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AREA OF STUDY 2
HOW ARE SUBSTANCES IN WATER MEASURED AND ANALYSED?

19 Analysis for acids and
bases in water

19.1 Overview
Numerous videos and interactivities are available just where you need them, at the point of learning, in
your digital formats, learnON and eBookPLUS at www.jacplus.com.au.

19.1.1 Introduction
FIGURE 19.1 A burette used for
titration

To determine the concentration of an acid or a base in solution,
a technique called titration is often used. One of the pieces of
equipment used is a burette, which delivers an accurate amount of
solution.

This topic examines the sources of acids and bases in water,
their influence on the pH change of the solutions and how the
stoichiometry can be applied to reactions in solutions. The use of
stoichiometry in solutions is known as volumetric analysis, and
applications include preparations of standard solutions, calculations
in diluted solutions and the use of acid–base titrations to determine
the concentration of an acid or a base in a water sample.

19.1.2 What you will learn

KEY KNOWLEDGE
In this topic, you will investigate:
• sources of acids and bases found in water (may include dissolved carbon dioxide, mining activity and
industrial wastes)

• volume–volume stoichiometry (solutions only) and apply volumetric analysis, including the use of indicators,
calculations related to preparation of standard solutions, dilution of solutions and use of acid–base
titrations to determine the concentration of an acid or a base in a water sample.

Source: VCE Chemistry Study Design (2016–2021) extracts © VCAA; reproduced by permission.
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PRACTICAL WORK AND INVESTIGATIONS
Practical work is a central component of learning and assessment. Experiments and investigations, supported by
a Practical investigation logbook and Teacher-led videos, are included in this topic to provide opportunities to
undertake investigations and communicate findings.

Digital documents Key science skills (doc-30903)

Key terms glossary — Topic 19 (doc-30941)

Practical investigation logbook — Topic 19 (doc-30942)

To access key concept summaries and practice exam questions download and print the studyON: Revision and practice
exam question booklet (doc-30943).

19.2 Sources of acids and bases in water

KEY CONCEPT
• Sources of acids and bases found in water (may include dissolved carbon dioxide, mining activity and
industrial wastes)

FIGURE 19.2 The pH scale is the measure of the
acidity/basicity of a solution.

Isn’t water neutral? While pure water
has a pH of 7, normal surface water can
have a pH anywhere between 6.5 and 8.
For ground water (underground water),
this can be as low as 6 and still be
considered normal, while sea water has
a pH of 8.1. As we have already learned,
water is an excellent solvent; therefore,
virtually all the Earth’s water contains
dissolved substances. Some of these are
dissolved in quantity while others only
sparingly. It is this range of solutes that
alters the pH of the water.

19.2.1 Acidity and basicity in water
Water becomes acidic or basic when natural acids or bases, or acids or bases that are generated by human
activity dissolve in it.

How is water made acidic?
Water can be made acidic by familiar inorganic acids such as hydrochloric, sulfuric and nitric acids, which
can enter the water naturally and as contaminants. Natural sources such as volcanoes and lightning flashes
produce small amounts of sulfuric and nitric acids. These acids are also generated as gases in the air as
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the result of human activity, and are the main cause of acid rain. Even so-called unpolluted rain is slightly
acidic due to dissolved carbon dioxide from the atmosphere, making the weak acid, carbonic acid, H2CO3.

CO2(g) + H2O(I)→H2CO3(aq)
H2CO3(aq) + H2O(I)⇌H3O

+(aq) + HCO3
−(aq)

In addition to the above sources, large numbers of salts can make water acidic. The expanded definition
of acids and bases by Brønsted and Lowry (see topic 13) explains how such salts can act as acids, thus
affecting the pH of water. Often, such salts contain cations, which are the conjugate acids of weak
bases. Ammonium salts containing NH4

+ ions are an example of this. In other cases, the anion may be
amphiprotic but may react in water more easily as an acid than a base. For example, hydrogen sulfate ions
can react as an acid (donating a proton, H+) with water as follows:

HSO4
−(aq)+ H2O(l) ⇌ SO2−

4 (aq)+ H3O
+(aq)

Since HSO4
– is a stronger acid than water (refer to table 13.3), it will donate the hydrogen ion to water.

In this case, HSO4
– is more likely to act as an acid than a base, so, salts containing hydrogen sulfate ions

tend to make water acidic.
Certain metal cations can also make water acidic due to the behaviour of surrounding water molecules.

Aluminium ions and ions of transition metals such as iron, nickel and copper are good examples of these.
Finally, a wide range of organic materials, both natural and contaminants, can act to make water acidic.

How is water made basic?
Natural bases can be sourced from chemicals present in many rocks and minerals that dissolve as the
water flows over them. Carbonates are typical examples of this. Bases generated by human activity include
pollution from industrial sources.

Many salts contain anions that react as bases in water. Often, such anions are the conjugate bases of weak
acids. The carbonate ion, CO3

2−, which is the conjugate base of the weakly acidic hydrogen carbonate
ion, HCO3

–, is a good example of this. Dissolved salts such as sodium carbonate, Na2CO3, and calcium
carbonate, CaCO3, therefore, tend to make water basic.

Amphiprotic anions may play a role here as well. Hydrogen carbonate ions illustrate this point well. They
can react as a base by accepting a proton, H+, as follows:

HCO3
−(aq)+ H2O(l) ⇌ H2CO3(aq)+ OH−(aq)

Since HCO3
– is a slightly stronger base than water (refer to table 13.3), it will accept the hydrogen ion

from water. Therefore, the presence of HCO3
– in water will make water more basic.

19.2.2 Alkalinity in water
Alkalinity is a measure of how well a body of water is able to withstand acid pollution.

In the environment, such as in a stream, it is important that changes in pH are not too large and/or happen
too quickly. The pH of stream water is the net effect of all the substances that are dissolved in it. However,
sometimes the addition of an acidic contaminant does not affect the pH as much as might be expected. This
is because some of solutes in the water can act to resist changes in pH. Such substances are called buffers.
Calcium carbonate, CaCO3, and calcium hydrogen carbonate, Ca(HCO3)2, are examples of such substances.
Calcium carbonate occurs naturally in limestones, and is dissolved by rainwater to produce calcium
hydrogen carbonate. If an acid enters water containing these ions, it reacts with them and is neutralised. It
is only after all the ions have been removed that any subsequent acid is free to significantly affect the pH.
The higher the level of buffers in the water, the more acid pollution the stream is able to withstand. Similar
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to acidification of water bodies is the acidication of soils. This which significantly affects ecosystems and
productivity of agricultural land due to leaching of nutrients and the inability of bacteria to withstand more
acidic conditions.

