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Analytical Chemistry (First year student) Dr. Ahmed M. Saeed

Chemistry: is the study of matter, including its composition, structure, physical
properties, and reactivity. It is divided into five fields: organic, inorganic, physical,
biochemical, and analytical.

What Is Analytical Chemistry?

“Analytical chemistry is what analytical chemists do.”

Analytical chemistry is often described as the area of chemistry responsible for
characterizing the composition of matter, both qualitatively (what is present) and
quantitatively (how much is present). It was dealing with the identification and
determination of compound. , it is convenient for our purposes to treat it as a five-step
process:

1. ldentify and define the problem.

2. Design the experimental procedure.

3. Conduct an experiment, and gather data.

4. Analyze the experimental data.

5. Propose a solution to the problem.

Typical problems on which analytical chemists work j qualitative analyses (what
IS present?), quantitative analyses (how much is ?), characterization analyses
(what are the material’s chemical and physigal @iies’?), and fundamental analyses
(how does this method work and how can jf bed ed?).

Analytical chemistry consists of:

Qualitative analysis which deals with tN€ identification of elements, ions, or
compounds present in a sample (tef§us wrgat chemicals are present in a sample).
Quantitative analysis, which is d with the determination of how much of one or
more constituents is prese much amounts of chemicals are present in a
sample).
This analysis can be divided into’three branches:

Volumetric analygis (Titrignetric analysis): The analyte reacts with a  measured
volume of reagent 0 concentration, in a process called titration.

Gravimetric analygs: usually involves the selective separation of the analyte by
precipitation, followed by the very non-selective measurement of mass (of the

precipitate PY
Instpe nalysis: They are based on the measurement of a physical property of
, for example, an electrical property or the absorption of electromagnetic

Volumetric analysis was divided to:

A: Titration analysis.

B: Gas analysis.
Well, we are speaking about the volumetric analysis, we shall consider, what the
solutions are:
Solution: Homogeneous mixture of two or more substances produces from dissolved
(disappeared) solute particle (ions, atoms, molecules) (lesser amount) between solvent
particle (larger amount).
Solute (lesser amount) + Solvent (larger amount) — Solution

NaClg, + H,0;, = Salt Solution
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Concentrated Solution has a large amount of solute, and Dilute Solution has a small
amount of solute.

Classification of solutions according to amount of solute:

Unsaturated solutions: if the amount of solute dissolved is less than the solubility
limit, or if the amount of solute is less than the capacity of the solvent.

Saturated solutions: is one in which no more solute can dissolve in a given amount of
solvent at a given temperature, or if the amount of solute equal to capacity of solvent.
Super saturated solutions: solution that contains a dissolved amount of solute that
exceeds the normal solubility limit (saturated solution). Or a solution contains a larger
amount of solute than the capacity of solvent at high temperature.

Classification of solution based on solute particle size:

components can be separated by filtrating (Amoxicillin, Antig s), particle of solute
visible to the naked eye.
Colloidal solution: homogeneous mixture which ot settle nor are their
components filterable, solute particle visible with an on microscope (milk).

We are now considered the standard solutign vﬁ&was defined as:
Standard solution: It is a reagent of kngfvn tration that is used to carry out a
titrimetric analysis.
The properties of standard solution are:
1 — Be sufficiently stable so that itfg only necessary to determine its concentration once.
2 — React rapidly with the analyte the time required to complete the analysis is
minimized.
3 — React completely with the anglyte so that satisfactory end point is realized.
4 — Undergo a selective reaction with the analyte.
5 — The reaction wig the anglyte can be described by a balanced equation.
A titration was perf y adding a standard solution from a burette or other liquid —
dispensing device t§ a solution of the analyte until the reaction between the two
solutions is judged Tomplete. The volume of the reagent needed to complete the
titration is g€terrgined from the difference between the initial and final volume.

True solution.
Suspension solution: heterogeneous mixtures which set standing and its

Titrips hods include a large and powerful group of quantitative procedures
b @ easuring the amount of a reagent of known concentration that is consumed
by aMgpaAyte

There dre many types of titrimetry:

e Volumetric titrimetry: Involves measuring the volume of a solution of known
concentration that is needed to react essentially completely with analyte.

e Gravimetric titrimetry: Differs only in that the mass of the reagent is measured instead
of volume.

e Coulometric titrimetry: The reagent is a constant direct electrical current of known
magnitude that consumes the analyte; here, the time required to complete the
electrochemical reaction is measured.

Titrimetric methods are widely used for routine determination because they are:
Rapid, convenient, accurate and readily automated.
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Classification of volumetric or titrimetric methods:

(1) Neutralization (acid-base) titrations.

(2) Precipitation titrations.

(3) Complexation titrations.

(4) Reduction-Oxidation titrations.

Equivalent point: The point in titration in which the amount of added standard reagent
Is equivalent to the amount of the analyte (theoretical point). That means the amounts
are chemically equivalent.

End point: The point in titration in which the physical change occurs, that is associated
with the condition of chemical.

The difference in volume or mass between equivalent and end points is called the

titration error.
Et = Vep - Veq
E; = titration error

V¢q = theoretical volume (volume at equivalent point)
V¢p = actual volume (volume at end point) @

Primary standard material:
It is a highly purified compound that serves g§ a %ce material in all volumetric and
mass titrimetric methods.

The most important requirements for the primary/standard materials are:

1 — High purity.

2 — Atmospheric stability. °

3 — Absence of hydrated water so tya composition of the solid does not change with
variations in relative humidk

4 — Ready availability at modest\gost.

5 — Reasonable solubility in the titration medium.

6 — Reasonable la olaremass, so that the relative error association with weighing
the standard is mini

Back titration:- sgmetimes a reaction is slow to go to completion, and a sharp end
point canno: be obtained. A back titration will often yield useful results. In this

technigue 4 me#®ured amount of the reagent, which would normally be the tritrant, is
e ple so that there is a slight excess. After the reaction with the analyte is
go to completion, the amount of excess (unreacted) reagent is determined by
titratr@gvith another standard solution. In back-titration, a known number of millimoles
of reaction it is taken, in excess of the analyte. The unreacted portion is titrated.

mmol reagent reacted = mmol taken — mmol back-titrated

mg analyte = mmol reagent reacted x factor (mmol analyte/mmol reagent)

act with EDTA (H,Y) and is therefore determined by
back-titration. A pharmaceutical preparation containing chromiurn(III)' is analy'zed
by treating a 2.63-g sample with 5.00 mL of 0.0103 M EDTA. Ff)llowmg reaction,
the unreacted EDTA is back-titrated with 1.32 mL of‘0.0l 22M zinc solution. What
is the percent chromium chloride in the pharmaceutical preparation?

