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The following textual material is designed to acpamy a series of in-class problem sets that
develop many of the fundamental aspects of cheragailibrium calculations.
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OVERVIEW: SIGNIFICANCE OF CHEMICAL EQUILIBRIUM

Supposegou are a chemist involved in developing a new pobdor a small manufacturing
company. Part of the process leads to the formatisghe compound lead phosphate. The lead
phosphate will end up in the wastewater from tloe@ss. Since you are a small facility, instead
of having your own wastewater treatment plant, wiludischarge the wastewater to the local
municipal wastewater treatment plant. The municigstewater treatment plant faces strict
requirements on the amount of lead that is perthitigheir end products. A wastewater
treatment plant ends up with "clean" water andlid studge. Most lead ends up in the sludge,
and the Environmental Protection Agency has sebiadn how much lead is permitted in the
sludge. Most municipalities will require you toteninto a pre-treatment agreement, under
which you will need to remove the lead before disging to the plant. For example, the City of
Lewiston, Maine will require you to discharge a aratl that contains no more than 0.50 mg of
total lead per liter.

Lead phosphate is a sparingly soluble material gstof it will actually be a solid in your waste,
thereby allowing you to filter it out before diseba to the treatment plant.

What is the concentration of total dissolved leadi the discharge from your facility?

What we need to consider here is the reactiondsdribes the solubility of lead phosphate.
Lead phosphate has the formula@Py),, and the accepted practice for writing the soitybil
reaction of a sparingly soluble compound that digisociate into a cation and anion is shown.
The solid is always shown on the left, or reactsigle. The dissolved ions are always shown on
the product side.

Phy(PQy)o(s) © 3PB"(ag) + 203 (aq)
Next, we can write the equilibrium constant expi@s$or this reaction, which is as follows:
Ksp= [PET°[PO3]?

This general equilibrium constant expression feparingly soluble, ionic compound is known
as thesolubility product, orKs, Note that there is no term for the solid leadgghate in the
expression. One way to view this is that a saally cannot have variable concentrations
(moles/liter) and is therefore not important to #xpression. k& values have been measured for
many substances and tables of these numbers al@bbeia The K, for lead phosphate is known
and is 8.¥10*". What this means is that any solution that isdntact with solid lead phosphate

will have a solubility product ([PB]°[PO;1?) that exactly equals itss(8.1x10™").

There is a complication to this process thoughurhs out that the phosphate ion is a species
that appears in the dissociation reactions forstsmnce known as phosphoric acidrRiBy).

Acids and their corresponding conjugate baseseameimportant in chemistry and the properties
of many acids and bases have been studied. Whdiaggen in this case is that the phosphate
ion can undergo a set of stepwise protonationshasn below.



Py(PQ), © 3P+ 205
0
HPO;~
0
H,PO;
0
H;PO,

If we wanted to calculate the solubility of leadogphate in water, we would need to consider
the effect of protonation of the phosphate on tielslity. Remember, the §{expression only
includes terms for PbandPO;~, and it is the product of these two that must gequal Kp if
some solid lead phosphate is in the mixture. Patton of the phosphate will reduce the
concentration oPO; . If the concentration dfO;~ is reduced, more of the lead phosphate must
dissolve to maintain &.

We can look up relevant equilibrium constants Far dissociation of phosphoric acid. There is
an accepted practice in chemistry for the way ifichvithese reactions are written, and the series
for phosphoric acid is shown below. This descrittveschemistry of an acid and the equilibrium
constant expressions are knowrkKasvalues, olacid dissociation constants

HsPO, + H,O © H,PO; + HO' Ka1

H,PO; + HO © HPO}™ + HO" Kaz

HPO;” + HO © PO~ + HO' Kas

_ [H,PO;][H;0"] _ [HPOIT][H;07]
! [H;PO,] ? [H,PO; |

[PO;"][H;0]
[HPO;"]

Ka3

But before we can proceed, there is still one otleenplication to this process. It turns out that
the lead cation has the possibility of forming céemps with other anions in solution. One such
anion that is always present in water is hydroX@H ). The hydroxide complex could be
another insoluble one with lead. More importanbugh, is whether lead can form water-soluble
complexes with the hydroxide ion. A species tlmhplexes with a metal ion is known as a
ligand. It turns out that hydroxide can form water-sédutomplexes with lead ions, and that
there are three of them that form in a stepwisen@anThe equations to represent this are
always written with the metal ion and ligand on thactant side and the complex on the product
side, as shown below.



Pif*(aq) + OH (aq) © Pb(OHJ(aq) Ka
Pb(OH) (ag) + OH (aqg) © Pb(OH)(aq) Keo
Pb(OH}(aq) + OH (aq) © Pb(OH); (aq) K

The equilibrium constant expressions are shownhedad these are known fsmation
constants (K).

_ _[poomy] o [Pbom,]
[Pb*"J[OH"] " [Pb(OH)'][OH"]

f1

_ [pb(oH);]
5 [Pb(OH),][OH ]

The important thing to realize is that any compt@xaof lead ions by hydroxide will lower the
concentration of PB. Since [PB] is the concentration in thesKexpression, complexation of
lead ions by hydroxide will cause more lead phosptmdissolve to maintaing{ Since all
soluble forms of lead are toxic, this increasesd concentration is a potential problem. We
can now couple these reactions into our schemeal#saribes the solubility of lead phosphate in
this solution.

Py(PQ), © 3P+ 203

0 )
Pb(OH} HPO;~
0 )
Pb(OH) H,PO;
0 )

Pb(OH);  HsPOQy

This is now quite a complicated set of simultane®@astions that take place. Our goal in the
equilibrium unit of this course will be to develtpe facility to handle these types of complicated
problems.



Before we get started into this process, ther@aaauple of other general things to know about
chemical equilibrium. Consider the general reacibown below.

aA + bBe cC + dD

One way of describing equilibrium is to say that doncentrations do not change. The
concentrations of the species in this solutiones@nt a macroscopic parameter of the system,
and so at thenacroscopic levelthis system istatic.

Another way of describing equilibrium is to sayttfa every forward reaction there is a
corresponding reverse reaction. This means anhtbescopic level that As and Bs are
constantly converting to Cs and Ds and vice véygathat the rate of these two processes are
equal. At thamicroscopic leve] a system at equilibrium @ynamic.

Unless you have taken physical chemistry, | aniyfaiertain that everything you have learned
until this point has taught you that the followiegpression can be used to describe the
equilibrium state of this reaction.

Well it turns out that this expression is not rigasly correct. Instead of the concentrations of
reagents, the actual terms we need in an equitibconstant expression are tgivities of the
substances. The expression shown below is theatdarm of the equilibrium constant, in
which g represents the activity of substance A.

_ lacl [ap]¢
[aa]?[ag]®

If you examine the group of As and Bs below, hopgfypu can appreciate that the A shown in
boldface is “inactive”. For that A species to reaith a B, another A species must move out of
the way.

A B A A A B B A

If the correct form of the equilibrium constant esgsion uses the activities of the chemicals,
why have you always been taught to use concemisidt turns out that in most situations we
do not have reliable procedures to accurately tatlethe activities of substances. If we did, we
would almost certainly use the correct form of éxpression. Since we do not know how to
evaluate the activities of substances under mostistances, we do the next best thing and use
concentrations as an approximation. This meartsathaquilibrium calculations are at best
approximations (some better than others). In ofwds, equilibrium calculations usually
provide estimations of the situation, but not rigesly correct answers. Because the entire
premise is based on an approximation, this wikmfllow us to make other approximations
when we perform equilibrium calculations. Thespragimations will usually involve ignoring
the contributions of minor constituents of the siolu.



One last thing we ought to consider is when the@pmation of using concentration instead of
activity is most valid. Perhaps a way to seeithte consider a solution that has lots of A (the
concentration of A is high) and only a small amooinB (the concentration of B is low).
Inactivity results if a similar species is in thaywof the two reactants getting together. Sinee th
concentration of B is low, there is very little pability that one B would get in the way of
another and prevent it from encountering an A. Aaon the other hand, there are so many that
they are likely to get in each other’s way fromrgeable to encounter a EConcentration is a
better approximation of activity at low concentrations. The example | have shown with A
and B implies there is no solvent, but this treottis as well if the substances are dissolved in a
solvent. Notice as well that the activity can ndve higher than the concentration, but only
lower.

How low a concentration do we need to feel fullyndortable in using the approximation of
concentrations for activities? A general rulehafrhb is if the concentrations are less than
0.01 M then the approximation is quite a good olkany solutions we will handle this term will
have concentrations lower than 0.01 M, but mangrmstivill not. We do not need to dwell
excessively on this point, but it is worth keepinghe back of one’s mind that calculations of
solutions with relatively high concentrations aleays approximations. We are getting a
ballpark figure that lets us know whether a patticprocess we want to use or study is viable.



IN-CLASS PROBLEM SET #1

Unless specifically told otherwise, whenever a peoblists a concentration, that is the value of
material added to solution prior to any reactioosuoring to achieve equilibrium. So in the first
problem below, 0.155 moles of ammonia were dissbimel liter of solution. The final
concentration of ammonia would be something leas th155 moles/liter provided some form
of equilibration occurred.

1. Calculate the pH of a solution that is 0.155 NMh ammonia.

The first step in any equilibrium problem is anesssnent of the relevant chemical reactions that
occur in the solution. To determine the relevaiictions, one must examine the specie(s) given
in the problem and determine which types of reastimight apply. In particular, we want to
consider the possibility of acid-base reactiongjlsibty of sparingly soluble solids, or formation
of water-soluble metal complexes.

When given the name of a compound (e.g., ammahiga)essential that we know or find out the
molecular formula for the compound, and often tinveshave to look this up in a book or table.
The molecular formula for ammonia is AlIHAmmonia can be viewed as the building blockaor
large family of similar compounds called aminesvimch one or more of the hydrogen atoms
are replaced with other functional groups (a fuorai group is essentially a cluster of atoms -
most of these are carbon-containing clusters). ekample, the three compounds below result
from replacing the hydrogen atoms of ammonia wigthyl (CH) groups.

CHsNH,, Methyl amine
(CHg),NH Dimethyl amine
(CHg)sN Trimethyl amine

Amines and many other organic, nitrogen-contaimioigipounds constitute one of the major
families of bases. Ammonia is therefore a base.

Bases undergo a very specific reaction with watgrbduce the hydroxide ion. The appropriate
reaction needed to describe what will happen winemania is mixed with water is shown
below.

NH; + O © NH; + OH~

We can describe this reaction by saying that amanagacts with water to produce the
ammonium cation and hydroxide anion.

Now that we know the reaction that describes tls¢esy, we have to ask what K expression is
used to represent that particular reaction. Ferdéaction of a base, we need an equilibrium
constant known asK The expression for s shown below.



_ [NHi][oHT]
®  [NH,]

If we examine the tables of equilibrium constattisugh, we observe that the table does not list
K, values, but instead only lists, Kalues for substances. A species that is inghetion that

we do find a K value for in the table is the ammonium cationis important to note that the
species ammonia and ammonium differ by only a hyeinaon.

NH2/NH,
Species that differ from each other by only a hgéroion are said to becanjugate pair. A
conjugate pair always contains a base (ammoniasrcase) and an acid (ammonium in this
case). The acid is always the form with the elkydrogen ion. The base is the form without the
extra hydrogen ion.
The K; reaction is that of the ammonium ion acting as@d.
NH; + HO © NH; + HO"

The equilibrium constant expression foriK shown below.

K. - [NH3][P£3O+]
[NH;]

Furthermore, the Kand K; values for the base and acid form respectively obnjugate pair
have a very specific relationship that is showrowel

K, x K, =K, =1x10"
Remember, I is the equilibrium expression that describes titeotolysis of water.
H,O + O © HO" + OH

Kw = [HsO'][OH] = 1x10™

The expression below shows that the result of piyltig K, times K; is actually K,

[NH;][OH] . [NH;][H;0"]

Ky *Ka = R N [OH][H;0"] =K,




Now that the K value is known, it is finally possible to solve the pH of the solution of
ammonia. A useful way to keep track of such prolsiés to use the reaction as the headings for
columns of values that describe the concentratbspecies under certain conditions. The first
set of numbers represents the initial concentratinrsolution prior to any equilibration.

NHs + HO e NH; + OH
Initial 0.155 0 10

We do not need an initial value for water sincg itie solvent. The hydroxide is given a value
of 107 M because of the autoprotolysis of the water. Jéeond set of numbers are expressions
for the equilibrium concentrations of the specibsthis case, we want to keep in mind that the
value for K, is small, meaning we do not expect that much peottuform.

NH; + HO e NH; + OH

Initial 0.155 0 10
Equilibrium  0.155 — x X 16+ x

If we wanted, these values could now be pluggealtim K, expression and it could be solved
using a quadratic. There may be a way to simghié/problem, though, if we keep in mind that
Ky is so small. In this case, we expect the valuetofbe small and we can make two
approximations.

The first is that x< 0.155 so that (0.155 — x) = 0.155

The second is that 107 so that (10 + x) = x

NH; + HO e NH, + OH"

Initial 0.155 0 10
Equilibrium 0.155 — x X 10+ x
Approximation 0.155 X X

Now we can plug the approximations in thedgpression and solve for the value of x.

_ [NHiJ[oHT] _ ()
b [NH;] 0.155

=1.76x107

x = [OH ] = 1.65<10°



Before we can use this to calculate the conceotratf HkO" and solve for pH, we first must
check the two approximations to make sure theyatie valid.

1.65x10° 100=1.1% 10 100 =0.0061%
—_ X = P — =
0.155 e 1.65%x107 ’ ?

It is worth noting that the assumption that théahhydroxide or hydronium ion can be ignored
is almost always made in these problems. Thetwvdyinstances in which this approximation
would break down are if:

1) the acid or base is exceptionally weak so thaittée dlissociation occurs that the initial
amount is significant or

2) the acid or base is so dilute that very little dggation occurs.

Since both approximations are less than 5%, theasdration of HO" can be calculated using
the Ky expression and the pH can be calculated.

[H30"] = 6.31x10™*?

pH =11.2

10



NOMENCLATURE

Before continuing on to more problems, it is usédutonsider some general rules for the
nomenclature of species common to acid-base systems

The names of species with a positive chaoggigns) almost always end with &um” ending.
NHz; was ammonia. Its protonated idxiH;) is called the ammonium ion.

Earlier the species methyl amine (§DHH,) was mentioned. The protonated form of this
(CH;NH3) would be the methyl ammonium ion.

When you name the protonated form of a base,dhense is to remove the last vowel
(which is usually an“e”) and replace it with “ium”.

The protonated form of aniline, a base, would béraumm.

The elements sodium and calcium are found in eaarthe Naand C&" ion
respectively.

We can therefore state that the protonated forfwehzel” would be “wenzelium”.

The names of most species with a negative charmger(s) end with arfate” ending.

H,SQy is sulfuric acid, wherea®03™ is the sulfate ion.

Butyric acid (CHCH,CH,COOH) has the smell of dirty socks. &HH,CH,COO
is the butyrate ion.

The general rule is to drop the “ic” ending of tie@me of the acid and replace it with
“ate”.

When in doubt, if you need the name of the aragald, an “ate” ending. The anion of
“wenzel” is therefore “wenzelate”.

There are other endings in the nomenclaturamons besides the “ate” ending. For example,
we are quite familiar with théde” ending that occurs with the halides (e.g., fluerichloride,
bromide, and iodide). There are other anionsalmhamed using dite” ending (e.g., nitrite,
sulfite).

11



2. Calculate the pH of a solution that is 0.147 Nh pyridine and 0.189 M in pyridinium
chloride.

The first step in any equilibrium problem is toetatine a reaction that describes the system.
This system has appreciable quantities of bothdpi(Py) and pyridinium chloride. The
structure of pyridine is shown below and is a base.

\ /"
As a base it could undergo the following reactiooté that this is the Kreaction).

Py + HO © PyH + OH™

The structure of pyridinium chloride is shown beloivis important to realize that when added
to water, the pyridinium and chloride ions will segte from each other such that the ions will be
solvated by water (the pyridinium ion will have thegative oxygen atoms directed toward it, the
chloride ion will have the positive hydrogen atoofithe water directed toward it)

\ /NH+CI‘

We can write potential reactions for both the piyiiigin and chloride ions reacting with water as
follows.
PyH  + H,O © Py + HO'

Note that this is the Kreaction for pyridinium. Looking in the table wdlues shows a pfof
5.22. This means that pyridinium is a weak acid.

CI" + O © HCI + OH™

Note that this is the Kreaction for chloride. Chloride is the conjughsse of hydrochloric acid.
Looking up hydrochloric acid in the table showsttygdrochloric acid is a strong acid,
meaning that it reacts essentially 100% in watgregluce Cland HO®. Because of this, the
reaction above of chloride with water to producel @ hydroxide ion will not occur and can
be ignored.

At this point it seems we have two reactions (tlhed&ction for pyridine producing pyridinium
and hydroxide being one, theg Keaction for pyridinium producing pyridine and hgdium
being the other) that describe the system. Astalets do the calculation using both possible
reactions.

