IN-CLASS SET #3

1. Calculate the pH of a 0.127 M solution of ascorbic acid (H2asc).

This is a new situation that we have not encountered before, since ascorbic acid (which is vitamin C by the way) has two dissociable hydrogen ions.  We can find this out by looking in the table and seeing that two pKa values (4.30 and 11.82) are provided.  The relevant reactions needed to describe what happens in a solution of ascorbic acid in water are shown below.

H2asc  +  H2O   Hasc–  +  H3O+		Ka1

Hasc–  +  H2O    asc2–  +  H3O+		Ka2

The problem we have is that there are two reactions that can cause production of H3O+.  Remember that there is a small amount of H3O+ in solution to begin with (10-7 M from the dissociation of water), but like in other problems of weak acids, we can assume that the H3O+ produced by the dissociation of ascorbic acid will be much larger than the amount there from the dissociation of water.

The first step in understanding how to do this problem is to write an expression for H3O+ in terms of the other species that are produced when the ascorbic acid dissociates.  In other words, we ought to be able to write an expression that equates the concentration of H3O+ to the concentrations of Hasc– and asc2–.

First consider the Hasc– species.  If we look at the first reaction above, it should be apparent that one H3O+ occurs for each Hasc– found in solution.  If this was the only reaction that took place in solution, we could therefore write:

[H3O+] = [Hasc–]

Next consider the asc2– species.  One way to think about this is to envision a situation in which all of the ascorbic acid dissociated into the asc2– form.  Under this situation, we could write the following reaction to describe this process.

H2asc  =  asc2–  +  2 H3O+

The important thing to note here is that two H3O+ occur for each asc2– found in solution.  Similarly, if only a small amount of asc2– is found in solution, as would occur in this solution of ascorbic acid given the pKa values, it would still be the case that two H3O+ ions must occur for each asc2– species found in solution.

[H3O+] = 2[asc2–]

Note, there are two H3O+ for every asc2–.  Substitute a “1” in for asc2– in the equation above and you will get “2” for the H3O+.

We can combine these two into one equation that describes the total concentration of H3O+ in a solution of ascorbic acid as follows:

[H3O+]  =  [Hasc–]  +  2[asc2–]

What this means is that for each Hasc- in solution we have one H3O+, and for each asc2– in solution, we have two corresponding H3O+ ions.

The next critical step is to consider the relative magnitudes of these two terms.  If we examine the two pKa values for the ascorbic acid reactions, and convert them to Ka values, note that the second reaction has a Ka value that is about 107 times smaller than the first.  This means that the extent of the second reaction is minimal compared to that of the first.  In other words, the amount of H3O+ formed by the second reaction is insignificant compared to how much H3O+ is produced by the first.  This means that:

[Hasc–] >> 2[asc2–]

and we can use the following approximation to describe this solution:

[H3O+] = [Hasc–]

In other words, we only need to consider the first reaction to determine the pH of a solution of ascorbic acid.  Even though this looked initially like it might be a complicated system, if we only need to consider the first reaction, solving this problem is identical to what we have done earlier when solving for the pH of a solution of a monoprotic acid.  This raises the question of whether we can always simplify such a problem down to only one reaction.  The answer depends in part on the relative magnitudes of the two pKa values.  If these two differed by two units (pKa1 = 3, pKa2 = 5), this represents a 100-fold difference in the extent of reaction and we can ignore the second reaction.  If you were to examine the typical pKa values in the table for polyprotic acids, you would notice that the relative values would almost always allow you to treat this comparable to a monoprotic system.  Only in a few instances when the two pKa values are almost identical would you need to treat this in a more complex manner by including both reactions in the problem.  

What we will find in general with polyprotic acid/base systems is that we can almost always find one reaction that is significant and ignore the other reactions in the series.  As we examine more problems of this variety, we will see how this will apply to other situations.









Now we can solve for the pH of this solution.  Note, that there are two important assumptions.  Because Ka1 is small, the value of x is small compared to the starting concentration of H2asc (0.0127 >> x).  Also, since H2asc is a weak acid, the amount of H3O+ produced by dissociation of the acid will be much larger than the starting concentration of H3O+ that exists due to the autoprotolysis of water (x >> 10-7)  

H2asc      +  	H2O       	Hasc–     +  	H3O+
Initial			0.127				0		10-7
Equilibrium		0.127 – x 			x		x
Assumption		0.127 >> x					x >> 10-7
Approximation	0.127				x		x



x = [H3O+] = 2.5210-3

pH = 2.6

Checking the approximation shows that this is valid.



