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ABSTRACT


Using high pressure liquid chromatography (HPLC), a relationship between the absorbance peak area and the concentration of aspirin and salicylic acid was determined by the Beer-Lambert Law.  By this absorbance-concentration relationship, the rate law of the aspirin hydrolysis and the rate law constants were determined by analysis of the data collected for the hydrolysis reaction at temperatures of 22.5, 35, 45, 55, and 60oC.  The rate law of the aspirin hydrolysis reaction is a pH dependent first-order reaction.  The rate law constants for 
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 are ko=0.003627 min-1 and kH+=7106.41 min-1M-1 at a pH of 7±0.24 and a temperature of 60oC.  The Arrhenius prefactor for aspirin hydrolysis was found to be 2.72x106 sec-1 and the activation energy, 67.619 kJ/mol.
OBJECTIVES

· Determine the rate of the hydrolysis reaction of a 0.01 M aspirin solution in a 0.01 M sodium carbonate solution over a temperature range of 25-60oC, as well as the Arrhenius prefactor and activation energy for the same reaction.
SPECIFIC AIMS

· Using high-pressure liquid chromatography, a relationship between the absorbance output and the concentrations of aspirin and salicylic acid in a given solution will be determined.  

· The established relationship will be used to determine the rate of the hydrolysis of the 0.01 M aspirin solution in 0.01 M sodium carbonate solution at temperatures of 22.5(room temperature), 35, 45, 55, and 60 oC.

· The Arrhenius prefactor and activation energy will be calculated using the rate of the hydrolysis reactions.

BACKGROUND


The Arrhenius prefactor and activation energy for the aspirin hydrolysis reaction are calculated from the Arrhenius equation:


[image: image2.wmf]RT

E

A

k

a

-

=

ln

ln









Eq. 1

The Arrhenius prefactor (A) represents the frequency of collisions between the molecules of the reactants. The activation energy (Ea) is the minimum amount of energy required to initiate a chemical reaction. The factor e-Ea/RT represents the fraction of molecular collisions that have energy equal to or greater than the activation energy.1

Esters are susceptible to catalytic hydrolysis by both aqueous acids and bases.  If the proton source is H3O+, the catalysis is termed specific acid catalysis.  When the base is OH-, the catalysis is termed specific base catalysis.2  Through organic chemical reasoning it was determined that what is referred to as base catalysis is actually base-promoted: the base is consumed.  The mechanisms for base-promoted and acid-catalyzed aspirin hydrolysis are shown in Figure 1.  The fact that the basic mechanism consumes OH​- is a direct result of the final products.  Once acetic acid is formed, the resonance stabilization of its conjugate base results in its deprotonation rather than the reformation of a hydroxide ion.

Figure 1: Mechanisms of base-promoted and acid-catalyzed aspirin hydrolysis.
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THEORY AND METHODS OF CALCULATIONS


Initially, the assumption was that 0.01 M aspirin solution in 0.01 M sodium carbonate solution results in the base-promoted hydrolysis reaction; however, our results will show that, in fact, the reaction is most likely acid-catalyzed.  Therefore, this report will follow the thought process of first assuming the reaction to be base-promoted.


If the reaction is Aa ( Bb + Cc, then (assume the reaction is elementary because as shown in Figure 1, the slow steps of either mechanism rely only on the concentration of aspirin and perhaps water) the rate law is equal to Rate = k1[A]a – k2[B]b[C]c , where the k’s are the rate constants.  If the reverse reaction is insignificant, then the reaction should be pseudo first order:
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Eq. 2
Whether the mechanism is proceeding under basic conditions is questionable, considering that the concentration of hydroxide ions in a 0.01M carbonate solution is 0.001247M, which is only 12.47% of the concentration of aspirin initially present.  Moreover, the aspirin is an acid and will decrease the hydroxide concentration further.  Thus, the changing concentration of hydroxide may affect the rate of the reaction.  If the reaction is, in fact, proceeding under basic conditions, then since the base promotes the reaction in a catalytic fashion (although it is consumed), it is customary and more representative to have the hydroxide concentration alter the rate law constant:
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Eq. 3
The rate law constant has been replaced by the sum of the uncatalyzed rate law constant, ko, and the catalyzed rate law constant, k-OH.  As explained in Background, since the reaction can be either base-promoted or acid catalyzed, for completeness and possible need of use, the acid-catalyzed form of the above equation is shown:
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Eq. 4