12



Using pyridine acting as a base {(K8.78, K = 1.66<107):

Py + HO © PyH +  OH

Initial 0.147 0.189 0
Equilibrium 0.147 — x 0.189 + x X
Approximation 0.147 0.189 X

Note that the initial amount of hydroxide, whichsit at 0, assumes that the amount that will be
produced is significant compared to”10l. Also, the approximations can be attemptedesthe
value of K, is small.

The approximations can now be plugged into theXpression and x evaluated.

_ [PyH'][OH] _ (0.189)(%)

=1.66x10”
b [Py] 0.147

x = [OH ] = 1.29%<10°
However, we must first check the approximation befwalculating the pH.

1.29x10” 100 = 8.77x10°7% —1'29”0_9 100 = 6.83x107%
_ X = X % - X
0.147 ' ? 0.189 ' ’

These approximations are both valid. Howeverpi gonsider that we ignored the initial
amount of hydroxide present from the autoprotolp$iwater (10 M), this would seem to be in
error because of the low level of hydroxide (k29° M). For the moment, let’s just move
ahead assuming it was okay to ignore the autoysitobf water, and more will be said later
about the appropriateness of this decision. Theeaatration of hydronium ion and pH can be
calculated.

[Hs0"] = 7.75:10° pH = 5.11
Using pyridinium acting as an acid (pk 5.22, K = 6.0%10°):

PH + HO o Py + KO

Initial 0.189 0.147 0
Equilibrium 0.189 — x 0.147 + X X
Approximation 0.189 0.147 X

13



The approximations can now be plugged into thexpression and x evaluated.

[Py][H;07] _ (0147

_ -6
TPyi] Tgo — 6:03%10

a

X = [HsO'] = 7.75<10°
However, we must first check the approximation befwalculating the pH.

—7'75”0-6 100 = 0.00527% 7.75x10° 100 = 0.00410%
X = —oa = -
0.147 : ° 0.189 ' ’

In this case, we can also examine whether it waso@piate to ignore the hydronium ion
concentration from the autoprotolysis of water.

1.0x1077
————— x100=1.29%
7.75%x10

In this case (unlike with the pyridine acting dsase), ignoring the autoprotolysis of water is
appropriate.

Since all of the approximations are valid, we cae the hydronium ion concentration to
calculate the pH.
[H30"] = 7.75¢10° pH = 5.11

What is important to realize that we get the saimdé11) using either the Jor Ky, equation.
These two answers are reassuring but also prohenite reassuring part is that a solution can
only have one pH. If either of the two reactioas be used to describe the system, then both
ought to give the same answer for the pH. Butreaetion has pyridine acting as a base,
another pyridinium acting as an acid. Which onacimally correct? The way to assess that is to
examine the relative values of, #r the conjugate acid and, or the conjugate base. In this
case, the Kfor the acid is about 1,000 times larger thankh&or the base. Because of that, a
small amount of the acid would dissociate to theebaAnd note, we did get a pH that was acidic
for the answer in each case. But it really dogswatdter since the amount of change is so small
that it can be ignored.

However, there is something very important to eaiibout this systenmA solution with
appreciable concentrations of both members of a cqugate pair is known as a buffer
Buffers are solutions that resist changes in pHis Tesistance is created by having both
members of the conjugate pair.

If acid is added, the base component of the cotgugair reacts to form the conjugate acid.

If base is added, the acid component of the cotgugair reacts to form the conjugate base.

14



As long as the concentration of the buffer comptsare not excessively dilute (on the order of
10° M or lower), a buffer controls the pH of the systand in buffer solutions we can always
ignore the initial concentration of hydronium ordngxide ion from the autoprotolysis of water.
A convenient way to calculate the pH of a buffetoisise what is known as the Henderson-
Hasselbalch equation. This equation can be defroed the K, expression.

Ka expression:
[Py][H;0"]
[PyH’]

a

Take the negative logarithm of both sides:

Py][H;0"
—logK = —log (M)
: [PyH’]
Rearrange the right hand side using the propeosfitsgys:

P
—logK = — log <%> — log[H;0']

Remember that:
—log(Ka) = pKa

—log[Hs0"] = pH

P
pK,=—log (%) + pH

Rearranging gives the final form of the Henders@s$¢lbalch equation:

P
pH = pKa+ log <—[P[yl}-ll]+]>

Substituting these in gives:

If we substitute in the values for this problemdamote, with a buffer we will be able to ignore
any redistribution of the appreciable amount oftthe species), we get:

[Py] 0.147
pH=pK_+ log W =5.22+log (m) =5.11

This is the same answer we got using either therk, expressions.

15



We can also write two generalized forms of the Hesdn-Hasselbalch equation for the two
generalized types of weak acid/weak base buffertisols (the generalized formulas for a weak
acid, HA and BH).

HA + HO © A~ + H,O"
H=pK + 1o E
pH =pK,+ log{ 523

BH' + HO © B+ HO"

_ [BI]
pH =pK + log m

Earlier we said that a buffer is effective at cotltng the pH because the acid form of the
conjugate pair can neutralize bases and the basectan neutralize acids. Examining the
Henderson-Hasselbalch equation also allows uspeajate from a quantitative sense how
buffers are able to control the pH of a solutidinyou look at this equation, you notice that the
pH is expressed as a constantjpiiat then varies by the log of a ratio. One dhimnote about
log terms is that they change rather slowly. Sareesho offers you the log of a million dollars
is not being very generous with their money. ketaa very large change in the ratio of the two
concentrations to make a large difference in tiggdom. This large change will only occur
when one of the two components of the buffer ge&lwp by virtue of the acid or base that is
being added.

16



3. Calculate the pH of a solution that is 0.332 Nh anilinium iodide.

The anilinium ion is in the table of Kalues and is a weak acid (p¥4.596). Anilinium iodide
could be formed by the reaction between aniline @bnjugate base of anilinium) and hydrogen
iodide, as shown below.

An + HI © AnH'I”

In water, anilinium iodide will dissociate to praguthe anilinium cation and the iodide anion.
What must now be assessed is whether either of tbas will react with water. The two
possible reactions that could occur are shown helow

AnH® + HO © An + HO'

I + O © HI + OH

The anilinium ion is behaving as an acid and sihbas a pK value in the table (4.596), this
reaction will occur. The iodide ion is acting aBase. To see if this reaction occurs, we would
need to look up hydroiodic acid (HI) in the talded see that it is a strong acid. The important
feature of strong acids is that, for all practigaiposes, strong acids go 100% to completion.
This means that HI in water will dissociate 100%#®" and . Actually, some amount of
undissociated HI must remain, but it is so smailt the never need to consider it under normal
circumstances in water. Regardin@tting as a base, this means that it will all siay and no
HI will form as shown above. We can therefore sdhe answer to this problem by only using
the reaction of the anilinium ion.

The procedure is rather analogous to what we hiagady used in problems 1 and 2 above. We
ought to write a table for initial values, equilion values, and then examine whether any
assumptions can be made. If x is the amount of AhBt reacts, there are two important
assumptions that can be made in this problem. i©tiat, because Ks so small, very little of

the AnH' reacts so that 0.332 x. However, enough AnHeacts to produce a much larger
concentration of kD" than was initially in solution such thatx 107 M.

AnH" + HO e An + HO"

Initial amount 0.332 0 10
Equilibrium 0.332 —x X x + 10
Assumption 0.332 x x> 10’
Approximation 0.332 X X

17



These values can now be plugged into the equihtbcanstant expression for the reaction.

_ [An][H;07] _ ()

_ -5
]~ 035 2.54x10

a

X = [Hs0"] = 2.9x10°

pH =2.54

Both approximations must now be checked for validit

2.93x107 100 =0.88% 10 100=0.0034 %
_ X = _ X =
0.332 oo 2.93x107 ’ ’

Both are okay, so the pH we calculated above isecbr

18



4. Calculate the pH of a solution that is prepared bymixing 45 ml of 0.224 M
3-chlorobenzoic acid with 30 ml of 0.187 M ethylanie.

Chlorobenzoic acid (Hcba) is a weak acid with g p&lue of 3.824. Ethylamine is not in the
table, but ethylammonium, its conjugate acid, K,(p 10.63). Therefore ethylamine (EA) is a
weak base (pK= 3.37). This solution consists of a mixture afeak acid and a weak base.

What happens when we mix an acid with a base? Branmaterial we should know that an
acid and a base react with each other in whatasvkras aneutralization reaction. The
neutralization reaction between chlorobenzoic aad ethylamine is shown below.
Hcba + EA© cha + EAH' Kn
We can calculate initial amounts of Hcba and EA #&xast in solution, but some of these will
react according to the neutralization reaction. atWie need to know is the extent of the
neutralization reaction, in other words the valt& dor this reaction. There are no tables af K
values so what we need to do is see if there iayatavcome up with the Kexpression by
adding up a series of reactions that we do havalies for.
We do have reactions for Hcba and EA that we cak lp in the table. These are as follows:
Hcba + HO © cba + HO' Ka of Hcba
EA + HO © EAH" + OH™ Ky of EA
Adding these two together produces the followiracten:

Hcba + EA + 260 © cba + EAH + HO" + OH™ K = Ky(acid) x Ky(base)
This almost looks like Kbut it is not exactly the same. The reactant satetwo water
molecules, and the product side has the hydronmarhgdroxide ion. Note that these species do
not show up in the neutralization reaction aboses.tempting as it might be to say hydronium
and hydroxide will react to produce the water moles (thereby just cancelling these out and

ignoring them), they are real species in the readtiat need to be accounted for in the final
form of K,. The way to eliminate these would be to add enfthlowing reaction:

Hi0" + OH™ & 2H,0 K =1/

This reaction is the reverse of,Ka reaction we have seen before. If the direatioa reaction is
reversed, its equilibrium constant is just the nseeor reciprocal value, 1/,4n this case.

The final expression to calculate the value gttén is the following:

K K, (acid) x K, (base)

. < =K, (acid) x K, (base) x 10"
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If we evaluate the value ofKor the reaction in the problem, we get the follogwalue.

pKa (Hcba) = 3.824 K= 1510%
pK, (EA) = 3.37 K = 4.2%10*

Kn = (1.5<10%)( 4.27x10%(10") = 6.4x10°

This K, value of slightly more than six million is veryr¢ge. That says that this reaction, for all
practical purposes, will go to completion.

Before solving this problem, it would be worth gmission to examine more generally what we
might expect for the value of K Can we always expect,ko be large such that neutralization
reactions always go to completion? Or are thecasions when Kmight be relatively small
such that the reaction will not go to completion?

One thing to keep in mind is a solution with exoesy dilute concentrations of an acid or base.
For example, suppose the concentrations of theaamicbase are on the order of*i®. In this
case, there is so little acid and base, that vl K, value were large, the actual extent of
reaction could still be small. It is not that commthat we would encounter such solutions in a
laboratory setting where we usually use much higbecentrations. But this could occur in
environmental samples for some species.

Assuming solutions with appreciable concentratioinacid and base, would we ever have a
small value of K? Recollecting back, we talked about weak acidsmamg K, values on the
order of, from strongest to weakest;*1@0°, 10°, and 10. Similarly weak bases had, Kalues
from strongest to weakest on the same scalé {d00°%). Remembering the equation fof:K

Kp = Kax Kp x 101

We can see that it will take a mixture of an exivetg weak acid and base to get a small value
for K,. For example, mixing an extremely weak acid witk, of 10° with an extremely weak
base with a Kof 10° will give a K, of 10% a small number. This neutralization reaction lalou
not proceed much at all. If the acid had.a/&lue of 10 and the base a,Kalue of 10, the
value of K, would be 1, an intermediate value. This neutadilin reaction would proceed to
some extent.

If we considered a neutralization reaction in whedmer the acid or base was strong (a strong
acid or base might have a Br K, value on the order of £@r higher), you would need the other
species to have a K value of ¥0or lower to get a small value of,K Since this is an
unreasonably low value for the weak acid or basg aaid-base reaction that involves either a
strong acid or a strong base will go to completion.

The first step is to calculate the initial concatibns of Hcba and EA, remembering that mixing
the two solutions dilutes each of the species.
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45 ml
[Hcba]: (0.224 M) x =0.1344 M

75 ml

30 ml
[EA]: (0.187 M) x =0.0748 M

75 ml

The next step, sinceKs large, is to allow the reaction to go to cortiple This is a one-to-one
reaction, so the species with the lower concewimatill be used up and limit the amount of
product that forms.

Hcha + EA o cha + EAH

Initial 0.1344 0.0748 0 0
Completion 0.0596 0 0.0748 0.0748

Of course, the amount of EA cannot really be zsirme K, is a finite value and there needs to
be some finite amount of EA. The next step in ghigblem is to think that some small amount
of back reaction occurs.

Hcba + EA e cbha + EAH

Initial 0.1344 0.0748 0 0
Completion 0.0596 0 0.0748 0.0748
Back reaction 0.0596 + x X 0.0748 — x 0.0748 — x

And we can now consider whether there are any appatgions that can be made. Considering
that K, is so large, the extent of back reaction is vemgls This means that it is likely that x is
very small compared to 0.0596 and 0.0748, suchOtig&96>> x and 0.0748> x.

Hcba + EA o cba + EAH

Initial 0.1344 0.0748 0 0
Completion 0.0596 0 0.0748 0.0748
Back reaction 0.0596 +x X 0.0748 —x  0.0748 —x
Assumption 0.0596> x 0.0748> x 0.0748> x
Approximation 0.0596 X 0.0748 0.0748

Before we go on, it is worth examining these fioahcentrations. One interesting thing to note

is that we have appreciable quantities of Hcbadad These two are conjugate pairs, and we
know that a solution with appreciable quantitiebofh members of a conjugate pair represents a
buffer. We can therefore use the appropriate HesoteHasselbalch equation for chlorobenzoic
acid to solve for the pH of this solution.
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0.0748
0.0596

[cba™]
[Hcba]

) =3.92

pH=pK,+ log< ) =3.824+10g<

Before assuming that this answer is the correctweeought to check our assumptions. Using
the K, expression, we can calculate the value of x.

_ [eba][EAHT] _ (0.0748)(0.0748)

— 6.4%10°
™ [Hcba][EA] (0.0596)(x) 6410

X = 1.46¢10°

This number is very small and obviously less th#nds 0.0596 and 0.0748. If we assume that
1.46<10% is the final value of EA after back reaction, ahat 0.0748 is the final value of EAH
we have final values for both members of a congigaiir. If we substitute these into the
Henderson-Hasselbalch equation of ethylammoniurowgit to get the same pH as above.
(Note, the EA and EAHare not a buffer since the amount of EA is notragiable. But if you
know the concentration of both members of a conpigair, you can still use the Henderson-
Hasselbalch equation to solve for the pH, sinegjiist a rearrangement of thg &pression.)

H=pK,*+1 [EA] =10.63 +1 1.46x107 =392
p - p a Og [EAH+] - : Og 0.0748 -

It should not be a surprise that the two valuesdeastical.
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5. Calculate the pH of a solution that is prepared bymixing 75 ml of 0.088 M aniline with
50 ml of 0.097 M 2-nitrophenol.

From the table, we can determine that aniline (&rg base and nitrophenol (HNp) is an acid.
This solution consists of a mixture of an acid artshse, so the first thing we must consider is
that a neutralization reaction takes place. Ia tlaise we also note that aniline is a very weak
base (I = 3.94<10) and nitrophenol is a very weak acid,@5.83<10%). The value of Kis
calculated below.

Kn = Ka x Kp x 10" = (5.83<10°)(3.94x10"%(10™) = 2.3x10°

This value is fairly small, so we cannot assumefttiia neutralization reaction will go to
completion. Instead we anticipate that this resctill go to a small extent. Since it goes to
only a small extent, we can try making the assuonpihat x is small compared to the initial
concentrations of the aniline (0.0528x) and nitrophenol (0.0388 x).

An + HNp © AnH" + Np
0
X

Initial 0.0528 0.0388 0

Equilibrium 0.0528-x  0.0388—-x X

Assumption 0.0528> x 0.0388> x

Approximation 0.0528 0.0388 X X

These values can be plugged into theeKpression to solve for x:

_[AanHT]INpT] . (0®)
" [An][HNp]  (0.0528)(0.0388)

=2.3x107

X =2.1%10°

Now we could solve the two Henderson-Hasselbalciagons for each of the conjugate pairs,
since we know the concentrations of both membeesaoh pair.

[An] 0.0528 )

H= +log| ———— | =4. +1 ( =5.
p pK, Og<[AnH+]> 596 + log 0.00217 5.98

Np~ 0.00217
(Np”] ) =5.98

= pK,+ — | =7234+
pH =pK, 10g<[HNp]> 7.234 10g<0.0388
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The two identical values suggest that the pH oftiiation will be 5.98. It is interesting to
check the assumptions that were used in calcul#tmgalues.

