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The Acidic Environment 

9.3.1 Indicators were identified with observation that the colour of some 
flowers depends on soil composition 

 

• Acid + metal  hydrogen + salt 

• Acid + carbonate  Carbon dioxide + water + salt 

• Acid + hydrogencarbonate  Carbon dioxide + water + salt 

• Acid + metal oxide (base)  Salt + water 

• Acid + metal hydroxide (base)  salt + water 
 

• Aqueous acidic solution (sour) and Aqueous Basic solutions (bitter) conduct an 
electric current (electrolyte). 

 

9.3.1.1 Practical: prepare and test a natural indicator. 
Method: 
1. Select coloured parts of a flower, and crush in mortar and pestle with 

water. 
2. Filter the coloured solution into 3 test tubes, leaving solid behind. 
3. Add HClaq to one and NaOHaq to another.  
Hibiscus: normal (purple), Acid (red), Base (green). Thus chemicals in 
flowers can be used as indicators. 



 

 

9.3.1.2/3 Identify Indicators and 
colour changes 
 

• The pH scale allows quantitative 
comparison of indicators. As 
Universal Indicator is a mixture of indicators it shows a number of colour 
changes, but most indicator solutions undergo a single colour change. 

 

9.3.1.4/5 classify common substances as acidic, basic or neutral. 
Practical – apply information about colour changes of indicators to classify 
some household substances as acidic, neutral or basic. 
 

• Solids should first be dissolved in distilled water.  

• Either add 1cm of the substance/solution to be tested to a small test 
tube and add a few drops of Universal Indicator. OR dip a strip of 
indicator paper in the sample.  

• Observe colour, compare to chart and classify. 
Risk 
Dangerous 
chemicals. 

Precaution 
Handle with care, wear safety 
glasses, follow safety precautions. 

Response 
Spillages should be instantly 
washed & reported to teacher. 

• Aquarium water (near pH 8.5), is monitored as some animals are 
sensitive to pH levels. 

• Pollution testing of pH in waste water and natural waterways, use 
indicators. 

• Soil testing: Soil is sprinkled with insoluble, non-reactive, white powder 
(eg. barium sulphate) to see colour change when mixed with universal 
indicator. 

o H+ ions from rain, plant roots, biological decay and microbial 
activity can displace calcium/metal ions from soil making it more 
acidic, and less fertile. (each plant has a specific pH that below 
growth is restricted.) 

Results 

• Based on past HSC Q’s these are ‘household’ substances: 
Acidic Neutral Basic 

Tea (pH5) Sea water pH7.5 Dishwashing power (pH10) 

Orange Juice (pH5) Distilled water Antacid (pH9) 

Coke (pH5) Pool water Soap (pH8) 

Lemon juice (pH3.5) Milk Drain Cleaner (pH11) 

Aspirin (pH4) Dishwashing liquid Toothpaste (pH8) 

Coffee (pH5)  Laundry powder (pH10) 

Wine (pH3)  Oven cleaner (pH10) 

Lemonade (pH4)  Bi-carb soda (pH8.5) 

Soda water (pH3.5)  Window cleaner (pH 11) 

Cleaning Vinegar (pH3)   
 

 

9.3.1.6 Describe uses of indicators including testing of soil acidity/basicity. 
 

• Acid-base indicators and pH kits are used to test swimming pool water 
(close to pH7.4). If pH needs to be lowered acids (HCl) are added, and if pH 
needs to raised basic solutions are made (Na2HCO3). 

9.3.2 The atmosphere naturally contains acidic oxides of carbon, nitrogen 
and sulphur. The concentrations of these acidic oxides have been increasing 

since the Industrial Revolution. 
 

9.3.2.1 Identify oxides of non-metals that act as acids, their conditions. 
 

• Non-metal oxides once dissolved in water (react with H2O to allow 
donation of H+), are said to be acidic.  

• Eg. CO2, SO2 and NO2 will dissolve and be acidic. (but not CO, NO & N2) 
CO2 (aq)    +    H2O(l)        H2CO3  (aq)  
                                                        H2CO3  (aq)          HCO3

- (aq)    +   H+ (aq)  

9.3.2.2 Relationship between positon of elements on Periodic Table and 
acidity/basicity of oxides. 
    Acid      +      base              salt      +     water 



 

 

o If too acidic (Australian soil) agricultural lime (CaCO3) is added as it 
absorbs the H+ ions to form water + CO2 + salt. Thus it neutralises 
the acid as it is a base. (and know when to stop adding more as 
the bubbling stops when neutral) 

o To lower pH soils, ammonium nitrate NH₄NO₃ or ammonium 
sulfate (NH4)2SO4 as it will add H+ ions (increase pH), becoming a 
salt (no harm) and NH3 (ammonia which is a nitrogenous fertiliser). 

