidation number of zero.

2. For ions composed of only 1 atom, the oxidation number is equal to the charge 
on the ion.  All alkali metals (group 1A) have an oxidation number of +1, and all 
alkaline earth metals (group 2A) have an oxidation number of +2 in their compounds. Aluminum has an oxidation number of +3 in all its compounds.

3. The oxidation number of Oxygen in most compounds is -2.  But in hydrogen peroxide (H2O2) and peroxide ion (O22-), its oxidation number is -1.

4. The oxidation number of Hydrogen is +1, except when bonded to metals in binary compounds. For example, in LiH, NaH, its oxidation # is -1

5. Fluorine has oxidation # of -1 in all its compounds.  Other halogens (Cl, Br, and I) have negative oxidation numbers when they occur as halide ions in their compounds.  When they combine with oxygen they have positive oxidation numbers (HOCl)

6. In a neutral molecule, the sum of the oxidation numbers of the molecule must be 0. In a polyatomic ion, the sum of oxidation numbers of all atoms in the ion must be equal to the net charge of the ion.

REDOX HALF-REACTIONS

Breaking total reaction into oxidation and reduction reactions
   0       
0            each
+2  -2

2 Mg(s)  +  O2(g)  ↔  2 MgO(s)

2 Mg(s) ↔  2 Mg2+ + 4 e-  Oxidation half-reaction
O2(g) + 4 e-  ↔  2 O2-  Reduction half-reaction
    2 Mg(s) ↔  2 Mg2+ + 4 e-  Oxidation half-reaction

Each magnesium atom gives up 2 electrons (oxidation) 
Each magnesium atom transfers 2 electrons to oxygen (oxidation) 
Each magnesium atom reduces oxygen (reducing agent) 
   O2(g) + 4 e-  ↔  2 O2-  Reduction half-reaction

Each oxygen atom takes 2 electrons (reduction) 
Each oxygen atom receives 2 electrons from magnesium (oxidation) 
Each oxygen atom oxidizes magnesium (oxidizing agent) 
BALANCING OXIDATION-REDUCTION EQUATIONS

Theoretically, one can balance redox equations using the same chemical balancing steps described earlier in the chapter.  However, there is another method used, called the ion-electron method.  In this method, the overall reaction is divided into two half-reactions, one for oxidation and one for reduction.  The equations for the 2 half-reactions are balanced separately and then added together to give an overall balanced equation.  

The following steps can be used to carry out the ion-electron method:


1. Write the unbalanced equation for the reaction in ionic form.


2. Separate the equation into two half-reactions.


3. Balance the atoms other than O and H in each half-reaction separately.  


4. For reactions in an acetic medium, add H2O to balance the O atoms and H+ to balance the H atoms.

5. Add electrons to one side of each half-reaction to balance the charges. If necessary, equalize the number of e- in the 2 half-reaction by multiplying one or both half-reactions by appropriate coefficients.  


6. Add the 2 half-reactions together and balance the final equation by inspection.  The e- on both sides must cancel.


7. Verify that the equation contains the same types and numbers of atoms and the same charges on both sides of the equation. 

REDOX INDICATORS:

Several methods are used for detection of end-point in redox titrations;

[a]  Internal redox indicators

[b]  External indicators

[c]  The reagent may serve as its own indicator (self indicator)

[d]  Potentiometric method

The internal indicators:

The oxidized form of these substances has different colors from the reduced form. They should mark the sudden change in the oxidation potential in the neighborhood of the equivalence point in the titration.

Ferrous Phenanthroline (Ferroin) is an intense red-colored coordination complex formed by combination of the base orthophenanthroline with ferrous ion in the molecular ratio 3 base : 1 ferrous. This complex is reversibly oxidized to the corresponding phenanthroline-ferric ion complex called “Ferrin” which is pale blue in color. The complex is used as an indicator in the titration of ferrous ions by cerric sulphate. 
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Self redox indicator

The colored standard when used in the titration, can serve as its own indicator. 

Examples:

· Potassium permanganate: One drop (0.05 mL) exceed of 0.1N KMNO4 will import a visible pink color to several hundred milliliters of solution, even in the presence of slightly colored ions as Fe3+. 

· Cerric sulfate, iodine solution, also can serve as self indicators.
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Reversible Internal Indicators:


	Ex 1: Ferroin (Ferrous phenanthroline)


Irreversible Internal Redox Indicator:


	Ex 1:  Methyl red 


	Ex 2: Methyl orange
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