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The analytical process model ïrevision slide

Any analysis may be considered as consisting of a maximum of seven unit 

processes.  These are shown diagrammatically and descriptively below:

1 2 3 4 5 6 7

Unit 1. Consider the problem and decide on the objectives

Unit 2. Select procedure to achieve objectives

Unit 3. Sampling

Unit 4. Sample preparation

Unit 5. Separation and/or concentration

Unit 6. Measurement of target analytes

Unit 7. Evaluation of the data, have the objectives been met?
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Process unit 6 ïmeasurement of target 

analytes

1 2 3 4 5 6 7

Having agreed the information required from the analysis, taken the sample, 

prepared the sample and separated out any potential interferences, we eventually 

arrive at the stage of performing the analytical measurement.  Many of the 

measurement techniques currently popular for performing this function are 

considered in chapters 7 - 13 of the teaching and learning programme.  So in this 

section, consideration will be given to looking at the some of the generic aspects of 

quantitative measurement.  A list of topics to be covered in this Process unit is 

given on the next slide.
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Introduction
The terms ïTechnique, Method and Procedure are all frequently used to 

describe an analysis. However they do relate to individual aspects of an

analysis and as such therefore should not be used indiscriminately. 
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Categories of techniques

Analytical techniques have been and continue to be categorised into one of the

following categories:

Classical;

Instrumental;

Chemical;

Physical;

Destructive;

Non-destructive.

In addition, it is often found that pairs of these categories are compared together, 

for example:

Á Classical versus Instrumental

Á Chemical versus Physical

Á Destructive versus Non-destructive

These will be explained in the following three slides, however it should become

apparent that none of these descriptions are exclusive.
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Classical versus Instrumental

Comment:  Although gravimetric techniques are generally classed as óClassicalô,

they required the use of an analytical balance to provide the final measurement.

Would you class a balance as an instrument?
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Chemical versus Physical

Comment:  Again, the difference between the two categories is blurred, in that

gravimetric analyses require the use of a balance, colorimetric analyses require

the use of a colorimeter or visible range spectrometer and titrimetric

methods can use physical methods for detecting end points.
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Destructive versus non-destructive
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Units of measurement
Although in many areas of theoretical chemistry the use of Molar concentration

units predominates, in industrial analytical situations, a combination of units

are regularly used. These include units expressed in terms of:

Á Molar, millimolar quantities;

Á Molal solutions;

Á Normality;

Á Mass per volume quantities;

Á Mass per mass quantities;

Á Volume per volume quantities.

Mathematically these mass and volume quantities may be expressed in terms:

Á Percentage (%);

Á Quantity relationship to the l (dm3) or the kg;

Á Trace units expressed as ppm (parts per million), ppb (parts per billion) and

ppt (parts per trillion).

The following slides considers each of these expressions of quantity in greater

detail. It is also frequently necessary to be able to convert between units

and this also will be described in these slides.
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Expressing quantity in molar & molal terms

Although the SI unit for concentration is mol m
-3

, analysts are generally more

practical people and therefore relate their units to volumes that can actually

be handled.
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Expressing quantity as Normality
Normality was a concentration term popular until around 50 years ago, however

still persists in a small number of industries and of course may still be found in

older copies of textbooks and the scientific literature. A oneïnormal (N) solution

contains one equivalent per litre of solute.

Example (4.i)

A 1 molar solution of HCl is also a 1 normal solution as HCl has only a single proton that

can react within an acid/base reaction.  A 1 molar solution of H2SO4 on the other hand, will

equal a 2 normal solution, as the acid has 2 available protons.

The ionic equation for a permanganate oxidation in acid solution is shown below:

MnO4
-

+  8H+ + 5e
-

Mn
2+

+  4H2O

This shows 5e
-
being required to complete the reduction.  Therefore a 1 molar solution of 

potassium permanganate is equivalent to a 5 normal solution.  It is interesting to note that

in many laboratories the standard permanganate solution is 0.02 M (0.1 N)
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Expressing quantity in mass per volume (w/v) 

units

Units which are popular within this category are:

Á g/100 cm
3 

(%)

Á g/dm
3 
(g/l)

Á kg/m
3

Á µg/cm
3
, mg/dm

3
, g/m

3
(ppm w/v)

Á ng/cm
3
, µg/dm

3
, mg/m

3
(ppb w/v)

Á ug/m
3

(ppt w/v)

Note:   mg  =  10
-3

g ; µg   =  10
-6

g ;     ng   =  10
-9

g

The use of ppm and ppb units are popular in trace metal analysis, the choice being 

dependent upon the level of metal detected. Any quantity less than 0.01 ppm, 

(parts per million) would generally be expressed as a ppb (parts per billion) unit. 

