Second Year blog on Indicators and Equivalence Points: 23rd March 2019
(This is a revision blog. It is merely a summary of some of the things that you need to know. Everything
in this blog can be found in the relevant Chapters of the two books.)
I have written this blog to show you the background to Question 12 from the (6CH04_01_rms_20160817)
Edexcel paper of 2016. I do not believe that the question was a good one. I remain to be convinced that it
makes sense to ask a trivial question of a rather complicated subject (which is what parts of Q12 of the
2016 paper did). The problem is that whatever the question asked, the candidate would still have had to
master a rather complicated subject. If students are required to study complicated topics (and indeed they
should be), then thoughtful questions should be asked in the exam and enough time should be given for
candidates to answer such questions thoughtfully. In this question a trivial mark (a mark of ‘1’) was
given for an answer that required a large amount of thought.
This is the stuff that is the back ground to that question, and could you keep in mind that when you titrate
- a Strong Acid with a Strong Base, the Equivalence Point will always be at 7.0 at 298K
- a Strong Acid with a Weak Base, the Equivalence Point will always be < 7.0 at 298K
- a Weak Acid with a Strong Base, the Equivalence Point will always be > 7.0 at 298K
When an Indicator changes colour, it should indicate that the “Endpoint” of a titration has been
reached. However, if the Endpoint of the Indicator has not been chosen so as to encompass the pH
Equivalence Point for the titrant and the analyte that is being titrated, then no colour change will occur.
When an “End Point” is reached in a correctly chosen Indicator, a colour change will take place,
and this tells you to stop the titration because the “Equivalence Point” has been reached between
the two substances that are being titrated against each other.
The “Equivalence Point” in a titration is where the titrant and the analyte have exactly neutralised
or reacted with each other.

Source : Andy Allan's sciencegeek.net
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An indicator is a substance (most often an acid) which in solution will change colour at certain pH values
– and thus if an indicator is used in a titration, its colour will change when the pH of the mixture reaches
the transition pH range of the indicator. If therefore an indicator is chosen appropriately, the change
in the colour of the mixture will indicate that the Equivalence Point in the titration has been
reached.
The table on page 1 shows the most popular indicators that are used in Chemistry e.g. Phenolphthalein is
very commonly used in the titration of strong acids against strong bases (e.g. HCl against NaOH).
Phenolphthalein is clear in an acidic solution and pink in a basic solution.
It is NOT the case that any indicator will be suitable for any titration! The indicator that is chosen
must be appropriate to the task that it is being asked to perform.
NB A “low pH” indicates ACIDITY, whereas a “high pH” indicates BASCICITY.
If A is an acid and B is a base, and if the reaction equation for the two is
a.Acid + b.Base ––> c.Water + d.Salt
where a/b/c/d are the stoichiometric ratios involved, then the volumes of the acidic and basic solutions
will be determined by the concentrations AND the stoichiometric ratios involved. It is thus incorrect to
assume that 25 cm3 of an acid will always neutralise 25 cm3 of an alkali.
Could you also remember that there are such things as polyprotic acids and that they dissociate more than
one H+ ion. If you do not remember this, then (to use the Cockney vernacular) you will “cock your
calculations up LARGE” if you do not remember that when they dissociate fully, the following
sequences will occur
H2SO4 ––>

2H+ + SO42–

H2CO3 ––>
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H3PO4 ––>

3H+ + PO43–
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As a molecule of a polyprotic acid dissociates each of its protons in a titration, successive individual
equivalence points are reached. In Prof Lower's graph overleaf, H2CO3 is used and H2CO3 is extremely
important in the self-regulation of the body's maintenance of the appropriate pH value of blood. (I have
used this graph deliberately because I know that a number of you want to go on and do Medicine.)
Can you see that in effect there are two titration curves involved in H2CO3 because H2CO3 is a diprotic
acid.
With H3PO4 , THREE titration curves would be involved. (I will talk more about H3PO4 in a second.)
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You could think of a titration
curve as an ‘S’ shaped curve. If
you do, then there are in effect
THREE separate ‘S’ shaped
curves in the graph alongside.

Source: Chemistry LibreTexts

This is the titration curve for a diprotic acid

You must choose an indicator that has
an End-Point that will encompass the
Equivalence-Point for the two reactants.

Again, you must choose an indicator that
has an End-Point that will encompass
the Equivalence-Point for the two
reactants. Unless you do so there may be
no colour change at the Equivalence
Point and you will thus not know that
the Equivalence Point has been reached.

Source : http://www.chem1.com/acad/webtext/virtualtextbook.html
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A “titrant” is a solution with known characteristics.
An “analyte” is a solution where one of the characteristics is unknown.