000217 s 6 0.00217
X =
0.0388 e 0.0528

x 100=4.1%

One does meet the 5% rule, the other is justla biter. This might suggest that solving a
quadratic is in order, however, if you solve thadpatic and substitute in the values, you will
still get a pH of 5.98.
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AMINO ACIDS

It is worth highlighting the acid-base propertiéamino acids, since these are so important in
biochemistry. The structure of the amino acid @enas you would typically see if written, is

shown below.
0

C NH,

-~

H
Hoo ¢~

CHj

alanine
If you look in our chart of pKa values, you wouldd that two values are given for alanine
(pKa1 = 2.34; pK2 = 9.69), which might surprise you at first. Aalook at the structure,
remember that the -COOH group is an acid, but@@laban amine group (NHlis a base. There

are two pkK, values because we can protonate the amine grewghoavn below.
0

_C NHj

H
Hoo ¢~

CHs

alaninium ion
Usually the protonated form is prepared by reactidh hydrogen chloride, so instead of

referring to the alaninium ion, we would call iaalne hydrochloride.
O

_C NH5CI®

H
Hoo ¢~

CHs;

alanine hydrochloride
One last thing to consider about the neutral aragid. If we have a substance that has an acid
(-COOH) and base (-NBlwithin the same molecule, we could ask whethisr¢buld undergo
an internal acid-base neutralization reaction {zedhat we would have many of these molecules
in solution so we could also view the acid and asetionalities of different alanine molecules
neutralizing each other). It turns out that thagially occurs with amino acids in water, leading

to an alanine species with two charges that iedakwitterion.
0]

__C NH5

H
o~ ¢~

CH,

alanine (zwitterion notation)
Note that the zwitterion still has a net neutrargfe, so we do not need to distinguish whether its
written form is neutral or zwitterionic in equilibm calculations.
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IN-CLASS PROBLEM SET # 2

1. Starting with 30 ml of a solution that is 0.1 Mn butylamine, calculate the original pH,
and then the pH as 5 ml increments of 0.1 M hydrodbric acid are added. Continue the
series of calculations until 40 ml of acid have beeadded. Plot the data (pH on the y axis,
volume of added acid on the Xx).

Has 99.9% of the butylamine been titrated at the egjvalence point?

Butylamine is a base ¢& 3.9810™). Hydrochloric acid is a strong acid, so it vatinvert the
butylamine into the butylammonium ion by a neugatiion reaction. Remember, thg ¢f a
neutralization reaction will always be large if avfethe species is strong.

Calculating the initial pH of a weak base is sormglwe have done before.

BNH, + HO © BNH; + OH~

Initial 0.1 0 0
Equilibrium 0.1-x X X
Approximation 0.1 X X

_ [BNH3][OHT]  (0)(x) _ 4
K,= BN ol =3.98x10

x = [OH ] = 6.31x10°
If we check the approximation:

6.31x107

— 0
01 x 100=6.31%

It's not quite valid, but we’ll still use this vadu Solving the quadratic would only lead to a
small change in the initial value, and this is elesough for our purposes now.

pOH = 2.2
pH=11.8

First thing we ought to ask is whether we thinlstisia reasonable number. Remembering that it
is a base, a pH of 11.8 is basic, so that seent. goo
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Now we can examine the first 5 ml increment of logihloric acid that's added. Remember that
the HCI (shown as D" in the reaction below since all of it is dissoethtn water) will convert
butylamine to butylammonium as shown below.

BNH, + H:O" © BNH; + H0

There is something else important to consider atiosireaction. If we start with 30 ml of

0.1 M butylamine, that corresponds to 0.0030 molése add 5 ml of 0.1 M hydrochloric acid,
that corresponds to 0.0005 moles. The amountsesktinitial reagents before and after the
reaction are listed below

BNH, + HO" © BNH; + HO

Initial 0.0030 mol 0.0005mol O
After neutralization 0.0025mol O 0.0005 mol

There is something very interesting to note ableigtgolution. There are appreciable amounts of
butylamine and butylammonium in the final solutiofhese two are a conjugate pair, so this
solution is a buffer. We can solve for the pHHagtsolution by using the Henderson-
Hasselbalch equation for butylamine.

But there is also something else that is intergsdivout this when you try to solve for the pH
using the Henderson-Hasselbalch equation. If veengxe the form of the Henderson-
Hasselbalch equation, we note that the final tesnsists of the ratio of the concentrations of the
two components of the buffer. Remember that wetestavith 30 ml of butylamine and added 5
ml of hydrochloric acid. This causes the finaluimn to have a volume of 35 ml. If we write
out the terms in the equation as shown:

[BNH,]
pH = pK,+ log W =10.6 + log
3

0.0025 mol/
35l ) _ )3
0.0005 mol/

35ml

What you note is that the two volume terms in thecentration ratio cancel each other out. In
other words, the pH of a buffer solution can bewglalted either by determining the ratio of the
concentrations of the two components, or by det@ngithe ratio of the moles of the two
components.

There is another very important outcome of thike pH of a buffer does not change if the
solution is diluted. In other words, suppose wst added 5 ml of water to the above solution.
The final volume would now be 40 ml, but the madégach component would still be 0.0025
and 0.0005. The pH would remain the same becaeseotumes cancel. Now, does this hold
under all circumstances? At some point if we @duthe solution too much, we may start to
promote a significant redistribution of the two sjes in the buffer and this observation would
break down. But generally, we find that the pHadduffer solution stays fixed under dilution
with water.
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Before we go on to the next increment of hydroahlacid, let's consider one other aspect of
this initial addition of 5 ml of acid. If we recsuler the initial solution, we found that x, which
was the concentration 8NH;, was 6.3%¥10° M. If we calculate the moles of that we find out
that it is:

[BNH;] = (6.31x10° mol/L)(0.030 L) = 0.0002 moles

We could write these as the approximate amourtseimnitial solution at equilibrium.
BNH, + HO e BNH; + OH~
0.0028 mol 0.0002 mol  0.0002 mol

When we thought about adding the first 0.0005 mofexcid, we thought of it converting
butylamine to butylammonium. Does that mean weaikhbave removed 0.0005 moles of the
0.0028 moles that are listed under the reactionebdf so, that would alter the pH we got after
the first addition. NO IT DOESN'T. We have to rember that 0.0002 moles of hydroxide are
produced by this initial reaction. Hydroxide isteong base and the first 0.0002 moles of
hydrochloric acid will react with the hydroxide iohe remaining 0.0003 moles of the acid will
then start reacting with the butylamine.

The best way to proceed through the other incresnafredded hydrochloric acid is to construct
a chart of the species in solution. This is shawhable 1 with the first two pH values included.

Table 1. Moles of butylamine and butylammonium in thedtiton of butyl amine (0.1 M, 30 ml)
with hydrochloric acid (0.1 M).

Step#  Added HCI (ml) BNHmoles) BNHj (moles) pH

1 0 0.0030 0 11.8
2 5 0.0025 0.0005 11.3
3 10 0.0020 0.0010

4 15 0.0015 0.0015

5 20 0.0010 0.0020

6 25 0.0005 0.0025

7 30 0 0.0030

8 35 0 0.0030

9 40 0 0.0030

Examine the table and consider steps 3 througl® 6o(25 ml of acid added). In each of these
cases, we have an appreciable amount of each ofstheomponents of the conjugate pair and
each of these solutions is a buffer. That meansameuse the Henderson-Hasselbalch equation
to solve for the pH. It is also sufficient to uke mole ratio of the two and not worry about the
dilution of the molar concentrations that would wcc

0.0020 mol
) =10.9
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0.0015 mol
) ~10.6

15 ml: pH=10.6 + log (m

Note an important point about this one. Here weelexjual concentrations, or equal moles of
the two components of the buffer, and the log &f Q. At the point at which the concentrations
of both members of the conjugate pair are equalptt of a buffer equals the pK

20 ml: H=10.6+1 (O'OOIOmOI)—lo_%
m PR T 08 00020 mol) ~

25 mL: H=10.6+1 (0'0005 m°1> =
ks P ST I08 0.0025 mol)

The situation at 30 mL of acid deserves some attent=irst note, that this is called the
equivalence point. The equivalence point is thatga a titration where the moles of titrant
(hydrochloric acid) that have been added exacthiakthe moles of analyte (butylamine) that
were in the initial solution. It might be temptitmthink that, since there are equal moles of acid
and base, that the pH of a solution at the equical@oint of an acid-base titration must be 7.
Let’s examine the solution that we have at the\ejance point of this titration.

To a first approximation, all of the butylamine Heesen used up and converted to
butylammonium ion. This is the equivalent to sgywvhat would be the pH of a solution
prepared by adding some amount of butylammoniumetier. If we think about the nature of
butylammonium, we realize that it is a weak ach the solution at the equivalence point of this
titration is a solution of a weak acid. If thatfe case, the pH at the equivalence point ought to
be slightly acidic. Also note, that at this poiveé now have to account for the effects of dilution
since we no longer have appreciable amounts ofinetinbers of the conjugate pair (we have
0.0030 moles oBNHj in a total volume of 60 ml or 0.060 L).

(0.0030 mol/0.060 L) = 0.050 M

BNH; + HO e BNH, + HO'

Initial 0.05 0 0
Equilibrium 0.05-x X X
Approximation 0.05 X X
BNH,][H;0"
K, = [ 2][ +3 ] _ (x)(x) —2.51%107!!
[BNH;] 0.05

X = [HsO'] = 1.12x10°

pH=5.9
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Checking the approximation shows that it is valid.

1.12x10°°

— 0
0.05 x 100 =10.00224%

Note that the pH at this point, the equivalencenpas slightly acidic, just as we would expect
for a solution of a weak acid. However, one othérg to note is that the true initial value of
HsO" at the equivalence point (1IM) is more than 5% of the final concentration aftH
(1.12x10°). So if we wanted to be rigorously correct, weudoneed to account for that in
determining the true pH at the equivalence point.

If we now consider the solution where 35 ml of dtave been added, we note that the
butylamine/butylammonium system is used up and aerohanges can occur here. Instead,
what we now have is an excess of strong acid.hiScblution consists of a mixture of a weak
acid (butylammonium) with some strong acid (hydtodh). It should seem reasonable that the
extra strong acid will be the critical part in deténing the pH of the solution. Remember that
every mole of HCI will be converted to:8".
5 ml of extra acid adds 0.0005 moles gCH
(0.0005 mol/0.065 L) = 7.64.0° M [H30']
pH=2.1
And for 40 ml: 10 ml of extra acid adds 0.00woles of HO".
(0.0010 mol/0.070 L) = 14102 M = [H30"]
pH=1.8

It's worthwhile at this point to compile a complegble (Table 2) of this process and examine
some of the general trends that occur.

Table 2. Calculated pH values for the titration of butyliaen(0.1 M, 30 ml) with hydrochlorid
acid (0.1 M).

Step#  Added HCI (ml) BNHmoles) BNHj (moles) pH

1 oml 0.0030 0 11.8
2 5 0.0025 0.0005 11.3
3 10 0.0020 0.0010 10.9
4 15 0.0015 0.0015 10.6
5 20 0.0010 0.0020 10.3
6 25 0.0005 0.0025 9.9
7 30 0 0.0030 5.9
8 35 0 0.0030 2.1
9 40 0 0.0030 1.8
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First, note the large drop in pH between 25 anthB06f added acid. At this point we have
exhausted the buffer and so it should not be singrithat a small amount of extra acid causes a
large drop in pH. Also note, that the pH of 0.lhiirochloric acid is 1.0, so that the pH would
slowly approach a limit of 1.0 if we continued tddamore acid to the solution.

It is also worth examining a plot of the pH durithg course of the titration as shown in Figure 1.
The relatively flat portion of the plot between $and 25 ml of acid is known as the buffer
region. Notice how the center of the buffer regtonresponds to the pkalue. So the
butylammonium/butylamine system would be a usefifilds at a pH of around 10.6.

15 -
Buffer Region Equivalence
10 - x Point
pH 5 - pH = pKa
O T T T T 1

0 5 10 15 20 25 30 35 40
Titrant added (ml)

Figure 1. Plot of pH versus ml titrant for titration of ipamine (0.1 M, 30 ml) with
hydrochloric acid (0.1 M).

Suppose we had used an identical situation (30filloM base, add 5 ml increments of HCI)

but had a base whose conjugate acid had,@p8 What would that plot look like? The plst i
shown in Figure 2 and compared to what we obsemyddbutylamine. Note how the initial pH
would be a little less basic, how the buffer reg@now centered around 8, how the equivalence
point still occurs at 30 ml of acid, but how the pHthe equivalence point is a little more acidic
because the weak acid is a little stronger thartitdammonium ion. If we then showed a plot
for a species where the acid form had g pk6, we start to note that it becomes more diffic

to distinguish the equivalence point in the platconcentration of a species like butylamine can
be analyzed using an acid-base titration. The @aination of a base whose conjugate acid has a
pK, value of 6 could not be analyzed using an acia: tigmtion.

15 1 pKa=10.6

pH 107 o pKa=8

5_
>\pKa=6

0 T T T T
0 5 10 15 20 25 30 35 40

Titrant added (ml)

Figure 2. Plot of pH versus ml titrant for the titration weak bases (0.1 M, 30 mL, pKa values
of 6, 8 and 10.6) with hydrochloric acid (0.1 M).
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We can also talk about the qualities that defifgoad” buffer. The term that is used here is
buffer capacity (a measure of how much acid or base a buffer eatralize without an
appreciable change in pH), and we want a high beHpacity.

Presumably there is a particular pH that you wattuffer your solution at. The first criteria is

to select a buffer that has a p#{ose to the pH that you want to buffer at. To#icial

standard” is that the pfof the acid must be within +/— one unit of the ybi want to buffer at,
but the closer the better. Note from the Hendeisasselbalch equation that one unit of change
from pK, would correspond to either a 1/10 or 10/1 ratitheftwo members of the conjugate
pair. If you look at the plots above, note thaiosaof 1/10 or 10/1 are out on the extreme end of
the buffer region. At these extremes, there i @fl buffer capacity in one direction, but almost
none in the other. It would be risky to use suslation as a buffer and much better to use a
species with a pKmuch closer to the pH you need to buffer at.

The second criterion is to have a high concentmatidooth components of the conjugate pair so
that the buffer will neutralize more acid or bagegood buffer therefore is one in which both
components of the conjugate pair are highly solublgater. So buffers usually have high
concentrations of species relative to the othecisgg/ou are studying in solution. The actual
concentration of components you use for a buff@edd on the nature of your investigation. In
biochemistry, where the concentrations of proteimd nucleic acids are usually quite low, the
concentrations of buffer components are relatil@ly. In chemical analysis procedures where
the concentrations of reagents might be fairly htgl concentration of buffer needs to be high
as well.

The last criteria in selecting a buffer is to emstinat the buffer components do not interfere in
any way with the process being studied. For exampyou want to determine the amount of a
substance in solution by measuring its absorptidiglt, it's essential that the buffer not absorb
at that wavelength. If your procedure involvesfitrenation of a metal complex, it's essential
that the components of the buffer do not completh Wie metal ion.

The criteria used in selecting a buffer can be sanmed as follows:

1. The buffer substance needs a,pHlue as close as possible to the desired pH.
2. The buffer components must have high solubility.
3

. The buffer components cannot interfere in any wéli the other species in solution or the
measurement you want to make.
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Now, there is one other component to the queshiahwe have not addressed yet. The question
asks whether 99.9% of the butylamine has beenédttrat the equivalence point (in other words,
has 99.9% of the butylamine been converted to Aotglonium). This is an important question
in analysis procedures. If we used this titratmdetermine the concentration of butylamine in
the solution, the assumption is that “all” of theéydamine has been converted to
butylammonium so that we are getting an accuragsorement. Of course, we can never
convert all of the butylamine, since the K valuesfaite and so there must always be a little bit
of butylamine in the solution, but if we can corvagrleast 99.9%, that’s a high enough degree
of accuracy for most purposes. The way we ashesstto compare the concentrations of the
two species at the equivalence point. Going baaut pH calculation at 30 ml of acid, we have
the following values:

[BNH] = 1.12x10° M
[BNH;] = 0.05 M

Admittedly, theBNHj is a little less than 0.05 M, but the approximatice made when solving
the problem can still be used. If we evaluater#ti® of BNH, to BNH3, as shown below, we
find that 0.002% is BNEand 99.998% i8NHj; at the equivalence point. That says that this
titration procedure would be an effective way talsgtme the concentration of butylamine in the
initial solution.

1.12x10°¢

— 0
0.05 x 100 =10.00224%
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IN-CLASS SET #3
1. Calculate the pH of a 0.127 M solution of ascorbiacid (H,asc).

This is a new situation that we have not encoudtbsfore, since ascorbic acid (which is
vitamin C by the way) has two dissociable hydrogers. We can find this out by looking in the
table and seeing that two pKalues (4.30 and 11.82) are provided. The releresttions
needed to describe what happens in a solutioncoflaE acid in water are shown below.

H.asc + HO © Has¢ + H;O" Kar
Has¢ + HO © asé + HO' Kao

The problem we have is that there are two reactizatscan cause production of®f.