Chromium(II) is slow to re
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Solution
Both Cr3* and Zn** reactina 1:1 ratio with EDTA:

cet + HY — CrY™ + 4H
Zn?*t + H,Y — ZnY? + 4H"
The millimoles of EDTA taken is

0.0103 mmol EDTA/mL X 5.00 mL EDTA = 0.0515 mmol EDTA

The millimoles of unreacted EDTA is

0.0112 mmol Zn**/mL X 1.32 mL 7n2* = 0.0148 mmol unreacted EDTA

The millimoles of reacted EDTA is

0.0515 mmol taken — 0.0148 mmol left = 0.0367 mmol EDTA = mmol (@ oad

The milligrams of CrCl; titrated is

0.0367 mmol CrCl; X 158.4 mg/mmol = 5.81 mg CrCly

5.81 mg CrCl,

_ % CrCls = = 630-me sample
Expressing Amount of solute:

Mole: is the number of Avoga
(6.022 x 10%).
1 mole of C = 12 gram of ¢ l&r mass) = 6.022 x 10?* atoms of C

1 mole of H = 2 gram of hydrod&g (molar mass) = 6.022 x 10 atoms of H

1 mole of O = 16 grams of oxygen (molar mass) = 6.022 x 10?* atoms of O
The number of moles of a substance is calculated from

Moles = gra.ms
formula weight (g/mol)

where formula weight represents the atomic or molecular weight of the substance.

X 100% = 0.221% CrCl;

num.ber of atom, molecule, electron and proton

Thus,
Moles Na,SO, = £ = g
fwt 142.04 g/mol
Moles Ag* = - g

f wt 107.870 g/mol
milligrams

Millimoles = : .
formula weight (mg/mmol)

Weight / Mwt. = M. x V (L)
wt.g =M. xV (L) x F.wt. (M. wt.)
wt. mg =M. xV (ml) x F.wt. (M. wt.).

Find millimole of the following:
1200 ml of 0.1 M NaCl. (F. wt. =58 g / mole)
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2—-2L0f0.1 M NaCl.
3-5.85 g of NaCl.
e Gram — atomic weight: the weight of element in gram. Example :C = 12 gram
e Gram — Molecular weight: the weight of compound in gram.
Exp: CH3;COOH =2C + 4H + 20
= 2x12 + 4x1 + 2x16

=60 g.
e Gram — lon: the weight of ion which was contented in the compound.
Exp: NH,CI -+ NH,” + CI
35.5 g/mol. 14+4  35.5g/ mol.
18 g/ mol.
e Gram — equivalent weigh: the equivalent weight of element orAgmpound in gram.
Eg. wt. = M.wt. /n n = number of (H*, OH’", electron, io .......... etc.).

1 — Equivalent weight for element:
Eqg.wt. = At.wt. / Valance.Exp : eq.wt. for CI" = At.wt. of@/alance =35.5/1=355¢.

It was equal the formula weight (molec for the compound divided by
number of H'can be replaced by other io
Eq.wt. of acid = M.wt. / no. of H”

Examples:

H,SO,+ 2NaOH 3.2$4 + 2H,0 n= 2
H,SO,4+ NaOH > SO4 + H,

Example: ;

Calculate the number of grams in one mole of CaSO, - 7H,O.

€q
2 — Equivalent weight for acid: % @

Solution
One mole is the formula weight expressed in grams. The formula weight is

Ca 40.08

S 32.06

11 O 176.00
14 H 14.11

262.25 g/mol
Units for Expressing Concentration
Concentration is a general measurement unit stating the amount of solute present in a
known amount of solution.

. i amount of solute
Concentration =

amount of solution
Molarity and Formality
Molarity: number of solute moles dissolved in solution volumes in liter.
Formality: number of formula weight in liter of solution, is a substance’s total
concentration in solution without regard to its specific chemical form. There is no
difference between a substance’s molarity and formality if it dissolves wit %
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dissociating into ions. The molar concentration of a solution of glucose, for example, is
the same as its formality. For substances that ionize in solution, such as NaCl, molarity
and formality are different. For example, dissolving 0.1 mol of NaCl in 1 L of water
gives a solution containing 0.1 mol of Na™ and 0.1 mol of CI". The molarity of NaCl,
therefore, is zero since there is essentially no undissociated NaCl in solution. The
solution instead, is 0.1 M in Na* and 0.1 M in CI". The formality of NaCl, however, is
0.1 F because it represents the total amount of NaCl in solution.

Normality: it is the number of equivalent weights of a substance in solution have one
letter volume.

Molarity, formality and normality are based on the volume of solution in which the
solute is dissolved. Since density is a temperature dependggt property a solution’s
volume, and thus it’s molar, formal and normal concentration hange as a function
of its temperature. By using the solvent’s mass in place olume, the resulting
concentration becomes independent of temperature. @

Molality: is used in thermodynamic calculations wh perature independent unit
of concentration is needed. @
Weight, Volume, and Weight-to-Volume tié&
Weight percent (% w/w), volume percert (¢ nd weight-to-volume percent (%
w/v) express concentration as units of softite pgr 100 units of sample. A solution in
which a solute has a concentration of 23% contains 23 g of solute per 100 ml of
solution.
Parts per million (ppm) and part

o . :
Illion (ppb) are mass ratios of grams of solute
to one million or one billio f’sample, respectively. For example, a steel that is
450 ppm in Mn contains 450 f Mn for every gram of steel. If we approximate the
density of an aqueous solution” as 1.00 g/ml, then solution concentrations can be
expressed in parts WD or parts per billion using the following relationships.

mg Hg

m = —=— = =2
PF liter mL
g ng

b= H8 _ D8
P liter mL

ForQgasesa part per million usually is a volume ratio. Thus, a helium concentration of
6.3 ppYrmeans that one liter of air contains 6.3 ml of He.