These units are also used in air quality monitoring where atmospheric 

concentrations are expressed as ppt (parts per trillion) and ppb quantities



Example (4.ii)

:

To prepare a pure standard solution of gold, 1.000 g of Pure gold is dissolved  in aqua regia 

and diluted to 1 dm
3
. The concentration of the resultant solution may be expressed as:

0.1000 % (w/v);

1.000 g/dm
3
;

1000 ppm (w/v)

It is possible to use a range of units to describe the concentration of a given

solution.  Example (4.ii) below shows how %, g/dm
3 

and ppm could all be used

quite logically to describe a pure dilute metal ion solution.

Because, ppm, ppb & ppt are not

well understood outside the scientific

community, it is usual for 

concentrations To be expressed in 

simple weight per volume terms

as illustrated in Figure (4.1).  Note the

use of litres instead of dm
3 

Figure 4.1  - typical analysis of a sample of 

mineral water showing mineral 

concentrations in mg/l
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Expressing quantity in mass per mass (w/w) 

units

Units that are popular 

within this category:

Á g/100 g (% w/w);

Á mg/100 g;

Á g/kg;

Á µg/g, mg/kg (ppm w/w);

Á ng/g, µg/kg (ppb w/w)

These units are likely to be used for 

example  in the following situations:

Á Assay of mineral ores;

Á Measurement of  nutritional 

components in foodstuffs [see figures (4.2) & (4.3)]

Á Specifying purity of commercial chemicals. 

Figure 4.3  -

nutritional 

composition

of a sample of 

baked beans
Figure 4.2 ï

nutritional information

on a cereal packet
(RDA ïrecommended daily amount)
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Expressing quantity in volume per

volume (v/v) units
Units that are popular within this category:

Á cm
3
/100 cm

3
(% v/v);

Á cm
3
/dm

3
;

Á cm
3
/m

3
(ppm v/v);

Á mm
3
/m

3
, µl/m

3
(ppb v/v)
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Conversion between units
It is frequently necessary to be able to convert concentrations expressed in one

unit form into another unit form. Where molar or molal solutions are being 

converted to mass/volume units or vice-versa, it is necessary to know the 

relative atomic masses of the elements involved. 

[http://www.standnes.no/chemix/periodictable/realtive-atomic-mass.htm]

Methods of achieving this conversion are best illustrated by examples as shown 

below and on the next slide.

Example (4.iii) ïconvert a 0.1 M solution of Fe
3+

into % (w/v) of Fe

0.1 M Fe
3+

= 0.1 X 55.8 g/dm
3

=  5.58 g/dm
3

= 0.558 g/100 cm
3

(% w/v)

Example (4.iv) ïwhat volume of 0.05 M K2Cr2O7 is required to prepare 100 cm
3

of a 

standard Cr solution containing 1000 ppm (w/v) of Cr?

A 0.05 M K2Cr2O7 solution contains 0.05 X 52.0 X 2 g/dm
3

of Cr  =  5.20 g/dm
3

To prepare 100 cm
3

of a 1000 ppm solution requires 100 X 1000 µg of Cr  =  0.1 g Cr

Volume of the 0.05 M solution required is therefore (0.1 ÷ 5.2) X 1000 cm
3

= 19.23 cm
3



Example (4.v) ïexpress a 1000 ppm (w/v) of K in molar units

1000 ppm = 1000 mg/dm
3

= 1 g/dm
3

The relative molar mass of K is 39.1 and thus: 

1 g/dm
3

represents a 1 ÷ 39.1 M solution = 0.255 M

Example (4.vi) ïexpress an aqueous solution of 12.0 % (v/v) ethanol in both (w/v) and 

molar units.