Another potential modification to the equation is the effect of the reverse reaction on the rate law.  Although aspirin synthesis is often carried out by mixing salicylic acid and acetic anhydride – since acetic acid is a carboxylic acid and is much less reactive than the anhydride – the synthesis of aspirin from salicylic acid and acetic acid needs to be tested.  If the reverse reaction is found to be significant, the rate law may take the form:
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Eq. 5

where k​1 and k2 may be dependent on acid or base concentrations as equations above show.


The Arrhenius prefactor and activation energy will be determined by plotting ln k (the rate law constant) vs. 1/T (temperature), using the data collected at temperatures of 22.5, 35, 45, 55, and 60oC.  By the Arrhenius equation (Eq. 5), ln A is the intercept and -Ea/R is the slope from the plot of ln k vs. 1/ T. 
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Eq. 6


The Beer-Lambert law defines the relationship between absorbance and concentration:


[image: image10.wmf]abc

A

=

                    







Eq. 7
For the purposes of this project, the a and b terms were grouped together to determine the relationship between the absorbance from the HPLC and the concentrations of the aspirin and salicylic acid in the sample solution.
MATERIALS AND APPARATUS


The materials and apparatus used are listed in the BE 309 Lab Manual. Additional materials and apparatus used were:

· pH meter

· 1 M acetic acid

· water bath

· stopwatch

· mass balance

METHODS


The methods for performing HPLC on the 0.01 M aspirin solution in 0.01 M sodium carbonate solution are detailed in the BE 309 Lab Manual. The acetic acid/methanol pumps were set at 30% acetic acid (5% acetic acid in water) and 70% methanol. These proportions were found to achieve the best peak separation through testing during week 1 and discussion with the lab coordinator.  HPLC was performed on samples at least 15 minutes apart, which was a time lapse that allowed for each sample to run through the HPLC apparatus and for the apparatus to clean out any aspirin or salicylic acid particles remaining after the previous trial.   

Samples were kept at the desired temperature by heating in a water bath. Time t=0 minutes was taken to be the moment that the samples were placed in the water bath.  The hydrolysis reaction of the 0.01 M aspirin solution in 0.01 M sodium carbonate solution was performed at temperatures of 22.5, 35, 45, 55, and 60oC.  The rate of this hydrolysis reaction was determined by the data from the samples as each sample shows how much aspirin was hydrolyzed into salicylic acid after the reaction ran for a particular length of time.  The HPLC gave the absorbances and peak areas for both the aspirin and salicylic acid in a sample, from which, respective concentrations were calculated and the rate of hydrolysis was determined.
RESULTS


HPLC was performed on solutions prepared using 0.01 M salicylic acid and 0.01 M aspirin in varying ratios to verify that there is indeed a linear relationship between concentration and total absorbance.  Figure 2 shows a linear relationship between concentration and absorbance except for the point at 0.01M salicylic acid.  This point was retaken and is shown in Figure 2 with the new linear regression.  Zero intercept slopes were forced in the regression, however squared-correlation coefficients remained above 99.9%.  The Beer-Lambert law for aspirin is Total Absorbance (sec) = 503.07 * [A] (M).  The Beer-Lambert law for salicylic acid is Total Absorbance (sec) = 387.87 * [A] (M).

Figure 2: Beer-Lambert law for aspirin and salicylic acid HPLC data.
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To determine whether or not aspirin hydrolyzes into salicylic acid and acetic acid at room temperature, solutions of 0.01 M aspirin and 0.01 M aspirin with 0.01 M sodium carbonate were mixed at room temperature (23 ±1oC) for 4 hours before injecting the samples into the HPLC.  Small salicylic acid peaks were seen in both samples. The salicylic acid absorption in the aspirin sample was found to be 0.22 seconds and the absorption peak area in the aspirin and carbonate sample was found to be 0.35 seconds.  These absorbances are equivalent to 0.56 mM and 0.90 mM, respectively.  