Remember that there is a small amount gdHn solution to begin with (IOM from the
dissociation of water), but like in other probleafsveak acids, we can assume that tg@H
produced by the dissociation of ascorbic acid kéllmuch larger than the amount there from the
dissociation of water.

The first step in understanding how to do this pepbis to write an expression fos®' in

terms of the other species that are produced wreeadcorbic acid dissociates. In other words,
we ought to be able to write an expression thaaguthe concentration og@&’ to the
concentrations of Hasand ast.

First consider the HaSspecies. If we look at the first reaction abatvehould be apparent that
one HO" occurs for each Hastound in solution. If this was the only reactitwat took place in
solution, we could therefore write:

[H30'] = [Hasc]

Next consider the a&tspecies. One way to think about this is to eovisi situation in which
all of the ascorbic acid dissociated into théafarm. Under this situation, we could write the
following reaction to describe this process.

H,asc = ast + 2 HO'
The important thing to note here is that twgOH occur for each adcfound in solution.
Similarly, if only a small amount of asds found in solution, as would occur in this saatof
ascorbic acid given the pKalues, it would still be the case that twegCH ions must occur for
each ast species found in solution.
[H30"] = 2[asé]

Note, there are two 40" for every ast. Substitute a “1” in for adcin the equation above and
you will get “2” for the HO".
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We can combine these two into one equation thatrithes the total concentration of®f in a
solution of ascorbic acid as follows:

[H30"] = [Hasc] + 2[asé]

What this means is that for each Hdecsolution we have ones®*, and for each a&cin
solution, we have two corresponding® ions.

The next critical step is to consider the relativ@gnitudes of these two terms. If we examine
the two pk, values for the ascorbic acid reactions, and cdrikiem to K, values, note that the
second reaction has a #alue that is about 1@imes smaller than the first. This means that the
extent of the second reaction is minimal compaoetthat of the first. In other words, the amount
of H;O" formed by the second reaction is insignificant pared to how much 3" is produced
by the first. This means that:

[Hasc] > 2[asé]
and we can use the following approximation to desdahis solution:
[H30"] = [Hasc]

In other words, we only need to consider the fiesiction to determine the pH of a solution of
ascorbic acid. Even though this looked initialkelit might be a complicated system, if we only
need to consider the first reaction, solving thisem is identical to what we have done earlier
when solving for the pH of a solution of a monopretcid. This raises the question of whether
we can always simplify such a problem down to amlg reaction. The answer depends in part
on the relative magnitudes of the twopkalues. If these two differed by two units (pk 3,
pKaz = 5), this represents a 100-fold difference ingktent of reaction and we can ignore the
second reaction. If you were to examine the typ&a values in the table for polyprotic acids,
you would notice that the relative values would @dtralways allow you to treat this comparable
to a monoprotic system. Only in a few instancesmthe two pKvalues are almost identical
would you need to treat this in a more complex neainy including both reactions in the
problem.

What we will find in general with polyprotic acidibe systems is that we can almost always find

one reaction that is significant and ignore thesptieactions in the series. As we examine more
problems of this variety, we will see how this vélpply to other situations.
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Now we can solve for the pH of this solution. Ndtet there are two important assumptions.
Because K is small, the value of x is small compared togteting concentration of Jdsc
(0.0127> x). Also, since khasc is a weak acid, the amount ofCH produced by dissociation of
the acid will be much larger than the starting @nication of HO" that exists due to the
autoprotolysis of water (% 107)

Hasc + KO e Hasc + HO"

Initial 0.127 0 18
Equilibrium 0.127 — x X X
Assumption 0.12% x x> 107
Approximation 0.127 X X

_ [Hasc™] [H;0']  (x)(x)

= =5.0x107
al [Hyasc] 0.127

X = [HsO'] = 2.510°
pH=2.6
Checking the approximation shows that this is valid

2.52x107

— 0
0127 x 100 =1.98%

As one final check that it was reasonable to igrleeesecond reaction, we can plug in the values
of [Hasc] and [HO'] calculated above into the Kexpression. That leads to an interesting
finding as seen below that [4§cequals K, Note how small this is, and therefore how little
extra HO" would come from the second reaction. Ignoring thiaction in the calculation of pH
was a valid thing to do.

[asc?~][H;07] _ [asc27](2.52x107)

=1.51x10"
[Hasc™] (2.52x107)

Ka2 =

[as¢] = 1.51x10™*2
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2. Calculate the pH of a 0.089 M solution of sodim carbonate.

The carbonate ion is part of the carbonic acidesystIf we look up carbonic acid in the table,
we find that it is a diprotic acid. The two egbiia are as follows. Also, looking at the twopK
values (6.35 and 10.33) we notice that there igpgmeciable difference between the two,
suggesting that it may well be necessary to conside of the two reactions in this problem.

H,CO; + HO © HCO; + H:O" Ka1
HCO; + HO © CO;~ + HO" Kaz

Before continuing, we need to know whether sodiambanate refers to NaHGOr NgCOs.
We will adopt a particular system in this courserfaming these types of species, but in this
case note that sodium carbonate refers €€ TheHCOj5 ion is known as the bicarbonate
ion and the species NaH@@ known as sodium bicarbonate (also known asnigasoda). The
name bicarbonate fégiCOj5 is not a systematic name, but a common name i®idh.

The naming system we will adopt can be demonstrfateithe phosphoric acid @ROy,) series of
reactions. Phosphoric acid has three dissociaflelen ions, leading to the following possible
species.

H3POy — phosphoric acid

NaH,POy — sodium dihydrogen phosphate
NapHPOy — disodium hydrogen phosphate
NagPOy — sodium phosphate

Note that the species sodium phosphate referstorth in which all the dissociable hydrogen
ions have been replaced with sodium cations. Thers contain a prefix that tells you how
many hydrogen atoms or sodium ions are involvetiensalt. You must be careful when using
or purchasing species like the intermediate omeedhe names given above may not be used.
Sometimes these are referred to as sodium phospinetebasic and sodium phosphate dibasic.
Presumably the label actually gives the formuléhstd you can be certain which species you
actually have.

If we go back to our solution of sodium carbon#tés means that we have 63~ species in
solution. Remember, if you add sodium carbonatedter, the ions will dissociate to produce
sodium ions and carbonate ions. Since the sodwrsithe cation of a strong base (sodium
hydroxide — NaOH), this species won’t form and $bdium ion is what we callspectator ion
(it effectively watches things but does not gebiwed in any important reactions). Since the
carbonate ion is the anion of a weak acid, it'sallt a base and we can write the following
reactions to describe what will occur in this swolnt

CO3™ + HO © HCO; + OH~ Ky, of Kaz

HCO; + M0 © H,CO; + OH™ Ko Of Kaz
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Because of the significant distinction betweentthe K, values, we only need to consider the
first reaction in the series above to calculatepiHe The amount of hydroxide produced by the
second reaction will be insignificant.

We can then treat this as a monobasic base, agzroeehave seen before.

CO3™ + HO e  HCO; + OH

Initial 0.089 0 0
Equilibrium 0.089 — x X X
Approximation 0.089 X X

Plugging this into the appropriate, Expression gives:

~ [HCO3J[OH] ()

— — — -4
® [cOTT] 0.080 21410

x = [OH™] = 4.36<10°
pOH = 2.37
pH = 11.63

The pH value of 11.63 seems reasonable sincestlaisolution of a base. Checking the
approximation shows that this was just under ourrlia

4.36x107

— 0
0.089 x 100 =4.9%
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3. Calculate the pH of a solution prepared by addig 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 idegtthe nature of potassium malonate. If we look
in the table we will find the species malonic ag@itgmal), a diprotic acid. Potassium malonate is
therefore the species;i®al. When you add this to water, you would get petassium cations
and the malonate ion (n¥9l. Since potassium is the cation of a strong lpe@ssium

hydroxide — KOH), it does not react in any way @&d spectator ion.

H,mal + HO © Hmal + HO" Ky = 1.4x10°3

Hmal + O © maf™ + HO" Ky = 2.0%10°

So the malonate ion is a base. We have added ¢hidrix acid, a strong acid to the solution.
The hydrochloric acid will therefore undergo a malization reaction with the malonate ion to
produce Hmal If it turns out that all the malgets used up in producing Hmahd there is still
an excess of hydrochloric acid, the additional bgttoric acid will then convert Hmato
Homal. Remember, a strong acid will always leachtorteutralization of a base. Hmahn act
as a base and accept another hydrogen ion to grbignal.

Next we need to calculate the moles offmahd hydrochloric acid that we have in solution.
Moles of maf™ (0.08 mol/L)(0.060 L) = 0.0048 moles
Moles of HCI: (0.10 mol/L)(0.030 L) = 0.0030 fes
The reaction that describes what will occur isa@®ivs:
maf~ + HO" e  Hmal

Initial 0.0048 mol 0.0030mol O
Neutralization 0.0018 mol O 0.0030 mol

Note that there are appreciable amounts of bothbeesrof a conjugate pair, which constitutes a
buffer. The only remaining question is whetherneed to consider the other reaction that can
occur for the Hmal

Hmal + HO © Hmal + OH™

It turns out that just like the case of ascorbid @ac sodium carbonate, there is so much
distinction between the K values for the two reatsithat we can ignore the second one and
only consider the mal/Hmal™ reaction in determining the pH. Since we haveféeb, we can
now use the appropriate Henderson-Hasselbalch ssiprefor K.

0.0018
0.0030

[malz_]
pH = pK,,+ log =5.696 + log ( ) =5.47

[Hmal ]
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If you go ahead and substitute the amount of HiewadlOH™ into the K;; expression, as shown
below, you see that the amount ghtl that forms is insignificant compared to the Hima
concentration and can be ignored.

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

[H30 = 3.3%10°

_ [Hmal "][H;0°] _ (0.0333)(3.39x10%)

=1.40x107
! [H,mal] [H,mal] 010

[Homal] = 8.06<10°
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4. Calculate the pH of a solution prepared by addig 55 ml of 0.098 M sodium phosphate
to 65 ml of 0.136 M phosphoric acid.

Phosphoric acid — PO,
Sodium phosphate  — BRO, (which dissociates tO; ")

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

HiPO, + HO © H,PO, + H30+ Ka1
H,PO; + H,O © HPO;  + HO" Kaz
HPO;” + HO © PO}~ + HO" Kas

What we need to realize here is thaPBy is an acid, anO;~ is a base. As such they will
react with each other according to the followingtnalization reaction.

HsPO, + PO;~ © H,PO; + HPO;~

If we use the Kfor HsPO, (7.11x10%) and the K for PO;~ (2.4<10?) and solve for K using our
established equation §K (KoxKp)/K,) we get a value of 110, a very large number. This
neutralization will go to completion.

We can also take this a step further. In almdstaases for a multistep equilibria system such as
this, we can anticipate that only one reactiorhefgeries will be important in determining the
pH. This does not happen in every situation (ke liater in the course we will see an example
where this does not rigorously work), but it doesshof the time. One expectation is that
eventually we will wind up with appreciable amouat$oth members of a conjugate pair,
which constitutes a buffer. The most straight fmvway of working with this problem is to
consider the moles of different chemicals thatpesent.

Moles of phosphate: (0.098 mol/L)(0.055 L) = @BB9 moles

Moles of phosphoric acid:  (0.136 mol/L)(0.065 L) 600884 moles

HsPO, + PO;” e  H,PO; + HPO;~
Initial 0.00884 0.00539 0 0
Neutralization 0.00345 0 0.00539 0.00539

As seen by the data, all of the phosphate R&¥; () has been used up in the solution. At this
point, which is still an intermediate one, it cah®elpful to put in boldface the three species that
are present in appreciable quantities in the swiuti
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HiPO, + HO © H,PO, + H30+ Ka1
H,PO; + H,O © HPO;  + HO" Kaz
HPO;” + HO © PO~ + HO' Kas

What we now need to examine is the possibilityrfentralization betweendRQ, andHPO; ™.
Note that the product consists of two equivalehth® specie$l, PO, .

HsPO, + HPO}™ © 2H,PO;

Evaluation of the Kfor this reaction involves the Kalue of HPO, (7.11x10°) and the K
value forHPO;~ (Kp, of Koz = 1.57&107). Using our established equation for evaluatingwe
get a value of 1.2210°, which is a large number. This neutralizatiorl eilsentially go to
completion.

We can now assess the moles of material productz ireaction.
HsPO, + HPO;” e 2H,PO;

Initial 0.00345 0.00539 0.00539
Neutralization 0 0.00194 0.01229

Be careful when calculating the amountbPO; in the final solution. There is an amount
already present (0.00539 moles) and we producesguovalents in the reaction above
(2 x 0.00345 moles), hence the total of 0.01229 molés,BO, .

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

HsPO, + HO © H,PO; + HO' Ka1
H,PO; + H,O © HPO; + HO" Kaz
HPO;” + HO © PO~ + HO' Kas

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

[HPO; 7]

pH=pK,+ log <m> =7.198 + log (

0.00194) -
0.01229/

It might be useful to check and make sure thatrigigathe other two reactions was a reasonable
thing to do.
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We can calculate the concentration @Piy using the expression for,KWe first need to
convert the moles of the different species to niipléor the subsequent calculations.

— 0.01229 mol 0102 M
ZE4 01200
(HPOZ-] - 0.00194 mol _ 0,016 M
4 0.120 L '
H,PO; |? 0.102)*
[H,PO; ] _ ) ~1.12x10°

n

" [H;PO,] [HPOZT]  (x)(0.016)
x = [HsPQy] = 5.8x10°

This is a very small quantity ofROy, So ignoring the Il reaction was justified. We can
calculate the amount ®0;~ using Kis

[POI7][H50"] _ (x)(3.98x107)

=4.17x10™8
[HPO?{] (0.016)

a3

x = [PO3 "] = 1.6810°®

Once again, we see that this is an exceptionalbllsjoantity that can be ignored. As has been
the pattern so far, in problems involving polypeaicids or bases, we see that only one reaction
is significant in determining the pH of the solutioThis situation will occur in almost all cases
for these reactions. The approach to these prabieno identify the important reaction and
solve for the pH using only that one, then useviiiges that are obtained to check that we could
ignore the other ones. Of course, if the, plues for the reactions are appreciably different
(value of 10 or greater), we would know aheadmgtthat only one reaction will be important.
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5. Calculate the pH of a 0.240 M solution of sodim bicarbonate (NaHCG).

This will dissociate to produce tl&CO5 ion, which is in the carbonic acid system.
H,CO; + H,O © HCO; + HO" Ka1
HCO; + HO © CO5~ + HO" Kaz

What we observe in this case is thati@0O5 is an intermediate and we essentially have “dll” o
an intermediate. Some small amount e€B; andCO3~ will form, since the two equilibrium
constants have finite values, but not enough bkeibne will form to constitute a buffer. The
bicarbonate ion has the ability to react as an @e@lction 2) or a base (reaction 1), and it might
be tempting to determine whether it's a strongé&t acbase (by comparing the relative
magnitude of K, to the K, of K1) and use that reaction to calculate the pH. Tiatson is

complicated by the fact that any®&0; andCO3~ that are formed can neutralize each other.

What we need to do in this case is write an exfpader [Hz0'] in terms of species in the
carbonate system. Remember, there is sog@e Bround from dissociation of water, however,
this value will be overcome by the carbonate systachcan be ignored in this calculation.

We need to realize that we have a IoH@fO5 in solution and consider what each of the
reactions above does to the concentrations6F'Hn solution. At the start, before the system

equilibrates, there is no,80; or CO3™.

If we look at the second reactiongK we see that for evelyO3 ™ that is produced we need to
produce one equivalent ok&". If this was the only reaction that occurredyduld allow us to
write the following expression:

[H30"] = [CO37]
If we look at the first reaction (§§), we see that in order to produce a molecule 6i®4, we
actually need to remove an® species. Therefore, every®D; that we find in the final
solution subtracts an3@". This would allow us to write:
[H30'] = -[H2COq]
BothCO3;~ and HCO; will be present in the final solution, so we cambine these two

equations and come up with the following expresséiorihe concentration of 40" in the final
solution:

[Hs0"] = [CO37] - [HCO

Now we need to do some algebra. First, rearrdmgatove expression into the following:

[HsO'] + [HoCO5] = [CO%T] 1)
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Now rearrange the X and K, expressions to solve them for{E0s] and [CO3~] respectively.

_ [HCO31[H;0'] _[HCOs][H;0] (2
I RGN [H,CO;] = K.,
_ [coiT][H;07] _1_ Kp[HCOS] ®)
K = [HCO3] [cos7]= [H,0"]

Substitute the expressions forfE0D;] and [CO3 7] into equation (1).