• Non-metals oxides (to right) are acidic: CO2 + 2NaOH       Na2CO3 + H2O 
                                                                        Metal Oxide     +    acid                    salt            +     water 

• Metal oxides (to left) are basic: MgO   +   2HCl          MgCl2  +  H2O 

• Amphoteric oxides (borderline) can react as both:  
Al2O3 + 6HCl      2AlCl3 + 3H2O      OR       Al2O3 + 2NaOH + 3H2O        NaAl(OH)4 



 

 

9.3.2.3 Natural & industrial sources of sulphur dioxide & oxides of nitrogen 
Substance Natural Sources Industrial Sources 

Sulfur dioxide -Decomposition & combustion 
of organic matter (coal) 
-Volcanoes, hot springs & 
geysers 

-Burning impure fossil 
fuels 
-Smelting of mineral 
ores 

 
Oxides of 
Nitrogen (NOx) 

NO2 Sunlight on NO and O2 -Combustion in 
furnaces & internal 
combustion engines (air 
is superheated) 

NO -Lightning and soil bacteria -Combustion in 
furnaces & internal 
combustion engines (air 
is superheated) 
-Burning of biomass 

N2O -Soil bacteria -Fuel for racing cars 
-Sedative 

 

- Fossil fuel burning and metal sulfide smelters are larger but fewer that the 
number of NO2 sources (cars). 

o Carbonate buildings are dissolved away, and smog with acid rain can 
cause a killer fog (London). 

 
9.3.2.7 Assess evidence which indicates increases in atmospheric 
concentration of oxides of sulphur and nitrogen 
 

Difficulty of Finding Evidence: 

• SO2 and NOx levels are very small in the atmosphere, and instruments 
that can measure to this degree have only been available since 1970s. 

• SO2 forms sulfate ions and NO2 forms nitrate ions. (most are water-
soluble), thus hard to trace as chemically changed. 

• Natural sources of SO2 and NOx vary greatly all the time. 
 

Evidence of increasing concentration: 

9.3.2.5/6 Summarise the industrial origins of SO2 & NOx. The concern for the 
environment and the formation of acid rain. 
 

• Industrial Origins: Previous table 

• Effects on Human Health:  
o SO2 is a colourless, odorous, toxic gas. It is can irritate eyes, & can cause 

damage to the respiratory tract. (lung damage, bronchitis, & asthma.) 
 

o NOx is an eye irritant & harmful to the respiratory system (lung function, 
respiratory infections, asthma triggers, & cause of emphysema). 

 

• Acid Rain: Distilled water in contact with atmosphere absorbs the acidic 
gas CO2 creating a pH of 5.5. If rainwater is below pH5 it is Acid Rain, 
(often caused by SO2 or NO2 dissolved in the water.) 

o The source of SO2 or NO2 can be thousands of km away from where the 
acid rain falls. If the environment’s capacity can’t neutralise it then: 

o Soil pH can drop (difficult for plants to absorb Ca or K), and soil 
chemistry can change where acid leaches Ca2+ & Mg2+ ions (needed for 
growth), while normally insoluble toxic solutions are released. 

o Leaf waxes are lost (leaf damage), and Aquatic animals can die (<pH5)  
 



 

 

• Increased damage to buildings, forests and aquatic organisms. 

• Decreased pH of rain, rivers and lakes etc. 

• 100 year old Ice core samples from Antarctica show increases in their 
concentrations. 



 

 

9.3.2.8 Define Le Chatelier’s Principle 
 

Equilibrium: Once the rates of forward and reverse reactions become equal 
in a closed system, the system has reached chemical equilibrium.  
 

• When a change is made to an equilibrium system, the system moves 
(through change of concentrations) to counteract the imposed change 
and restore the equilibrium. 

 

9.3.2.9 Factors which can affect the equilibrium  
-If you stress one side, it will naturally move in the direction that will relieve stress. 
 

• Change in Concentration: [only applies to g & aq].     A + B   C + D 

• If more A is added, A&B will collide more. B is consumed and more C and D 
are produced, then the reaction will continue to go back and forth until a 
new equilibrium is reached. In the end there will be more A, C, D and less B. 

• Thus the reaction shifted to the right.  
Eg. HIn (indicator – In represents rest of carbon compound) 
-If acid is added to purple litmus solution, the higher concentration of H+ ions 
will cause the equilibrium to shift to the left. (turn red).                  -If a base is 

added (removes H+ ions), it will shift to the right. (red)  

Change in Temperature:  

• If temperature of a system is lowered, the exothermic reaction is favoured 
(in eg. exothermic is forward reaction) and vice versa. 