FIGURE 19.3 Example of a pH testing kit used for management of swimming
pool water.

19.2.3 Sources of acids and bases in water

FIGURE 19.4 Volcanoes are a natural source of nitric and
sulfuric acids.

The acids and bases found in water
may come from a number of sources,
both natural and as a result of human
activity. They may be regarded as
normal or contaminants depending on
the circumstances.

Sources of acids and bases include:
• natural sources such as volcanoes

and lightning. These can produce
sulfuric and nitric acids. Carbonic
acid is formed as water dissolves
carbon dioxide from the atmosphere.

• rocks and minerals. Many minerals
can act as acids or bases when
they dissolve in water. Depending
on the geology of an area, surface
water and ground water may be
naturally acidic or naturally
basic because of this.
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• decomposition of plant and animal materials. These can produce acids that dissolve in water.
• combustion of fossil fuels, including in the internal combustion engine, which produce sulfuric and

nitric acids. Many fuels contain sulfur as an impurity, and the sulfur dioxide produced can ultimately
form sulfuric acid. In car engines, the high temperatures produced combine nitrogen and oxygen from
the air to form various nitrogen oxides. On exposure to water, these form nitric acid.

• waste water from mines and their tailing sites. When sulfide ores and coal are mined, the sulfur they
contain comes into contact with oxygen and water. Oxidation of the sulfur, followed by dissolution in
water produces sulfuric acid. An additional problem is that this acidified water may then leach
unwanted heavy metals from ores and rocks to cause further contamination.

• manufacturing industries. Industrial processes that use acids include galvanising and electroplating,
which use large amounts of both hydrochloric and sulfuric acids. Acids are also used to make dyes and
tan leather. Bases such as sodium hydroxide are used to refine petroleum and to make soap. Organic
acids are used to make detergents, and organic bases are used to make pharmaceuticals and various
herbicides. In every case, careful attention to detail must be followed to ensure that the release of waste
water from such activities meets acceptable EPA guidelines.

19.2.4 Why do we analyse for acids and bases?
Water needs to be at, or at least close to, an optimum pH for many of its uses. Knowing how much acid or
base in is the water is important when its pH needs to be adjusted. Avoiding one problem could well cause
another if the water is ‘overadjusted’.

Problems such as metal corrosion in plant equipment and the ability of fish to survive and reproduce are
typical problems where water has become too acidic. The deposition of scale in pipes and cloudiness in
water are typical problems caused by basic conditions. Owners of backyard swimming pools know that the
effectiveness of their chlorine in sanitising the water depends on pH. If it is too high or too low, the chlorine
is not as effective. The same applies to chlorine added to domestic drinking supplies. Many plants have
optimum pH ranges for the soil in which they grow, which can be altered by the water used to irrigate them.
In some cases the opposite applies — where undesirable growth occurs because an ideal pH environment
has been inadvertently created. Mosquito larvae live within a pH range of 3.3 to 4.7, and a pH range of
7.5 to 8.4 is optimal for algal growth. Adjusting pH values away from these ranges may solve these issues.
In all of these cases, an analysis of the water involved is a key first step.

FIGURE 19.5 Scale inside steam pipes can be avoided by altering the pH of the
water.
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Another effect of incorrect pH can be synergy. This is where pH combines with one or more other
factors to have an effect that is greater than the individual effects combined. For example, the presence of
metals such as iron, aluminium, lead and mercury in water at the wrong pH can make the metals much more
toxic than normally expected.

19.2 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question, go to
your learnON title at www.jacplus.com.au.

1. Give an example of acid pollution of water from natural causes.
2. Give an example of acid pollution of water from industry.
3. What are the typical conditions for pipes to clog? How can they be avoided?
4. Define a buffer.
5. What is the pH of natural drinking water?
6. Write the reactions involved in the formation of acid rain.
7. Define alkalinity.

To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats. 

19.3 Solution stoichiometry (volume–volume
stoichiometry)

KEY CONCEPT
• Volume–volume stoichiometry (solutions only) and application of volumetric analysis, including the use of
indicators, calculations related to preparation of standard solutions, dilution of solutions and use of
acid-base titrations to determine the concentration of an acid or a base in a water sample

19.3.1 Volumetric analysis
Acids and bases are usually analysed using volumetric analysis. As the name suggests, volumetric analysis
involves measuring volumes of solutions. If one of the solutions is of accurately known concentration,
the concentration of a second solution may be derived using stoichiometry. The more accurately volumes
and known concentrations are determined, the more accurate is the derived concentration. Great care is,
therefore, taken in how this is done.

Although volumetric analysis is the technique of choice for many acid–base determinations, it can also be
applied to other types of reactions that occur in solution. For example, many redox reactions are analysed
using this method.

Before we look at the specifics of how volumetric analysis is performed, we first need to examine how
stoichiometry can be applied to reactions in solution.

Solution stoichiometry
When some solutions are mixed, chemical reactions may occur. Solution stoichiometry, sometimes also
called ’concentration–concentration’ stoichiometry, involves reactions in solution such as precipitation
Pdf_Folio:6
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reactions and the neutralisation of an acid and a base to form water and a salt. Solution stoichiometry
determines the number of moles of solute in solutions that may react or that may be produced.

Solution stoichiometry uses the formula:

n = c × V
where n = number of moles (mol or M), c = concentration (mol L–1) and V = volume (L).

TIP: The formula n = c × V can be found in table 3 of the VCE Chemistry Data Book.

Solution stoichiometry problems can be solved in four steps:
1. Write a balanced chemical equation for the reaction, identifying the known (given) and unknown

(required) quantities of substance.
2. Calculate the number of moles of the known quantity of substance present, using the formula
n = c × V.

3. From the equation, find the molar ratio of known to unknown quantities in the reaction and use it to
calculate the number of moles of the required substance.

4. Calculate the quantity (i. e. concentration) of the required substance.
Solution stoichiometry also uses the same steps as for mass–mass stoichiometry (refer to topic 17). The

difference is that the formula n = c × V is used for both the given and the required substances.

SAMPLE PROBLEM 11

A solution of cloudy ammonia is analysed for its ammonium hydroxide concentration. A 20.00 mL
sample is neutralised with 30.00 mL of 1.10 M hydrochloric acid. Find the molarity or
concentration of the ammonium hydroxide in the cloudy ammonia.

Teacher-led video: SP1 (tlvd-0608)

THINK WRITE

1. Write the equation, identifying the known and
unknown quantities of substance.
Convert V units from mL to L.
Remember to use significant figures
consistently.