The relationship between ppm with M and N:

ppm =M x M.wt. x1000

ppm = N x Eg.wt. x 1000

. weight solute )
weight percent (w/w) = : — X 100%
weight solution

volume solute .
volume percent (v/v) = = X 100%
volume solution

; weight solute, g -
weight/volume percent (w/v) = : X 100%
volume solution, mL
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[ witsolute (g)
= % 10f (ppm/g solute/mL sample)
ppm (wt/vol) | Vol sample () | (ppm'g
" wt solute (g) ]|
= X 10° solute/mL sample)
ppb (wtivol) ol sample (mi) | (ppblg
"~ wi solute {g)
= % 102 ppt/e solute/mL sample)
ppt (wt/vol) |l e (L) PPUE
mg mg
meq

eq wt (mg/meq)  f wt (mg/mmol)/n (meq/mmol)
n = charge on ion
The concentration of zinc ion in blood serum is about 1 ppm. Express this as meg/L.

Solution
1 ppm =1 pg/mlL = 1 mg/LL

The equivalent weight of Zn** is 65.4 (mg/mmol)/2 (meg/mmol) = 32.7 mg/meq.
Therefore,

1 mg Zn/L

—_— =3 » -2
32.7 mg/meq 3.06 1_0 meqg/L Zn

This unit is actually used for the major electrolyte constituents as in Table 5.3 rather
than the trace constituents, as in the example here.

Example: v

- Calculate the equivalent weight and normality for a solution of 6.0 M H3PO4
given the following reactions:

(a) H3PO4(aq) + 30H(aq) = POs(aq) + 3H,0O(¢)
(b) H3POs(ag) + 2NHs(aq) = HPO4*(aq) + 2NHs*(aq)
(c) H3POyulag) + F‘}@: H,PO,(agq) + HF(aq)

Fw 97.994

@ Ew == =222~ 3665 N=nxM=3x60=18N
H

(b) EW=FW=97'§94=48.997 N=nxM=2%60=12N
n

) B =~ 97'?94 —97994 N=nxM=1%60=60N
n

: : i i > ini ing: 5.300 g/iL.
te the normality of the solutions containing the following: (a)
SI:%‘CI;: (when the CO.?~ reacts with two protons). (b) 5.267 g/l K;Cr,0O5 (the Cr
is reduced to Cr?*™*).

Solution
(n) CO.* reacts with 2H* to H.COj5:

5.300 g/L.
(105.99/2) g/eq

N = 0.1000 eqg/L.

(b) Each Cr(VD) is reduced to Cr**t, a total change of 6e-/molecule K;CraOq:

Cr,O;? + 14H" + 6e” = 2Cr* + 7TH;O

5.267 gil.
(294.19/6) g/eq

N = 0.1074 eq/L.
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M .wt .of acid
Eq.wt.foracid=——
9 no .of HT

M .wt .of base
Eq .wt . for base = —
no .of OH

M .wt .of salt

Eq . wt . for salt =

no . of metal a tom *no . of oxidation number

M .wt .for oxidant

Eq . wt . for oxidant regent =
no .of accept e-

M .wt .for reductant

Eq . wt . for reductant regent = o of loss o

C . M .wt .of salt
Eq . wt . for precipitation reaction = —————

Ion valance
. . M .wt .for possative ion
Eq . wt . for complexation reaction =

valance of possative (jgn

no .of mole (solute )

Molality (m) =

y ( ) one kg of solution

M= wt. 1 ¢
M .wt. wt .(kg)solution

Formality (F) :% for liquid  (d ory’g)

wt. 1000

=T X g for solid

Molarity (M) = —

. 10 i
* for solid
M .wt. V (ml

_ d*%=1000 .
S irvE— fo fd or sp.g)
. . 1000 .
Normality (N) = * for solid

Eq .wt. V (ml)

Wt. =M. *M. wt.*V (ml)

Wt = N*Eq.wt*V (L)

Wt (mg= N * Eq . wt. * V (ml)

ppm=M.*M . wt* 1000

ppm =N * Eq . wt * 1000

no.ofmole.=M*V

N]_V]_ = N2V2 M]_Vl = M2V2 F]_Vl = F2V2
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A solution of sodium carbonate is prepared by dissolving 0.212 g Na,C0O; and di-
luting to 100 mL. Calculate the normality of the solution (a) if it is used as a
monoacidic base, and (b) if it is used as a diacidic base.

Solution
Mg, co,/(Na;CO4/1) _ 212 mg/(106.0/1 mg/meq)

N = i
(a) ; 100 0.0200 meg/mL
M2, co,/(Na;CO,/2) 212 mg/(106.0/2 mg/meq)
) oL 100 mI 0.0400 meg/mL

A solution is prepared by dissolving 1.26 g AgNO, in a 250-mL volumetric flask
and diluting to volume. Calculate the molarity of the silver nitrate solution. How
many millimoles AgNO, were dissolved?

Solution
- 1.26 g/169.9 g/mol
0250 L

= 0.0297 mol/L (or 0.0297 mmol/mL)

Then,

Millimoles = (0.0297 mmol/mL)(250 mL) = 7.42 mmol
A 2.6-g sample of plant tissue was analyzed and found to contain 3.6 g zinc.
What is the concentration of zinc in the plant in ppm? In ppb?

Solution
3.6 pg
26 5 =14 pg/g = 1.4 ppm
3.6 < 10°
262 ne _ 1.4 X 10° ng/g = 1400 ppb

One ppm is equal to 1000 ppb. One ppb is equal to 1077%.

Common Units for Expressing Trace Concentrations

Unit Abbreviation wt/wt wt/vol vol/vol

Parts per million ppm mg/kg mg/L wL/L

(1 ppm = 107%%) nglg pg/mL nL/mL
A Parts per billion ppb uglkg pg/L nL/L

(1 ppb = 1077% = 1077 ppm) ng/g ng/mL pL/mLe

Milligram percent mg% mg/100 g mg/100 mL

“pL = picoliter = 1077 L.

A 25.0-pL serum sample was analyzed for glucose content and found to contain
26.7 pg. Calculate the concentration of glucose in ppm and in mg/dL.

