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SUMMARY OF PROJECT 

The values of pKa2 ​and pKa3 for phosphate salts were determined to within 1% of literature values using titrations and the equal molar quantity method, along with a Fisher Scientific Accumet Model 625 pH meter. Experimentally, pKa3 was determined by extrapolation using the equal molar quantity method and subsequent dilutions. pKa2 was accurately obtained two ways: the same method employed in the determination of pKa3 and by plotting a pKa vs. Sqrt(I) graph for the high ionic strength titrations (I=1.09 M to1.24 M).  The latter method yielded the smaller 95% confidence interval, but the results were untrustworthy and may be a coincidence since the application of the Debye-Hückel equation is not intended for ionic strengths greater than 0.1 M.  The final experimental value of pKa2 of phosphate salts was found to be 7.243 ± 1.166 with 95% confidence and pKa3 was found to be 12.265 ± 5.079 also with 95% confidence.  The pKa2 and pKa3 values had percent errors of 0.46% and 0.45%, respectively, to their literature values of 7.21 and 12.32.   

Objective

The objective of the experiment is to determine the pKa2 and pKa3 values of phosphate salts within 1% of the literature values with consideration to limitations in pH meter and the effects of activity and ionic strength on the pKa values.  


To achieve the objective, different methods for finding pKas will be compared to determine which is most accurate.  Both titrations and mixing equal molar quantities of the salts involved in equilibrium will be used.  Since literature values are given for zero ionic strength, ionic interactions can be accounted for by doing trials at various ionic strengths and then extrapolating back to zero ionic strength. 

Background


The regulation of pH in the body plays an important role in body functions such as enzyme activity.  (Most enzymes have an optimal pH around 7 pH units.)  Phosphate salts are used as a buffer in the body, stabilizing the pH within a range of 6 to 8 pH units.  This is accomplished by the dissociation and association of monobasic and dibasic phosphate ions.  The two equilibriums are shown below3:
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These have pKa values of 7.21 and 12.32 respectively and Ka values of 6.2x10-8 and 4.8x10-13.10  The Ka values show that these phosphate ions are weak acids.


The pH was first defined to be the concentration of H+ by Peter Lauritz Sørensen in 1909.1  A more accurate definition of pH is the negative logarithm of the activity of the H+ ions in solution.  The activity is the effective concentration of H+ instead of the true concentration; it takes inter-ionic interactions into account.  The concentration definition is used more often since most calibrations of pH instrumentation are done using solutions of known H+ concentration.


The pK is the –log of the equilibrium constant (K).  At equilibrium, the concentrations of the phosphate ion in question and its conjugate acid/base are equal, so pH will equal pKa according to the Henderson-Hasselbach equation (eq. 1 and 2).  
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When measuring the pH using a pH meter the ionic strength (activity of ions) must be taken into account.  A pH meter measures the activity of H+ ions in solution, which depends on the overall ionic strength of the solution. As ionic strength approaches zero, pH approaches pKa.    

Theory and Methods of Calculation


Theoretically, if a very dilute solution of the ion in question is taken, the experimental pKa should be very close to the pKa at zero ionic strength.  The accuracy of this measure is hindered by the pH meter, since the pH meter reads the electric potential between the sensing electrode and the reference electrode.  When the ionic strength is very low the solution acts as a weak electrolyte (a poor electrical conductor) causing the pH meter to have difficulty in measuring EMF. This leads to fluctuations in pH readings.11
A graph of pH vs. the square root ionic strength and pH vs. the log of the activity coefficient ratio (γH+*γA- / γHA) were plotted for each pKa.  The Debye-Hückel equation (eq. 3) can be used to calculate the activity coefficient, γi, for each ion present from the charge of the ion (zi), the effective hydrated diameter of the ion in nm (αi), and the overall ionic strength of the solution (μ)8.  At very low ionic strengths the denominator approaches 1, so the log of the activity coefficient is proportional to the square root of ionic strength.  This model is only accurate for ionic strengths less than 0.1 M but this value varies depending on the ion that one wishes to measure.12
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The activity is related to the Ka by the equation Ka=(γH+*γA- / γHA)*([H+][A-]/[HA]).  By taking the negative logarithm of both sides the equation becomes pKa = -log(γH+*γA- / γHA)+pKa(Experimental).  By subtracting the –log(γH+*γA- / γHA)  from both sides the actual pKa can be calculated by plotting pH vs. the log of activity coefficient ratio, the pKa(actual) is the y-intercept of this plot.   The theoretical relation between pH and log(γH+*γA- / γHA) is shown below in Figure B1.  This curve shows that the pH decreases with the increase in activity.

