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	There are several projects you could try that involve aspirin. You could set out to check how much aspirin there is in various brands of pain relieving tablets. As an extension of this you might investigate how these tablets deteriorate if they are kept in the warm, moist conditions which you might find in your kitchen or bathroom. Alternatively, you could make some aspirin yourself and look at what are the optimum conditions for achieving the best yield. In all of these investigations you will need some way of finding out how pure your aspirin is. But before we get onto this, it will be helpful if we think about what the likely impurities are going to be.


Possible impurities

The systematic name of aspirin is 2-ethanoylhydroxybenzoic acid. We usually make it by the esterification of 2-hydroxybenzoic acid (salicylic acid) using ethanoic anhydride and a catalyst such as concentrated sulphuric acid or phosphoric acid. The preparation is a very common one, and you should be able to find a basic recipe in your school library.
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If the reaction is incomplete or if you mix the reagents in the wrong proportion, your aspirin will be contaminated with unreacted salicylic acid. It might also contain ethanoic acid or the acid catalyst. Washing the solid product well and recrystallising it may reduce the degree of contamination but it might even have the reverse effect. This is because if you start off with aspirin tablets, they may be hydrolysed in humid conditions, producing salicylic acid and ethanoic acid again:
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Now that we have thought about possible impurities we can look at methods for finding out about aspirin purity.

Thin-layer chromatography

A fairly simple way of detecting salicy(ic acid and aspirin in a mixture is to use the technique of thin-layer chromatography. Dissolve the samples in ethanol and use pentan-1-ol as the moving solvent. After you have run the chromatogram, you can detect the positions of the spots by putting the plate under a ultraviolet light. You must be careful not to look directly at the light source. Thin-layer chromatography is, of course, only a qualitative procedure. If the level of impurity in your sample is low, you may not be able to detect it. You may feel that it is worth doing some tests to make an estimate of the sensitivity of the method.

A (not so) simple titration

Both aspirin and salicylic acid are weak acids and solutions of them in a 50/50 mix of ethanol and water can be titrated with a standard solution of sodium hydroxide. Phenolphthalein is a suitable indicator:
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The two acids have very different molar masses. If you titrate the same mass of the two acids with the same sodium hydroxide solution, it will take more of this solution to reach the end point with the salicylic acid since there will be more moles of it in the fixed mass due to its lower molar mass. A mixture of the two acids should require an intermediate amount of the base. You can calculate the number of moles of sodium hydroxide used in your titration of mixed acids. This will also be the number of moles of acid that have been neutralised and can be used to calculate an effective molar mass (EMM) for the mixed acids. This will be somewhere between the molar mass of salicylic acid, 138.12, and the molar mass of aspirin, 180.15. You can calculate the percentage of aspirin in the mixture, assuming there are no other acids in it, using the relationship:

% aspirin  =  (EMM –  132.72)  x  100      

                          180.15 – 138.12

We are not quite finished with this titration as it can give us yet more useful information. Although both are weak acids, salicylic acid is about 40 times stronger than aspirin. You can detect this if you monitor the pH during the acid-base titration and plot a titration curve of pH against volume of sodium hydroxide solution added to the acid. The stronger acid will produce a more acidic solution with a lower pH in the region of the curve before complete neutralisation. The pH at the point of half neutralisation is equal to the pKa value of the acid. You might like to investigate whether you can use the shape of the titration curve to tell you about the purity of your aspirin. You might even be able to devise a way of using two different indicators, one to give the end point for the titration of aspirin, and another for the final end point.

Table 1    Salicylic acid and aspirin data

	
	Salicylic acid
	Aspirin

	Formula
	C7H6O3
	C9H8O4

	Molar mass
	138.12
	180.15

	Ka
	1.08 x 10-3
	2.72 x 10-5

	pKa
	2.99
	4.57

	Solubility (g/100 cm3)
	0.18
	0.25


A back titration

There is also a different acid-base titration you can do to find out about the purity of your aspirin. It is an example of what chemists call a 'back titration'. In this technique you should heat about 1.5 grams of your sample with about 50 cm3 of .5 mol dm-3 sodium hydroxide solution for 10 minutes. Under these conditions the aspirin hydrolyses and the acids ionise:
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By titrating this solution with 0.5 mol dm-3 hydrochloric acid you can find out how much sodium hydroxide is left. Remember that each mole of aspirin reacts with two moles of the base while any salicylic acid in the sample will react with only one mole. So you can find out the composition of the original sample.

Notice that both these titration methods depend on you having an accurate measure of the combined mass of salicylic acid and aspirin. This should not be difficult when you are dealing with samples you have synthesised yourself, providing that you have taken care both to wash out ethanoic acid and acid catalyst and to dry the crystals thoroughly. There is a bigger problem if you are dealing with aspirin tablets since these contain inactive carrier as well as the active ingredient. You will have to decide whether to rely on the figure given on the packet for the amount of active ingredient in each tablet, or whether to devise a way to measure it for yourself. You could try extracting and purifying the aspirin or you could decide to study whether aspirin deteriorates on storage by observing changes in a given mass of tablets.

A colorimetric technique

Finally you might like to try a colorimetric technique to help you find out about the purity of your acid. The method depends upon the key observation that salicylic acid forms an intense purple coloured complex with Fe(III) ions as a consequence of the phenol group in its structure but pure aspirin gives no colour because the phenol group has been converted into an ester. One approach is to dissolve about 0.2 grams of sample in a 50/50 water/ethanol mixture in a volumetric flask, adding 1 cm3 of a 5% aqueous iron(III) ammonium sulphate solution before adjusting the volume to 100 cm3. The light absorption is best measured around 530 nm with the whole process repeated using different amounts of salicylic acid to construct a calibration curve. While this sounds a very useful technique, there are some difficulties associated with it. The intensity of the purple colour seems to be pH-dependent and will simply not form if the solution is too acidic. On the other hand, if the pH rises too much, the hydrated iron(III) ion is hydrolysed to iron(III) hydroxide which makes the sample cloudy. You may be able to use buffers of different pH to resolve the various competing trends in this technique; this could turn out to be an interesting project in itself!

Final thoughts

Finding out about the purity of your aspirin can be quite complex. You are probably best off trying out some of the techniques using samples that you know about. Try some pure aspirin, pure salicylic acid and a made-up mixture of the two. This way you will know what results to expect. This approach will also give you the confidence and experience to extend your investigations into more complex systems.

Derek Denby
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