MID-POINTS
The midpoint of a titration is defined as the point at which exactly enough titrant has been added to react
with one-half of the analyte originally present, and it occurs halfway to the Equivalence Point.
The diagram overleaf is from Chemistry LibreTexts, and could you please note that H3PO4 is a triprotic
acid. Please also note that the second and third midpoints are exactly halfway between their relevant
Equivalence Points.

NB At half the volume of the volume of the titrant that has been added
at an Equivalence Point, the pH of the overall solution = its pKa.
This follows from the Henderson-Hasselbalch equation that states that for a weak acid where
HA

H+ + A–

pH = pKa + p [ A– ]
[HA]
and by definition at the mid-point [A–] = [HA] ,
therefore [A–] ÷ [HA] = 1 ,
and the log 1 = 0 therefore at the mid-point pH = (pKa + 0) or

pH = pKa

I talk about the Henderson-Hasselbalch equations in Chapter 9 of the Year 2 Inorganic Chemistry book.
In the preamble to her titration (overleaf), Dr Yee of the University of California, Davis says:
“The curve for the titration of 25.0 mL of a 0.100 M H3PO4 solution with 0.100 M NaOH along with the
species in solution at each Ka is shown. Note the two distinct equivalence points corresponding to
deprotonation of H3PO4 at pH ≈ 4.6 and H2PO4– at pH ≈ 9.8. Because HPO42– is a very weak acid, the
third equivalence point, at pH ≈ 13, is not well defined.”
The Americans use “mL” where we in Europe use “dm3”, and “M” where we use “mol dm–3”,
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Source: Chemistry LibreTexts 15.6: Acid-Base Titration Curves,

I talk about Ka in great detail in Chapter 5 of the Year 2 Inorganic Chemistry book, but the first reaction
equation here would be
H3PO4 (aq) + NaOH (aq)

H2O (l) + NaH2PO4 (aq)

From the graph, the first Equivalence point in this reaction is reached when 25 cm3 of NaOH has been
added, therefore at half this volume i.e. at 12.5 cm3 the pH of the resulting solution = its pKa1 where by
definition
Ka1

=

[H2O] . [H2PO4–]
––––––––––––––
[H3PO4] . [OH–]

where [H2O] is defined as = “1”, and where by definition pKa1 = – log10 (Ka1).
• When Dr Yee uses the phrase “Midpoint”, she is reminding you of the fact that
at half the volume of the volume at the Equivalence Point, the pH of the analyte = its pKa
but, please remember that this is true ONLY for weak acids and weak bases.
It is not true for strong acids and strong bases which go all the way to completion and not just to
dynamic equilibrium.
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The calculations involved for the first Equivalence Point (or MOLAR Equivalence Point)
The reaction involved is
The Mole Reaction Ratio is thus
The Number of moles of H3PO4,

H3PO4 (aq) + NaOH (aq)
H2O (l) + NaH2PO4 (aq)
1
:
1
1
:
1
N = C x V in dm3 = (0.100 mol dm–3) x (25.0 x 10–3 dm3)
= 2.5 x 10–3 mol (or 0.0025 mol).
Therefore the Volume of NaOH used at the first Equivalence Point = N
= 2.5 x 10–3 mol
C
0.100 mol dm–3
–3
= 25.0 x 10 dm3 (or 25 cm3).
The first Equivalence Point is reached at 25 cm3 of NaOH, and the graph on page 5 shows this (and the
first mid-point would thus be at 12.5 cm3).

pH of H3PO4 (aq) at the mid-point
I have already told you on page 4 that for a weak acid where
HA
then at the mid-point

H+ + A– ,

pH = pKa ,

pH = pKa + p [ A– ]
[HA]

because at the mid-point [A–] = [HA], and the log 1 = 0.

I cover the explanation for this in much greater detail when talking about the Henderson-Hasselbalch
equations in Chapter 9 of Year 2, Inorganic Chemistry, but the mid-point of the first titration will occur at
half of 25 cm3 = 12.5 cm3, and if at 12.5 cm3 on the x-axis you draw a line vertically upwards until it cuts
the titration curve (as Dr Yee has done) and then draw a line horizontally across to the y-axis, then you
can now work out the pH of H3PO4 at the first mid-point as about 2.2 (and data books show it as 2.15),
and in theory you now know how to calculate the successive mid-points for a polyprotic acid. The table
overleaf from the Upper Canada District School Board shows Ka and pKa values for other polyprotic
acids.
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Source: Upper Canada District School Board

I have now shown you titration graphs for diprotic acids (on page 3) and triprotic acids (on pages 3 and
5). The one overleaf is for a triprotic acid and I would like you to take careful note of what it says in the
box at the side of the graph. Please note that, just as with the triprotic graphs on pages 3 and 5, there are
two equivalence points (and therefore two half-equivalence points).
There were different equivalence points in the 2016 Edexcel paper and therefore different halfequivalence points, but that does not alter the fact that at the half-equivalence points the pH of the
resulting solution is equal to its pKa. This what the University of Colorado (Colorado Springs) says
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Source : University of Colorado, Colorado Springs

In a separate blog (probably next week) I will show you how to use a so-called “ICE” table to calculate
the pH of a weak acid – and you ARE required to know how to do this for your final UK ‘A’ Level
exams. (The questions on Ka are normally sensible ones in the exams. Q12, Edexcel 2016 was probably
just an aberration that got through the normally rigorous exam paper examination procedures.)