Ethanol (C2H6O) has a molar mass of 46 and a density of 0.78 g/cm
3

12.0 % (v/v) = 12 cm
3
/100cm

3
= 120 cm

3
/dm

3
ethanol 

= 120 X 0.78 g/dm
3

ethanol

=  93.6 g/dm
3

ethanol

= 93.6 ÷ 46 M

=  2.03 M

Example (4.vii) ïexpress a 50 ppb (v/v) concentration of SO2 in air, measured at 20oC

in ppt (w/v) [Note: 1 mole of SO2 at 20oC occupies 24 dm
3
]

50 ppb (v/v) = 50 mm
3
/m

3
= 0.05 cm

3
/m

3

= (0.05 ÷ 24000) moles/m
3

of SO2

=  2.08 µmoles/m
3

of SO2

=  2.08 X 64 µg/m
3

=  133 ppt (w/v)
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Quantitative methodologies

Quantitative methods and techniques may be described as being either:

Á Absolute or

Á Comparative

The techniques that come within this category are essentially those which earlier 

were described as classical, together with a few instrumental techniques where

measurements are made solely on weight differences or the use of fundamental

constants.  Table (4.1) shown on the next slide lists those techniques that come 

within this category
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Absolute analytical techniques

Table 4.1ï

property measured

for individual

techniques

With the exception of thermogravimetry, where sample sizes are small (few mg),

the other techniques offer the potential of generating data to a high degree of

accuracy and precision and are thus frequently used to produce the

standards used to calibrate comparative techniques.
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Importance of chemical equilibrium in absolute 

analytical techniques

All absolute techniques are based upon that the assumption that the chemical 

reaction on which the analysis is based, achieves stoichiometric completion

In accordance with the equation that defines the reaction.  A general reaction

may be expressed by the following equation:

aA   +   bR                   cC   +   dD

Where: A represents the Analyte, R the Reagent and C & D the Products

As this equation represents an equilibrium between  Reactants & Products, the

forward and back reactions may be expressed as individual rate constants:

Rateforward =  kf [A]
a 
[R]

b
and    Ratebackward =  kb [C]

c
[D]

d

Where: Kf & kb are the rate constants and  [  ] represent molar concentrations

For a system at equilibrium, Rateforward =  Ratebackward

Thus, the equilibrium constant (K) for the reaction may be defined as:

kf [C[
c

[D]
d

K  =        =                  Equation (4.1)
kb [A]

a
[R]

r

Continued on next slide
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The value of óKô can be calculated empirically by measuring the concentrations

of A, R, C, D at equilibrium.  The larger the rate constant for the forward 

reaction relative to the backward reaction, the larger will be the equilibrium 

constant and the farther to the right the reaction will be at equilibrium. This

is the situation required for a reaction said to achieve stoichiometric completion

in accordance with the chemical equation for that reaction.

It should be recognised that the value of óKô is dependent upon the individual rate

constants for the forward and backward reactions and that these are dependent 

upon:

Á Temperature and/or pressure of the reaction;

Á Presence or absence of catalysts;

It is necessary to point out that even though a particular reaction may normally 

have a high value of óKô, the presence of high concentrations of product species

in the sample, could prevent the reaction moving stoichiometrically to completion.

Note: a more comprehensive discussion of equilibrium may be found in any Textbook 

of Physical Chemistry and in most textbooks on general Analytical Chemistry.  There 

are also many WEB references including:

[http://en.wikipedia.org/wiki/Chemical_equilibrium]
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Titrimetry (volumetric analysis)
There are four types of volumetric analysis, the differences being based upon the

type of chemical reaction involved:

Á Acid/base ïcan be used to analyse both inorganic and organic acids and bases, by

titration with a titrant of opposite character (acid titrated with a base and vice-versa).  

This mode of titration can be carried out in a range of solvent matrices (such as water, 

low molecular weight alcohols, acetone) and thus allows organic acids and bases which 

are insoluble or have limited solubility in water, to be analysed by titration.

Á Precipitationïthe titrant reacts with the analyte to produce an insoluble or at least, a

sparingly soluble reaction product, which precipitates.  This is then filtered, dried and 

weighed.

Á Redox (reduction/oxidation)ïthe reaction involves titration of an oxidising agent with

a reducing agent or vice-versa.  The reaction involves a transfer of electrons, however for

the reaction to go to completion in accordance with the equation, requires there to be 

sufficient difference in the standard electrode potentials for the analyte and titrant species.