HCO31[H;0"] _ Ky[HCO;5] 4)
Ky [H;07]

[H;0'] + [

Multiply each side through by 4{H30"] to remove all terms from the denominator.
KalHs0']? + [HCO3 J[H30"]* = KaKad HCO3 ] (5)
Pull out an [HO"]? term from the left-hand side of the equation.
[H30'T(Kas+ [HCO3]) = KaiK o HCO3] (6)
Divide both sides by (k + [HCO5]) to give the following:

Kal Ka2 [HCOS’—] (7)
K+ [HCO5]

[H,0°] =

Now comes a critical assessment of the terms iném@minator, as we want to compare the
magnitude of k; to [HCO5]. Usually, we would anticipate that,Kis a fairly small number
since this is a weak acid. For example, in theenurproblem, K is 4.4%10°. Usually the
concentration of the intermediai@{O5 in this case) is fairly high (0.240 M in this casén
many situations the concentration of the intermed®a lot larger than the,Kalue.

[HCO3] > Ka1

In this case, we can ignore theg; i the term (K, + [HCO53]). That simplifies equation (7) to
the following:
Kal KaZ [HCO;] (8)

[HCO;5]

(1,07 =

Notice how the HCO5 ] terms now cancel out of the equation leaving:

[H30T? = Ka1 Kaz 9)
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Using the properties of logs, this expression canelwritten as follows:

= w (10)

There is a certain way in which this outcome seemmake sense. We stated at the onset that
one of the problems was that the bicarbonate ioidcact as an acid and a base. Thg;pilue
represents bicarbonate acting as a base, agd@tesents bicarbonate acting as an acid. This
equation essentially represents an average of thvesealues. That average will also reflect
whether the intermediate is more likely to actrased or base, as the pH of the final solution
will either be acidic or basic depending on the niagles of the two pKvalues. One other
wonderful aspect of the pH of this solution is tita$ independent of the concentration of
bicarbonate. Of course, we need to remember teahade an approximation to come up with
this simple form to get the pH. At very dilute centrations of intermediate, that approximation
breaks down and then the calculation becomes nwnplecated. We would need to use
equation (7) in that case.

In this case, we can now substitute in the twg y#ues for the carbonic acid system and
determine the pH:
_ pKy+pKp  6.35+1033

2 2

pH

The value of 8.34 is slightly basic. Perhaps nas surprising then that we could use a solution
of sodium bicarbonate as an antacid if a nightizdgs, tacos, jalapeno poppers, and tequila
sunrises (including the worm at the bottom of tb#lb) left our stomach with excess acid.
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It turns out that the generalized expression wesdérin this case, in which the pH was equal to
(pKa1 + pKa2)/2, can be applied to any intermediate in a paipracid system. For example,
consider the series of equations for phosphorig. aci

HsPO, + HO © H,PO; + HO" Ka1
H,PO; + H,O © HPO;  + HO" Kaz
HPO;™ + HO © PO} + HO' Kas

Suppose we had a solution that to a first approtianavas “all” sodium dihydrogen phosphate
(NaHPQy). This would dissolve to produég POy, the first intermediate in this series of
reactions. We can ignore the third reaction bez#usill be insignificant. We can perform a
derivation analogous to what we did for bicarboraatd would come up with the following
expression for the pH:

H= pKal—; pKaZ

Suppose instead we had a solution that to a fastaximation was “all” disodium hydrogen
phosphate (N&1POy). This would dissolve to produ¢&0; ", the second intermediate in this
series of reactions. In this case, we can igriweditst reaction and, doing a derivation
analogous to what we did for bicarbonate, we waolee up with the following expression for
the pH:

H= pKazJ; PKas

Something to note in this case is that if we exauithe comparable equation to equation (7), it
would look as follows:
KK [HPOZ ™|

Ko+ [HPOZ |

[H,07]=

Note that in this case, we are comparing the madaiof HPO; ] to K. Since Ky is always
smaller than k; (and usually much smaller), the likelihood that@e® ignore the magnitude of

K a2 relative to the concentration diPO3 ] is improved, allowing us to use this very straigh
forward way of calculating the pH.
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OUT OF CLASS ASSIGNMENT #4, PROBLEM 2

Starting with 30 ml of 0.1 M citric acid, calculatethe initial pH and the pH at each 5 ml
increment of 0.1 M NaOH until you are 10 ml past tle last equivalence point. Plot the data
and determine whether 99.9% of the citric acid haveen neutralized at the last equivalence
point. Also calculate the concentration of all spges in solution at the second equivalence
point.

It is worth examining this problem in some detailce we have not done anything exactly like it
in class. Essentially it consists of the titratafra polyprotic acid using a strong base. Citric
acid is a common buffer but is an interesting exarbpcause the first two pkalues are fairly
close to each other.

If we look in the table we find out that citric ddiHscit) is a triprotic acid. The following three
equilibrium reactions define the system.

Hscit + HO © Hycit™ + HO" Ky = 7.45%10%
H,cit” + HO © Hcit?™ + HO" Ky = 1.7%10°
Hcit™ + HO © citt™ + HO' Kas = 4.0%107

Even though the first two fvalues are fairly close to each other, we cahusté only the K;
expression to solve for the initial pH.

Hscit + HO e Hcit + HO' Ka1
Initial 0.1 0 0
Equilibrium 0.1-x X X
Approximation 0.1 X X

Mt 1[H0°] 00
al = [Hacit] =01 =7.45%x10

x = [HsO'] = 0.00863 pH = 2.06

If we check the approximation, it actually turng that the value is too high and that we should
have used a quadratic if we wanted the exact ansiuarthe value of 2.06 will suffice for now.

The next step is to consider what happens whertareaglding sodium hydroxide to the
solution. This will convert ktit into the other forms, and we can start the @ssdy assuming
it will occur in a stepwise manner (in other worHscit will be converted into btit™ by the base
until all the Hgit is used up, then 4dit™ will be converted into Hdt, etc.). This would allow us
to construct the chart shown in Table 3 of the molieeach species that would occur over the
course of the titration.
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Table 3. Moles of each species in the titration of ciaad (0.1 M, 30 ml) with NaOH (0.1M).

ml NaOH Hicit Hacit™ Hcit*™ cit® pH
0 0.0030mol O 0 0 2.06
5 0.0025 0.0005 0 0

10 0.0020 0.0010 0 0

15 0.0015 0.0015 0 0

20 0.0010 0.0020 0 0

25 0.0005 0.0025 0 0

30 0 0.0030 0 0

35 0 0.0025 0.0005 0

40 0 0.0020 0.0010 0

45 0 0.0015 0.0015 0

50 0 0.0010 0.0020 0

55 0 0.0005 0.0025 0

60 0 0 0.0030 0

65 0 0 0.0025 0.0005
70 0 0 0.0020 0.0010
75 0 0 0.0015 0.0015
80 0 0 0.0010 0.0020
85 0 0 0.0005 0.0025
90 0 0 0 0.0030
95 0 0 0 0.0030
100 0 0 0 0.0030

If we examine the increments from 5 ml to 25 ml,see that we have appreciable quantities of
Hscit and Hgcit™, which are both members of a conjugate pair. Tgson is a buffer solution
and the pH can be determined using. K

s ml He pK + log (L2 ) _ 5 gy (O'OOOS mOI) =2.43
ml: pHa=pK, T 10g [H3Ci‘[] T 08 0.0025 mol -

10 ml: H=pK, + log (29 ) _3 105 41 (0'0010m01> =2.83
ml: PH = pKylog | s : °810.0020 mol

15 ml: H=pK,+]1 [Hacit | =3.128 +1 (0'0015 mOI) =3.128
ml: pa = pK, T 10g [H3Ci‘[] oo 08 0.0015 mol I

Note that the pH at this increment isfaK

20 ml He okt log [L29]Y 5 oty (o.oozo mol) a3
ml: pH = pk, T log [Hicit] )~ 2100010 mol/) ~

25 ml: H = pK,+1 Haeit ) _ 3.128 +1 (0'0025 mOI) =3.83
mil: |y Pia 0og [H3Cit] ’ 08 0.0005 mol .
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30 ml: This is the first equivalence point, sinee have converted all of thes¢it to Hpcit™. At
this point we have “all” of the first intermediatd,cit™) and can calculate the pH using the
expression (pK+ pKy)/2

 pKa+pKyy  3.128+4.761

3.94
2 2

pH

If we examine the region from 35 to 55 ml, we hapereciable quantities of,eit” and Hcit, a
buffer solution based on K

[Heit*"] 0.0005 mol
35 ml: pH =pK,,+ log [Hzcit_] =4761+ log (m) =4.06
[Heit? "] 0.0010 mol
40 ml: pH =pK,,+ log [Hzcit_] =4.761 + log (m) =446
45 ml: H = prt og (L) 761 41 (0'0015 mOI) — 4761
me PRZPRa ™08\ 1 i) ) — ™ ©°210.0015 mol

Note that at this point, the pH is equal to,pK

<o R [Heit*] 7641 (0.0020 mol) 506
ml: pH = plapT l0g [Hycit™]) °8\0.0010 mol) ~
o S [Heit*"] 76l (0.0025 mol) s a6
ml: pH = PRy 108 [Hycit | : ©810.0005 mol '

60 ml: This is the second equivalence point, simeehave converted all of the¢it” to Heit.
At this point we have “all” of the second intermei (Hcit) and can calculate the pH using the
expression (pK+ pKg)/2

_ PKatpKay 476146396

2 2

pH

If we examine the region from 65 to 85 ml, we hapereciable quantities of Hiand cif’, a
buffer solution based onJK

[cit®] 0.0005 mol

05 mk PH =Pt log| 1y 5zmy ) 6390+ log (5025 ma1) =570
[cit®7] 0.0010 mol

70 ml: pH = pK 3+ log [Hcitz_] =6.396 + log (m) =6.09
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[cit® ] 0.0015 mol
75 ml: pH = pKa3+ log m =6.396 + log (m) =6.396

Note that at this point, the pH is equal to,pK

[cit® ] 0.0020 mol

80 ml: pH = pKa3+ IOg m =6.396 + log (m) =6.70
[cit®7] 0.0025 mol

85 ml: pH = pK 3+ log m =6.396 + log (m) =7.09

90 ml: This is the third equivalence point, simeehave converted all of the Htito cit™. To a
first approximation we only have &itin solution. This is a polybasic base, but aaee done
before, we only need to consider the first reactiothe series to calculate the pH. The relevant
reaction, which is the Kvalue of K3, is shown below.

cit*” + H,O = Hcit™ + OH™ Kp of Koz = 2.5¢10°
We need to calculate the concentration of ¢tat is present in solution, recognizing that the
titrant caused a dilution of the initial concentatof citric acid (30 ml of initial solution and9

ml of additional titrant).

Molarity of citrate = (0.0030 mol/0.120 L) = 0.0R5

cit®” + HO e Hci™ + OH

Initial 0.025 0 0
Equilibrium 0.025 —x X X
Approximation 0.025 X X
[Heit*"[[OH]  (x)(x) %
O ] 0.025 —2:5x10
x = [OH] = 2.5¢10°
pOH = 4.6 pH=9.4

Checking the approximation shows that it was valithis case. Note that the pH at this
equivalence point is basic, which is not surprisiimgce cit” is a base.

2.5%107
0.025

x100=0.1%
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95 ml: In this case we have a mixture of a strioage (NaOH) with a weaker base (citrate). The
extra amount of strong base (5 ml or 0.0005 malaspetermine the pH.

(OH] 0.0005 mol 4.0x107
= —_— = X
0.125 L '

pOH =24 pH=11.6

100 ml: Once again, the pH is determined by thewarhof extra strong base present in the
solution (10 ml or 0.0010 moles).

~0.0010 mol

- 3
[OH™]= =730 7%10

pOH =2.1 pH=11.9
We can now compile an entire chart (Table 4) ofdi@nges that occur over this titration:

Table 4. Calculated pH values for the titratiorcitfic acid (0.1 M, 30 mL) with NaOH (0.1 M).

ml NaOH Hicit Hacit™ Hcit? cit® pH

0 0.0030 m 0 0 0 2.06

5 0.0025 0.0005 0 0 2.43

10 0.0020 0.0010 0 0 2.83

15 0.0015 0.0015 0 0 3.128 @K
20 0.0010 0.0020 0 0 3.43

25 0.0005 0.0025 0 0 3.83

30 0 0.0030 0 0 3.94  (QKpKap)/2
35 0 0.0025 0.0005 0 4.06

40 0 0.0020 0.0010 0 4.46

45 0 0.0015 0.0015 0 4761 PK
50 0 0.0010 0.0020 0 5.06

55 0 0.0005 0.0025 0 5.46

60 0 0 0.0030 0 558  (QKpKag/2
65 0 0 0.0025 0.0005 5.70

70 0 0 0.0020 0.0010 6.09

75 0 0 0.0015 0.0015 6.396 (K
80 0 0 0.0010 0.0020 6.70

85 0 0 0.0005 0.0025 7.09

a0 0 0 0 0.0030 9.40

95 0 0 0 0.0030 11.60

100 0 0 0 0.0030 11.90
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It is especially helpful to plot these values verthe ml of titrant as shown in Figure 3.
15 -

H = pK,
pH=plz O
pH 10 7 pH = pK’:ll & &
5 - \’ o _ \ 3“Eq. Point
* 15 Eq 2" Eq. Point

. Point
0 T T T T T T
0 10 20 30 40 50 60 70 80 90 100

Titrant added (ml)
Figure 3. pH versus ml titrant for the titration of citracid (0.1 M, 30 mL) with NaOH (0.1 M).

There are several things worth noting in this plone is the way that the first two equivalence
points blend together and there are no clear brieatk® plot. The only equivalence point in this
titration that is readily observable is the thifthe other is to note that citric acid has a
significant buffer region that stretches from a@tabout 2.5 to 5.5. Citric acid is commonly
used as a buffer for this pH region.

It is also worth examining what would be observeda similar plot of a different triprotic acid.
The data in Table 5 is for an identical titratidrpbosphoric acid.

Table 5. pH values for the titration of phosphoric acidl(®, 30 ml) with NaOH (0.1 M).

ml NaOH HPO, pH

0 0.0030mol O 0 0 -

5 0.0025 0.0005 0 0 1.45

10 0.0020 0.0010 0 0 1.85

15 0.0015 0.0015 0 0 2.148 (@K
20 0.0010 0.0020 0 0 2.45

25 0.0005 0.0025 0 0 2.85

30 0 0.0030 0 0 4.673 (pKpKao)/2
35 0 0.0025 0.0005 0 6.50

40 0 0.0020 0.0010 0 6.90

45 0 0.0015 0.0015 0 7.198 PK
50 0 0.0010 0.0020 0 7.50

55 0 0.0005 0.0025 0 7.90

60 0 0 0.0030 0 9.789 (pKpKay)/2
65 0 0 0.0025 0.0005 11.68

70 0 0 0.0020 0.0010 12.08

75 0 0 0.0015 0.0015 12.38 (@K
80 0 0 0.0010 0.0020 12.68

85 0 0 0.0005 0.0025 -

90 0 0 0 0.0030 -

95 0 0 0 0.0030 11.60

100 0 0 0 0.0030 11.90



It is worth realizing that a few data points haeei omitted since there is a problem at the
beginning and again at about 75 ml of titrantthie early part, the acid is strong enough that a
fairly significant proportion dissociates. At tlater part of the titration, the base is so strong
that we really do not convert all of the HBQo PQ* as implied. Even with this problem, we
can examine a generalized plot for the titratioplodsphoric acid with sodium hydroxide
(Figure 4).

pPH = pKas
14
12 -
10 i pH = pKiZ
8 .
pH g\
6 - pH = pKa 2 Egléli\;l?lence
4 - 1 Equivalence
> Point
O T T T T T T T 1
0 10 20 30 40 50 60 70 80

Titrant added (mL)

Figure 4. pH versus ml titrant for the titration of phospicaacid (0.1 M, 30 mL) with NaOH
(0.1 M).

Note here that the first two equivalence pointsadn@ous, whereas the third equivalence point
will not be distinguishable because of the veryhhifas value. The concentration of citric or
phosphoric acid can be determined through a timatiith sodium hydroxide, provided you
realize which equivalence points can be succegsfutinitored during the titration.

Now we can examine the last two parts of the homkewooblem. The first is whether 99.9% of
the species is in the form Titat the third equivalence point. Going back todhkeulation at 90
ml of titrant, we determined that [&} was 0.025 M and [Hcif] was 2.5 16 M.

2.5x10° x 100 = 0.1%
0.025

If 0.1% is in the form Hcft, then 99.9% is in the form &itand it just makes it.

The other part of the problem was to calculatecthrecentration of all species in solution at the
second equivalence point. The first thing we ougtdo is compile a list of what all the species
are so we know what we have to calculate. In dtirgg we can ignore any spectator ions such
as sodium. That means there are six species vdoosentration we need to calculate.

Hacit Hocit™ Hcit®™ cit” H,O"
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Since we already calculated the pH of this solu(mb8), we can readily calculate the
concentration of D" andOH™.

[H30 = 2.63<10°

[OH] = 3.80<10°
We also said that to a first approximation it wal™Hcit*~ (0.0030 mol). With 30 ml of initial
solution and 60 ml of titrant, we have a total vokiof 90 ml.

[Hcit*] = 0.0030 mol/0.090 L = 0.033 M

Since we now have '] and [Hcif], we can use the appropriate é&pressions to calculate
the three other citrate species.