As one final check that it was reasonable to ignore the second reaction, we can plug in the values of [Hasc–] and [H3O+] calculated above into the Ka2 expression.  That leads to an interesting finding as seen below that [asc2–] equals Ka2.  Note how small this is, and therefore how little extra H3O+ would come from the second reaction.  Ignoring this reaction in the calculation of pH was a valid thing to do.




[asc2–] = 1.5110-12










2.  Calculate the pH of a 0.089 M solution of sodium carbonate.

The carbonate ion is part of the carbonic acid system.  If we look up carbonic acid in the table, we find that it is a diprotic acid.  The two equilibria are as follows.  Also, looking at the two pKa values (6.35 and 10.33) we notice that there is an appreciable difference between the two, suggesting that it may well be necessary to consider one of the two reactions in this problem.

H2CO3  +  H2O     + H3O+		Ka1

  +  H2O      +  H3O+		Ka2

Before continuing, we need to know whether sodium carbonate refers to NaHCO3 or Na2CO3.  We will adopt a particular system in this course for naming these types of species, but in this case note that sodium carbonate refers to Na2CO3.  The  ion is known as the bicarbonate ion and the species NaHCO3 is known as sodium bicarbonate (also known as baking soda).  The name bicarbonate for  is not a systematic name, but a common name for this ion.

The naming system we will adopt can be demonstrated for the phosphoric acid (H3PO4) series of reactions.  Phosphoric acid has three dissociable hydrogen ions, leading to the following possible species.

H3PO4 		– phosphoric acid
NaH2PO4 	– sodium dihydrogen phosphate
Na2HPO4 	– disodium hydrogen phosphate
Na3PO4 	– sodium phosphate

Note that the species sodium phosphate refers to the one in which all the dissociable hydrogen ions have been replaced with sodium cations.  The others contain a prefix that tells you how many hydrogen atoms or sodium ions are involved in the salt.  You must be careful when using or purchasing species like the intermediate ones since the names given above may not be used.  Sometimes these are referred to as sodium phosphate monobasic and sodium phosphate dibasic.  Presumably the label actually gives the formula so that you can be certain which species you actually have.

If we go back to our solution of sodium carbonate, this means that we have the species in solution.  Remember, if you add sodium carbonate to water, the ions will dissociate to produce sodium ions and carbonate ions.  Since the sodium ion is the cation of a strong base (sodium hydroxide – NaOH), this species won’t form and the sodium ion is what we call a spectator ion (it effectively watches things but does not get involved in any important reactions).  Since the carbonate ion is the anion of a weak acid, it's actually a base and we can write the following reactions to describe what will occur in this solution.

  +  H2O      +  		Kb of Ka2

  +  H2O    H2CO3  +	 		Kb of Ka1

Because of the significant distinction between the two Kb values, we only need to consider the first reaction in the series above to calculate the pH.  The amount of hydroxide produced by the second reaction will be insignificant.

We can then treat this as a monobasic base, a process we have seen before.

      +  	H2O       	     +  	

Initial			0.089				0		0
Equilibrium		0.089 – x			x		x
Approximation	0.089				x		x

Plugging this into the appropriate Kb expression gives:




x = [] = 4.3610-3

pOH = 2.37

pH = 11.63


The pH value of 11.63 seems reasonable since this is a solution of a base.  Checking the approximation shows that this was just under our 5% rule.

















3.  Calculate the pH of a solution prepared by adding 30 ml of 0.1 M hydrochloric acid to 60 ml of 0.080 M potassium malonate.

The first key to solving this problem is to identify the nature of potassium malonate.  If we look in the table we will find the species malonic acid (H2mal), a diprotic acid.  Potassium malonate is therefore the species K2mal.  When you add this to water, you would get two potassium cations and the malonate ion (mal2–).  Since potassium is the cation of a strong base (potassium hydroxide – KOH), it does not react in any way and is a spectator ion.