To determine whether the reverse reaction occurs, acetic acid of varying concentrations (0.01, 0.05, and 0.1 M) was mixed with samples of 0.01 M salicylic acid and incubated at 60oC for 2 hours.  After the two hour incubation, the sample solutions were tested with HPLC.  For all samples, no aspirin absorption peaks were detected.

To test whether aspirin and salicylic acid have a one-to-one stoichiometric coefficient ratio, concentrations of salicylic acid and aspirin were found from their corresponding Beer-Lambert laws and data taken by mixing 0.01 M aspirin with 0.01 M carbonate and allowing the reaction to run for 4 hours at 45oC.  The trend in the concentrations of aspirin and salicylic acid are linear with respective slopes of -0.0357 mM/min and 0.0329 mM/min.

Figure 3: Aspirin and Salicylic Acid w/ Carbonate at 45oC
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0.01 M aspirin in 0.01 M sodium carbonate solutions were incubated at 22.5, 35, 45, 55 and 60oC ± 0.5oC.  Incubation times varied from 2 hours to 5 hours and were performed in the span of 3 weeks with the same original solution.  A linear trend between absorbance and time was observed for solutions at 22.5, 35, 45 and 60oC.  The aspirin concentration for each sample was determined using the Beer-Lambert Law for aspirin.  Figure 4 shows a linear relationship between concentrations of aspirin with time.  The aspirin solution incubated at 55oC appeared to have a non-linear trend as exhibited by the plot of the data in relation to the linear regression.

Figure 4: Aspirin solutions with carbonate.
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For the week 2 60oC solutions, pH was also measured for each sample at the beginning of the HPLC measurement.  The pH decreased from 7.23 to 6.29 over a time span of 2 hours, as shown in Table 1, denoting a ten-fold decrease in hydroxide ion concentration and a ten-fold increase in the hydronium ion concentration.

Table 1: pH of unbuffered 60oC aspirin solution

	Time (min)
	Aspirin Concentration (mM)
	Salicylic Acid Concentration (mM)
	pH

	10
	8.825
	1.212
	7.23

	30
	8.229
	1.856
	6.86

	50
	7.434
	2.733
	6.84

	75
	6.540
	3.455
	6.51

	100
	5.705
	4.177
	6.423

	120
	4.910
	4.847
	6.29



Because the pH of the solution was suspected to play role in the rate law, an attempted buffered 60oC solution was incubated to hold the pH constant at approximately 7 (approximately the initial pH of the unbuffered 60oC solution).  The plot of this data is shown in Figure 5 and the pH values are shown in Table 2.  

Figure 5:  The buffer used was 0.1 M KH2PO4 and 0.08 M NaOH, which is the documented mixture that will buffer aspirin solutions at pH 7.2.  Actual pH measurements are listed in Table 2.
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Table 2: pH of buffered 60oC aspirin solution

	Time (min)
	Aspirin Concentration (mM)
	Salicylic Acid Concentration (mM)
	pH

	40
	6.659
	2.759
	6.97

	80
	5.486
	4.099
	6.93

	120
	4.393
	5.028
	6.95

	160
	3.578
	5.878
	6.92

	190
	3.061
	6.420
	6.89


ANALYSIS

In order to confirm that leaving the aspirin solutions out at room temperature for short periods of time did not greatly affect our data, a preliminary test was performed for which the aspirin solution was left at room temperature for 4 hours.  As detailed in the Results, this 4-hour duration resulted in 0.56 mM and 0.90 mM conversion of aspirin to salicylic acid for 10 mM aspirin solution and 10 mM aspirin with 10 mM carbonate solution, respectively.  Assuming that both solutions started with no salicylic acid, then the conversion of aspirin into salicylic acid in this time period was 5.6% and 9.0%, respectively, for the solutions without and with carbonate.  These rates suggest that short periods of time in which the solutions of aspirin or aspirin with carbonate are left at room temperature will not significantly affect our results.