Solution LRk
W — = 2,50 X 1072 mL
25.0 ¢ > 3560 et

1
26.7 pf =< ﬁ =267 % 103 g

2.67 > 1077 g glucose
= > 10° = 1.07 =< 10° /ml.
ppm 2.50 > 1072 ml. serum re/g Lt
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or

26.7 pug glucose LT ST gkl e
0.0250 mL serum pgmbon po
26.7 pg glucose X 107 mg/ug
dL = X1 = 107
g 0.025 mL serum 00t g/l

[Note the relationship between ppm (wt/vol) and mg/dL.]

p - Functions:

p - Function: The p-function of a number X is written as pX and is defined as:
pX = —log(X)

Thus, the pH of a solution that is 0.10 M H* is

pH = -log|H*] = —log(0.10) = 1.00
and the pH of 5.0 X 10~ M H* is

pH =-log[H*] =-log(5.0 X 10-13) = 12.30

Example: -y
What is the [H*] in a solution that has a pH of 5.167
SOLUTION

The concentration of H' is
pH =-log[H*] =5.16
log[H*] =-5.16
[H*] = antilog(-5.16) = 10316 = 6.9 X 10 M

Example: y
o _
What is pNa for a solution of 1.76 x 10> M Na;PO,?
SOLUTION
Since each mole of Na;PO, contains three moles of Na*, the concentration of
Natis
3 Na*t
[Nat] = —molNa® o 10 M = 528 x10° M
mol Na3 PO4
and pNa is

pNa =—log[Na*] = —log(5.28 x 1073) = 2.277
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Example: A solution is prepared by dissolving 1.26 gm AgNOsin a 250 ml volumetric
flask and diluting to volume. Calculate the molarity of the AgNO3 solution. How many

millmoles AgNO; were dissolved?
Solution:

wt.(g) ~ 1000
B M.wt.(g/mole ) V(ml)

M = 1.26 . 1000
169.9 250
= 0.0297 mol / L
Example: How many grams per milliliter of NaCl ar nsina 0.250 M solution.

Solution : (b’

wt. . 1000

"~ M.wt. V(ml)

0250= — & 122
58.4 1

wt. = 0.0146 g/ ml

Example: How ma&gr;ms of Na,SO, should be weight out to prepare 500 ml of a 0.2
M solution?

_wt. 4 1000
0.1= 142 500
wt.=7.1gm

Example: Calculate the concentration of potassium ion in gram per liter after mixing

100 ml of 0.250 M KClI and 200 ml of 0.1 M K,SOy, .
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Solution:

no. of mmol (K*) = mmol (KCI) + 2 mmol (K,SO,)
=(M*V)ka + (M*V) kasos
= (0.25 * 100) ki + (0.1 * 200) kosos
=25+ 40 = 65 mmol. KCI in 300 ml

wt. = mmole * M.wt.

=65*39.1 =2541.5mg

=2541gmin300ml  mg =102 gm b

_2.541 mg+100 ml _ @
Conc. = 200 1 =8.47gm/|

N =B 1000 ol (b»
eq.wt V(ml)

_ sp.g (d)*%=*1000

eq.wt

N

Example: How many millilite
0.25 M solution of NaOH?

[
Solution: ; )
N =nM % .
N ﬁ R =2 *0.25 = 0.5 eql

NnaonZ1*M =1*0.25=0.25eq/I

0.25 M solution of H,SO, will react with 10 ml of

(N*V)hzsos = (N*V)naon
(05 * V) H2S04 — (025 * 10) NaOH
VHZSO4 =5.0ml

Example: Calculate the weight percentage of solution prepare by mixing 5.0 gm

AgNO; with 100 ml water (density | g/cm?).
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Solution:

wt. — wt.solute (g)

(Wt. /0) wt.solution (g) 100
wt.solute +wt.solvent

X 04) = ————* 100

wt. 5+4+(100+%1)

=2 %100 = 4.76 %
105

Example: Calculate number of grams in 500 ml silane 50@1 (wt /v % = 0.859 %).

Solution:

wt. o - wt.solute (g)

(V %) V solution (ml) 100 (b
0.859 % = “=Na 19

0.859%500

wt. NaCl = T =4.25 g Na

Example: Calculate the molarit
Solution:

)
M = SPgr%+1000 :W*woo = 14.79 mol/L
M.wt 17

rpany milliliters of concentrated H,SO,4 have 94%, density 1.831 g/cm

w
are rpen repare liter of 0.1 M solution.(M.wt. 98 g/mole)
hé first step we should calculate the molarity of concentrated H,SO,

f 28% NH5 (17g/mol.), sp.g 0.898

3

_ d*%*1000_1.831*94*1000
B M.wt 98

= 17.5 mol/L

The second step we should calculate the volume needed to prepare the diluted solution.
(M1 x V1)conc.= (M2 x V2)diluted
(17.5x V1) = (0.1 x 1000)
V1 =571ml

So 5.71 ml of concentrated H,SO,4 must be diluted to prepared 0.1 M solution .
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Example: prepare 500 ml of 0.01 solution of Na* from Na,CO; (106 g/mol)

Na,CO; _, 2Na* +CO;2 M of Na,CO; = Ozﬂ = 0.005

wt. 1000
Mot NaCO, = Mwt 500
0.005 = Wb, 1000
71067 500
0.005 x 106
wt.= = 0.265 gm Na2CO3

2
S0 0.265 g of Na,CO3; must be dissolved in 500 ml of water.

Example: calculate the volume percentage of solutio Ing by mixing 50 m
methyl alcohol with 200 ml water. @
(VIV 0p) = — solute (ml) x 100 (b»

V solution or sample (ml)

50 ml
= —_— — 0

(504200)ml x 100 = 20%

Example: calculate the molality |ﬁtion preparing by mixing 4 gm NaOH (40

g/mol.) with 500 g water.

: W _ 4 1000 _
Molality (m) = W e 20 X oo = 0.2m

o
Mo &x):

no.mole solute (n1)

X =

ny.mole solute (n1)+no.mole solvent (n2)

Example: One liter of acetic and solution contain 80.8g of acetic acid, the solution
density 1.00978 g/cm3

Solution:- n = no. of mole

(%WL)CH 3CO0H

ensity Xvolume ) -weight of acid)
M.wt

(5=)cH3cooH +(“

<
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_ 80.8/60 _
X1= 508760 (100978 X1000) —80 8 = 0.025
s T ( 18 )

((1.00978 x1000) —80.8

)

- 18 .