NH4OH(aq) + HCl(aq) → NH4Cl(aq) + H2O(l)
c(NH4OH) = ?M c(HCl) = 1.10M
V(NH4OH) = 0.0200L V(HCl) = 0.0300L

2. Calculate the number of moles of the
known quantity of HCl by recalling the
formula n = cV.

n(HCl) = c(HCl) × V(HCl)
= 1.10 × 0.030 00
= 0.0330 mol

3. Find the molar ratio from the equation and use
it to calculate the number of moles of the
required substance.

n(NH4OH) : n(HCl)= 1 :1
n(NH4OH) = n(HCl)

So, n(NH4OH) = 0.0330 mol

4. Calculate the quantity (concentration) of the
required substance.

c(NH4OH) = n

V

= 0.0330
0.02000

= 1.65M
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PRACTICE PROBLEM 1
A solution of 25.0 mL of 1.00M H2SO4 was neutralised with 0.250 M NaOH. What volume of NaOH
was required?

19.3.2 Dilution
Dilution of a solution changes its concentration. As the volume increases with dilution, the concentration
decreases.

When a solution is diluted by the addition of more solvent (for example, water), the number of moles
of solute remains the same. The addition of water to a concentrated solution does not alter the number of
moles or the mass of the solute in that solution.

If n1 represents the number of moles of the initial or concentrated solution and n2 represents
the number of moles of the final or dilute solution, we can say that:

n1 = n2

Using the equation n = c × V, we can write equations for n1 and n2 as follows:

n1 = c1 × V1 and n2 = c2 × V2

Since the values of n1 and n2 are equal, these equations can be combined.

The relationship between the concentration (c) and volume (V) of the initial (or concentrated)
solution and the final (or dilute) solution is:

c1 × V1 = c2 × V2

SAMPLE PROBLEM 2

What volume of 10 M stock hydrochloric acid is needed to prepare 250 mL of a 2.0 M
hydrochloric acid solution?

Teacher-led video: SP2 (tlvd-0609)

THINK WRITE

1. Let c1 and V1 represent the quantities of
concentrated solution and c2 and V2 represent the
quantities of dilute solution.
Convert volume units from mL to L.

V1 = ?L V2 = 0.250 L

c1 = 10.0 M c2 = 2.0 M

2. Calculate the quantity of 10 M HCL needed to
produce the required dilution.

c1V1 = c2V2

10.0 × V1 = 2.0 × 0.250

V1 =
2.0 × 0.250

10.0
= 0.050 L
= 50 mL
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FIGURE 19.6 The dilution of a 0.20 M K2Cr2O7 solution to 0.04 M

Step 1

Measure 20 mL of 0.20 M K2Cr2O7 into a pipette. Slowly add the K2Cr2O7 to a calibrated 100 mL flask.

Step 2

Rinse the pipette with water and also pour slowly into the calibrated 100 mL flask.

Step 3

Stopper the flask and mix thoroughly, and then add more H2O to the 100 mL mark. The original

0.200 M K2Cr2O7 has been diluted by a factor of 5, so the concentration decreases by a factor of 5.

You now have 100 mL of 0.0400 M K2Cr2O7.

20 mL

100 mL

100 mL

PRACTICE PROBLEM 2
From a stock of nitric acid, a volume of 20 mL was used to prepare 250 mL solution of 0.80M. What
was the concentration in the stock solution?

19.3 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question, go to
your learnON title at www.jacplus.com.au.

1. In an experiment to determine the concentration of a solution of hydrochloric acid, 15.5 mL of the HCl was
neutralised by 25.0 mL of a 0.055 M solution of Na2CO3 in a conical flask.
(a) Write a balanced equation for the reaction.
(b) Determine the concentration of the hydrochloric acid.
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2. What volume of a solution of 0.200 M potassium hydroxide, KOH, exactly neutralises 20.0 mL of a solution
of 0.300 M hydrochloric acid?

3. What volume of a solution of 0.200 M potassium hydroxide, KOH, exactly neutralises 20.0 mL of a solution
of 0.300 M sulfuric acid, H2SO4?

4. What volume of a solution of 0.200 M potassium hydroxide, KOH, exactly neutralises 20.0 mL of a solution
of 0.300 M phosphoric acid, H3PO4?

5. The salinity of sea water can be measured by adding silver nitrate solution until all the chloride ions have
been precipitated as silver chloride according to the equation:

Ag+(aq)+ Cl−(aq) → AgCI(s)

A 20.00 mL sample of sea water required 22.40 mL of 0.500 M silver nitrate solution to precipitate all the
chloride ions from solution. Calculate the molarity of the sodium chloride in the sample.

6. Calculate the volume of stock solution needed to prepare 250 mL of a 2.15 M solution of hydrochloric acid
(hydrochloric acid stock solution = 12 M).

7. Calculate the concentration (molarity) of 2.0 L of 2.0 M HCL solution after dilution with 500 mL of water.
8. If 30 mL of stock solution of initial 2.0 M was diluted to 0.500 L, what is its new concentration?
9. How much water is required to dilute a solution of 25mL of 3.00 M to 0.75M?

10. If 170 mL of water was used to prepare a solution of 250 mL of 0.600M, what was the original
concentration?

To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.

19.4 Acid–base titrations

KEY CONCEPT
• Volume–volume stoichiometry (solutions only) and application of volumetric analysis, including the use of
indicators, calculations related to preparation of standard solutions, dilution of solutions and use of
acid–base titrations to determine the concentration of an acid or a base in a water sample

Acid–base titration is an experimental method that uses specialised equipment to determine the
concentration of a solution, based on neutralisation reactions.

Acid–base titration is a type of volumetric analysis where the unknown concentration of a solution is
determined by reacting it with a solution of known concentration. The solution with a concentration that
is known accurately is called the standard solution.

19.4.1 Titration procedure
Successful volumetric analysis relies on accurate measurement of volumes and often, but not always,
accurate knowledge of one of the initial concentrations. To this end, a number of very accurate volume-
measuring pieces of equipment are used. However, their use is pointless unless the correct operating
technique is practised. Correct use of some common volumetric apparatus is outlined in this section.
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The standard solution is prepared by dissolving an accurate amount of solute in water using a volumetric
flask (see figure 19.7a) that is calibrated to contain the specified volume. The standard solution is poured
into a burette, used to deliver definite but variable volumes of liquid. In a titration, the volume of liquid
measured by the burette is called a titre. The solution of unknown concentration is added to a conical flask
(figure 19.7b) using a pipette (figure 19.7c). A pipette is used to deliver a known volume of liquid, which is
then called an aliquot. Figure 19.8 demonstrates the correct handling of equipment during a titration.