Figure B1

[image: image3.emf]pH vs. log(activity ratio) for pK

a2

y = x + 7.21

R

2

 = 1

6.6

6.7

6.8

6.9

7

7.1

7.2

7.3

-0.6 -0.5 -0.4 -0.3 -0.2 -0.1 0

log(activity ratio)

pH


Materials and Apparatus

· Fisher Scientific Accumet model 625 pH meter (± 0.001)

· Magnetic stirrer and stirring rods

· Burret stand and clamp

· Two 50 mL Burrets (± 0.1 mL)

· 200, 1000 uL Pipetman (± 0.5%)

· 100 ml volumetric flask (± 0.08%)

· 150 mL beakers (± 0.1 mL)

· pH buffer standards (4, 7, 10 pH units)

· Mettler PB303 analytical balance (± 0.001g)

· Mouse pad

· Thermometer (± 0.1oC)

· Monobasic (99.0% pure), dibasic (98.0% pure) and tribasic (99.5% pure) sodium phosphate.

· Commercial Standard solution of NaOH (1.000 ± 0.005 M)

Methods and Procedures


Two methods will be used to determine pKa2 and pKa3.  The first method used is the equal molar quantity method.  This method is based on the Henderson-Hasselbach equation (eq. 1 and 2) by taking equal molar quantities of the ion in question and its conjugate acid/base the ratio of the concentrations goes to 1.  Thus the Henderson-Hasselbach equation reduces to pKa = pH. All that is required is the measurement of the pH of this solution.  To test the accuracy of this method, titrations were done of the ion in question at the same concentration.  The titrations were done and the pKas were calculated using methods described in the laboratory manual.


The titrations and equal molar quantity methods are tabulated below ordered by week.

	Day 1
	· EMQM for 0.07 moles monobasic phosphate and 0.07 moles dibasic phosphate salts at high ionic strength (2.82)

· Titration of high ionic strength solution (>1) of 0.07 mole monobasic phosphate.

	Day 2
	· EMQM solution of 0.061 moles (0.61 M) of dibasic and tribasic phosphate salts and subsequent dilutions (6.1x10-3 M, 6.1x10-4 M, 6.1x10-5 M and 6.1x10-7 M).

· Titrate dilutions of solution of dibasic phosphate salt.

	Day 3


	· Titrated for pKa2 using smaller molarity (1, 5, and 10  mM) and ion concentration.

· Retry EMQM for pKa2 using smaller molarity. (5 mM monobasic and dibasic phosphate salts)

· Add 10 mM KCl to solution of 10 mM monobasic salt to test the effects of ionic strength.


Results

The pKa3 value was obtained using the equal molar quantity method where 0.061 moles each of dibasic and tribasic sodium phosphate was dissolved in 100mL water. Since this pKa value was too high to be safely read by the pH meter, the solution was diluted and the pH values were extrapolated back to obtain the pKa value at zero-dilution. 

Figure 1 shows that the extrapolation of the dilutions had a Y-intercept at zero-dilution of 12.265.  The 95% confindence interval obtained for this pKa value was ±5.07923, which represents a 95% confidence interval of ±41.4% relative to the intercept.  The second series in the graph shows the error, if the first measurement had been included.