X2 = 508 (100978 x1000) —808. — 0.975
g0 T ( 18 )

Example: 4.57 gm of BaCl,.2H,0 (244 g/mol.) are dissolved in sufficient water to give
250 ml of solution. Calculate the formal concentration of BaCl, and CI” in this solution.

wt. , 1000 _ 4.57 , 1000

Fraciz =5 0 7 5 (ml) _ 244 250 0.0749 F

BaCl, —, Ba” +2CI b

0.0749 F (2*0.0749) = 0.149FCI" @

Example: Describe the preparation of 5 L of 0.1 M @03 (105.99) from the primary

standard solid. (b

105.99 = 106
Wt. =M * V (L) * M. wt.
o
=0.1*5 * 106 = 53 gram

There for the solution is prepald, by dissolving 53 g of Na,CO; in water and diluting

the volume to 5

o
Example: Describe prepared 0.01 M solution (500 ml) of Na* from Na,CO; .

1
mmole Na*zz mmof® Na,CO;

@
mm &oo *001=5= % mmole Na,CO5

mmo a,CO;5 = % *5=25
WL. (mg) Na,CO3 =M * V (ml). F. wt. - (M*V)=25
=2.5*106 =265 mg

The solution was prepared by weighing 0.265 g (265 mg) of Na,CO3; and dissolved in

Example: From the solution in Ex. how you can prepared 50 ml of 0.005 M Na".

M]_V]_ = MZVZ — dilution low
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V «0.01 =50x0.05
V =25ml
Thus 25 ml of conc. solution will dilute to 50 ml.

Example: What is the normality of HCI if 500 ml of acid contain 37.413 g from HCI
gas.

_wt. o 1000 _Mwt _ M.wt
N= Eq .wt . V (ml) Eq. wt. HCI = n 1
37.413 1000
N = * =2.05
36.5 500
Example: calculate the concentration (M) for the solutio | (M. wt. 58.51) that
has w/ v% equal 0.85 %.
% % = 0.85 that mean each 100 ml contain 0.85 ield each 1000 ml contain:
08 .1000=85g
100
_ wt. . 1000
M_M.wt. V (ml) o
_0.85 1000 _
=5z * Yoo - 0.145 M

Example: Describe how yoy can prepare 250 ml solution of H,SO, has (0.1 N and 0.1
M) if you know the &.099 g, the percentage of acid is % 98 and M.wt. 98 g/mole.

Y
1.09+-241000

— 0 =218N
49

Now we calculate the N and M for 250 ml by using dilution low
A NVi=NV, —21.8-V=250:0.1 V,=1.147 ml
This volume will diluted to 250 mi

B: M\V:=MyV, -109-V;=250+0.1 V;=2.294 ml

This volume will diluted to 250 ml

Example: How many gram of Na,CO3; was found in 250 ml of 0.2 N solution? %
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Wt. =N« V (L) «Eq. wt. EQ.wt. =—2=2=53

250
1000

Wit. Ok 0.2 « »53 =2.65 g

Example: What is the molarity of K* in solution that contain 63.3 ppm of KsFe (CN)g
(F.wt.329.3)

63.3 ppm KzFe (CN)g = 63.3 mg KsFe(CN)s
mg =MV «F. wt.

63.3=M~10°+329.3 - M=1.922.10"
Here: b

Each mole K3Fe (CN)s =3 mole K* @
1.922 .10™ 3.1.922.10"% =5.77 « f&@

Example: calculate p — value for each ionfin s that is 2 «10° M NaCl and 5.4 *

10 M. HClI
pH=-Log [Hs0"]=-Log [5.4-40"] =/4.268
pNa=-Log[Na']=-Log 1%3.699

pCl=-Log[ClI']=-Log[2-1

®54 .10 = 2.595
Example: Calculate Yhe molar concentration of Ag™ in a solution has pAg of 6.372.

pAg = - L%g;] =6.372
Log 5.372 — [Ag*] = 10°%°? =1.709 . 107

g How many gram of NaCl was needed to prepare 250 ml of solution contain
100 ppm Na" if you know At. wt. (Cl = 35.5) and (Na = 23)?

+5.4.10"]

m

ppszg — 100 ppm = 100 Hi—g =0.1g/L

0.1%250

Na" in 250 ml = 000

=0.025 g

_ Na™(g) * M.wt. of NaCl
NaCl @~ At.wt. of Na*t

_ 0.025%58.5

wt. NaCl Ok >3

= 0.0636 g NaCl
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Example: If the gallon is (3800 ml) of solution contain 10 ppm of C,HsOH. How many
mg in one litter?

mg mg
m=—= —°
PP L 1000 ml
m *3800
g="P"—— =38
1000

Example: What is the volume of HCI which is needed to prepare 100 ml of solution has
6 M conc. if you know the % of HCI equal 37 % sp.g was 1.18 g /ml.

37
M = sp .g* % * 1000 _ 1.18% 17-+1000

= =11.96
M .wt . 36.5
M,Vi = M,yV, — 6+100=11.96 -V, V, = 50.17®

The volume will dilute to 100 ml @

Example: How many gram of AgNO; (169.9) wie& to prepare 500 ml solution of
0.125 M?

_ wt. . 1000 _ wt. . 1000

T Mwt.  V(@ml) 1699 500

1000

wt. = 0.125 +169.9 -
500

=10.62

Example: Calculate the volumeNgercentage for the solution prepared by added 50 ml of
C,HsOH to 200 ml water.

[}
\% product — Vi+V,= =250 ml
% L = 22 100 = 28 % for C,HsOH
\% 250
@
\%

% 0 =80 % for water

Exa . Calculate the w/w% for the solution prepared by dissolving 5 g of AgNOs in
100 ml of water.

Assumed of water equal 1 g/ml.
Wt. 50|vent= d XV = 1 Xloo = 100 g
WL, soution= 100 +5=105¢

%wiw = —.100 = 4.76 % for AQNO;

Example: How many gram of NaCl was founded in 500 ml of solution has w/v % =

0.859°
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% X =(.859 — o= 222
Vv \Y 100
wt, =222 v, = 222 . 500=4.25¢
100 100

Example: How many gram of sugar was found in 1 L of solution have w/v =5 %?

%WTt'=5 LWt =V = —

« 1000 wt. =50 ¢
100 100

Example: Calculate the M for Al, (SO,4)s solution has 0.3 N and Bi (NO3), has 0.2 M.