FIGURE 19.7 Basic equipment required in a volumetric analysis

(d)

burette

and stand

0 mL

50 mL

(c)

20 mL

pipette

(b)

conical

flask

(a)

250 mL

volumetric flask

FIGURE 19.8 Correct (one hand on burette, one hand on the conical flask) and incorrect handling of equipment
during a titration

Correct Incorrect

A suitable indicator is added to the aliquot in the conical flask. The solution in the burette is slowly
added to the aliquot until the indicator changes colour. This process is called titration. The point at which
chemically equivalent amounts of acid and base (according to the equation) are present is called the
equivalence point. The point at which the indicator changes colour is called the end point and is usually
about one drop after the equivalence point. Titres within 0.05 mL of each other are called concordant titres.
A minimum of three concordant titres are needed to calculate the average titre.
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FIGURE 19.9 Acid–base titration using phenolphthalein pH indicator

Acid

pH < 7

End point

pH 8

Over shot

pH > 8

Weblink Acid–base simulation

19.4.2 The pipette
A pipette is used to deliver a fixed volume of solution, called an aliquot. Each pipette has etched mark
above the bulb section. By drawing the liquid up above this mark, and then allowing it to drain down to the
mark, the pipette delivers its specific calibrated volume.

Cleanliness is essential if consistent results are to be obtained. Before using the pipette, it should be
rinsed with distilled water and then rinsed with a small portion of the solution to be used. This ensures that
the solution in use is neither contaminated nor diluted prior to being analysed.

To fill the pipette, a pipette filler should be used. This enables potentially dangerous solutions to be
pipetted without any risk to the users.

FIGURE 19.10 Correct handling of the pipetteOnce the pipette is filled to the etched mark,
the liquid is allowed to drain into the conical
flask. This should be done by holding the jet
of the pipette against the side of the flask and
allowing the liquid to drain. After draining, a
small amount of solution will still be present
in the pipette. This should not be removed.
Calibration of the pipette takes this small
amount of remaining solution into account.

Common errors in using a pipette include:
• not keeping the tip of the pipette below

the level of solution when filling. This
causes the solution to rush up into the
pipette filler and contamination
may result.

Pdf_Folio:12

12 Jacaranda Chemistry 1 VCE Units 1 & 2 Second Edition

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



“c19AnalysisForAcidsAndBasesInWater_print” — 2019/7/3 — 19:07 — page 13 — #13

• not reading from the bottom of the meniscus. In line with the usual procedure, pipettes are calibrated
to the bottom of the curved liquid surface (meniscus).

• not lining up the etched mark at eye level. This is known as a parallax error.

19.4.3 The burette
Burettes are used to deliver a variable volume, termed a titre, to the conical flask. They are marked with an
accurate scale, which is usually calibrated to tenths of a millilitre. Common practice when reading these
scales is to interpolate between these marks to obtain a reading to a hundredth of a millilitre (that is, two
decimal places). Simply by taking an initial reading, and then a final one, the difference between them
corresponds to the volume delivered.

As with pipettes, clean equipment is essential for accurate results and a burette should be prepared in
the same way as a pipette. That is, it should first be rinsed with distilled water, and then rinsed with a small
portion of the solution it is to contain.

At this stage it is also a good idea to check that:
• the tap does not leak
• the tip is not blocked by a build-up of sediment.
If the burette appears to be satisfactory it should then be clamped vertically using a general purpose boss

head and clamp, or a special burette clamp. The burette should then be filled with the desired solution.
A small funnel should be used to prevent spillage when filling the burette, and then the funnel should be
removed. In most cases the solution is added until it is above the zero mark. The tap at the bottom is then
opened to drain the solution down until it is on the scale, and also to ensure that the jet of the burette is full.
Note that the level of solution does not have to be exactly on the 0.00 mark — all that is required is that it
be somewhere on the scale so that a reading can be taken.

For clear solutions, all readings on a burette should be taken from the bottom of the meniscus and should
be to two decimal places. When reading the scale, many people find that a piece of white paper held behind
the scale is often of assistance. As with any scale reading, the eyes should be level with the level of the
liquid to avoid parallax error.

In use, the ‘left-hand turn — right-hand swirl’ technique should be adopted. This involves wrapping the
fingers and thumb of the left hand around the jet and tap and using them to open and close the tap. This
leaves the right hand free to swirl the flask as the solutions are mixed. Although a little awkward at first,
the technique is quickly mastered and is considered most suitable for this apparatus.

FIGURE 19.11 (a) Correct reading of a burette scale and (b) the ‘left-hand turn — right-hand swirl’ technique

(a) (b)
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To help determine colour changes during a titration, a white tile should be placed under the titration
flask. When you get near the anticipated end point, the titre should be added dropwise from the burette until
the required colour change is observed in the aliquot. To further ensure accuracy, a wash bottle should be
kept nearby so that any liquid that splashes onto the sides of the titration flask as it is being swirled can be
washed back down into the liquid bulk.

To minimise errors from reading the titre, it is a common practice to repeat the titration several times
and until concordant results are obtained. At least three concordant titres (volumes with readings within
± 0.10 mL of each other) are required to calculate the average titre.

19.4.4 Volumetric flasks
Volumetric flasks are also called standard flasks and are used when either making up a standard solution or
accurate dilution of an existing solution is required.

Preparation and use of volumetric flasks and pipettes is very similar. They are cleaned with distilled water
and, once filled to an etched line, contain exactly their designated volume. However, an important difference
is that, in filling, a volumetric flask is always filled to the mark from below. The volume of solution should
never be allowed to go above the mark.

Indicators
Acid–base indicators change colour over a narrow pH range. They allow us to stop a titration close to the
equivalence point if they are chosen carefully.

The most important thing in acid–base titration is knowing when to stop. Acid–base indicators are
critical in identifying this point. Certain substances have different colours depending on the pH of their
surroundings. A range of indicators exist so that an appropriate choice may be made for a particular
titration.

In an acid–base titration, the pH is not necessarily 7 at the equivalence point. If we remember that a
conjugate acid and base are always formed in any acid–base reaction, it is possible that these new acids and
bases have an effect on the pH. Knowledge of this pH for a particular titration means that an indicator can
be chosen that changes colour at (or close to) the correct pH. Table 19.1 shows the details of some common
indicators, and this is visually shown in figure 19.12.

TABLE 19.1 Some common acid–base indicators

Indicator Colour at lower pH pH range for colour change Colour at higher pH

Methyl orange Red 3.1–4.4 Yellow

Methyl red Red 4.2–6.3 Yellow

Litmus Red 5.0–9.0 Blue

Bromothymol blue Yellow 6.0–7.6 Blue

Phenolphthalein Colourless 8.3–10.0 Crimson

Looking at table 19.1 it can be seen that, if we know the pH at the equivalence point of a titration is 3.2,
a suitable choice of indicator might be methyl orange. On the other hand, phenolphthalein would not be
suitable.