• H2O(l) + CO2 (g)   H2CO3 (aq) + heat  - If heated, the equilibrium shifts to the 
left (to counteract extra heat) and CO2 (g) is released. 

Change in Pressure: (This increases pressure gases in whole system) 

• Gas pressure is the force that the gas exerts on the walls of its container, 
and can be increased by increasing temperature, add more molecules of 
gas, and decreasing the volume of gas (compression). 

• Decrease in pressure favours the side with more moles of gas. 

• Increase in pressure favours the side with less moles of gas. 

• H2O(l) + CO2 (g)   H2CO3 (aq)   - If gas above this solution is decreased, the 
equilibrium will shift to left to ‘replace’ the lost CO2 (g). This is what happens 
when you take the lid of coke. Thus, if lid not put on coke will go flat. 

Note: if equal number of moles on each side, changing volume (thus pressure) 
doesn’t affect equilibrium. 



 

 

9.3.2.10 Solubility of CO2 in water under conditions and equilibrium & LC’sP.  
 

• Solubility of CO2 gas in water - 4 equilibrium equations: (palm card) 

• Le Chatelier’s Principle predicts:  
- increase in acid (H+) = shift to left         -addition of base= shift to right 
-increase in temperature = shift to left (easier for gas particles to move) 
-decrease in gas pressure (thus CO2 (g)) = shift to left 
 

9.3.2.11 Practical – Mass changes, and volume of gas in soft drink 
 

Aim: To decarbonate a soft drink to measure the mass and calculate the 
volume of CO2 lost. 
Note: Decarbonation of CO2 is increased by warm temperature or shaking. 
Method: 
1. Weigh initial mass coke can (not chilled).  Weigh salt that will be used. 
2. Carefully open can and gradually add salt (catalyst). 
3. Leave coke to allow gas to escape, then weigh final mass of coke. 
4. Record results (minus salt), and calculate the mass of CO2 lost. 

 

 



 

 

9.3.3 Acids occur in many foods, drinks and even within our stomachs 
 

• Acetic acid is a preservative, Hydrochloric acid assists human digestion, 
citric and ascorbic acid (Vitamin C) occur in foods. 

9.3.3.1 Define acids as proton donors & describe ionisation of acids in water 
 

• A hydrogen ion, H+ and a proton are the same (H loses e- to form H+) 

• Acids are proton donors as they are covalent molecules that contain a H.  
HX  H+ + X-   (donate H+ and become an anion with leftover e-) 

• When an acid is placed in water, it ionises and the proton (H+) joins a 
water molecule, forming a hydronium ion, H3O+  
HX  +  H2O   H3O+   +  X- 

 

9.3.3.4 Describe acids and their solutions with the appropriate use of terms. 
 

• Strong acids undergo total ionisation 

• Weak acids undergo partial ionisation 

• Concentrated Solutions contain a large amount of solute to solution 
Dilute solutions contain a small amount of solute to solution. (0.01M HCL) 

9.3.3.2 Write ionic equations to represent the ionisation of acids 
 

 Strong Acids: 

Hydrochloric acid: HCl + H2O  Cl- + H3O+ 

HCl is a stronger proton donor than H3O+, and 
H2O is a stronger base than Cl- so the forward 
reaction is favoured. 

Nitric Acid: HNO3 + H2O  NO3
- + H3O+ 

Diprotic (donates 2 protons) – Sulfuric Acid 

H2SO4 + 2H2O  SO4
2- + 2H3O+ 

Triprotic – Phosphoric acid 

H3PO4 + 3H2O  PO4
3- + 3H3O+ 

 

Weak Acids:  
Carbonic Acid (not organic):  
H2CO3 is a weaker proton donor than H3O+ and H2O is a weaker base than HCO3

- 
thus reverse reaction is favoured, so at equilibrium only a small proportion of 
molecules are ionised. 



 

 

Note: Organic acids are weak. 
Methanoic acid (Formic): 
Ethanoic acid (Acetic): 
Lactic acid (2-hydropropanoic acid): 
Citric Acid (2-hydroxypropan-1,2,3- tricarboxylic acid): 
 

9.3.3.3 Identify acetic, citric, hydrochloric and sulfuric acid. 
 

• Acetic Acid (ethanoic acid): CH3COOH  
Occurs naturally in decomposition of biological material, or 
manufactured by the oxidation of ethanol. Is used to preserve foods, by 
reducing the pH to a level microorganisms can’t reproduce. 
Note: These are acids due to the =O, and OH groups. 
• Citric Acid (2-hydroxypropane-1,2,3-tricarboxylic acid):  
C6H8O7 or CH2(COOH)COH(COOH)CH2(COOH) 
Is found naturally in tissues and fluids such as citrus fruits. Or manufactured by 
fermentation of cane sugar. 