Use the I3 expression to calculate [k

_ [eit®T][H;0"] _ [eit®]2.63x10°)

3= =4.02x107
3 [Heit?"] 0.033
[cit*] = 0.005 M
Use the K, expression to calculate feit]:
Heit* |[H;07]  (0.033)(2.63x10°¢
2= [ II1:0°] _ 0033 ) 1733x10°

[Hzcitz_] [Hcitz_]
[Hocit] = 0.005 M

Using the value of btit™ that was just calculated, we can substitute ths the K;; expression
and calculate the concentration ofcH.

_ [Hyeit?7][H;0°]  (0.005)(2.63x107)
al = [Hcit] - [Hscit]

=7.45x10"

[Hacit] = 1.77 x 10°

One last set of things to examine are the calatiladues for [Hcit'], [Hcit?] and [cit].
[Hcit>] = 0.033 M
[H.cit] = 0.005 M

[cit>] = 0.005 M
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What we need to appreciate is that there is a pnoblith these numbers. We started this
calculation by claiming that “all” of the materiafs in the form of Hcft. What these
calculations show is that there are appreciableuasoof Hcit™ and cif™in solution. If these
two values were accurate, it would mean that tmeenotration of Hcft could only be 0.023 M.

Why does this happen? It has to do with how ctheek, values are for citric acid. The
approximation that we could examine this as a stpwmanner, where we proceeded from one
reaction to the other and that intermediates weesvehelmingly the predominant form at the
equivalence points, breaks down in this case becaiisow close the pialues are. The
interesting part of this is that the pH of the $ioln would be 5.58, and that we will get exactly
equivalent concentrations ob¢it™ and cit”, although they will not be exactly 0.005 M. In

reality, | do not think we would ever try to calaté the exact amount of each of these species at
a pH like this, although later in the course wegoigg to come back to the citric acid situation
and see a way to calculate the exact concentrafispecies present provided we know the pH.

One thing to keep in mind is that often times wendbuse equilibrium calculations to arrive at
exact values of substances. For one thing, coratenis are an approximation of activities and
this may not always be a good one. For anothenftea use equilibrium calculations to
provide ballpark values to let us know whether dipalar process we may be considering is
even feasible. In this case, for example, thekeegashow that we could never use the second
equivalence point in a citric acid titration for aseirement purposes. This does not mean that
citric acid cannot be used as a buffer, becauseqtiently is. However, if we prepare a citric
acid buffer (or any buffer), we do not rely on edited amounts to ensure that the pH is where
we want it, we use a pH meter to monitor the budfed use small amounts of a strong acid or
strong base to adjust the pH to the value we want.
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IN-CLASS PROBLEM SET #4

1. Calculate the concentration of free calcium(lljons in a solution prepared with initial
concentrations of calcium of 0.020 M and EDTA of 0.10 M.

This is our first example involving a water-solubhtetal complex. The general form of these
equations is that a metal ion (M) reacts with arig) (L) to form a water-soluble complex.

M(aq) + L(aq) © ML(aq) Ks

Usually we appreciate that these are all waterkdelspecies and omit the (aq) notation from the
equations. The general form of the equation isrretl to as a formation constant, hence the
notation kK for the equilibrium constant. If you examine tradues of Kin the table, you will

see that many of these are reasonably large valodact, because they are large, it is common
for tables to report the logkalue rather than thesKalue. It makes sense that many of these in
the table would have large values because peoplédvbe interested in metal complexes that
had relatively high formation constants if they wethto use them for analytical purposes.
Another thing to realize is that many ligands cammT a series of stepwise complexes with a
metal, as illustrated below.

M+ L e ML K
ML + L © ML, Ks2
ML, + L © MLs Ktz
MLz + L © MLy Kta

It is also worth examining what types of speciaxcfion as ligands. First, it's worth realizing

that the metal in these reactions is almost alveagation. Therefore, anions are one group of
compounds that have to be examined as possibledégalhe way to see if complexation occurs
is to determine all of the anions and metal ioag #xist in a particular solution, and then see if
any possible combination of a metal ion with aroarfias a value or values in the table of
formation constants. If any do, then that processds to be incorporated into any calculations

of equilibrium concentrations. One thing to natéhat every aqueous solution has some amount
of hydroxide ion, and many metal ions form watdibte complexes with hydroxide. The
presence of hydroxide ion therefore provides antadeél complication when assessing the
distribution of most metal species in solution.

Another thing to realize is that anions are alwgsconjugate bases of acids. In other words,
any anion has the potential to be protonated wiiidrogen ion. If the anion is the conjugate
base of a strong acid (halide, nitrate, perchlyraiben its concentration will not vary as a
function of pH because it will not be protonatedvater. If the anion is the conjugate base of a
weak acid, which is actually far more common, ttlenconcentration of the anion in water is a
function of the pH. This means that the compl@tatf the metal by the anion will depend on
the pH as well. What you might begin to realizevne that metal complexation in water is a
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complicated process that is influenced by the p#itae availability of different ligands. We
will see that there are a series of systematic w@gsldress metal complexation and handle all
of the simultaneous equilibria that occur.

The other large group of ligands are the nitrogeses. These are neutral ligands that have the
ability to form donor-acceptor complexes with thetat ion. The ligand acts as an electron-pair
donor, something we refer to as a Lewis base. pbiséive metal ion acts as an electron-pair
acceptor, something we refer to as a Lewis adidtu@ally, the Lewis acid-Lewis base
interaction also occurs for anions when they banché¢tals). For example, ammonia is a ligand
that forms water-soluble complexes with many mietag. Ethylenediamine is another
important nitrogen-containing ligand that forms gragoluble complexes with many metal ions.
In this case, what is particularly interestinghattboth nitrogen atoms bond to the metal ion at
the same time, forming what is called a chelatepier

H,
N
HQC/ \\
H,NCH,CH,NH, | M
HC
2 \N
Ho
Ethylenediamine Chelaten@iog

Anions can bond to metal ions in a chelate mansevedl. For example, the carboxylate ion
actually bonds to metal ions through a chelatengement of the two oxygen atoms.

o) (0)

I v
R—C—O \6/
Carboxylate ion ChelatenBimg

Another very important ligand is the species ethgthaminetetraacetic acid {EDTA or H4E).
EDTA is a tetraprotic acid that can act as a ligand form very stable chelate complexes with
metal ions. We have a table of¥alues for different EDTA complexes and note thate are
very large numbers. An interesting thing to realzthat we always think of the fully
deprotonated ligand (B as the species that actually forms the complkhe other forms (kE,
HsE~, H.E*, HE™) are not involved in the complexation. Note tthis is a general observation.

For example, in the phosphoric acid system, theispBO;~ would be the ligand, not the
partially protonatediPO;~ andH,PO3" species.

ﬁ ﬁ @M

HO——CH,C CH,C——OH

NCH,CH,N N—M=—0
v
HO—ﬁHzC/ \CHZC—-OH 0 (L
! I /

HEDTA Chelate bonding to a metal
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Note that one £ ligand has the ability to completely surround aahien and fill all of the
coordination sites simultaneously. It might be péing to think that this ability to fill all the

sites at one time accounts for the exceptionatlyddormation constants. In actuality, the large
formation constants are driven more by entropy gkan If we think about the nature of a metal
cation in water, we realize that the positive matalis surrounded by negative ends of water
molecules as shown below. In this picture, thegexyatoms of the water molecules are said to
be in the first coordination sphere of the metal id@his is typically what occurs with many
metal salts in water. The cation and anion sepdraim each other and are solvated by water.

OH,
WOH:
H;0— M=——O0H,
H,0
OH,

The reaction that we can now write to represenbtireding of B~ to a metal ion (M) is shown
below:

M(H,0),; + E~ © ME> + 6 HO

Note that the reaction side of the equation hasspezies, the product side has seven species.
There is considerably larger entropy associateld thié seven species on the product side, and
this huge gain in favorable entropy is what prityaaiccounts for the large formation constants
of metal complexes with EDTA. We will rarely writee metal ion aM(HZO)g and instead
simplify it to M*. But it's sometimes worth remembering that usrounded by some number
of water molecules. Also note that the ¥Epecies has a net charge of —3. Many of these
water-soluble complexes have a net charge, whigauihis responsible for their water solubility.

One last thing about EDTA. If you look in the stiwres shown in our table, you will see that
EDTA is actually a zwitterion in solution (See be&la neutral and zwitterionic form of EDTA).
What's important to realize is that it really does matter what form you write it in. Both forms
below have four dissociable protons. Both formgeha net neutral charge. Both can be
expressed asHDTA.

ﬁ ,C,) 0 0
HO——CH,C CH,C——OH -o—|c!H2c: /CHZ!D,—OH
NCH,CH,N *HNCH,CH,NH*
HO——CH,C CH,C——OH HO—CHZC/ CH,C——0O"
| I | |
o} o} 0 o]
H,EDTA HEDTA
(neutral) (zwitterion)
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In theory, it might actually be possible to protenboth nitrogen atoms of EDTA, producing a
species of the form ¢EDTAZ".

(0] (0]
HO—IC!HZC CHZ(,;!—OH
"HNCHZCHQNﬁ*
HO——CH,C CH,C——OH
I [
(0] (0]
HEDTA?"

This species does not occur because the first tatops are so acidic that, even if we dissolved
EDTA in a strong acid such as concentrated hydooithécid, it is doubtful that these sites
would be protonated. In water, at pH values of higher, we will never be able to put more
than four protons onto the EDTA.

Now we are ready to calculate the answer to tisé firoblem.

Calculate the concentration of free calcium(ll) ionin a solution prepared with initial
concentrations of calcium of 0.020 M and EDTA of 0.10 M.

In solving this problem, we will start under vergive circumstances. We will not consider any
other complexation of the calcium ion (for examlg something like hydroxide), and we have
been given a concentration of and do not need to worry about the pH of this i how we
got a concentration of 0.10 M, or whether protaratccurs.

The first thing to do is to write the reaction dadk up the relevant formation constant.

Ca&* + E- o CaBE” Ks = 5.0<10"°
What we see is that has a very large formationteois That means that this reaction will go to
completion. The approach to solving this problertoiallow it to go to completion, realizing
that one of the reagents will limit the amount ofquct that forms. Then we need to allow a

small amount of back reaction to occur. We carstrant the following chart.

ca&t o+ = o CaB”

Initial 0.020 M 0.10 M 0
Complete Reaction 0 0.08 0.02
Back Reaction X 0.08 + x 0.02 —x
Assumption 0.08 x 0.02> x
Approximation X 0.08 0.02

The approximation that 0.08 x and 0.02s> x is reasonable since the ¥alue is so large,
therefore the amount of back reaction will be exedy small.
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[CaE*"] 0.02

_ _ _ %1010
K [Ca®[[E*"] (x)(0.08) 3010

x = [C&"] = 5x10™

The amount of unreacted calcium ion is incredilohal. Obviously the approximations we
made were justified and we see how far these mactian go toward completion.

61



2. Calculate the concentration of free calcium(lljons in a solution prepared with initial
concentrations of calcium of 0.020 M and total EDT/Aof 0.10 M. The solution is buffered
at a pH of 2.

Now we have added a complicating factor. We witlarporate the fact that the EDTA has
several protonated forms, and that these formsndkpe the pH of the solution. Since only the
E* form bonds to the metal ion, protonated forms D& reduce the concentration of E
available for complexation. If very little*Eis available for complexation, very little of the
calcium ion will be complexed.

It is also worth realizing that, in most cases,deeknow the pH of a solution. One reason is
because we want a particular pH so we have preplaeesblution in a buffer. The other is that it
is very easy to measure the pH of a solution ugipgl meter, so if pH is a relevant issue, we
simply measure it.

The set of reactions below show what we now knollvagcur in this solution (note, we are
ignoring the possibility that the calcium can coexpWith hydroxide ion — more on that later).

ca® + =g o  CaB
)
HE"
)
HE*
)
HE™
)
H,E

The problem we face here is that the reaction wet tzaexamine is the ¢eaction for CaE. If

we want to use our established way of doing thiautation, we need to know the initial
amounts of C& and E~that we have in solution, but some of tHe lias been protonated and
we do not know how much we have. Also, we haveather problem. Suppose, in a solution
with a total amount of EDTA of 0.10 M, we could @alate how much of the EDTA was in the
E* form. We could conceivably allow this to compleith the C&", but we have an additional
source of EDTA (the HE, H,E*, HsE", and HE forms) that will redistribute to some extent and
provide additional amounts of E

There is a very interesting observation about aeise systems. It turns out that if we know the
pH of the solution, the fraction of the total tleaists in any one form is fixed. In other words,
the fraction of total EDTA that exists in thel] HsE~, H.E*", HE>, and B forms is only a
function of the pH of the solution. It does nopded on the total amount of EDTA in solution.
We refer to these fractions asvalues. We are usually interested in dhealue for the fully
deprotonated anion, since that is the form thatpteres with the metal. It's important to realize
that we can calculate-values for any of the species involved in a sesfagactions for a
polyprotic acid.
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It is worth showing that the fraction of EDTA thatists in solution as‘Eis only a function of
pH. This will also demonstrate the general procedoat we can use to calculatevalues.

First, write an expression for the fraction of EDTHat exists in solution as'E

[E*7]
[H,E] + [HsE™] + [H,E* "] + [HE®"] + [E*]

(XE4— =

Note that this is just the concentration 8f Bver the total EDTA in solution. The next stepais
take the reciprocal of this expression. Doing dbalow you to divide the equation into a set of
separate terms.
1 H4E
_ HE]
Olg4- [E ]

— 2— 3— 4—
,E] | [mET] [HET] [EY]
1 BT [EF] O [ET]
The next step is to use the ¥alues for EDTA to substitute in for each of théo terms. The

first one to examine is the ratio of [EH[E*], which we can obtain using only tha«
expression. Rearrangingas shown below gives the following term to subggitin.

HE> + H,O © E* + HO" Kaa
_ [E7][Hs07] [HE*"] _ [H;07]
“THET] ]~ K

Next we can evaluate an expression to substitufiar ift,E>J/[E*]. This will involve using the
Kaszand Ky, expression for EDTA. The easiest way to seeishig add up the kand Ky,
reactions. Remember, the equilibrium constanttferresulting reaction is the product of the

equilibrium constants for those added together.

HE> + O © HE + HO' Kag

HE + H,O © EY + HO' Kaa
HE> + 2HO © EY + 2H0" K = Koz Kas
e [T [mE] [0
a3 ™ad [HzEz—] [E4—] Ka3 Ka4

Perhaps by this point we see a pattern develogivgluating the [FEJ/[E*] term will require
the use of K, Kas and K4 and yield the following term:

:ET] M0
[E*] Ka2 Kaz Kag
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Similarly, evaluating the [§E]J/[E*] term will, which requires using 4 Kaz Kas and K, will
yield the following term:

E] [0
[E4_] Kal Ka2 Ka3 I<a4

The final result is shown below.

1 [mo N [H;0']’ N [H,0']° L o

= 1
ope- Koy Ko Koz Koy Kip K3 Kig Kas Kag Kas

What we see is that the only variable in this esgi@n is [HO'], so the fraction of EDTA that
exists in solution as*Eis only a function of the pH. There is no termtloe total amount of
EDTA in the equation, so that does not mattenly depends on the pH.

Similarly, we can evaluate the fraction of the otbigecies as a function of pH. For example,
let’'s begin the process of evaluating thealue of HE. The general procedure is the same as
used forag+-. The first step is to write the relevant equafimnH;E over the total.

[H4E]
H,E] + [H;E7] + [H,E*"| + [HE®"| + [E*]

Qe = [

The next step is to take the reciprocal and dithgeequation into separate terms.

1 [H,E] [H;E7]  [H,E*7]  [HE*T] [E*]

one  [ME | [HE] | [HE] | [E] | [HeE]

The next step is to use thg &xpressions to express each ratio in terms gd{Hand the K
values. | will not show all these rearrangemest® hbut doing them yields the following result
for 1/ay,s. You ought to try this and convince yourself ttras is correct.

— =1+
Ok [H:07] * [m,0] [0 [1,0']"

1 I<al I<al Ka2 I<al Ka2 Ka3 + I<al Ka2 Ka3 Ka4
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Similarly, we could write expressions, take recqaig, and evaluate the terms devalues for
HsE", HoEZ, and HE™. The full 1h-value expressions that would result for all of $pecies
involved in the EDTA system are shown below. Nob& characteristic patterns that result.