N=nM _>M=§ =% = 0.05 molar Al, (SO,);

N Bi (NO;3), =nM=3.0.2=0.6 b

Example: If you know that the density of CH;COOH so@ which contains 80.8 g/L
of acid was 1.0097 g/ml what is the M, m, wt % and e)fraction?

wt. 1000 80.8 1000
M = ) = 808 1000 _ 435\ (b'
Mwt.  V(ml) 60 ~ 1000

no .of mole (solute )

Molality (m) = « 1000

Wo = Wsolvent = Wsolution - Wacetic acid
= (1000 - 1.0097) — 80.8

wt.

Molality = M4t

acetic acid

@
® 80.8
0 _ solute . = > . =Q0
%8 ﬁwsoluﬁon 100 = T50+10007 * 100 =8%
XL = L total N = Ngopent + Nsolute
otal n

80.8

18 60

928.9

— Dsolvent - 18 -
X === = =0.975
sol. total n 928.9 80.8
18 60

or total n always equal 1 unit

1=0.025 + Xo. = Xso1. =1-0.025=0.975
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Example: Calculate the Eq. wt. for the following:
1- KHC204 . H2C204 . 2H20 + 3KOH — 2K2C204 + 5H20

As reductant reagent: C,0, 2.2 — 2C0O,
_ M.wt.
Eq. wt. = "
As acid:
Eq. wt. = 2
3
2 - 2K,Cr,07 + 2H,0 + 3S — 3S0, +4KOH + 2Cr,04 "t

_ M.wt.
Eqg. wt. = - @

3 - Na,B,O; + 2HCI +5H,0 — 2NaCl + 4H;PO, @

Eq. wt. = M';Nt' (b

4 - F9203 + 6HC] — 3H20 + 2F€C|3

6

Eq. wt. =

4 - Na,COj as salt:

Eq wt. = M.wt.

241 o
2 =no. of Na* atom?he valance of Na*
5- KMnO, ox.idant reagent:

QH* — Mn®" + 4H,0
wt.

5

Eq.
6 - FeSO, as reductant reagent:

Fe2+ N Fe3+

M.wt.
1

Eq. wt. =

7 - AgNOQ; as precipitate:

M.wt.
1

Eqg. wt. =
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8 - [Co®* (CsHsN)4] (SCN), as complexation reaction:

_ At.wt.of Co

Eq. wt. = 2

9 - Na,MO, + 8H" — Mo*" + 4H,0

M.wt. . .
= oxidation

Eq. wt. =
10 - [Ni* (CN), J*

At.wt.of N
Eq. wt. = WZO

Home Work: Calculate the Eq. wt. for the following: @

1- FeSO, + 2NaOH — Fe (OH), + Na,SO, @
2- FeSO, +BaCl, — FeCl, + BaSO,

3- FeCl; + 3NH,OH — Fe (OH); + 3NH,

4- HBr + NH,OH — NH,Br + H,Q
5- H,SO, + Ca (OH), — CaSO, +
6- Mg (OH), + 2HCI - M
7- 2Al (OH);3 + 3H,SO, — Al (SD,)3 +6H,0

8- K,Cr,0; + 2Ba 2H,® — 2BaCrO4 + 2KCl + 2HCI

&o
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Stoichiometric Calculations:

A balanced chemical reaction indicates the quantitative relationships between the moles
of reactants and products. These stoichiometries relationships provide the basis for
many analytical calculations. Consider, for example, the problem of determining the
amount of oxalic acid, H,C,Q4, in the sample. One method for this analysis uses the
following reaction in which us oxidize oxalic acid to CO,.

2Fe® (aq) + H2C,04(aq) + 2H,0(1) + 2Fe**(aq) + 2C0,(g) + 2H;0%(aq)

The balanced chemical reaction provides the stoichiometric relationship between the
moles of Fe** used and the moles of oxalic acid in the sample being analyzed
specifically, one mole of oxalic acid reacts with two moles of Ee*".

Example:

The amount of oxalic acid in a sample of rhubarb was determined by reacting
with Fe’' as outlined in reaction 2.2. In a typical analysis, the oxalic acid in
10.62 g of rhubarb was extracted with a suitable solvent. The complete
oxidation of the oxalic acid to CO: required 36.44 mL of 0.0130 M Fe**. What
is the weight percent of oxalic acid in the sample of rhubarb?

SOLUTION
We begin by calculating the moles of Fe** used in the reaction

0.0130 mol Fe "
0]

> 0.03644 L. = 4.737 % 10~ mol Fe?~

The moles of oxalic acid reacting with the Fe’*, therefore, is

N | G50,
4.737 % 10~ mol Fe3* x — O 2772074 _ 5 369 % 10~ mol C>H>04

2 mol Fe®*

Converting moles of oxalic acid to grams of oxalic acid

90.03 g C2H>O:

2.369 < 107 mol C>H-Os <
mol C; H>O,

= 2.132 x 102 g oxalic acid

and converting to weight percent gives the concentration of oxalic acid in the
sample of rhubarb as

2.132 x 102 g C2 H>04
10.62 g rhubarb
ationgxdmples:
: KA 50 ml of HCI required 29.71 ml of 0.01963 M Ba (OH), to reach an end
point PPOmocresolgreen indicator. Calculate the M of HCI.
Ba (OH)2 + 2HCI] — BaCl, + 2H,0
mmole of HCI = mmole Ba(OH),

50 «M =2 (29.71 -0.01963)

2%29.71 ¥ 0.01963

M= ” =0.0233 M

Exp: 2: Titration of 0.2121 g of pure Na,C,0,4 (134) required 43.31 ml of KMnQO, .
What is the molarity of the KMnQO, solution?