• Hydrochloric Acid: produced industrially, and also in Human stomach’s. 

• Sulfuric Acid (H2SO4): Sulfur Dioxide is either manufactured or naturally  
produced from volcanoes & can be oxidised & dissolved to form Sulfuric acid. 

Monoprotic: (concentration of monoprotic strong acid is equal to 
concentration of the acid itself) Eg. HCL, acetic acid, Nitric acid (HNO3) 
Diprotic: (concentration of diprotic strong acid is equal to twice the 
concentration of the acid itself) Eg Sulfuric acid, Carbonic acid (H2CO2) 
Triprotic: Citric acid, phosphoric acid 
 

9.3.3.5 Difference between Strong and Weak acid in terms of equilibrium. 
 

• Strong acid – all ionise. Don’t re-form reactants. It is NOT at equilibrium 

• Weak acid – small proportion ionise so numerous intact acid molecules. 
Some of products react to re-form the reactants. There IS equilibrium. 

• 0.1 M Acetic acid has approx. [H+] = 10-3 = 0.001M so a pH of 3. 

• 0.1 M of HCL has approx. [H+] = 10-1 = 0.1M so a pH of 1. (more acidic)  
 

9.3.3.6 Model molecular nature of acids and stimulate ionisation. 
 

• Bisulfate ion (sulphate with a hydrogen (bi- refers to the hydrogen)) 

• A strong acid dissociates completely in water, but a weak acid does not.  

• A 10 mol strong acid and 10 mol strong base will neutralise completely. 

• A 10 mol weak acid and 10 mol weak base (if both mono) will neutralise 
completely. But not a weak with a strong. 



 

 

9.3.3.9 Describe the use of the pH scale in comparing acids and bases. 
 

• pH scale compares the concentration of hydrogen ions of acids & bases. 
pH Solution Eg. [H+] [OH-] [H+] x [OH-] 

0 1.0M HCl 100 = 1 10-14 10-14 

1 Gastric acid (0.1M HCl) 10-1 10-13 10-14 

2 Lemon juice (0.01M HCl) 10-2 10-12 10-14 

3 Vinegar 10-3 10-11 10-14 

4 Wine, tomato juice 10-4 10-10 10-14 

5 Acid rain 10-5 10-9 10-14 

6 Rain, urine 10-6 10-8 10-14 

7 Pure water  10-7 10-7 10-14 

8 Human blood 10-8 10-6 10-14 

9 Detergent 10-9 10-5 10-14 

10 Ant acid 10-10 10-4 10-14 

11 Household ammonia 10-11 10-3 10-14 

12 0.01M NaOH 10-12 10-2 10-14 

13 Bleach 10-13 10-1 10-14 

14 1.0M NaOH 10-14 100 = 1 10-14 

9.3.3.12 Examples of naturally occurring acids & bases & their composition. 
 

ACIDS: BASES: 

Ant Sting – Methanoic (Formic) acid – HCOOH Caffeine - C8H10N4O2 

Lemon Juice –  ≈0.30M citric acid Chalk – Calcium Carbonate CaCO3  

Gastric acid – approx. 0.02M HCL Blood – H+, HCO3
- and CO3

2- 

 

9.3.3.13 Practical – Use pH meter/probes/indicators to distinguish acidic, 
basic and neutral chemicals and solve problems. 
 

• A pH probe/meter is a non-destructive way of testing a solutions pH. 
 

9.3.3.14 Explain use of acids as food additives 
 

• Preservatives – acids lower pH preventing growth of micro-organisms.  
Ethanoic acid is commonly used. Eg. (tomato sauce doesn’t go off). 

• Note: vinegar has 10,000 x more Hydrogen ions than pure water, and 
ammonia has 10,000 x less hydrogen ions than pure water. 

• [H+] x [OH-] is the same for 
all aqueous solutions as 
water undergoes a small 
amount of self-ionisation: 

• Thus, in solutions when 
extra H+ or OH- are added equilibrium shifts. 