Figure 1:
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Table 1:
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For pKa2 the results for four trials of the equal molar quantity method are shown in table 2. In each trial, 0.07 moles each of monobasic and dibasic sodium phosphate were dissolved in 100 mL.  The average of the four trials was 6.71525 with a standard deviation ±0.00684. The trials were performed at an ionic strength of 2.81772.
Table 2:
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Attempts to reduce ionic strength in the determination of pKa2 yielded the following data for ionic strengths from 0.02 to 0.0002 (Table 3). The observed trend is that the experimental pKa value decreases with the decrease of ionic strength.

Table 3:
Ionic Strength Vs. pKa2

	I
	pKa2

	0.02
	6.912

	0.02
	7.059

	0.002
	6.915

	0.002
	6.825

	0.0002
	4.955



Data from Table 3 was plotted as pKa vs. log of the dilution factor in Figure 2.  The Y-intercept extrapolated from this data is 7.2426 with a 95% confidence interval of ±1.1662, which is ±16.1% relative to the mean.

Figure 2:


Titrations were performed during weeks 1 and 3 to determine the value of pKa2. During week 1 high molar quantities (0.045 moles) of monobasic phosphate salt were titrated with NaOH, and pH vs. Log([HPO42-]/[ H2PO4-]) plots were made. The y-intercept of this pH vs. Y plot is the experimental value of pKa2 for the trial. In week 3 lower molar quanitities (0.001 to 0.0001 moles) of H2PO4- were used and the same process was repeated. Results of each of these titrations are tabulated in Table 4.
Table 4:

	Trial #
	Moles H2PO4-
	Initial Volume (mL)
	pKa

	week #1
	
	
	

	1
	0.045
	60
	6.737

	2
	0.045
	50
	6.702

	3
	0.045
	50
	6.702

	4
	0.045
	55
	6.719

	week #3
	
	
	

	1
	0.001
	100
	6.721

	2
	0.0005
	100
	6.673

	3
	0.0001
	100
	6.123


A sample titration curve and its pH vs. Log([HPO42-]/[ H2PO4-]) graph is shown for trial 1 of week 3 below in Figures 3 and 4. The pKa values for all titrations showed a mean of 6.625 with a standard deviation of ±0.222. 

Figure 3:
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Figure 4:
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The data for the titrations at high ionic strengths during the first week is shown in Table 5.  Ionic strengths were calculated using the formula I=1/2*Σ(cizi2). Ionic strengths ranged from 1.09 to 1.24.  The “activity coefficient ratio” is [γH+*γA- / γHA].  

Table 5:
	Trial #
	I
	pH
	log(activity coefficient ratio)
	sqrt(I)

	1
	1.09
	6.7369
	-0.35279262
	1.044031

	2
	1.23
	6.7023
	-0.36121606
	1.109054

	3
	1.24
	6.7018
	-0.36177684
	1.113553

	4
	1.15
	6.719
	-0.35654029
	1.072381


pH was plotted versus log(γH+*γA- / γHA) for the four titrations with high ionic strength (Figure 5). The corresponding regression data is in Table 6.  The linear fit had a high correlation to the datapoints, as evidenced by the R2 value of 0.9912.  Extrapolating this line back to the point when log(activity coefficient ratio) equals zero gives a pH of 8.1158 with a 95% confidence interval of ±0.4026.

Figure 5:
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Table 6:

	
	Coefficients
	Standard Error
	t Stat
	P-value
	Lower 95%
	Upper 95%

	Intercept
	8.1158
	0.0936
	86.7315
	0.0001
	7.7132
	8.5184

	X Variable 1
	3.9120
	0.2613
	14.9710
	0.0044
	2.7877
	5.0363


pH was plotted versus the square root of ionic strength for the four titrations with high ionic strength in Figure 6 to see if a relation existed.  The corresponding regression data is in Table 7.  The linear fit has a high correlation to the datapoints, as evidenced by the R2 value of 0.9894.  Extrapolating this line back to zero ionic strength gives a pH value of 7.2622 with a 95% confidence interval of ±0.173.