OK, now let me show you how the examiners tested this piece of information in Question 12 from the
Edexcel paper (6CH04_01_rms_20160817) of 2016. This is what the question said for part (c) of
Question 12.
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If you look at the marks awarded for any question or part of a question in an exam, then you will see the
complexity of the Chemistry that the examiners require you to know, and the complexity of the answer
that you are required to give. The above is modestly simple First Year Chemistry Degree stuff, but in
fact all that the examiners wanted you (for 1 mark) to know here is that
at the half-equivalence point the pH of the acid = its pKa.
However, for the shape of the titration curve, you will need to know the
- pH at the start (given as 1.5)
- pH at the First Equivalence Point
- pH at the Second Equivalence Point
- pH when all the NaOH has been added to the H2SO3 : just cheat and guess that the pH of the NaOH will
be about 13.0 because the pH of nearly all strong bases (depending on the concentration) is somewhere
around 13.
- all the volumes that are involved
and a Second Year ‘A’ Level student could not do all that in the 5 minutes that were allowed for the
calculations that are involved.
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Where are the Equivalence Points?
As I have told you, there are two sets of Equivalence Points: one for the dissociation of the first H+ ion,
and then one for the dissociation of the second one. The dissociation equations are
H2SO3
H+
+
HSO3–
–
+
HSO3
H
+
SO32–
(and there is a different Ka for each equation).

and

The exam question told you that
diprotic acids require two OH– ions per molecule for the complete neutralisation of the acid
therefore the reaction equation that is needed would be
H2SO3(aq) + 2NaOH(aq)
––> 2H2O(l) + Na2SO3(aq)
chemical equation
or
H2SO3
––>
2H+ + SO32–
ionic equation
or
2H+ + 2OH–
––>
2H2O
ionic equation
–
therefore 1 mole of H2SO3 would require 2 moles of NaOH (or OH ions) to neutralise
the 2 moles of the acid’s H+ ions.
The mole reaction ratio of H2SO3(aq) to 2NaOH(aq) is thus 1 : 2
and the concentrations of
the Sulphurous Acid and the Sodium Hydroxide are exactly the same, therefore it would take 50 cm3 of
NaOH to neutralise the Sulphurous Acid completely (25 cm3 for the dissociation of each H+). Therefore
you need 25 cm3 of NaOH to get to the first Equivalence Point (the dissociation of the first proton) and
25 cm3 of NaOH to get to the second Equivalence Point (the dissociation of the second proton).
You were told that the pH of the H2SO3 is 1.5, and you (should) know that a strong base has a pH of
about 13, therefore you know roughly where to draw your titration curve. (You could not do in 5 minutes
all the calculations that would be needed to get the exact pH, so just get at 13.)
One last piece of information that you will need is that where a strong base is neutralising a weak acid the
pH at the complete Equivalence Point will be more than 7 (and you can see this on pages 3-7), and you
are now in the position to draw the whole curve that the question asked for.
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You were then asked

and at half the equivalence point pH = pKa, therefore from the graph you could see that pKa ≈ 2 (and the
question told you that pKa1 = 1.9).

To answer Question 12 properly you would need to do complicated calculations (which I will do for you
in a separate blog about ICE tables – and you do need to be able to do ICE tables for the ‘A’ Level
exams).
However, in Q12 I think that what they were after was to see whether you had enough general knowledge
about ‘A’ Level Chemistry to be able to work out a rough answer to the question. (There is no way that
you could have done all the required calculations in the 5 minutes that were allotted.) If the examiners
had made this clear, then the question would not have been a bad question – but they did not do so,
and thus the question was a very unsatisfactory question because it caused panic, and exam questions
should not cause panic. Quite frankly therefore, it was a very bad question because it scared candidates
unnecessarily and it panicked some students into messing up the remainder of their paper. That is not
what a good exam question is supposed to do.
A good exam paper allows a student to display his/her knowledge and his/her ability to utilise that
knowledge without causing unnecessary anxiety and distress that could cloud the further display of
the knowledge that the student possesses.
By all means, put an (adult) undergraduate through rigorous examination conditions, but is it not
desirable to do that to a “schoolchild” who is just about to enter his/her academic life. However,
examiners make mistakes just as other human beings do, and this question was undoubtedly a mistake!
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