1

1 o7 N [1,0'] N [1,0']° L ol
Op4- Kal Ka2 Ka3 Ka4 KaZ Ka3 Ka4 Ka3 Ka4 I<al4

1 [0 N [1,0']  [H;0] e K
opes- Ky Koo Kys Ka2 Ka3 Kas [H3 O+]
1 [moT | [H0] L Ko, KaKu
aHzEZ_ Kal Ka2 Ka2 [H30+] [H?’()+]2
1 _ [H3 O+] +1+ Ka2+ + KaZ Ka32 + KaZ Ka3 Iia4
Ol E~ Kai [H3O ] [H3O+] [H3O+]
1 _ Kal Kal KaZ Kal Ka2 Ka3 Kal Ka2 Ka3 Ka4
=1+ - 2 3 4
O [H:0°] * [m07  [1,07] [1,07]

The other important thing to do withvalues is examine a plot afvalues versus pH for a
series of compounds. Examples are shown in Figdioe carbonic acid, phosphoric acid, and
citric acid.
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Citric Acid (pKvalues of 3.13, 4.76, and 5.41)

Figure 5. Plots of a-values as a function of pH for carlbbpphosphoric and citric acid.
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There are several important items to note abowsktlfigures on the previous page. At very low
pH, meaning highly acidic conditions, the fully pyoated forms predominate. At very high pH,
meaning highly basic conditions, the fully deprattad forms predominate. Since the
deprotonated forms are the ones that will bondetaimons, complexation of metal ions by
ligands is favored at more basic pH values. (Nwtecould do a similar plot ef-values for the
different forms of ethylenediamine, .E**, HEr", and En. Remembering that the neutral form,
En, is the one that complexes with metals, we weeklthat this form is favored at more basic
pH values). Atintermediate pH values, differariermediate forms increase and then diminish
as the pH is raised from acidic to basic conditioAsthe crossing points of two of thevalue
plots, we typically have a 50:50 mixture of a cagte pair. In other words, these crossing
points are the excellent buffer regions for thesgents.

Observe that the forms of the carbonic and phos$placid systems are very regularized. There
is some pH where only one species of the seriefoprmates and the concentrations of all
others are minimal. This is not the case withccacid. We see a somewhat unusual situation in
which at a pH of around 4 and 5, we see that thoit Hand Hcif~ forms respectively do not
reach 99%. At these points we find appreciablewartsoof the neighboring species. Also note
that the amounts of 4dit™ and cif~ present at the point at which Hcits maximized are exactly
equal to each other. The same thing occurs fotvtbeneighboring species at pH 4. This is a
rather rare occasion of having appreciable quastf three species from an acid-base system
present at the same time. The reason for thisuahlehavior is that the pKalues are very
close to each other. (Note: pHn this chart is reportedly 5.41, which is diffete¢han the value
of 6.396 in our table of K values!) We have algadamined citric acid when it was titrated
with sodium hydroxide and introduced its somewmataual behavior. The plot afvalues

really points out the effects of having close,pilues and how this influences the
concentrations of species in solution.

We are now in a position to finally see how to irpmrate aru-value into the calculation
involving complexation of Cd by E* at a pH of 2. Write the formation constant exgi@s and
recognize that we can substitute in for th&]Erm.

ca&* + E- o CaE” Ks

_ [CaE*"]
ST

[E4_] = (1E4— [E]TOT
Substituting the [fE] expression into the Kequation gives the following:

[CaEZ_]
[Ca2+] ogs-[Eltor

Kf=
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Theog+- term is a constant, since the pH is known, andaverearrange the expression into the
following:
(K)o - A

Ops-) = —57———
vLE [Ca®*][Elror
(K¢) (age-) is something we call eonditional constant (Kconp). Why a conditional constant?
It turns out that the pH is a “condition” in thiglstion that influences the concentration and
availability of E. Incorporating thei-value into the conditional constant will allow tasassess
whether it is likely that the Gawill complex with the B~ The conditional constants for the
complexation of C& with E* are shown in Table 6 as a function of pH. Whaneed to do is
calculate the conditional constant, and then exantgnmagnitude. If the conditional constant is
large, the reaction goes to completion. If thedittonal constant is small, the reaction does not
go to completion.

Table 6. Conditional constants for the complexation of ‘Geith E*.

pH Olpt- (Kp) (ape-) Extent of reaction
1 3.6610%8 1.8310" Very small

2 2.00c10* 1.00<10° Fairly small

3 1.6x10™ 0.805 Intermediate

4 2.4810° 1.2410° Intermediate

5 2.4%10’ 1.2410° Close to completion
6 1.6%10° 8.35¢1¢° Completion

7 3.8%10* 1.95¢10 Completion

8 4.4%10° 2.2410° Completion

9 4.36:107 2.18&10° Completion

10 0.314 1.5710% Completion

11 0.820 4.1010'° Completion

12 0.979 4.9010'° Completion

13 0.998 4.9910'° Completion

Note how the reaction, based on the magnitudeeo€dmditional constant, goes further to
completion as the pH is made more basic. At vergiapH values, very little reaction occurs.
Also note that the conditional constant is largeatpH of 6, even though tlevalue for the &
is still fairly small (1.6%10°). This shows how the very large formation conisfan10'%) leads
to formation of the complex (as thé Bs used up, we have a source of additiofaf®m the
protonated E species BEH,E*", HsE", and HE). But also note, the-values for the E species
do not change as long as the pH remains fixe&* Ifis removed by complexation, some new
E* will form to maintain the same distribution @fvalues for all of the E species.
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If we have the expression:

[CaE*"]

(Kp)(ops-) = WTTOT

We could write this as belonging to the followirgaction. Note that the procedure we use
assumes that only a small amount of reaction ocince the conditional constant is only
1x10°,

C&” + FBor © CaB  Keonn= (Kp)(ope-) = 1x10°

Initial 0.02 0.10 0
Equilibrium 0.02 —x 0.10 — x X
Approximation 0.02 0.10 X

Substitute these in to calculate the value of f[ClaE

[CaE*"]

= =1x -3
Kconp [C [iE] 1x10

or (0.02)(0.1)

x = [CaE] = 2x10°

Checking the approximation shows that it was védidssume that very little of the €and E~
complexes.
2x107°

— 0
0.02 x 100 =0.01%

Let’s also consider how we would handle this iflve&l a pH with a large conditional constant.
For example, consider the situation at pH 6. i thse, we treat it assuming that the reaction
goes to completion and that some back reactiondbeurs.

ca* + Eor © CaE" Kcono = 8.3510°
Initial 0.02 0.10 0
Completion 0 0.08 0.02
Back reaction X 0.08 + x 0.02 —x
Approximation X 0.08 0.02

Substituting this in gives the following conceniwatof free calcium ion. This concentration is
very low such that we know the approximations vwexid.
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[CaE*"]  0.02

= = X 6
[C Bl G0008) o> 1

Kconp =

x = [C&"] = 2.99<10°®

An important thing to notice is that the total centration of EDTA drops in this process
because some of it reacts with thé'Qa form the complex. Remember thati{&]refers only
to those forms of EDTA that are not complexed v@#i* and does not include the complexed
form (CaE").

There is one other aspect to this problem we havget considered. That is whether calcium
can complex with the hydroxide ion and whether toisiplexation is significant enough to alter
any of the results we have seen before regardingplexation of C&" by E*. Looking in the

table of formation constants indicates that calcians can complex with hydroxide according to
the following equation. Since only one ¥alue is listed, it is only a one-step process ight
also notice that it’s a fairly small associatiomstant, so that we might anticipate that this
reaction would never represent that much of anference in the complexation of €avith E*.

cd&" + OH™ © Ca(OHJ Ki = 1.9%10
We can couple this process into the overall schasrghown below:

cg® + B e CaBE
OH g 0
Ca(OH) HE®
)
HE>
)
HE™
)
H,E

The approach we will use is analogous to that epgolavith the protonation of'E If we know
the concentration of ligand, it is possible to adtea-values for the uncomplexed metal ion
and the metal-ligand species. In this case ofdwide ion, the concentration is known and fixed
provided the pH is known and fixed. With othemlngls, we may need to assess whether the
initial ligand concentration we are provided rensdimed. In some cases, the ligand will
complex with the metal and this causes the conagaitrto drop from its initial value, changing
thea-values that were calculated.

For the situation in this problem, we need to dal&. . »+. We do this by setting up a ratio of

Cd" to the total of other calcium species. Therenis inportant thing to realize in setting up
this ratio. We only want to look at the distrilmrtiof calcium species in the set of reactions
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involving complexation with hydroxide ion. We tleéore do not include C&Eas a term in the
ratio.
[Ca™]

P = [Ca(OH) | + [Ca® ]

The next step is to take the reciprocal, and dithgeequation into a series of separate terms.

1 [Ca(OH)'] N [Ca*]

0,2+ - [Ca%] [Ca%]

We can now use theslexpression to substitute in for the first ternthis equation. Using #or
complexation of C& with hydroxide, we get as follows:

cd&" + OH™ © Ca(OHJ Ki = 1.99%10

__[caony]
" [ca®'][oH7]
Rearrange the #expression as follows:

[Ca(OH)']

[Ca2+] - Kf[OH_]

Substitute this into the d/ > expression to get:

= KJOHT] + 1
OLCaz+

What we see is that the fraction of calcium thastsxas C& only depends on thesKalue and
the concentration of ligand (hydroxide in this gasé&/e could also write the following
expression:

[Ca”] = (Xca2+[Ca]TOT

Remember, [Capr = [C&'] + [Ca(OH)T] in this expression.

We can substitute this into our original épression for the complexation of‘Caith E*, just
as we did previously to account for the protonatb&DTA as a function of pH.

Ca" + E- & CaE
[CaE*"]

G
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[CaE*"]

Ke= (a2 [Calror)(ags-[Elror)
.  [caE*]
(K2 )0) = Tear TElvor

This provides a conditional constdit )(a,2+)(0z-) that incorporates both conditions that are
present: protonation of thé"Eand complexation of Gaby hydroxide ion. This conditional
constant is essentially the equilibrium constantlie following reaction:

[Calror + [Elor © CaE~

What we then need to do is examine the magnitudei®tonditional constant to assess whether
the complexation of calcium with EDTA will occur.

Table 7 is a compilation af;+-, a2+, conditional constants, and extent of reactiortlfics
entire process as a function of pH.

Table 7. Conditional constants for the complexation of ‘Geith E*"

pH Olpa- Olpg2t (Kp) (oge-) (0,2+) Extent of reaction
1 3.66<1078 1 1.8%10" Very small

2 2.00<10* 1 1.06:10° Fairly small

3 1.61x10™ 1 0.805 Intermediate

4 2.4&10° 1 1.2410° Intermediate

5 2.47X10; 1 1.241g Close to completion
6 1.6410 1 8.351 Completion

7 3.8%10" 1 1.9510 Completion

8 4.4%10° 1 2.2410° Completion

9 4.36:10? 1 2.1810° Completion

10  0.314 0.998 1.510' Completion

11  0.820 0.980 4.620% Completion

12 0.979 0.834 4.690"° Completion

13 0.998 0.334 1.610" Completion

First, let's consider the situation at pH 2. The:+ value is 1, which means that essentially none
of the C&" is complexed with the hydroxide ion. This makesse since there is a very low

level of hydroxide ion at pH 2Q[H ] = 10 and because the; Kalue for calcium

complexation with hydroxide is not that large. Tdoenplexation of calcium by hydroxide has

no significant effect on the system at this pH. te pH becomes more basic, notice hQyg-
eventually falls below 1. This means that som#hefcalcium ion will complex with hydroxide.
But if we examine the overall conditional constam, also see that there is so muéh E

available at the more basic pH values, that congier with hydroxide is never sufficient
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enough to overcome the complexation of ‘Gaith the E™. It would take a much larger; Kalue
for complexation of C& with hydroxide for this reaction to compete wikie treaction with £.

Calcium ion in tap water forms an insoluble preteif@ with soap molecules and prevents the
formation of lots of suds. Because it's hard tbsyels when a high concentration of calcium ion
is present, the water is referred to as “hard Wwat€he classic procedure for analyzing the
calcium concentration in hard water is to perfortitration with EDTA. The solution is

buffered at a pH of 10 to ensure that there is detegomplexation of the calcium with the
EDTA. The conditional constants in the table absivew the reason why a pH of 10 is used.

One last thing we need to consider is how we wbalddle a metal complex in which there were
multiple formation constants. For example, if weK up the complexation of Edwith

hydroxide, we see that there are four steps iptbeess and that the Kalues are larger than

the one with CH. If we had substituted Gtifor C&£" in the problem above, the competing
complexation of Ctf with hydroxide might have had more of an influencethe complexation

of Cd?* with E*. Of course, we also need to examine the comptexaf Cd™* with E*, which

has a Kvalue of 3.1610" from the table.

The relevant equilibria for Gdin this case are as follows:

Cd* + OH™ & Cd(OHY Kot
Cd(OH) + OH™ © Cd(OH) K2
Cd(OH) + OH™ e Cd(OH); Kz
Cd(OH); + OH™ & Cd(OH); K
The evaluation oé,. .+ would involve the initial equation shown below:

) [C d2+]
“ed® ~ [Cd(OH)Z | + [CA(OH); ] + [Cd(OH),] + [Cd(OH) ] + [Cd ]

Taking the reciprocal leads to the following terms:

1 [cdon);"] = [cd©oH);]  [cd(OH),] [cdom)]  [cd*]
Ot - [Cd2+] [Cd2+] [Cd2+] [Cd2+] [Cd2+]

Using the K expressions for the complexation of?dith hydroxide, each ratio can be
evaluated in terms ofalues and()H ], leading to the following equation.

1

.~ KnKpKp Kyu[OHT]* + Ky Kpp K5[OHT]® + Ky Kp[OHT]? + K [OHT] + 1
Cd2+
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[CdE*"]

KX ) = fegr - TElvor

Evaluation of a similar set of conditional consgsaover the entire pH range for the complexation
of Cd?* with E* leads to the set of data in Table 8.

Table 8. Conditional constants for the complexation of Gaiith E*.

pH - Ol g2t (Kp (o2 )(oga-) Extent of reaction
1 3.66<10*8 1 1.26:10* Intermediate

2 2.00<10* 1 6.3%10° Intermediate

3 1.61X10;1 1 5.0910? Close to completion
4 24810 1 7.8410 Completion

5 2.4%10’ 1 7.8%10° Completion

6 1.6%10° 1 5.2810" Completion

7 3.8%10* 0.998 1.2810" Completion

8 4.4%10° 0.980 1.3810* Completion

9 4.36<10? 0.830 1.1410% Completion

10  0.314 0.284 2.810" Completion

11  0.820 1.09102 2.8x10" Completion

12 0.979 2.8410° 8.79%10™ Completion

13 0.998 8.3010° 2.610° Completion

If we compare this data to that forCave see that a much higher proportion of thé&"@d
complexed with hydroxide ion at the more basic @iugs. The complexation with hydroxide is
sufficient enough at pH 12 and 13 to significamdhyer the conditional constant compared to the
maximum at pH 10. Nevertheless, the complexatfd®d3" by the EDTA is still complete at pH
12 and 13 because of such a high formation constant

What we see for a species like®Cs some optimum pH for complexation with EDTA. lAtv
pH, protonation of the EDTA reduces the extentahplexation. At high pH, complexation of
the Cd* with hydroxide competes with the EDTA to some aktdf we wanted to perform an
analysis of C8" using EDTA, we would buffer the solution at the fitat produces the
maximum conditional constant, which is at a pH 0f 1
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MASS AND CHARGE BALANCES

Sometimes when performing a calculation conceraipgocess at chemical equilibrium there

are no simplifying assumptions that can be mafléhelsystem is a relatively simple one, like

the dissolution of a weak acid or base in water ftoblem can be answered by solving a
guadratic formula. At other times, the problem barconsiderably more complex with many
more species found in the solution. In such atairee the problem usually must be answered by
writing and solving a set of simultaneous equations determine the number of equations
needed, one must first determine the number of awks in the solution. As an example,
consider the first problem that we solved in tloarse, a solution of ammonia in water. It turns
out that in this case, there are four unknownsénsolution.

Ammonia NH
Ammonium ion NH,
Hydronium ion HO"
Hydroxide ion OH™

Did we use four equations to solve this? We ubedt for ammonia and the JKfor water
(remember, using the,Kwe ended up calculating the pOH, which we thenveded to pH
using K,). A third equation we used (probably without yealizing it) is what is known as a
mass balance In this case, if we were told that the initiahcentration of ammonia was
0.10 M, we wrote an expression for the final cotiaion as (0.10 — x). Another way of saying
this is:

[NHz]rina + [NHi]Final = [NHs]mitar = 0.10 M.

Before going on, convince yourself that the equa#bove is correct.

The fourth equation we used to solve the problem twaay that the concentration of
ammonium ion in the final solution equaled the @orication of hydroxide ion (remember, we
assumed that the initial amount of hydroxide iors wmall compared to what was produced by
the reaction of the ammonia).

[NHX] Final = [OH " ]Final
This equation is known ascharge balance It is important to realize that all solutions shbe
electrically neutral; that is, for every substant@ositive charge there must be an equivalent
amount of negative charge to balance it out. mething dissolves in water and produces
positive ions, then there must be negative ionaraddo balance them out.
It is also worth pointing out that the equationwhabove is not really the entire charge balance

for that solution, (we ignored some original hyddexand hydronium ion in solution). The
exact form would actually be:

[NHX] Final T [H3O+] Final = [OH_]FinaI
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When faced with a problem requiring a set of siam#ous equations, in addition to all of the
relevant equilibrium constant expressions, the raasischarge balances are usually needed to
come up with as many equations as there are unksiown

Consider another example, that of dissolving sodagetate in water to make up a 0.10 M
solution. We can write two mass balance expression

[Na']=0.10 M

Remember that the sodium acetate will dissocidteiisa component ions. The sodium ion does
not undergo any reaction with water, but acetatsdo produce acetic acid. The concentration
of acetic acid in the final solution will drop b&ld.10 M, but the total of the two species must
equal 0.10 M, the initial amount that was put istdution.