It should be realised that other factors may also influence the choice of indicator. How quickly the pH
changes at the equivalence point is one of these.
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FIGURE 19.12 pH chart for some common acid–base indicators

FIGURE 19.13 Titrations can be performed
automatically in many modern laboratories.

Sometimes, the end point of a titration may be
gauged in other ways that do not involve indicators.
Some of these are by:
• using a pH meter and stopping at the

correct pH
• doing a potentiometric titration. This uses

two electrodes and measures the changes
in voltage produced between them
as the titration proceeds.

• measuring conductivity. If the product
of an acid–base reaction is a precipitate,
the conductivity in the titration flask falls as
ions are removed in the precipitate (remember
that the other product of an acid–base reaction
is water). As soon as all precipitation has
finished, the conductivity increases again as excess ions are now added from the burette.

19.4.5 Sources of errors
In volumetric analysis, just as in gravimetric analysis, it is important to understand the steps in a procedure
and predict the effect on the final calculated result if the steps are not performed correctly. Table 19.2 shows
some general areas in which mistakes could be made and what effects these mistakes have.

Other situations can also give rise to mistakes when the properties of the chemicals involved are
misunderstood. For example, a common method of standardising hydrochloric acid solution is to react it
with a standard sodium carbonate solution. Solid sodium carbonate needs to be anhydrous to qualify as
a primary standard. However, if it is left exposed to the atmosphere for too long, it absorbs moisture and
begins to rehydrate. Should this then be used to make up a standard solution, not all the mass weighed
out would be sodium carbonate, due to the presence of water molecules. The resulting solution of sodium
carbonate is, therefore, lower in concentration, and the effect on the calculated concentration of the
hydrochloric acid would be an overestimation.Pdf_Folio:15
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TABLE 19.2 Effect on the calculated result of some possible mistakes during volumetric analysis

Effect if substance under analysis is in the . . .

Situation Burette Titration flask Comments

Rinsing water left
in burette

Underestimated Overestimated The burette solution is diluted with
water, so more is used.

Rinsing water left
in pipette

Overestimated Underestimated The solution aliquot in the titration
flask is diluted.

Indicator chosen
changes colour
too soon

Overestimated Underestimated The choice of indicator can be critical.

Water in titration
flask

No effect No effect All necessary measurements are
made before the chemicals are
mixed with this water.

Uncertainties of equipment
Experiments involving glassware and other equipment will always be the source of some uncertainties of
the measurements, which lead to errors associated with the equipment.

The glassware and scales used in volumetric analysis typically present the following uncertainties:
• electronic scales with uncertainty of ± 0.0001 g or ± 0.001 g
• 50 mL burettes with ± 0.02 mL for each reading
• 20 mL pipettes with ± 0.03 mL
• 250 mL volumetric flask with ± 0.1 to 0.3 mL (depending on the volume and the grade of the flask)
• 100 mL graduated beaker ± 0.5 mL.

19.4.6 Standard solutions
A standard solution is a solution with an accurately known concentration. Two methods can usually be used
to determine a solution’s concentration accurately.

Method 1: by reacting it with another solution with a concentration that is known accurately.
Method 2: by taking a substance called a primary standard and dissolving it in a known volume of
water. Primary standards are pure substances that satisfy several criteria.
To qualify as a primary standard, a substance must have a number of the following properties:
• It must have a high state of purity.
• It must have an accurately known formula.
• It must be stable. In other words, its composition or formula must not change over time. This can

happen, for example, as a result of storage or reaction with the atmosphere.
• It should be cheap and readily available.
• It should have a relatively high molar mass so that weighing errors are minimised.
Note that this means that not all substances are suitable for use as primary standards.

A secondary standard can be prepared by standardising it (measuring its concentration) against a primary
standard.

To make up a standard solution, the usual procedure is to:
a. weigh out the required mass of solute in a special weighing bottle or small beaker
b. transfer this to the volumetric flask using a dry funnel and wash the weighing bottle and funnel a

number of times, each time adding the rinsings to the flask
c. add distilled water to approximately half the required volume, and then swirl to dissolve the solute
d. add further distilled water until the bottom of the meniscus is level with the etched line on the neck of

the flask. Fully invert at least 15 times to ensure that the concentration of the solution is uniform.
Pdf_Folio:16
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FIGURE 19.14 Steps in preparing a standard solution

(b)

1000 ml

(c)

1000 ml

(d)

1000 ml

(a)

SAMPLE PROBLEM 3

Calculate the concentration of a standard solution of K2Cr2O7, which was prepared from 30.0 g
of K2Cr2O7 in a 250 mL volumetric flask.

Teacher-led video: SP3 (tlvd-0610)

THINK WRITE

1. List all required formulas and convert given
units to required units.

c = n

V

n = m

M

V = 250mL

1000
= 0.25L

2. Calculate moles of K2Cr2O7. n(K2Cr2O7) =
m

M

= 30

(2 × 39.1 + 2 × 52 + 7 × 16)
= 0.102mol

3. Calculate concentration. c = n

V

= 0.102
0.250

= 0.408M

PRACTICE PROBLEM 3
A standard solution of 0.500 M Na2CO3 is required. What mass of anhydrous Na2CO3 should be
used to prepare the solution in a 250 mL volumetric flask?
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Example of preparation of a secondary standard solution
A standard solution of hydrochloric acid is difficult to prepare because the concentrated form of
hydrochloric acid produces fumes and dangers are involved in trying to measure out a very accurate
volume. For this reason, hydrochloric acid is usually standardised with a known concentration of a suitable
base. This involves a titration and allows accurate concentrations of hydrochloric acid to be determined.
A standard solution of sodium carbonate is sometimes used as the base because its preparation is
relatively easy.

SAMPLE PROBLEM 4

1.33 g of anhydrous sodium carbonate is placed in a 250.0 mL (0.25 L) volumetric flask and water
is added to the required mark.
This standard solution is poured into the burette and titrated against a solution of hydrochloric
acid; its accurate concentration is to be determined. It was found that a 20.00 mL aliquot of HCI
required a Na2CO3 titre of 23.50 mL for complete neutralisation.

Calculate the concentrations of:
a. the standard solution of Na2CO3

b. the HCl solution.
Teacher-led video: SP4 (tlvd-0611)

THINK WRITE

a. Use n = m

M
and c = n

V
to

calculate the concentration of the
standard solution.

n(Na2CO3) =
1.33
106.0

= 0.012 55mol

c(Na2CO3) =
n

V

= 0.012 55

0.2500
= 0.0502M

b. 1. Write the equation for the
reaction and use it to find the
molar ratio between Na2CO3

and HCl.