H2mal  +  H2O    Hmal–  +  H3O+		Ka1  =  1.4010-3

Hmal–  +  H2O    mal2–  +  H3O+		Ka2  =  2.0110-6

So the malonate ion is a base.  We have added hydrochloric acid, a strong acid to the solution.  The hydrochloric acid will therefore undergo a neutralization reaction with the malonate ion to produce Hmal–.  If it turns out that all the mal2– gets used up in producing Hmal– and there is still an excess of hydrochloric acid, the additional hydrochloric acid will then convert Hmal– to H2mal.  Remember, a strong acid will always lead to the neutralization of a base. Hmal– can act as a base and accept another hydrogen ion to product H2mal.

Next we need to calculate the moles of mal2– and hydrochloric acid that we have in solution.

Moles of mal2–:		(0.08 mol/L)(0.060 L)  =  0.0048 moles

Moles of HCl:			(0.10 mol/L)(0.030 L)  =  0.0030 moles

The reaction that describes what will occur is as follows:

mal2–      +  	H3O+       	Hmal–

Initial			0.0048 mol	0.0030 mol	0
Neutralization		0.0018 mol	0		0.0030 mol

Note that there are appreciable amounts of both members of a conjugate pair, which constitutes a buffer.  The only remaining question is whether we need to consider the other reaction that can occur for the Hmal–.

			Hmal–  +  H2O    H2mal  +  

It turns out that just like the case of ascorbic acid or sodium carbonate, there is so much distinction between the K values for the two reactions that we can ignore the second one and only consider the mal2– /Hmal– reaction in determining the pH.  Since we have a buffer, we can now use the appropriate Henderson-Hasselbalch expression for Ka2.


If you go ahead and substitute the amount of Hmal– and  into the Ka1 expression, as shown below, you see that the amount of H2mal that forms is insignificant compared to the Hmal– concentration and can be ignored.

[Hmal–] = (0.0030 mol/0.090 L) = 0.0333 M

[H3O+] = 3.3910-6




[H2mal] = 8.0610-5
































4.  Calculate the pH of a solution prepared by adding 55 ml of 0.098 M sodium phosphate to 65 ml of 0.136 M phosphoric acid.

Phosphoric acid 	– H3PO4
Sodium phosphate	– Na3PO4 (which dissociates to )

Both of these species are in the phosphoric acid system shown below.  The two species in appreciable quantities are shown in boldface.

H3PO4  +  H2O      +  H3O+		Ka1
	
  +  H2O      +  H3O+		Ka2

  +  H2O      +  H3O+		Ka3

What we need to realize here is that H3PO4 is an acid, and  is a base.  As such they will react with each other according to the following neutralization reaction.

H3PO4  +        +  

If we use the Ka for H3PO4 (7.1110-3) and the Kb for  (2.410-2) and solve for Kn using our established equation (Kn = (KaKb)/Kw) we get a value of 1.71010, a very large number.  This neutralization will go to completion.

We can also take this a step further.  In almost all cases for a multistep equilibria system such as this, we can anticipate that only one reaction of the series will be important in determining the pH.  This does not happen in every situation (a little later in the course we will see an example where this does not rigorously work), but it does most of the time.  One expectation is that eventually we will wind up with appreciable amounts of both members of a conjugate pair, which constitutes a buffer.  The most straight forward way of working with this problem is to consider the moles of different chemicals that are present.

Moles of phosphate:		(0.098 mol/L)(0.055 L)  =  0.00539 moles

Moles of phosphoric acid:	(0.136 mol/L)(0.065 L)  =  0.00884 moles


H3PO4     +  	    	  	    +  	

Initial			0.00884 	0.00539 		0		0
Neutralization		0.00345 	0			0.00539 	0.00539 

As seen by the data, all of the phosphate ion () has been used up in the solution.  At this point, which is still an intermediate one, it can be helpful to put in boldface the three species that are present in appreciable quantities in the solution.
H3PO4  +  H2O      +  H3O+		Ka1
	
  +  H2O      +  H3O+	Ka2

  +  H2O      +  H3O+		Ka3

What we now need to examine is the possibility for neutralization between H3PO4 and.  Note that the product consists of two equivalents of the species .

H3PO4  +      2

Evaluation of the Kn for this reaction involves the Ka value of H3PO4 (7.1110-3) and the Kb value for  (Kb of Ka2 = 1.57810-7).  Using our established equation for evaluating Kn, we get a value of 1.12105, which is a large number.  This neutralization will essentially go to completion.

We can now assess the moles of material produced in the reaction.