• As [H+] increases, pH decreases. (pH & [H+] are used to measure acidity) 

• pH measures hydronium ions 

• Acidic solution, [H+] > 10-7 mol L-1 and pH <7 

•  Basic solution [OH-] < 10-7 mol L-1 and pH >7 
9.3.3.10 Identify pH as –Log10[H+] & that a change of 1 pH means a ten-fold 
change in [H+] 

• pH = –Log10[H+]                  or             [H+]= 10-pH 
 

Note: Degree of Ionisation = (10-pH/concentration) x 100 

look at eg. palm card. 
 9.3.4 Because of the prevalence and importance of acids, they have been 
used and studied for hundreds of years. Over time, the definitions of acid 
and base have been refined. 
 

• Early definitions - acids containing H+ ions, & bases containing OH- ions.  

• Recent definitions - particle behaviour = acids being proton donors. 
 

9.3.4.1/3 Historical development of acid ideas : Lavoisier, Davy, Arrhenius 
 

Lavoisier: Thought that oxides when dissolved in water formed acids. Thus 
thought acids must contain oxygen. 
Arrhenius:  Was the first to state the properties of acids. He also suggested 
that when H+ and OH- react they produce water. 
 

Scientist(s) Acid Definition Base Definition 



 

 

• Flavour – fruit-flavoured drinks etc. have a sharp taste from acids (citric 
acid) added. 

• Nutrition – Ascorbic acid (vitamin C) is often added to increase 
nutritional value of foods by increasing the vitamins. 

Lavoisier Acids must contain oxygen  

Davy All acids contained hydrogen. 
(showed HCl didn’t contain 
Oxygen) 

-Metal Oxides are bases 

Arrhenius An acid produces H+ ions when 
dissolved in water 

A base produced OH- ions 
when dissolved in water. 

 



 

 

• Arrhenius could not account for non-aqueous acid/base behaviour, and 
those which don’t contain any Hydrogen, Hydroxides, or oxides. 

 

9.3.4.2 Outline Brönsted-Lowry theory of acids and bases. 
 

• Today we follow the theory by Bronsted and Lowry, which explains all 
acid/base behaviour. 

• Do HSC 2015 Q28 

• An acid is a proton donor 

• A base is a proton acceptor 

• Acid-base reactions involve proton transfer from acid to base 
 

9.3.4.4/5 Acid and its Conjugate base / Base and its Conjugate acid 
 

• When an acid donates a proton, the de-protonated particle it forms is 
referred to as its conjugate base. (has potential to act as a base) 

• The stronger the acid is, the weaker its conjugate base will be. 

• When a base accepts a proton, the “protonated” particle it forms is 
referred to as its conjugate acid. 

• Egs. NH4
+/NH3 , CH3COOH/CH3COO-, HCl/CL-, H3O+/H2O are conjugate 

acid-base pair egs. 
 

9.3.4.7 Buffers and a Natural System Example 
 

• A buffer solution minimises changes in pH when small amounts of acid 
or base are added to it. A buffer solution is any solution containing both 
-a weak acid with its conjugate base (eg. H2CO3/HCO3

-) (HCO3
-/CO3

2-)  OR 
-a weak base with its conjugate acid (eg. NH4

+/NH3) 

• To make a buffer mix a weak acid with the salt of it’s conjugate base. 

• Eg. CH3COOH with CH3COONa 

CH3COOH(aq) + H2O(l)    CH3COO-
(aq) + H3O+

(aq) 

• If acid is added, ethanoate ions “use up” many of the excess H+, thus 
equilibrium shifts to the left and reduces many of the H+ ions so the pH 
only goes slightly down. 

• If Base is added, ethanoic acid molecules ionise to produce H+ to 
neutralise the base, thus equilibrium shifts to the right, and pH only goes 
slightly up. 



 

 

• Blood pH maintenance: Buffers in the blood are extremely important, as 
the enzymes can only function in narrow range. (in blood - pH (7-7.8)) 

• The blood plasma is kept around 7.4 by many buffer systems especially 
carbonic acid/hydrogen carbonate ion. (H2CO3 (aq)/HCO3

-
(aq)). So that 

whenever you eat (and more CO2 is produced, thus more H+ ions) this can 
be counteracted to avoid cell deterioration and ensure efficient oxygen 
and CO2 transport continues. 

 

9.3.4 
Note: Bases have different supplies of OH- (like polyprotic acids) 
 

Monobasic Dibasic  Tribasic  

NaOH, KOH Ba(OH)2, Ca(OH)2 Aluminium hydroxide, Iron (III) hydroxide 
 

9.3.4.9 Identify the pH of a range of salt solutions 
 

• To ensure the investigation is valid, ensure the salt solutions are all the 
same concentration and volume. 

• Use a pH probe or meter that is correctly calibrated (i.e 7 in its buffer) 

• Place salt in beaker and test pH with pH meter. 