See Chapter xxx of this teaching and learning programme.

Á Complexometric ïrefers to reactions whereby the titrant forms a water soluble complex

with the analyte.  Although the reaction can also be carried out in reverse, this is not

normally the case.  The most popular complexometric reagents (chelating agents) are

based on alkyl amine tetra-acetic acids of which ETDA (ethylenediamine tetra-acetic acid)

is the most common.
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Detection of end-points in Titrimetric (volumetric) reactions

In any form of titration there is the need to be able to detect the point of

equivalence (normally referred to as the end-point) in the chemical reaction.

In all of the types of titration reactions referred to on the previous slide there

are two ways for end-points to be detected:

Á By use of a chemical indicator;

Á By use of a physical indicator.

Chemical indicators change colour at the end-point of the titration reaction,

however specific indicators are required to monitor specific chemical reactions.

Physical detection on the other hand, is more universal and is based upon 

detecting a change in a physical property of either the analyte or of the titrant

or both.  Physical properties which have been used include:

Á Cell potential (potentiometry);

Á Current flow (amperometry);

Á Solution conductance;

Á Solution absorbance;

Á Temperature changes in exothermic or endothermic reactions.
Note: only those  starred in red will be considered in this Chapter of the teaching and 

learning programme



25

In many instances in titrimetry, visual indicators function in a similar way to the type of 

reaction being carried out.  For instance:

Á Acid/base indicators are themselves weak acids;

Á Redox indicators undergo redox transformations;

Á Complexometric indicators also complex with the analyte metal ions.

In all cases where visual indicators are used, only very small amounts of the indicator 

are added to the analyte solution.  The reasons for this are:

Á So as not to contaminate the sample solution significantly;

Á So as not to lead to insolubility problems.  Many are complex organic molecules  
that only have limited solubility in aqueous solutions;

Á So as not to make the colour changes, difficult to observe.

The use of chemical (visual) indicators

Continued on the next slide
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Continued on the next slide

Visual indicators for use in acid/base titrations
These are all weak acids which change colour significantly on ionisation. If óHInô 

represents the acid form of an indicator, then on ionisation it produces the base form 

óIn
-
ô, with the equilibrium constant (acid dissociation constant) for the reaction being 

expressed as Ka. Thus

[H
+
] [In

-
]

HIn                    H
+

+   In
-

and    Ka =           Equation (4.2)
[HIn]

Rearranging equation (1.2) and taking negative logs of both sides gives:

[In
-
]

pH  =  pKa +  log  Equation (4.3)
[HIn]

As the titration proceeds the ratio of the acid and base forms of the indicator change 

in accordance with the changing pH, the most significant change in colour being 

seen when the relative concentrations of the acid : base forms change from 

10:1 in favour of one to 10:1 in favour of the other.  Putting these relative 

concentrations into equation (4.3) gives:

pH  =  pKa +  log 1/10      and   pH  =  pKa +  log 10/1

=  pKa - 1                                  =  pKa +  1
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From the previous slide we can see that the indicator changes colour over around

2 pH units.  Thus for the end-point in the titration to be detected accurately, requires 

that this change matches the pH at the equivalence point for the acid or base being 

titrated.  It is necessary therefore, to have some idea of where the pH equivalence 

point is likely to occur so that an appropriate choice of indicator may be made.  The 

Table (4.2) below shows some coloured indicators for use in acid/base titrimetric

reactions.

Table (4.2) ïsome

coloured acid/base

indicators

http://en.wikipedia.org/wiki/Acid-base_indicator

C:/../Users/Brian/Desktop/OER modified/Chapter 4
C:/../Users/Brian/Desktop/OER modified/Chapter 4
C:/../Users/Brian/Desktop/OER modified/Chapter 4
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Figures (4.4) and (4.5) shown below and repeated on the next slide, show two 

acid/base titration reactions for both typically strong (hydrochloric) and weak (acetic)

acids.

The end-point for the hydrochloric acid titration is at a pH of 7.0 and that for acetic 

acid at 8.7. The appropriate visual indicators would thus be those which respectively 

change colour over respective ranges of (6 ï8) and (7.7 ï9.7).  