Na2CO3(aq)+ 2HCI(aq) → 2NaCI(aq)+H2O(I)+CO2(g)
Na2CO3: HCl

1 : 2

2. Calculate the concentration of
the solution.

n(Na2CO3) = c × V
= 0.0502 × 0.023 50

n(HCl) = 2 × 0.0502 × 0.023 50
= 2.36 × 10−3mol

c(HCl) = n

V

= 2.36 × 10−3

0.020 00
= 0.118M

Therefore, the hydrochloric acid has a molarity of 0.118 M.
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PRACTICE PROBLEM 4
A solution of previously standardised sodium hydroxide was used to accurately determine the
concentration of a sulfuric acid solution. An average titre of 18.56 mL was required to neutralise
20.00 mL of 0.0927 M sodium hydroxide solution.
Calculate the molarity of the sulfuric acid solution.

19.4.7 Titration curves
As a titration is performed, a titration curve can be constructed to plot the pH change versus the volume of
the titre added during titration. The titration curve shows the pH change over time, as the equivalent point
is reached or exceeded. The titration curves will have different shapes depending on the strength of the
acids and bases used in titration, as each combination will have a different equivalence point. Therefore,
identifying the strength of the acids and bases used in the titration will assist in choosing the correct
indicator to be suitable for the expected equivalent point.

Figure 19.15 shows an example of a titration of a strong base (NaOH) titrated with a strong acid (HCl)
and figure 19.16 shows an example of a strong acid (HCl) titrated with a strong base (NaOH).

In both cases the equivalent point is around a pH = 7, therefore an appropriate indicator to capture
the pH change is required. In this example, any indicator with a colour change between pH 4 and pH
8 will be suitable. From table 19.1 we can see that the best indicators for this example would be either
bromothymol blue (colour change between 6.0 and 7.6) or litmus (colour change between 5.0 and 9.0).

FIGURE 19.15 Titration curve of a strong base
(NaOH) titrated with a strong acid (HCl)

0

7

14

25

Litmus indicator range

Equivalence point

Bromothymol blue

indicator range

Volume of acid added (cm3)

Running acid into the base: acid in

the burette, base in the conical flask

FIGURE 19.16 Titration curves of a strong acid (HCl)
titrated with a strong base (NaOH)

0

7

14

25

Litmus indicator range

Equivalence point

Bromothymol blue

indicator range

Volume of acid added (cm3)

Running base into the acid: base in

the burette, acid in the conical flask

19.4.8 Calculations in acid–base titrations
Before starting titration calculations, identify the standard solution information provided. Sometimes
calculations for standard solution also need to be employed. Calculation steps required in a titration:

Calculation steps required in a titration:
1. Write the balanced chemical equation.
2. Determine the average titre (concordant volumes only).
3. Calculate moles of standard solution from the average titre.
4. Use molar ratio from equation to derive the moles of the unknown substance.
5. Calculate the concentration of the unknown solution from the calculated moles.
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SAMPLE PROBLEM 5

Calculate the concentration of the NaOH solution if titres of 24.45 mL, 24.78 mL, 24.69 mL and
24.65 mL of 0.300 M HCl were used to titrate 20.0 mL of NaOH solution.

Teacher-led video: SP5 (tlvd-0612)

THINK WRITE

1. Write the balanced chemical equation. NaOH(aq) + HCl(aq)→ NaCl(aq) + H2O(l)

2. Determine the average titre (concordant
volumes only) for the standard solution.

V = 24.78 + 24.69 + 24.65
3

= 24.71mL

3. Calculate moles of standard solution from

the average titre by applying the formula
c = n

V
. Remember to first convert volume

from mL to L.

V = 24.71mL

1000
= 0.0247L

n = c × V
n(HCl) = 0.300 × 0.0247

= 0.00741mol

4. Use molar ratio from equation to derive
the moles of the unknown substance.

n(NaOH) : n(HCl) = 1 : 1
Thus, n(NaOH) = 0.00741mol

5. Calculate the concentration of NaOH
solution from the calculated moles.

c(NaOH) = n

V

= 0.00741
0.0200

= 0.371M

PRACTICE PROBLEM 5
A standard solution of 0.200 M K2CO3 was used to titrate 23.50 mL of a solution of HCl. The titres
used were 20.03 mL, 19. 95 mL, 20.01 mL and 19.98 mL. Calculate the concentration of the aliquot.

19.4.9 Titrations with dilutions
Sometimes when performing titrations with concentrated solutions, we have to use large amount of titres.
To minimise the volume used, we can dilute the aliquot to a workable volume.

When dilution is undertaken, we need to remember to account for it in calculations.

SAMPLE PROBLEM 6

A commercial bathroom cleaner contains NaOH as its active ingredient. A 40.0 mL volume of
bathroom cleaner was diluted to 250 mL in a volumetric flask.
An aliquot of 20.0 mL of the diluted cleaner was then titrated with 30.0 mL 1.00 M HCl

standard solution. What was the concentration of NaOH in the bathroom cleaner?

Teacher-led video: SP6 (tlvd-0613)
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THINK WRITE

1. Write the balanced equation. NaOH(aq) + HCl(aq)→ NaCl (aq) + H2O(l)

2. Calculate the moles of standard
solution.

n(HCl) = c × V
= 1.00 × 0.0300
= 0.0300mol

3. Use molar ratio to calculate moles
of diluted aliquot.

n(HCl) : n(NaOH) = 1:1
n(NaOH diluted) = 0.0300 mol

4. Calculate the concentration of the
diluted aliquot.

c(NaOH diluted) = n

V

= 0.030
0.0400

= 0.750M
5. Multiply by the dilution factor to

calculate the NaOH concentration
in the bathroom cleaner.

Dilution factor:
250

40.0
= 6.25

c(NaOH in cleaner) = c(NaOH diluted) × dilution factor
= 0.750 M × 6.25
= 4.69 M

Alternatively
Use the relationship between the
concentration (c) and volume (V) of
the initial (or concentrated) solution
and the final (or dilute) solution,
c1V1 = c2V2 .

c1 (concentrated) = ?
V1 (concentrated) = 40.0mL

c2 (diluted) = 0.0750M

V2 (diluted) = 250mL

c1V1 = c2V2

c1 =
c2V2

V1

= 0.750 × 250

40
= 4.69M

PRACTICE PROBLEM 6
A commercial bathroom cleaner contains NaOH as active ingredient. A 50.0 mL volume of bathroom
cleaner was diluted to 250 mL in a volumetric flask.
An aliquot of 15.0 mL of the diluted cleaner was then titrated with 25.0 mL 0.800 M HCl standard

solution. What was the concentration of NaOH in the bathroom cleaner?