H3PO4     +  	      	2

Initial			0.00345 	0.00539 	0.00539 
Neutralization		0		0.00194 	0.01229 

Be careful when calculating the amount of  in the final solution.  There is an amount already present (0.00539 moles) and we produce two equivalents in the reaction above 
(20.00345 moles), hence the total of 0.01229 moles of .

Once again, it is helpful to boldface the species in the series of reactions that are present in appreciable quantities.

H3PO4  +  H2O      +  H3O+		Ka1
	
  +  H2O      +  H3O+	Ka2

  +  H2O      +  H3O+		Ka3

Note that we now have appreciable quantities of a conjugate pair.  Since the distribution of the species in a conjugate pair will not change (these two cannot neutralize each other since they will simply reform each other), we can now calculate the pH using the appropriate Henderson-Hasselbalch equation.


It might be useful to check and make sure that ignoring the other two reactions was a reasonable thing to do.

We can calculate the concentration of H3PO4 using the expression for Kn.  We first need to convert the moles of the different species to molarity for the subsequent calculations.








x = [H3PO4] = 5.810-6

This is a very small quantity of H3PO4, so ignoring the Ka1 reaction was justified.  We can calculate the amount of  using Ka3.  



x = [] = 1.6810-8

Once again, we see that this is an exceptionally small quantity that can be ignored.  As has been the pattern so far, in problems involving polyprotic acids or bases, we see that only one reaction is significant in determining the pH of the solution.  This situation will occur in almost all cases for these reactions.  The approach to these problems is to identify the important reaction and solve for the pH using only that one, then use the values that are obtained to check that we could ignore the other ones.  Of course, if the pKa values for the reactions are appreciably different (value of 10 or greater), we would know ahead of time that only one reaction will be important.














5.  Calculate the pH of a 0.240 M solution of sodium bicarbonate (NaHCO3).

This will dissociate to produce the  ion, which is in the carbonic acid system.

H2CO3  +  H2O      +  H3O+		Ka1

  +  H2O      +  H3O+		Ka2

What we observe in this case is that the  is an intermediate and we essentially have “all” of an intermediate.  Some small amount of H2CO3 and  will form, since the two equilibrium constants have finite values, but not enough of either one will form to constitute a buffer.  The bicarbonate ion has the ability to react as an acid (reaction 2) or a base (reaction 1), and it might be tempting to determine whether it’s a stronger acid or base (by comparing the relative magnitude of Ka2 to the Kb of Ka1) and use that reaction to calculate the pH.  The situation is complicated by the fact that any H2CO3 and  that are formed can neutralize each other.

What we need to do in this case is write an expression for [H3O+] in terms of species in the carbonate system.  Remember, there is some H3O+ around from dissociation of water, however, this value will be overcome by the carbonate system and can be ignored in this calculation.

We need to realize that we have a lot of  in solution and consider what each of the reactions above does to the concentration of H3O+ in solution.  At the start, before the system equilibrates, there is no H2CO3 or.

If we look at the second reaction (Ka2), we see that for every  that is produced we need to produce one equivalent of H3O+.  If this was the only reaction that occurred, it would allow us to write the following expression:
[H3O+] = []

If we look at the first reaction (Ka1), we see that in order to produce a molecule of H2CO3, we actually need to remove an H3O+ species.  Therefore, every H2CO3 that we find in the final solution subtracts an H3O+.  This would allow us to write:

[H3O+] = –[H2CO3]

Both  and H2CO3 will be present in the final solution, so we can combine these two equations and come up with the following expression for the concentration of H3O+ in the final solution:
[H3O+] = [] – [H2CO3]

Now we need to do some algebra.  First, rearrange the above expression into the following:
(1)

[H3O+]  +  [H2CO3]  =  []


Now rearrange the Ka1 and Ka2 expressions to solve them for [H2CO3] and [] respectively.
(2)


(3)



Substitute the expressions for [H2CO3] and [] into equation (1).
(4)



Multiply each side through by Ka1[H3O+] to remove all terms from the denominator.
(5)

Ka1[H3O+]2 + [][H3O+]2 = Ka1Ka2[]

Pull out an [H3O+]2 term from the left-hand side of the equation.
(6)

[H3O+]2(Ka1 + []) = Ka1Ka2[]

Divide both sides by (Ka1 + []) to give the following:
(7)



Now comes a critical assessment of the terms in the denominator, as we want to compare the magnitude of Ka1 to [].  Usually, we would anticipate that Ka1 is a fairly small number since this is a weak acid.  For example, in the current problem, Ka1 is 4.4710-7.  Usually the concentration of the intermediate ( in this case) is fairly high (0.240 M in this case).  In many situations the concentration of the intermediate is a lot larger than the Ka value.