The chemical reaction is:

2Mn0O," + C,0,% + 16H" — 2Mn*" + 10CO, + 8H,0

mmole of C,0,% = g m mole of MnO,

xX 100 = 0.201% wiw C>oH-0O4
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() 0 =2 (V* M) waor
222 =2 (4331% M)
134 2
M =1.46*10°
Exp: 3: What mass of Ag,CO; (275.7) will formed when 25 ml of 0.2 M AgNO;
mixed with 50 ml of 0.08 M Na,CO3?
2 AgN03 + Na,CO3; — Ag2C03 + 2NaNO;
(25 ml 0.2 M) + (50 ml - 0.08 M)
The mixing of these solutions will result in one possible outcome:
1- An excess AgNQO;
2- An excess Na,CO;

no. of mmole AgNO; = 25 .0.2 =5 m mole =5 »10° mole
no. of mmole Na,CO; = 50 «0.08 =4 m mole = 4 «10°mole b

Each COjis react with 2 Ag”
So: we need (4 « 2) mmole of AgNO;

Since: we have insufficient AGNOj3, so that the AgNOg® limited regent.
wt.Ag,CO 3 :l(Wt Ag,NO3

Fawt Ag,CO3 2 m) no. of mole AgNO
Wt.g=>.5.276.10°  Note:5.10° §¢n Ibeo3 mole.

=0.69 g Ag,CO;

Exp: 4: The organic matter in a
with HNO;. After dilution, the Hg
NH,SCN. Calculate the %
formation of a stable neutral co
Hg?* + 2SCN — Hg (SCN),

mmole of SCN = ole #lig

(V+M)sen =2¢ _ 02+

21.3+0.1144 =
200.5
3%0.1144%200.59

76 gsample of a mercuric ointment decomposed
irated with 21.30 ml of a 0.1144 M solution of

(M) Hoz- A0 = 244.39 mg
% P2« 100 = 6.472 %
Or
(m.eqMig2+ = m.eq. SCN° (N=M)forSCN- n=1
(At_r:i/n ) Hg2+ = (V « M)sen
mg Hg2+ = 244.39
% Hg®* = 22222 % 100 = 6.472
3.776

Exp: 5: A 0.8040 g an iron one is dissolved in acid. The iron is then reduced Fe** and
titrated with 47.22 ml of 0.02242 M KMnO, solution. Calculate the result of this
analysis in term:

a- % Fe (55.847)

b- % Fes0O, (23154)

The reaction:

MnO, + 5Fe?" + 8H* — Mn?* + 5Fe®* + 4H,0
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¢ a ¢ mmole of . Fe** = 5 mmole of MnO,
(wt.mg ) Fe2+ — 5 (V . M) |v|n04_

F .wt

mg. Fe** = 5 . 47.22 . 0.03342 . 55.847

= 295.62 mg = 0.2956 g
wt.of .Fe _ 0.2956

% Fe=—— *100 = *100 =36.77 %
wt.of sample 0.8040

¢ b ¢ each MnO, =5 Fe?

There for:

Fe;0,=3Fe” =MnO;,  multiply by 5
5Fe;0, = 15Fe** = 3MnOy

mmole of Fe;0, = g mmole MnO,
m 5 -
(ﬁ) Fe304 = 3 (V « M) mnos b
mg Fe:0s = = (47.22.0.02242 +231.54) :408.54%
% Fes0; === *100 =50.81 % @
Exp: 6: a: What mass of AgNO; (169.9) is nee nvert 2.33 g of Na,CO; (106)
to Ag2CO37

b: What mass of Ag,CO;(275.7) will be f

The reaction is:

2 AgN03 agt Na,CO3; — Ag2C03 2NaNO; aq
a: no. of mole AgNO; =2 mole o

(wt.gram ) _ (wt.gram
F .wt. AgNO3 — F .wt.
X 2.33
— Z2i— 5 X= =7.47 g AgNO;
164.6 106 106 .
b: mole Ag,CO; = mole Na,£O; = 5 mole AgNO;
g = = l 5
F.wt Ag,CO3 F.wt N, CO 3 2 F.wt AgNO 3
X _ 233 _ 1 ,y47
169.6  106_ 2 169.6
X = 606 U aff ngS

will be the molar analytical concentration of Na,COs in the solution
hen 25 ml of 0.2 M AgNO3is mixed with 50 ml of 0.08 M Na,COs?

MmO\ reacted Na,CO; = % m mole AgNO;
mmole of unreacted Na,CO; = Total mmole Na,CO3; — mmole of reacted Na,CO,
mmole of unreacted Na,CO5; = Total mmole Na,COs; —% mmole AgNO;

mmole of total Na,CO; = 50 « 0.08 = 4 mmole
mmole AgNO; =25« 0.2 =5 mmole

mmole of unreacted Na,CO3;= 4 — (% «5)

= 1.5 mmole = 1.5 - 10 mole
_ no .of mole 1.5+1073

M= Vo = 0125 = 0.02 Na,CO;

EXxp,

@
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Exp: 8: What will be the molar analytical concentration of AgNO; in the solution
produced, when 25 ml of 0.2 M AgCI mixed with 100 ml of 0.08 M NaNO;?

mmole NaNO3z; = mmole AgCIl = mmole AgNO;

mmole AgNO; = 25 » 0.2 = 0.5 mmole = 5 « 10 mole.

5%10% .
= =4.10"M
100425

Home Work:

1- Describe the preparation of 2 L of 0.108 of BaCl, from BaCl,. 2H,0 (244.3 g/mol).

2- Describe the preparation of 500 ml of 0.074 M CI ~solution from solid BaCl,. 5H,0
(244.3) and CI (35.5).

3- What is the molar concentration of HNO; (63.0 g/mol) in a solution that has a sp.g
1.42 and 70.5 %.

4- Describe the preparation of 100 ml of 6 M HCI from con ed solution that has
sp.g 1.18 g/ml and 37 % HCI (36.5 g/mole).

5- How many mole and mmole of Na,CO; are found ing.
6- How many mole and mmole of CuSQO,are found i ml solution contain 5 ppm?

>

>
< -
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CHEMICAL EQUILIBRIUM

The chemical composition of aqueous solution:

Water is the most plentiful solvent on earth, is easily purified and not toxic. It therefore
finds widespread use as a medium for carrying out chemical analysis.