In order to determine the rate law constant of the assumed base-promoted aspirin hydrolysis, it was necessary to know whether or not the reverse reaction occurs, and if it does occur, if the rate of the reverse reaction is significant enough to affect the rate law of the reaction.  Since there was no initial aspirin concentration, any aspirin absorbance peaks must be due to the reverse reaction.  If no aspirin forms after incubating these solutions, it can be concluded that the reverse rate is either not occurring or occurring at a rate so slow as to not affect the rate law of aspirin hydrolysis.  When mixing salicylic acid with various concentrations of acetic acid no aspirin peaks were detected and therefore, the reverse reaction does not need to be taken into account for the determination of the rate law.

Since the stoichiometric coefficient ratio of aspirin to salicylic acid in the hydrolysis reaction is one to one, the slopes of the degradation of aspirin and the production of salicylic acid should be equal in magnitude but opposite in sign.  In Figure 3, the 1% difference between the slopes of the aspirin and salicylic acid plots confirms this relationship.  Also, the addition of the two concentrations at any time has a 95% confidence interval of 10.03 ± 0.193 mM (min: 9.90,max: 10.16), which contains the concentration of the aspirin solution concocted (10 mM).


The aspirin with sodium carbonate solutions that were incubated at 22.5, 35, 45 and 60oC showed linear relationships between the concentration of aspirin and time.  This relationship suggests a zero-order rate law, as follows:
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where k is the negative of the slope of aspirin concentrations versus time.  However, the aspirin solution incubated at 55oC – the only temperature for which the aspirin solution was observed below 5 mM (50% reacted) – showed a non-linear trend.  Although, when considering data from the first four points of the 55oC incubation (which include only down to 5 mM, as the 60oC incubation does), the squared correlation coefficient increases to 0.9969.  This suggests that the non-linearity is only observed when the aspirin solution decreases below 5 mM.  However, since non-linearity is observed, the possibility of a zero order rate law is eliminated.



The possibility of a first order rate law, as follows:
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may also need to be eliminated.  To fulfill this rate law, when the concentration of aspirin is reduced to half of its original value the rate of hydrolysis of aspirin should also be halved.  As indicated by the solutions incubated at 55 and 60oC the slopes of the plots were not halved by the time the solutions’ aspirin concentrations reached 5 mM (50%).  Since the 60oC remained linear and only progressed to 5 mM, the slope at the half-way mark cannot be accurately determined except to assign it the same constant value given for all the points.  The 55oC solution did progress below 5 mM and approximate slopes at 7.01 mM and 3.50 mM aspirin are -0.0219 and -0.0119 mM/min, respectively.  Thus, the change in rate at half the concentration is 54.3%.  This is very close to first order; however, since the 60oC data did not show this trend, another factor was investigated (ie. pH).

The fact that the plots of the 60oC buffered and unbuffered solutions in Figure 5 are not overlaying suggests that the pH of the solution does play a role in the rate law.  Also, now that measured values of the pH are available and are found to be mostly acidic, the acid-catalyzed mechanism (although carbonate was added, the production of salicylic acid and acetic acid from aspirin will make the solution more acidic) will be considered to possibly have an effect on the rate law.  As outlined in Methods, since acid-catalysis is actually a slightly different mechanism, the concentration of hydronium ions will alter the rate law constant rather than the order of the reaction (the order remains the same because the rate determining step also only involves aspirin).  Solving for ko and kH+ in Eq. 4 by using the first and last point of the unbuffered 60oC solution yields ko=0.003627 min-1 and kH+=7106.41 min-1M-1.  This solution of the rate law was tested on the 60oC buffered samples, because the manner in which ko and kH+ were defined holds them constant for varying pH’s (although the ktotal = ko + kH+[H+], and this varies with pH) but not varying temperatures.  The 60oC buffered plot was fit to an exponential regression (R2=0.99961), for which the differentiated form is:
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The reaction rates from this regression were compared to those predicted by the rate law defined above.  The percent errors in the reaction rates (against the unbuffered values) had a 95% confidence interval of 7.65±4.04% (min: 5.98%, max: 9.90%), which suggests that the rate law may appropriately describe the reaction.