[] >> Ka1

In this case, we can ignore the Ka1 in the term (Ka1 + []).  That simplifies equation (7) to the following:(8)



Notice how the [] terms now cancel out of the equation leaving:
(9)

[H3O+]2 = Ka1 Ka2


Using the properties of logs, this expression can be rewritten as follows:
(10)



There is a certain way in which this outcome seems to make sense.  We stated at the onset that one of the problems was that the bicarbonate ion could act as an acid and a base.  The pKa1 value represents bicarbonate acting as a base, and pKa2 represents bicarbonate acting as an acid.  This equation essentially represents an average of these two values.  That average will also reflect whether the intermediate is more likely to act as an acid or base, as the pH of the final solution will either be acidic or basic depending on the magnitudes of the two pKa values.  One other wonderful aspect of the pH of this solution is that it is independent of the concentration of bicarbonate.  Of course, we need to remember that we made an approximation to come up with this simple form to get the pH.  At very dilute concentrations of intermediate, that approximation breaks down and then the calculation becomes more complicated.  We would need to use equation (7) in that case.

In this case, we can now substitute in the two pKa values for the carbonic acid system and determine the pH:


The value of 8.34 is slightly basic.  Perhaps it is not surprising then that we could use a solution of sodium bicarbonate as an antacid if a night of pizzas, tacos, jalapeno poppers, and tequila sunrises (including the worm at the bottom of the bottle) left our stomach with excess acid.  






















It turns out that the generalized expression we derived in this case, in which the pH was equal to 
(pKa1 + pKa2)/2, can be applied to any intermediate in a polyprotic acid system.  For example, consider the series of equations for phosphoric acid.

[bookmark: _GoBack]H3PO4  +  H2O      +  H3O+		Ka1

  +  H2O      +  H3O+		Ka2

			  +  H2O      +  H3O+		Ka3

Suppose we had a solution that to a first approximation was “all” sodium dihydrogen phosphate (NaH2PO4).  This would dissolve to produce , the first intermediate in this series of reactions.  We can ignore the third reaction because it will be insignificant.  We can perform a derivation analogous to what we did for bicarbonate and would come up with the following expression for the pH:


Suppose instead we had a solution that to a first approximation was “all” disodium hydrogen phosphate (Na2HPO4).  This would dissolve to produce , the second intermediate in this series of reactions.  In this case, we can ignore the first reaction and, doing a derivation analogous to what we did for bicarbonate, we would come up with the following expression for the pH:


Something to note in this case is that if we examined the comparable equation to equation (7), it would look as follows:


Note that in this case, we are comparing the magnitude of [] to Ka2.  Since Ka2 is always smaller than Ka1 (and usually much smaller), the likelihood that we can ignore the magnitude of Ka2 relative to the concentration of [] is improved, allowing us to use this very straight forward way of calculating the pH.  









AMINO ACIDS

It is worth highlighting the acid-base properties of amino acids, since these are so important in biochemistry.  The structure of the amino acid alanine, as you would typically see if written, is shown below.


If you look in our chart of pKa values, you would find that two values are given for alanine 
(pKa1 = 2.34; pKa2 = 9.69), which might surprise you at first.  As you look at the structure, remember that the -COOH group is an acid, but also that an amine group (NH2) is a base.  There are two pKa values because we can protonate the amine group, as shown below. 


Usually the protonated form is prepared by reaction with hydrogen chloride, so instead of referring to the alaninium ion, we would call it alanine hydrochloride.


One last thing to consider about the neutral amino acid.  If we have a substance that has an acid (-COOH) and base (-NH2) within the same molecule, we could ask whether this could undergo an internal acid-base neutralization reaction (realize that we would have many of these molecules in solution so we could also view the acid and base functionalities of different alanine molecules neutralizing each other).  It turns out that this actually occurs with amino acids in water, leading to an alanine species with two charges that is called a zwitterion.


Note that the zwitterion still has a net neutral charge, so we do not need to distinguish whether its written form is neutral or zwitterionic in equilibrium calculations.
1
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