Figure 6:
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Table 7:

	
	Coefficients
	Standard Error
	t Stat
	P-value
	Lower 95%
	Upper 95%

	Intercept
	7.262
	0.040
	181.105
	3.05E-05
	7.090
	7.435

	X Variable 1
	-0.504
	0.037
	-13.651
	0.005323
	-0.663
	-0.345


The data for the titrations at lower ionic strengths (I=0.016 M to 0.00116 M) from the third week is shown Table 8.  Ionic strengths ranged from 1.09 to 1.24.  The “activity coefficient ratio” is [γH+*γA- / γHA].  

Table 8:
	trial #
	I
	pH
	log(activity coefficient ratio)
	sqrt(I)

	1
	0.016
	6.72
	-0.0927
	0.126491

	2
	0.008
	6.66
	-0.06898
	0.089443

	3
	0.00116
	6.12
	-0.02854
	0.034059


pH was plotted versus log(γH+*γA- / γHA) for the three titrations in Table 8. The corresponding regression data is in Table 9.  The linear fit has an R2 value of 0.9218.  Extrapolating this line back to the point when log(activity coefficient ratio) equals zero gives a pH of 5.88 with a 95% confidence interval of ±2.49.

Figure 7:
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Table 9:

	 
	Coefficients
	Standard Error
	t Stat
	P-value
	Lower 95%
	Upper 95%

	Intercept
	5.879906
	0.195674
	30.04955
	0.021178
	3.393647
	8.366166

	X Variable 1
	-9.77999
	2.847615
	-3.43445
	0.180376
	-45.9622
	26.40223


pH was plotted versus the square root of ionic strength for the titrations of low ionic strength in Figure 8.  The corresponding regression data is in Table 10.  The linear fit has an R2 value of 0.9018.  Extrapolating this line back to zero ionic strength gives a pH value of 5.9378 with a 95% confidence interval of ±2.5897.

Figure 8:
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Table 10:
	 
	Coefficients
	Standard Error
	t Stat
	P-value
	Lower 95%
	Upper 95%

	Intercept
	5.93784
	0.203814
	29.13366
	0.021843
	3.348152
	8.527527

	X Variable 1
	6.746122
	2.225557
	3.031207
	0.202865
	-21.5321
	35.02438


Figure 9 is a plot of pH vs. Log(γH+*γA- / γHA) for all titrations and EMQM trials done in the experiment for pKa2. The R2 value of the best-fit linear line is 0.3906, showing poor correlation between data and regression.
Figure 9:
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To test whether ionic strength had an effect on the solution’s pH value, six 10mM monobasic phosphate solutions were made and then 10mM KCl salt was added.  The results of these salt additions are shown in Table 11 below.

Table 11:
	Trial #
	After 10mM KCl
	10mM NaH2Po4

	1
	4.722
	4.586

	2
	4.775
	4.684

	3
	4.679
	4.565

	4
	4.737
	4.625

	5
	4.714
	4.598

	6
	4.716
	4.602

	Average
	4.723833
	4.61

	STDEV
	0.031505
	0.041255

	t(stat)
	6.758733
	

	t(crit)
	2.570578
	

	Average difference
	0.113833
	


The average difference in pH after adding 10mM of unreactive KCl was 0.113833 and a t-test showed that the two averages before and after adding the inert salt showed a significant difference. 
Discussion and Analysis of Results