Digital document Experiment 19.1 Carbon dioxide content of fizzy drinks (doc-30856)

Teacher-led video Experiment 19.1 Carbon dioxide content of fizzy drinks (tlvd-0642)
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19.4 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question, go to
your learnON title at www.jacplus.com.au.

1. Sodium oxalate, Na2C2O4, can be used to make a standard solution. Describe how this is done.
2. If 3.183 g of sodium oxalate is dissolved in water in a 250.0 mL volumetric flask, find the concentration of

the solution.
3. 1.461 g of dry sodium carbonate, Na2CO3, is dissolved in water in a 250 mL volumetric flask.

(a) Why can this be called a standard solution?
(b) Calculate the concentration of the solution.

4. 20.00 mL aliquots of this solution were titrated with nitric acid, HNO3, three times. The average concordant
titre was found to be 22.17 mL.
(a) Write the equation for the reaction of sodium carbonate with nitric acid.
(b) Find the concentration of the nitric acid.

5. Describe the difference between equivalence point and end point.
6. What indicator would be suitable to be used in a titration where equivalence point is at pH 4.1?
7. What indicators would be most suitable for the following titration combinations given that the general

titration curves are known?

8. What volume of 0.80 M HCl will be required to titrate a 20.0 mL solution of 0.60M KOH to the equivalence
point?

9. A factory is suspected of polluting a stream with hydrochloric acid from its waste water. To gather
evidence, a sample of stream water was collected downstream from the discharge point. Back in the
laboratory, a 20.00 mL sample of this water was titrated against a solution of sodium carbonate that had
been accurately diluted to 0.0010 M; 17.52 mL was required. Assuming that the only acid in the sample
was hydrochloric acid:
(a) calculate the molarity of hydrochloric acid in the sample
(b) calculate the concentration of the hydrochloric acid in g L–1, mg L–1 and ppm.

10. Ten 1 L water samples were collected from different locations in a lake and then mixed together. One litre of
this mixture was then titrated with 0.050 M sulfuric acid until the pH equalled 4.5. 15 mL of acid was
required.
Calculate the total alkalinity of this water as mg L–1 calcium carbonate equivalent.
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To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.

19.5 Review
19.5.1 Summary
Sources of acids and bases in water

• Water can have a wide pH range and still be considered normal. This is due to substances that may
dissolve in it.

• Water can be made acidic or basic by the substances it comes into contact with. These include rocks
and minerals, the atmosphere, natural sources, dissolved salts and the results of human activity,
including contamination.

• Alkalinity is a measure of the ability of water to withstand sudden pH change caused by acid input.

Solution stoichiometry (volume–volume stoichiometry)

• The principles of stoichiometry can be applied to reactions in solution (concentration–concentration
stoichiometry). The formula n = cV is used here.

• When solutions are diluted, the moles are not changed, n1 = n2, and the formula c1V1 = c2V2 is used
to calculate required quantities and results.

Acid–base titrations

• Acid–base titrations are a form of volumetric analysis that use concentration–concentration
stoichiometry. They are used to calculate the unknown concentration of an acid or a base.

• Titrations use specialised equipment such as burettes, pipettes and volumetric flasks. Accurate
techniques must be used to produce reliable results.

• Acid–base titrations require the use of correctly chosen indicators. These are substances that have
different colours at different pH values.

• The equivalence point of a titration is the point at which chemically equivalent amounts of acid and
base are present according to the equation.

• The end point of a titration is the point at which the indicator changes colour. The indicator should be
chosen so that the end point is close to the equivalence point.

• A standard solution is a solution of accurately known concentration.
• A primary standard is a substance that can be weighed out and dissolved to make a solution, and its

concentration is known accurately.

To access key concept summaries and practice exam questions download and print the studyON: Revision and practice
exam question booklet (doc-30943).
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19.5.2 Key terms

aliquot volume delivered by a pipette
alkalinity a measure of the ability of water to withstand sudden pH change caused by acid input
amphiprotic a substance that can donate or accept protons
average titre titre determined by averaging the results of several titrations
buffers solution that resists a change in pH upon the addition of a small amount of acid or base
concordant individual titres within a certain limit
concordant results results of repeated titrations that are identical (within ± 0.10 mL of each other) and

consecutive
end point experimentally determined equivalence point at which the indicator just changes colour or the pH

curve becomes vertical
equivalence point point at which two reactants have reacted in their correct mole proportions in a titration
primary standard substance used in volumetric analysis that is of such high purity and stability that it can be

used to prepare a solution of accurately known concentration
secondary standard a standard prepared for a specific volumetric analysis that has been standardised against a

primary standard
standard solutions solution that has a precisely known concentration
synergy to have an effect that is greater than the individual effects combined
titration process used to determine the concentration of a substance by using a pipette to deliver one substance

and a burette to deliver another substance until they have reacted in exactly their mole ratio
titration curve results of a titration showing the pH change versus the volume of the titre added during titration
titre volume of liquid measured by a burette during titration
volumetric analysis measurement of volume of one solution of accurately known concentration to determine the

concentration of a second solution using stoichiometry

Digital document Key terms glossary — Topic 19 (doc-30941)

19.5.3 Practical investigations

Experiment 19.1
Carbon dioxide content of fizzy drinks

Aim: To determine the CO2 content of different brands of soft drinks
doc-30856
tlvd-0642
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Digital document:
Teacher-led video:

19.5 Exercises
To answer questions online and to receive immediate feedback and sample responses for every question,
go to your learnON title at www.jacplus.com.au.

19.5 Exercise 1: Multiple choice questions
1. Which of the following statements about water is not true?

A. Sea water with a pH of 8 would be considered to have been acidified.
B. Ground water with a pH of 6 would be considered to be normal.Pdf_Folio:24
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C. Surface water with a pH of 6 would be considered to have been acidified.
D. Surface water with a pH of 5 would probably contain a lot of dissolved calcium carbonate.

2. Which of the following acids is least likely to contribute to broadscale acid rain?
A. H2CO3

B. HCl
C. H2SO4

D. HNO3

3. A student dissolved 2.00 g of sodium hydroxide in 1.00 L to produce solution A. The student then
diluted 100 mL of solution A with water to produce 1.00 L of solution B. A 10.0 mL sample of
solution B was then diluted to 100 mL with water to produce solution C.
What was the concentration of solution C?
A. 0.500 M
B. 0.0500 M
C. 0.005 00 M
D. 0.000 500 M

4. What volume of 11 M hydrochloric acid is required to produce 2 L of 1 M acid when diluted with
water?
A. 91 mL
B. 182 mL
C. 600 mL
D. 1838 mL

5. Which of the following is a not requirement for a substance to be a primary standard?
A. It must have a high state of purity.
B. It must not be a danger to health.
C. It must have an accurately known formula.
D. It must be stable.