This rate law can be used to explain why many of the samples showed linear trends between aspirin concentrations and time.  Since the solutions started at approximately neutral pH and as the reaction progressed the solution only became more and more acidic, the rate law claims that the total rate constant will increase because the hydronium ion concentration increases.  However, this is countered by the decrease in the concentration of aspirin.  In fact, the unbuffered 60oC total rate constant approximately doubles from the beginning to the end of the incubation while the concentration of aspirin is halved.  Therefore, the total change in the reaction rate should be zero, which is observed.  One could conclude that this is basically a pseudo-zero order rate law; however, assuming that the 55oC solution follows the same rate law the non-linear cannot be explained.  The 55oC solution cannot be used to test this rate law because pH measurements were only taken on 60oC solutions.  Thus, the rate law of acid catalysis may apply but needs further testing.

Although it has been shown that pH may have a direct effect on the rate law of aspirin hydrolysis, the objective of finding the Arrhenius prefactor and activation energy can still be completed with a few assumptions.  Firstly, since pH measurements were not conducted on all solutions, pH values are not known for certain.  However, assuming that the reaction proceeds by the same mechanism at all temperatures, the change in pH should be nearly equal at different points in the reaction progress (ie. 9 mM aspirin...8 mM aspirin...), only to vary as the Kw of water varies with temperature.  Therefore, if a single concentration of aspirin is investigated, all solutions should have approximately the same pH and the same concentration of aspirin (since the initial compound concentrations were the same), thus leaving the only variables to be the rate of reaction, ko, and kH+.  However, since pH can be taken as a constant at that instant, the ko+kH+[H+] term in Eq. 4 can be grouped as a constant that is no longer dependent on pH, but only on temperature.  So, the Arrhenius prefactor and activation energy can be found for that “degree of catalysis” by treating Eq. 4 as Eq. 2 (first-order rate law) and using Eq. 6 (Arrhenius equation) to find the Arrhenius prefactor and activation energy.  Figure 6 shows the plot of Eq. 6 with data from solutions at 22.5, 35, 45, and 60oC at the instant for which they all contain 8.5 mM.  The activation energy, Ea, is 67.619 kJ/mol and the Arrhenius prefactor, A, is 2.72x106 sec-1 for an aspirin solution with an approximate pH of 7 (found from 60oC unbuffered data).

Figure 6: Plot to determine Arrhenius prefactor and activation energy determined from 8.5 mM solutions at 22.5, 35, 45, and 60oC.
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CONCLUSIONS

1. The rate law of the aspirin hydrolysis reaction is a pH dependent first-order reaction.  The rate law constants for 
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 are ko=0.003627 min-1 and kH+=7106.41 min-1M-1 at a pH of 7±0.24 and a temperature of 60oC.
2. The Arrhenius prefactor for aspirin hydrolysis was found to be 2.72x106 sec-1 for an aspirin solution for a pH of 7±0.24. 

3. The activation energy of the aspirin hydrolysis reaction was found to be 67.619 kJ/mol for a pH of 7±0.24.
SUGGESTIONS

In order to thoroughly investigate the first order reaction described above, the following should be analyzed:

· Buffered solutions (with pH’s that really do remain constant) should be conducted on the solutions in the experiment at varying pH’s to test the catalysis of the reaction at low, middle, and high pH’s.  We expect an inverted bell curve, where reaction rates are greatest at the extremities of the pH range.

· The non-buffered samples in the experiment should all be carried out longer and should have their pHs tested.
Also, the basis for adding 0.01M carbonate to the mixture was not really understood since it did not make the solution basic and did not buffer the solution.  Perhaps, the experiment should be revamped to specifically investigate the pH dependency of the reaction.
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*Note:  The initial concentrations vary because the trials were performed over a span of 3 weeks and although the aspirin solution was stored ~0oC when not being used, there was significant hydrolysis of aspirin to salicylic acid over this time period.
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