• Result Egs. -NH4CH3COO - acidic        -NaHCO3 - Basic       -NaHSO4 - Acidic  
 

9.3.4.8 Salts which form acidic, basic or neutral solutions 
 

Note: Ammonium (NH4
+) is a weak acid (think +), Ammonia (NH3) is a base. 

• Salt is an ionic compound with a cation instead of H+, OH-, O2-. 

• Salt solutions can be acidic or basic when the ions in the salt react with 
water to produce H+ or OH-. This is called hydrolysis. 

• If one ion is acidic, and other is neutral then solution will be acidic etc. 



 

 

9.3.4.10 Neutralisation is exothermic 
 

• Acid + base  salt + water             HCl(aq) + NaOH(aq)   NaCl(aq) + H2O(l) 

• The net ionic equation of this shows that neutralisation is a proton 
transfer reaction. 

• All neutralisations are exothermic. For strong acids and strong bases the 
amount of heat released is 57 KJ per mole of water formed. 

• H+
(aq) + OH-

(aq)    H2O(l)       ∆H≈ -57 kJ mol-1 
 

9.3.4.10 Use of Neutralisation to minimise damage in accidents or spills 
 

• Neutralisation may be used by adding a base or acid to minimise the 
damage in a chemical spill. Although there are possible disadvantages: 

• Adding acid or base that are also dangerous may cause extra harm. 

• The amount needs to be precise. 

• The reaction is exothermic, so the heat may cause more harm. 

• Eg. Hydrogen-carbonate ion in NaHCO3 is an amphiprotic ion is used for 
neutralising chemical spills as it is Non-toxic. If too much is added the 
unreacted HCO3

- can be easily and safely washed away. 

• Appropriate primary standard solution must; 

• be soluble in water, have high purity, have an accurately known formula 
and high molar mass (minimise weighing errors), and be stable in air (not 
gain or lose water or react with atmospheric gasses). 

• Eg. anhydrous sodium carbonate (Na2CO3) to make acidic primary 
standard, oxalic acid (H2C2O4) 

• Unsuitable: HCl, HNO3, H2SO4 (purity is not high – concentration varies) 
NaOH – absorbs water from air, and reacts with CO2 
 

• Prepare a primary standard solution:  
o Accurately weigh a calculated amount of solid 
o Dissolve in water (half final volume) in a volumetric flask. Mix. 

As an acid:    HCO3
-
(aq) + OH-

(aq)    H2O(l)  + CO3
2-

(aq) 

As a Base:     H+
(aq) + HCO3

-
(aq)     H2O(l)  + CO2(g)     

In this reaction when it is a base, the CO2 gas is visible as fizzing, and when 
this stops this shows that the acid has completely neutralised. 
 

• Note: 10 mol of HCl needs 10 mol of base to neutralise. 

• 10 mol of a weak acid needs 10 mol of base to neutralise as once one H+ 
ion is loss due to Le Chatelier’s principle the acid will try to replace these 
ions and then be eaten up by base and thus need 10 mol of base. 

 

9.3.4.11 Correct technique for titrations & standard solutions. 
 

• Titration: a process that determines the concentration of one solution 
by reacting it with another solution of known concentration. 

• Standard Solution: a solution whose concentration is known accurately.  

• Primary Standard: made from scratch by dissolving a known amount of 
solid in an accurate volume of water. 

• Secondary Standard: A solution whose concentration (unknown) is 
calculated by titration against a primary standard. 

• Equivalence Point: When reactants are present in the exact ratio shown 
in the equation. Usually detected by indicator solution added to mixture.  

• The end point is when an indicator changes colour. And thus the 
indicator is chosen so that the endpoint matches the equivalence point 
of the reaction. 

Reactants pH at equivalence Point Indicator with suitable endpoint 

Strong acid + Base 7 Universal or Bromothymol blue 

Strong acid + weak base 4-6 (about 5) Universal or Methyl Orange 

Weak acid + strong base 8-10 (about 9) Universal or Phenolphthalein 
 

• Note: Burettes, pipettes, and volumetric flasks are to 3 sig fig. 
 

9.3.4.12 Titrations and including the preparation of standard solutions, 
describe the reaction between selected acids and bases. 



 

 

o Add water to the volumetric flask to prepare a fixed volume of 
solution. 

o Calculate concentration  

• One reactant is then slowly added to the other until the reaction is 
complete. i.e an equivalence point is reached. 

 

 

• Volumetric Analysis: the reaction of a known quantity of solution with 
the sample to be analysed. Uses precision glassware to create accuracy. 