6. When is the end point reached in an acid–base titration?
A. When the solution is neutral.
B. When the indicator changes colour.
C. When equal volumes of reactants have been mixed.
D. When reactants have been mixed in the appropriate stoichiometric ratio.

7. The equivalence point in an acid–base titration is the point when
A. the solution is neutral.
B. the indicator changes colour.
C. equal volumes of reactants have been mixed.
D. reactants have been mixed in the appropriate stoichiometric ratio.

8. What mass of potassium hydroxide, KOH, is needed to produce 200 mL of a 0.25 M solution?
A. 0.050 g
B. 2.8 g
C. 50 g
D. 2.8 kg

9. What volume of 0.100 M H2SO4 is required to react completely with 25.0 mL of 0.150 M NaOH
solution?
A. 9.38 mL
B. 18.8 mL
C. 37.5 mL
D. 75.0 mL
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10. A student obtained the following titres during an analysis: 18.90 mL, 19.02 mL, 18.97 mL, 19.12 mL,
18.98 mL.
What is the average of the concordant titres?
A. 18.95 mL
B. 18.99 mL
C. 19.01 mL
D. 19.07 mL

19.5 Exercise 2: Short answer questions
1. Normal rainfall has a pH of about 5.6. However, the lowest pH at which surface water can be

considered normal is 6.5.
a. Explain how rainwater becomes acidic.
b. What must happen to rainwater after it hits the ground to change its pH?
c. Rainfall in some parts of the world has been measured at a pH of 4.3. What is the term given to such

rainfall?
d. Explain how the situation in part (c) might come about.

2. Using the internet or other suitable reference, find three naturally occurring rocks or minerals that
would make water
a. acidic.
b. basic.

3. Calculate the volume of stock solution needed to prepare the following.
a. 500 mL of a 0.750 M solution of sulfuric acid (sulfuric acid stock solution = 18 M)
b. 200 mL of a 2.5 M solution of ammonium hydroxide (ammonium hydroxide stock solution = 15 M)
c. 350 mL of a 0.150 M solution of ethanoic acid (ethanoic acid stock solution = 17 M)

4. What volume of water must be added to
a. 100 mL of 15 M H2SO4 to dilute it to 5.0 M?
b. 130 mL of 3.50 M HNO3 to dilute it to 1.00 M?
c. 170 mL of 2.60 M HCL to dilute it to 0.250 M?

5. A student is required to make up 500 mL of 0.100 M H2SO4(aq) by diluting a 0.500 M solution of the
acid. What volume of 0.500 M H2SO4(aq) is required?

6. A 3.50 g mass of MgCl2 is dissolved in 200 mL of water.
a. What is the concentration of the solution?
b. If 150 mL of water is added to the solution, what is the concentration of the new, diluted solution?

7. Sodium chloride reacts with silver nitrate to give a white precipitate of silver chloride.
a. Write an equation for the reaction.
b. What volume of 2.0 M silver nitrate reacts with 120 mL of 1.5 M sodium chloride?

8. 50 mL of 1.2 M sulfuric acid was added to 30 mL of sodium hydroxide in order to neutralise it. Find
the molarity of the sodium hydroxide.

9. What volume of a 2.30 M solution of Na3PO4 is required to react completely with 560 mL of a 3.25 M
solution of Ca(ClO3)2, according to the reaction:

3Ca (ClO3)2(aq)+ 2Na3PO4(aq) → Ca3 (PO4)2(aq)+ 6NaCIO3(aq)

10. What volume of 0.250 M HNO3 reacts completely with 280 mL of 0.200 M H2S according to the
reaction:

2HNO3(aq)+ 3H2S(aq) → 3S(s)+ 4H2O(I)+ 2NO(g)

11. What volume of 0.460 M H2SO4 is required to neutralise 24.00 mL of 0.620 M NaOH?
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12. A sample of water known to contain sodium hydroxide as the only base was analysed prior to discharge
into a river. It was found that a 20.00 mL sample required 8.19 mL of 0.0100 M hydrochloric acid
solution for neutralisation.
a. Calculate the molar concentration of sodium hydroxide in the water sample.
b. Express the answer from part (a) in g L–1.

19.5 Exercise 3: Exam practice questions
Question 1 (6 marks)
Anhydrous sodium carbonate is often used to make standard solutions of sodium carbonate. This solution
may then be used in acid–base titrations to calculate the exact concentration of acidic solutions.
a. Calculate the mass of anhydrous sodium carbonate, Na2CO3, that is required to make 500.00 mL of

0.0500 M solution. 2 marks
b. Exactly 25.00 mL of the solution from part (a) is reacted with hydrochloric acid. The equation for this

reaction is:

2HCI(aq)+ Na2CO3(aq) → 2NaCI(aq)+ CO2(g)+ H2O(I)

It is found that 23.50 mL of the acid is required for exact neutralisation.
Calculate the molarity of the hydrochloric acid solution. 4 marks

Question 2 (11 marks)
A company operates a batch process that uses sulfuric acid. At the end of each batch, the leftover acid
must be diluted before it is released. The amount of water to be added to enable this dilution is carefully
calculated following analysis of the leftover sulfuric acid in the batch liquid.

The terms of the discharge licence state that no more than 1.00 g L–1 of sulfuric acid should be in the
discharge water.

A 25.00 mL sample of the batch liquid was accurately diluted to 250.0 mL in a standard flask.
25.00 mL of this diluted sample was then titrated with 0.100 M standardised sodium hydroxide solution
using a suitable indicator. An average titre of 18.52 mL was obtained.
a. Write the equation for the reaction between sodium hydroxide and sulfuric acid. 1 mark
b. Calculate the number of moles of sodium hydroxide that were added. 1 mark
c. From your answer to part (b), calculate the number of moles of sulfuric acid in the diluted

sample. 2 marks
d. Hence, calculate the molarity of sulfuric acid in the diluted sample. 1 mark
e. Calculate the molarity of sulfuric acid in the undiluted batch liquid. 2 marks
f. Calculate the molarity of the sulfuric acid that is allowed in the discharge water. 1 mark

g. Hence, calculate the number of litres of water that must be added to each litre of batch liquid to meet the
terms of the discharge licence. Give your answer to one decimal place. 3 marks

19.5 Exercise 4: studyON Topic Test
Fully worked solutions and sample responses are available in your digital formats.

Test maker
Create unique tests and exams from our extensive range of questions, including practice exam questions.
Access the assignments section in learnON to begin creating and assigning assessments to students.
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