Figure (4.4) ïstrong acid/base titration Figure (4.5) ïweak acid/base titration
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Titration of 50.0 ml of 0.100 M HCl with 

0.050 M NaOH

0

2

4

6

8

10

12

14

0 10 20 30 40 50 60

Volume of NaOH in ml

p
H

Titration of 50.0 ml of 0.100 M acetic 

acid with 0.100 M NaOH

0

2

4

6

8

10

12

14

0 20 40 60 80 100

Volume of NaOH in ml

p
H

Phenolphthalein

Methyl red

Figure 4.6     

Figure 4.7

Comment on the data

Bromothymol blue, which 

changes from yellow to

blue between pH (6 -8)

would appear to be the

best choice for the 

titration illustrated in 

figure (4.6), however is

likely to give a slightly 

low results for that

illustrated in figure (4.7).

Phenolphthalein is the

indicator of choice for the

titration illustrated in

Figure (4.7).

However, whereas all

three indicators could 

probably be used for the

strong acid titration,

methyl red would be 

inappropriate for the

titration of the weak

acid.

Bromthymol blue
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Visual indicators for use in Redox titrations 
These can be placed in three categories:

Á Those where the titrant is itself strongly coloured, for instance the MnO4
-
ion. 

Here, the slightest excess of this ion, gives the solution a purple colour.

Á A few substances indicate the presence of specific oxidised or reduced species,

for instance starch which forms a deep blue colour in the presence of the I
3-

ion.

Á General redox indicators such as Ferroin.

The general redox indicators undergo their own redox transitions, thereby effecting 

a colour change.  Equation (4.4) below represents the general half-reaction for an 

indicator of this type:

Inox +  ne
-

Inred Equation (4.4)

Whereas the important criteria for the indicator in acid/base titrations was its pKa

value, in redox titrimetry, it is the standard electrode potential (E
0
) that is important

Continued on the next slide
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The Nernst equation for the indicator reaction can be expressed as shown in

equation (4.5):

0.059            [Inox]
E  =  E

0
+                 log            volts Equation (4.5) 

n                [Inred] 

At equilibrium, the concentrations of the oxidised and reduced forms of the 

indicator are equal and thus equation may now be expressed as:

0.059
E  =  E

0 ± volts Equation (4.6)
n

Where: E represents the voltage range over which the colour change will occur;

n represents the number of electrons transferred in the half reaction.

Note: tables of redox indicators is shown as table (4.3) on the next slide

Again, a range of indicators is required to reflect the range of redox titrations that 

can be carried out, the correct choice of indicator being that which changes colour 

over the same region of cell potentials as that of the analyte versus titrant reaction.



Table 4.3 ïredox indicators

http://en.wikipedia.org/wiki/Redox_indicator

C:/../Users/Brian/Desktop/OER modified/Chapter 4
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Figure 4.8 ïEriochrome

Black T

Visual indicators for complexometric titrations
Most indicators for complexometric titrations are 

organic dyes that form stable complexes with metal

ions and thus compete for the metal ion with the 

complexing reagent.  Given that this form of titration 

is used normally to measure metal ion concentrations

in the sample solution, the indicators are frequently

referred to as metallochromic indicators.  

Eriochrome Black T is a typical indicator frequently 

used for measurement ówater hardnessô in mineral 

and drinking waters.  The indicator contains 3 ionisable protons and thus may 

be represented as H3In.

The indicator has a lower formation constant (ie; forms a weaker complex) with 

usable metal ions and when added to the analyte solution containing Mg
2+

and Ca
2+

will react immediately with one of the analyte metal ions to produce a red coloured 

complex.  Titrating this solution with the complexing titrant (eg EDTA), only releases 

the bound metal ion to react with the titrant when all other metal has been consumed, 

which is of course the end point in the titration. The indicator then reverts to itôs 

original blue colour according to equation (4.7)

MgIn
-

+  H2Y
2-

MgY2- +  HIn2- +  H
+

Equation (4.7)

(Red) (blue)

http://upload.wikimedia.org/wikipedia/commons/a/aa/Erio_T.svg
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In all complexometric titrations, the pH of the sample solution being analysed 

must be buffered both in order for the indicator to function, and also, as shown in 

equation (4.7), to help draw the reaction to completion by consuming the H
+

generated as a by-product of the reaction. 

Table (4.4) below shows some useful metallochromic indicators

Table (4.4) ïlist of some important metallochromic indicators