Procedural Problems and Solutions

A large amount of time was committed to the determination of the Debye-Hückel theory and its various extended versions and to whether or not the theory worked for this experiment.  The reasoning behind the usage of Debye-Hückel originated from the results of the first day of experiments.  During both equal molar quantity method and titrations for the determination of pKa2 the results as stated above were consistently 0.473-0.508 pH units below the literature value of 7.21 with an average value of 6.717 and a standard deviation of ±0.01416.  This low standard deviation value, which represents a relative standard deviation of 0.17% and with that a very high precision among our results, confirmed suspicions that ionic strength and activity could have been the source of this deviation.  It was discovered that at the ionic strength (0.15-0.20)9 prevailing the human body, the pKa2 value of phosphate salts is ~6.8,3 which closely coincided with the results obtained from that day.  A set of data that supported the Debye-Hückel theory surfaced when the titration data was used to construct a pKa vs. sqrt(I) graph. The reasoning for constructing this graph was that as ionic strength approaches zero in eq.3 given above, the denominator will approach 1 and a plot of pKa vs. sqrt(I) would give a linear relation with a Y-intercept at zero ionic strength of the literature pKa value.  The resulting Y-intercept of this plot showed a pKa2 value of 7.2622, which meant a +0.7% error, with a 95% confidence interval of ±0.1728.  This result was highly encouraging, yet it was cause for curiosity, since the ionic strengths of the titrated solutions ranged from 1.044 – 1.114, higher than the range in which pKa should be linearly related to the square root of I. Additionally, a plot of pKa vs. the log of the activity coefficient ratio, which should have been accurate if the Debye-Hückel theory was applied, but did not work well. The y-intercept of this graph, 8.12, overshot the expected value.  The success of the pKa vs. sqrt(I) plot could not be explained, and the possibility of it being a coincidence was taken in to account.  It was decided to progress to the determination of pKa3 and leave the further investigation of pKa2 for the contingency day during the last week of lab work.
The following lab period the group went on according to plan in investigating the pKa3 value.  The first method attempted for the determination of pKa3 was to titrate the dibasic solution with NaOH, but it was soon discovered that the pH meter would not yield accurate data at pH values above 10 pH units, because instructions did not permit leaving the pH meter diode in highly basic a solution as one the would results in the determination of pKa3 of 12.32 pH units.  Instead it was suggested to briefly dip the meter in the solution and measure the instantaneous pH value.  An attempt at this usage of the pH meter failed, because no accurate titration curve could be constructed, so that the data for this attempt was discarded and the equal molar quantity method was applied.  Since the resulting pKa3 value would have been to large to be measured with the pH meter the solution with a molarity of 0.61M was diluted 102–fold, 104–fold, and 106–fold and the measured pH values were extrapolated back to yield the expected pKa3 value.  The result showed a –0.45% error, which that the result was within 1% of the literature value and the specific aim for pKa3 was achieved.  The fact that the pH meter could not appropriately read the pKa3 value at zero dilution is shown in figure 1, when the extrapolation including the reading at zero dilution yielded a Y-intercept of 11.321, which would have meant a -8.1% error from the literature value.  The 95% confidence interval for the pKa3 result was 5.1 pH units, which meant that the confidence ranged from 7.19 – 17.34 pH units.  This incredibly large confidence interval clearly rendered the results for pKa3 fairly meaningless and one recommendation for improvement, should this experiment be repeated, is to perform the equal molar quantity method several more times to obtain more data points and with that a higher confidence.