• Aim: Prepare a solution of oxalic acid (primary standard) and use it to 
calculate the concentration of sodium hydroxide solution (secondary 
standard. This is called standardisation. 



 

 

• Safety: NaOH is caustic; Oxalic acid is harmful. 

• Method: Part A 

• Acidic Primary Standard: (250mL Oxalic acid)  
1. Calculate approx. mass needed to make 0.05 mol L-1.  
2. Weigh & record oxalic acid into 250 mL volumetric flask. 
3. Add approx. 100mL distilled water, and mix to completely dissolve. 
4. Add distilled water to the flask until the solution volume is exactly 250mL. DO  

NOT fill past gradation mark. Stopper the flask and shake. 
5. Transfer to 250mL bottle, label & calculate concentration with your exact 
mass. 

• Prepare Rough Basic Solution: (500mL NaOH) 1. Calculate rough mass of 
NaOH needed. 2. Weigh the NaOH into the 600mL beaker. 

3.  Add approx. 500mL distilled water to dissolve the NaOH, and transfer to 
500mL bottle. Label and let it cool. 
 

• Part B 
1. Set up burette using a retort stand and burette clamp. 
2. Rinse burette 3 times with acid solution (discard this solution used) 
3. Close the stopcock (tap) of the burette. Carefully fill with acid using a funnel.  

9.3.4.13 Volumetric analysis of Vinegar using computer-based Technology 
 

• Titrate acetic acid against your standardised NaOH, at first with indicator 
to identify the amount of NaOH needed, then repeat using pH meter, to 
identify equivalence point by doing 5mL increments then 1mL 
increments 

• This titration is a reaction between a weak acid and strong base so 
equivalence point will occur around pH 8-9. 

• Vinegar is very concentrated so it will be diluted five-fold. 

• This time base is in burette, and measure acid with 25mL aliquot. 
Results: 
Average Titre: 35.5mL = 0.00355 L 
Moles of NaOH = cV = 0.1 x 0.0355 = 0.00355 mol 

Drain a few mL of solution into beaker until the tip is free of air bubbles. Then 
refill and adjust the meniscus to 0.0mL. 
4. Rinse pipette 3 times with NaOH solution. Then pipette exactly 25.0mL (an 
aliquot) of NaOH into a conical flask. And add 3 drops of phenolphthalein 
(equivalence point will be around 9). 
5. Place flask on white paper. Then open the stopcock and adjust the flow to a 
rapid drop rate. Swirl the flask constantly, and observe colour change. 
Occasionally wash down sides of flask with distilled water. (doesn’t affect as not 
adding any more moles of anything, and volume of this isn’t measured.) 
Continue the addition of acid until indicator remains colourless. This is the 
endpoint. Record exact volume of acid delivered from the burette. This volume is 
the titre.  
6. Rinse out the flask twice with tap water, and once with distilled water and 
shake dry. Then repeat. 
Note: stop the titration just at the endpoint. 
 

• Note: Anhydrous sodium hydroxide is water attracted so whenever 
weighing it will suck in water and increase mass, thus solutions can’t be 
accurately prepared using solid NaOH. 

9.3.5 Esterification is a naturally occurring process which can be performed 
in the laboratory. 
 

• Fats, oils, flavours and odours in living things are esters. 
 

9.3.5.1 Describe differences between the alkanol and alkanoic acid 
functional groups in carbon compounds. 
 

Functional Group: group of atoms that react in a certain way. 

• Alkanols: contain a hyrdoxy functional group (-OH) that provides 
properties of high melting points and boiling points. 

• Alkanoic Acid: contain a carboxylic acid functional group (-COOH) which 
means they can lose a hydrogen ion and behave as a weak acid. 
(generally the strength of an alkanoic acid decreases with hydrocarbon 
chain length. 

 



 

 

From balanced eq’n (average moles of diluted CH3COOH = moles of NaOH) 
Concentration of diluted CH3COOH = n/V = 0.00355/0.025 = 0.142 mol/L 
Concentration of undiluted CH3COOH = 5x 0.142 mol/L = 0.71 mol/L 
 
0.71 mol/L x M = 42.6 g/kg 

9.3.5.2 Difference in melting point and boiling point by straight-chained 
alkanoic acid and straight chained primary alkanol structures. 
 

• BP: alkanes < Alkanols < Alkanoic acid 

• The high melting points & boiling points of alkanols (compared to  



 

 

alkanes) are due to dipole-dipole forces & hydrogen-bonding between the 
𝛿- O in one molecule and the 𝛿+ H of the –OH in a neighbouring molecule. 