[Acetic acid] + [acetate] = 0.10 M

The charge balance must account for all positicegrged (sodium and hydronium ions) and
negatively charged (acetate and hydroxide iong)iepén solution. We can only write one
complete charge balance for a solution.

[Na'] + [H30'] = [acetate] + QH]

Charge balances get interesting when one of theehas a charge greater than one. If you
consider calcium(ll)chloride (Cagl note that two chloride ions result for each icafcion.

CaCh = C&" + 2Cr

The charge balance for a solution of calcium cheih water is written as follows (assuming
that neither calcium nor chloride ions undergo exactions with water, hydronium, or
hydroxide).

2[C&"] + [H30"] = [CI] + [OH]

You must convince yourself that the above equatiois correct, especially that the
concentration of calcium ion should be multiplied ly two. Many people are initially troubled
that the (2+) ion gets multiplied by two, sincettiaems counter-intuitive. What you must
realize is that the equation actually equates aunatons of species in solution. Leave out the
hydronium and hydroxide ions from the equation, aotice again in the reaction written above,
that for every one calcium ion there are two cldeiions produced. If you plug in a 1 for
calcium in the charge balance equation, you wél that the concentration of chloride calculates
to be 2. Once you appreciate that the coeffidemt the right place, you may also appreciate
that this can be generalized. The concentratianabn with a charge of (3—) will be multiplied
by 3, the concentration of an ion with a chargéef) will be multiplied by 4, etc. Knowing

how to write mass and charge balances correctyci#tical skill to have when solving
equilibrium problems.
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IN-CLASS PROBLEM SET #5
Calculate the solubility of lead(Il)phosphate underthe following constraints.

SOLUBILITY: For our purposes, the solubility of a substance is defined as the moles of
the solid that will dissolve in one liter of solutn.

a) No other simultaneous equilibria occur.

The first step in a problem like this is to writeetrelevant reaction that describes the process.
This involves the solubility of a sparingly soluldebstance. Reactions of sparingly soluble
substances are always written with the solid orréletant side and the dissolved ions on the
product side.

Pky(PQy),(s) © 3PB*(aq) + 20O;™ (aq) Kep = 8.1x10°%
The equilibrium expression for this reaction isttemn as follows:
Ksp= [PET°[PO; ]

and is known as the solubility product. Note tiat solid does not appear in the equilibrium
constant expression.

The way to solve this problem is to write two exgsiens for the solubility (S), one in terms of
lead ion, the other in terms of phosphate ion. Weaneed to consider is that the only way we
get lead or phosphate ions in solution is to haweesof the lead phosphate dissolve.
Remember, solubility refers to the moles of sdtidttdissolve in a liter of solution.

If we consider the equation, one thing we wouldiseébat for every one molecule of solid lead
phosphate that dissolves, we get three lead i®hss leads to the following expression for

solubility:
[Pb™]

5=

or [Pb%] =3S

Before we continue, we need to make sure thanthises sense. Remember, S is a measure of
the number of lead phosphate molecules that diesald if we have three lead ions, only one
lead phosphate has dissolved. If{Pk 3, S = 1 in the above equation.

We can write a similar equation for phosphate k@gping in mind that for every one molecule
of solid lead phosphate that dissolves, we getglaasphate ions.

S= or [PO;7] =28
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We can now substitute these two solubility expa@ssinto the I, expression:
Ksp= [PE°[PO}]? = (3Sf(2SY = 108S
S =2.3%10"

So this is a sparingly soluble material and we tavexceptionally low solubility.

b) Calculate the solubility at pH 3.

Now you need to consider the protonation of phosptieat can occur. If we look back at the
Ksp €xpression, we notice that it only contains leadand phosphate ion. Protonation of the
phosphate will reduce the concentration of phospimasolution, thereby causing more of the
lead phosphate to dissolve based on Le Chéateperisiple.

Pk(PQ), © 3PH" + P03~
)

HPO;~
)

H,PO;
)

RPO,

The problem with trying to solve this is that wertat know the concentration of phosphate
(PO;™) because it no longer relates directly to the amofilead in solution. Once again, the
way to approach solving this is to write two exgiess for the solubility, one in terms of lead
ion, the other in terms of phosphate species.

The situation for lead has not changed from paro{ahis problem, so we have the same
expression for solubility for lead.

P 2+
S= [ 2 ] or [Pb>*] =3S

For phosphate, we know that the only source of phat is by dissolution of lead phosphate. If
there was a way for us to find the total amourdlbphosphate species in solution, we could
relate that back to the amount of lead phosphaitehidd to dissolve. This leads to the following
expression relating the concentrations of phospsageies to solubility:

[H;PO,] + [H,PO;] + [HPO3™] + [PO;™]  [PO4l10r

2 2

[PO4]ror = 25
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But we also know the following:
[PO;7] = 0po3-[POs]tor

Since we were told the pH of this solution, we immathat we can evaluate thevalue and it's a
fixed number. We can then substitute in from thialsility expression above to get:

[PO;7] = Opo3-(2S)

If we now substitute the terms for [Ppand [Poi_] back into the K, expression, we get the
following equation:

Ksp = [PEFITTPO;7]” = (3SfTap0:-(28)]°
Ksp= 108§(aP03_)2 = 8.1x10%

We now need to evaluaﬂx;oi— at a pH of 3. The form of thedtialue expression is as follows:

1 [mo N [1,0"]° N [H,0'] N

= 1
I<al Ka2 Ka3 Ka2 Ka3 Ka3

Opo3-
Substituting in for [HO'] and the K values gives an-value of 2.31510"* at a pH of 3.
Putting this value into the gexpression above gives a final solubility of:

S =6.7%10°

At this point, it would be worthwhile comparing teelubility in part (a) (no competing
equilibria) to the solubility at pH 3.

(a) S=2.3710"
(b) S=6.7510°

Notice how the solubility is much higher at pHBhis is reasonable since protonation of the
phosphate ion was expected to increase the sajubilhis trend points out an important aspect
of the solubility of metal ions. Assuming that gén@on of the solid is the anion of a weak acid,
lowering the pH of the solution will cause a higlegtent of protonation of the anion and
increase the solubility of the solid.

In general, the solubility of sparingly soluble stances increases with the acidity of the water.
It turns out that this is one of the principle cents of acid rain. Acid rain into unbuffered
natural waters raises the acidity (lowers the pHhe water. The higher acidity causes solid
metal salts and minerals in the lake or river lmedissolve at higher levels. For example, there
are lakes with poor buffering in which the impattoid rain has increased the levels of
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dissolved aluminum ion (AT). Aluminum ion is known to form a highly insolebtomplex
with hydroxide ion [Al(OH}, Ksp = 2.2010%. Obviously the solubility of this complex is
critically dependent on pH. At acidic pH valudsyill dissolve because hydroxide is low. At
neutral to basic pH, it will precipitate because ktydroxide level becomes high enough.
Aluminum hydroxide is a very gelatinous solid tlesometimes used as a sticky flocculent in
water treatment processes (undesirable impurisissreially stick to this material and slowly
settle out with it). When the fish take the wdtepugh their gills (which are at a pH of 7.4) to
remove the dissolved oxygen, the pH of the watereimses and the aluminum ion now
precipitates out as aluminum hydroxide. The getats precipitate clogs up the gills of the fish
and actually causes the fish to die of suffocatidhe fish deaths that have occurred in some
lakes heavily impacted by acid rain are attribugdblthis phenomenon.

c) Now you realize for the solution in part (b) tlat lead can form soluble hydroxide
complexes. Incorporate these into the expression.

The scheme below shows the total set of reacthmatsoiccur in this solution.

Py(PQ), © 3P+ 203

g 0
Pb(OH) HPOZ™

g 0
Pb(OR) H,PO;

(i 0
Pb(OH); HsPOy

The approach in this case is going to be analogpudat we just did for the protonation of the
phosphate ion. We know the concentration of hydi®kecause the pH is known. This enables
us to calculate am,, .+ value and incorporate that into the, Kxpression.

The next step is to write two expressions for thlealslity, one in terms of lead species, the other
in terms of phosphate species.

The equation in terms of phosphate is identicathat was just done in part (b).

PO
S= [;ﬂ [PO4lror =28

[PO37] = po3-[POdlror = ap3-(25)
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The equation for lead is as follows:

[Pb>"] + [Pb(OH) '] + [Pb(OH), | + [Pb(OH);]  [Pblor

3 3

[Pblror = 3S

[P*] = o2+ [Pblror = a2+ (3S)

Evaluation ofoy, >+ is done by writing the ratio of Pbover the total, taking the reciprocal so that
there is a set of individual terms, and then u#iregk; expressions for lead complexation with
hydroxide to substitute in for each of the ternige final equation for &, .+ is shown below.

1

(XPb2+

=Ky Kp K[OH™]? + K¢y Kp[OHT]* + K [OHT] + 1

Evaluation ofa,, >+ at a pH of 3 gives a value of 0.999984. So vitig lof the lead actually

complexes with hydroxide, which should not be thaprising given the small amount of
hydroxide ion in solution at pH 3.

Above we have expressions for fand [PO;™] that are in terms af-values and S. These can
be substituted into thegj{expression to give the following:

Ksp= [PFIIPO;1? = [0y (3S)Flotp- (2S)F = 8.1x10°

8.1x10%" = 108§(anz+)3(aPOz-)2

S =6.7%10°

If we compare this to the answer in part (b), ihtuout that the two are the same. This means
that so little lead complexes with the hydroxide & pH 3 that it does not lead to any increase
in the solubility. If we were to make the solutioore basic, complexation of lead by hydroxide
would become more important. But also note thatgoration of the phosphate would become
less important, so the overall solubility is a Inak between two processes that influence the
solubility in opposite ways as a function of pH.h&Ywe might well observe for lead phosphate
is that its solubility is smallest at some interma¢el pH. At low pH, protonation of the
phosphate increases the solubility. At high pHnptexation of lead with hydroxide increases
the solubility. If we wanted to use precipitatioinlead phosphate as a way to analyze lead (say
by collecting the precipitate by filtration and \king) or remove lead from a solution, we
would need to perform a calculation over the erglierange to find the best value for
precipitation of the most amount of material.
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d) Reuvisit problem (a). What is the actual solullity of lead phosphate in unbuffered water
given that other equilibria will simultaneously ocair?

This is a difficult situation because we know thatlroxide complexes of lead can form and that
protonation of phosphate can occur, but it doeseein like we can usevalues because we
really do not know the pH. The best approach mioghto try some simplifying treatments to see
if anything will work.

One thing we could do is assume that the pH ofvder is 7, and that dissolving of the lead
phosphate does not change it. If that were the, s should evaluate,,oz_ at pH 7 to see what

fraction of the phosphate stays in this form. Ha#bn Of“poi- at pH 7 gives a value of
1.62<10°. This means that only a small fraction of thegyitmte species will exist 893~ and
more of it will be protonated. The protonation ke possibility of changing the pH enough
from 7 to make a difference. Similarly, if we evafeo., .- at a pH of 7 we get a value of 0.864,
so some lead complexes as well. If we go aheagblardin these values into thejéxpression:

Ksp = [PHT[PO; 7% = [apy2 (3S)Flop3- (2S)f = 8.1x107
S = 7.4%10°
This is a small number, but the problem is thatén appreciable number compared to the
concentration of D™ at a pH of 7. This means that the pH will prolyatilange enough from 7
to make a difference in the solubility.
It turns out that we cannot make any simplifyinguamaptions in this case. In this event, we need

to solve a series of simultaneous equations. wve all the unknown species, you find that
there are a total of ten for this solution.

[H30] [PE™] [PO;™

[OH] [Pb(OHY] [HPO; ]
[Pb(OH)] [H,PO;]
[Pb(OH); ] [HsPOy]

We may be able to eliminate some of these as iifigignt, since it might be unlikely that we
would get any significant levels of hydroxide coeyss or protonation of phosphate besides the

first species (Pb(OH)andHPO; ") . Even if that is the case, we would still néedolve a set of
simultaneous equations.

What would be the ten equations? Eight of thenegtelibrium constant expressions needed to
describe the reactions taking place.

K sp Kal Ka2 Ka3 Kfl KfZ Kf3 Kw
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One is the mass balance, which involves the relahipp between the two solubility expressions
we can write for this solution.

[Pb]tor S [PO4]tor
3 2
[Pb]ror _ [PO4] ot
3 2

S:

The final equation is the charge balance:
[HsO'] + 2[PK] + [Pb(OH)] = [OH™] + [Pb(OH);] + [H,PO;] + 2[HPO; ] + 3[PO;]

Next step? HAVE FUN!
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Suppose you are given a question that asks whetheiprecipitate of a particular compound
will form?

This is actually a common question to ask. Marytsms have a complex mix of metal cations
and anions. Itis quite likely that some of thesmbinations have smallskvalues, and so are
sparingly soluble. In this case, we might be iedézd to understand ahead of time whether it is
likely that a precipitate will form in the solutiorAnother common example is that many metals
form insoluble hydroxide complexes. We therefoymant to know whether a change in pH
is going to cause a dissolved metal ion to preaipibut of solution.

The thing to keep in mind is that the solubilitpguct can never exceed the value gf Kror
example, suppose you were to consider the spebies carbonate (AgCO3). The solubility
reaction and kK, expression is shown below.

Ag.CO; © 2Ag" + CO5”
Ksp = [AG'][CO3 7] = 7.7x10"2

Suppose we had a process that would lead to amohlith silver and carbonate ions in it.
Suppose that we were also able to calculate tinengfaalue of each ion that we expected in the
solution.

If we expected a concentration of silver efl§* M and a concentration of carbonate s>
M, would a precipitate form? What we need to diake these values and put them into the
form of the K, expression. Since these are not likely to belibguim concentrations, instead
of calling this expression K, we use the notation Q

Q = [AgT1CO7]
Q = [5x10%°[1x10%] = 2.5x10™°
What we now need to do is compare the magnitud@ @.5<10"°) to the magnitude of &
(7.7<10™). If Q is greater than 4 a precipitate will form since the solubility pract term can
never exceed & If Q is less than k&, no precipitate will form (this is not yet a satted
solution).
Since 2.510%° > 7.710" a precipitate will form in this case. Not alltbg silver and

carbonate will precipitate out of solution. Instethe concentrations will be lowered so that the
concentrations exactly satisfy thg,kexpression.
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Another common question is whether it is possibleotquantitatively precipitate (99.9%) of
one metal cation in the presence of another.

If we assume that the concentrations of the meted in the solution are known, we can
calculate the concentration of the precipitatingarthat is the highest possible value that will
not cause any precipitation. We can also calcukeeoncentration of the precipitating anion
that is needed to precipitate 99.9% of the metal io

For example, suppose we had a solution that wa6°M in PK¥*, and we wanted to try to
precipitate 99.9% of the lead as its bromide s&he relevant reaction and equilibrium
expression is shown below.

PbBr © PH* + 2BF
Ksp= [PE][Br)? = 6.2<10°

We could calculate the concentration of bromidethat is the highest one at which none of the
lead ion will precipitate. This will be the valwhere the solubility product exactly equals the
value of K,

Ksp= [PF][Br]? = 6.2¢10° = (1x10°)[Br]?
[Br]?=6.210° [Br] = 7.8710?

Any concentration of bromide higher than %8@2 M will cause some of the lead to precipitate
as lead bromide. Suppose we had another metal golution besides lead, and this other ion
formed a bromide complex that was much less solihiale lead bromide. We could calculate
the concentration of bromide needed to precipR&t8% of this other ion, and then compare that
value to 7.8%10% M. If the value was less than 7:807 M, it is theoretically possible to
precipitate this other ion in the presence of lekidhe value is greater than

7.8710% M, lead bromide will start to precipitate and irfiéee with the separation.

If we want to precipitate 99.9% of the lead, thaams that 0.1% remains. Since the lead
concentration was initially>110° M, the final concentration of Plafter 99.9% precipitates will
be 1x10° M. We can plug this into thesKexpression to solve for the concentration of bosni
that is needed to precipitate 99.9% of the lead.

Ksp= [PE][Br]? = 6.2<10° = (1x10°)[Br]?
[Br]?=6.2 [BF] = 2.49
So a bromide concentration of 2.49 M would be ndededrecipitate 99.9% of the lead ion as
lead bromide in this solution. This is a reasopdiijh concentration of bromide ion. We could
presumably get that high a level with a solutiomypdrobromic acid. The solubility of sodium

bromide might be as high as this, but it is gettmge a bit of a high concentration of bromide to
precipitate out the lead.
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