On the third day the equal molar quantity method and the titrations were repeated for pKa2 with ionic strengths significantly lower than the first day to test the application of the extended Debye-Hückel provided in the background section above.  Several monobasic solutions of 20mM, 2mM, and 0.2mM ionic strength were made in accordance to the equal molar quantity method and the pKa2 values at those ionic strengths measured were recorded and plotted versus the ionic strength.  It was expected that the data could be extrapolated to zero ionic strength to obtain the right pKa2 value. The results showed that opposite to expectations the pKa2 values decrease with the decrease in ionic strength.  When the pKa2 values were plotted against the dilutions factor as was done for pKa3 the same set of data yielded a resulting Y-intercept of 7.2426, which represented a 0.45% error, with a 95% confidence interval of ±1.166 pH units.  The reason why this confidence interval is so much lower than for pKa3 is because of the greater number of trials done, so that it substantiates the recommendation that a greater amount of trials for this method may actually prove to yield accurate and precise pKa values for phosphate salts.  The titrations performed during this last day were carried out at ionic strengths of 16mM, 8mM, and 1.16mM.  Neither the pKa2 vs. Log(activity ratio) nor the pKa2 vs. sqrt(I) yielded useful relations that substantiated the Debye-Hückel theory at these low ionic strengths.  Both graphs (Figure 8&9) showed relations opposite of what was expected with Y-intercepts of 5.88 and 5.94, respectively, instead of approaching the literature value of 7.21.  Since the R2 values for both graphs of 0.9218 and 0.9018 showed high correlation of the data, the error was concluded to result from the failure of the application of the Debye-Hückel theory to this experiment.  
A recommendation for the future is to titrate at even lower ionic strengths (<1mM).  The solutions used in this experiment had ionic strengths above 1mM, because testing the pH meter at low ionic strengths proved to produce inaccurate measurements, so it was concluded that the instrument was unreliable to be used at ionic strengths lower than 1mM.  Follow-up discussions with the lab instructor revealed that the pH meter was very well fit to measure ionic strengths of less than 1mM.  
When all pKa2 determinations, equal molar quantity method and titrations, were included in one graph with their respective Log(activity coefficient ratio) values as in Figure 10, the final relation showed a Y-intercept of 6.4394.  However, the R2 value of this line was 0.3906 showing that the data correlates very poorly with the regression line. A theoretical relationship with inclusion of all determined pKa2 values is shown in figure 11 below, where the solid line represents theoretical regression. Therefore, further demonstrating the failure of the Debye-Hückel equation.
Figure 11:
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In order to determine whether ionic strength has any significant effect on the pH of a solution, a final test was performed, the results of which are seen in Table 11. The average pH decreased by 0.113833 pH units.  According to the t-test result, this value is significantly different from the solution without the added salt.  Again, the pH increased with increasing ionic strength instead of decreasing as Debye-Hückel theory predicted.  The results of this test could not be explained, but they showed that the attempts to relate pKa with ionic strength were unfounded. 
Reasoning on failure of Debye-Hückel & success of dilution method


Using the activities of ions in the equilibrium Ka equation, the relation Ka=(γH+*γA- / γHA)*([H+][A-]/[HA]) is obtained, as stated in background. It was expected that after diluting an equilibrium solution, the system would re-equilibrate so that [HA] would always equal [A-]. If this is true, then Ka=(γH+*γA- / γHA)[H+] would always be true, and as ionic strength decreased, activity coefficients and the activity coefficient ratio would both approach 1. Since pKa=pH-log(γH+*γA- / γHA), pH should approach pKa as this process occurs. However, this re-equilibration of ions did not happen, or at least did not happen quickly enough to be significant to calculations. Therefore, when dilutions were made, the number of moles of H+, not its concentration, remained constant. This means that the dilutions lowered [H+] at a corresponding rate. Therefore pH vs. log(dilution factor) gave the proper relation and provided the most accurate results.  As a consequence of the unexpected hydrogen ion actions, all results obtained on the basis of Debye-Huckel, including the trial which fell within 1% of literature value, must be disregarded.
Recommendations

· Use more trials for the equal molar quantity method and the subsequent dilution to extrapolate to zero dilution to lower 95% confidence intervals and yield more useful and precise results.

· Use lower ionic strengths of <1mM to test application of Debye-Hückel theory for this experiment.
Conclusions

· pKa2 (95% confidence interval) = 7.243 ± 1.166 with a percent error of (from accepted value of 7.21) 0.46%.
· pKa3 (95% confidence interval) = 12.265 ± 5.079 with a percent error of (from accepted value of 12.32) 0.45%.

· Both values fell within 1% of the expected value but the large confidence intervals (>15%) leave considerable doubt.  Confirmation of results requires more experimentation and reproduction of results.
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