• The presence of two 𝛿- O per alkanoic acid 
molecule means the –COOH group can be 
involved in two hydrogen- bonds, or more 
dipole dipole forces, creating even higher MPs 
and BPs than that of similar-sized alkanols. 

• Due to these H-bonds both are soluble in water, 
but this solubility tends to decrease with length 
of Carbon chains. 

• In general, increased molecular weight results in 
increased chain length, thus dispersion forces increase, and BP increases. 

 

9.3.5.3 Identify esterification as the reaction between an acid and an alkanol. 
 

X-OH          +         HOOC-Z                       X-OOC-Z    +    H2O 

Alkanol      +       Alkanoic acid                Ester        +     Water 
                                                                           conc. H2SO4 

• Esterification is a reaction between organic molecules. The reaction is 
reversible and is present at equilibrium. 

9.3.5.4 Identify IUPAC nomenclature for describing esters 
 

• Alkanol forms first part, having its ending changed from ‘..anol’ to ‘..yl’ 

• The alkanoic acid forms the second part with its ending changing from 
‘..oic acid’ to ‘..oate’.  

• Eg. 
 
 
 
 
 
 
9.3.5.5 Acid as a catalysis in esterification 
 

• Esterification is a condensation reaction, and is catalysed by the 
addition of a small amount of concentrated acid (usually sulfuric). 

• Concentrated sulphuric acid is also a dehydrating agent, it absorbs 
water & thus shifts the equilibrium to the right. But, in large amounts 
makes is uneconomic and complicates the separation of the ester. 



 

 

9.3.5.6 Explain the need for refluxing during esterification 
 

• Esterification is quite slow, so the reaction is heated to reach equilibrium 
within an hour. If the system is enclosed volatile 
components might expand and explode. If open, 
volatile and flammable components may escape 
and come in contact with the flame. 

• Thus, the mixture is refluxed by placing a 
condenser on the top of the reaction vessel. This 
is ensures that when the reaction is heated, 
volatile components (ester and alcohol) don’t 
escape, making a safer & more efficient 
reaction. 

• The condenser can be water or air-cooled, & this 
causes the volatile components to condense 
back to liquid and fall back into the mixture. 

• The reaction is also heated via a water bath to 
heat the flask over a greater area, & to control the temperature more. 

9.3.5.7 Perform a first-hand investigation to prepare an ester using reflux. 
 

• Aim: Prepare, isolate and examine an ester. 

• Safety: Alkanols are flammable and harmful; Esters are flammable; 
Alkanoic acids and sulphuric acid are corrosive. 

• Method:  
1. Place a few boiling chips into a round-bottom flask (smooth boiling). 
2. Mix together 10mL of alkanol, 5mL of alkanoic acid in the flask. 
3. Assemble the refluxing apparatus, ensure that glassware is secure. 
4. Heat the flask in a water bath (slowly boil) heated by a Bunsen Burner.  
5. After 30 min stop heating and allow to cool. 
6. Pour refluxed mixture into a separating funnel. Add approx. 20mL of 
water & some NaHCO3 (neutralise excess acid). Shake. Drain off the lower 
aqueous layer & discard. Repeat. The ester remains in the separating funnel. 
7. Carefully smell the ester. It should smell like banana. 
 
Note: in industry excess reactants are added as this increases the yield due 
to Le Chatelier’s principle. 



 

 

9.3.5.8 Outline Examples of the occurance, production and uses of esters. 
 

• Esters occur naturally as:  
- flavouring agents and scents in plants and fruits (complex mixture of esters) 
-Animal fats and plant oils 
 

• The production of esters involves either: 
-the extraction from natural sources. 
-Manufacture in an industrial environment, which is less expensive. 
 

• Uses of esters include: 
-Flavouring agents and scents in foods. 
-Solvents and thinners. 
-Medications. (eg. aspirin) 
-Plasticisers. 
 

• Esters tend to be liquids at room temperature, with lower BPs to similar 
sized alkanoic acids, due to only having dispersion and dipole-dipole 
forces. 

• Esters that are waxes form from long alcohols & long alkanoic acids. 
 

9.3.5.9 Esters as flavours and perfumes in processed foods & cosmetics. 
 

• Natural flavours of foods are complex mixtures of esters, but the main 
esters are identified & manufactured in the lab for flavourings in 
processed foods (eg. ice cream, and lollies). 

• The natural perfumes produced by flowers are also esters that are 
manufactured in the lab to mimic the natural odours for perfumes. 

• Egs: 
 

-Ethyl ethanoate – nail polish remover 
-Propyl ethanoate – banana 
-Octyl ethanoate – orange fragrance 

 