Classifying Solutions of Electrolytes

Most of the solutes we will discuss are electrolytes, which form ions when dissolved in
water (or certain other solvents) and thus produce solutions that conduct electricity.
Strong electrolytes ionize essentially completely in a solvent. Weak electrolytes
ionize only partially. This means that a solution of a weak electrolyte will not conduct
electricity as well as a solution containing an equal concentration of a strong electrolyte.
Acids and Bases:

According to the Bronsted-Lowry theory, an acid is a protgg donor and a base is a
proton acceptor. For a molecule to behave as an acid, it p encounter a proton
acceptor (or base). A molecule that can accept a proté es as a base if it

encounters an acid.
Vo A

Classification of Electrolytes

Strong Weak - | B
|. Inorganic acids such as HNO;, HCIO,, I. Many inorganic acids, including
H,S80,, HCI, HIL. HBr, HCIO,, HBrO; H.CO;, H;BO;. H;PO,, H-S, H.SO,

2. Alkali and alkaline-earth hydroxides
3. Most salts

. Most organic acids
- Ammonia and most organic bases

B o

. Halides, cyanides, and thiocyanates ol
Hg, Zn, and Cd

*H,S0; is completely dissociated into HSO; and H;O" ions and for this reason is
classified as a strong electrolyte. It should be noted, however. that the HSO7 ion is a weak
clectrolyte, being only partially dissociated into SO;~ and H;07.

Conjugate Acids
The product forme n acid gives up a proton is a potential proton acceptor and is
called the conjugate\pase of the parent acid. For example, when the species, acid gives
up a proton, the species base, is formed, as shown by the reaction:

o
Aci &—»base 1 + proton

Herey 1 and base 1 are a conjugate acid/base pair. Similarly, every base produces a
conjugate acid as a result of accepting a proton. That is,

Base 2+ proton —acid 2

When these two processes are combined, the result is an acid/base, or neutralization
reaction.

acid, + base, = base,; + acid,

The extent to which this reaction proceeds depends on the relative tendencies of the two
bases to accept a proton (or the two acids to donate a proton).
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NH; + HLO— NHj + OH"-
base, aced conjugate conjugine
acid hase

In this reaction, ammonia (base.) reacts with water, which is labeled acid, to give the
conjugate acid, ammonium ion and hydroxide ion, which is the conjugate base of the
acid water. In contrast, water acts as a proton acceptor, or base, in an aqueous solution
of nitrous acid:

H.O 4+ HNO, — H.0* + NO3
base, acid con jugnte conjugnte
TS b

Many solvents are proton donors or proton acceptors and can thus induce basic or acidic
behavior in solutes dissolved in them.

Amphiprotic Species:

Species that possess both acidic and basic properties are otic. An example is
dihydrogen phosphate ion: é )

H.PO + H,0* = H.PO, + H,0

acid, deid, base.

Here, HsP0, is the conjugate acid of the qrigi ase. In the presence of a proton
acceptor, such as hydroxide ion, howev& ehaves as an acid and donates a

proton to form the conjugate base:
H,PO + OH™ = HP()-‘ + H,0

basc neid,

The simplest amino acids are an i yﬂt class of amphiprotic compounds that contain
both a weak acid and a wea nctional group. When dissolved in water, an amino
acid such as glycine undergo kind of internal acid/base reaction to produce a
zwitterions species that bears both a positive and a negative charge.

NH,CH,COOH = NH3CH,C0O0O

| 4
Water is tr@sgc example of an amphiprotic solvent.

Sf-/Acids and Bases:

Thegguig shows the dissociation reactions of a few common acids in water. The first
two ar@’strong acids because reaction with the solvent is sufficiently complete that no
undissociated solute molecules are left in aqueous solution. The remainder is weak
acids, which react in completely with water to give solutions containing significant
quantities of both the parent acid and its conjugate base. Note that acids can be cationic,
anionic, or electrically neutral. The same holds for bases.

'—Slrlvngcsl acid | HCIO, + H.O - H,07 + ClO;] [ Wedbesrhace ] bt Pase
. — HCI + H,0 —= H,0" + CI- — |
H3PO; + H,0 == H;0" + H,PO;

AIH,0)5" + Hy0 === H,0" + AIOH(H,0)3*
HC,H;0, + H;O0 == H.0" + C,H.0;
Weakest acid | ; — + = P
[ Weakest acid | H,PO; + H,O == H,0*+ HPO;Z | Strongest base
e ——— A

NHj + H,O = H.0* + NH
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Chemical equilibrium:

The reactions used in analytical chemistry they proceed in a state of chemical
equilibrium in which the ratio of concentrations of reactants and products is constant.
Equilibrium- constant expressions are algebraic equations that describe the
concentration relationships existing among reactants and products at equilibrium.

H,AsO, + 31- + 2H* == H;As0, + 17 + H,0

H;AsO; + I3 + H.0 == H;AsO, + 31~ + 2H*

Consider the chemical reaction:

wW +xX=yY + ZZ

. _IXVIZ]?
K=——"r
[W]'[X]" @
When Z is a pure solid or liquid or solvent the vaka&@vill be:

__[yp
[WI"[XP

The small letter expresses the numfer of moles for the reactant and product.
o

Where the square-bracketed e the following meanings:

1. Molar concentration if the Is a dissolved solute.

2. Partial pressure in atmosphereyff the species is a gas.

Types of Equilibri &ants Encountered in Analytical Chemistry:
The table summarizZgg the types of chemical equilibria and equilibrium constants that
are of importance in Jaalytical chemistry:

[
Equilibria and Equilibrium Constants Important in Analytical Chemistry

Name and Symbol Equilibrium-Constant
Type of Equilibrium of Equilibrium Constant ~ Typical Example Expression
Dissociation of water [on-product constant, K, 2H,0 =H0" + OH" K, = [H:07][OH7]
Heterogeneous equilibrium Solubility product, K, BaSO,(s) == Ba** + SO} K., = [Ba** ]SO 7]

between a slightly soluble
substance and its 1ons in
a saturated solution

[H;0"][CH,CO0" |
[CH;COOH]

Dissociation of a weak Dissociation constant, CHCOOH + H,0 =
acid or base K, or K, HO" + CH,CO0"

e : ~|OH"]{CH,COOH]
CH.COO™ + H0= R o L Ao bl

OH™ + CH.COOH [CH.CO0"]

Ormation of i Cormati g 4 i s INICN |
Formation of a complex ion Formation constant, 3, NiZt + 4ON™ = Ni(CN) B o mbiheg 1
[Ni**][CN" ]!

29
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M ")
equilibrium Ma'* + SFe* + 4H,0 ™ [MnO; J[Fe* PIH ]
(L]

[ iy

Oxidation/reduction Kiosox MnO, + 5Fe*t + §HY = K

Distribution equilibrium for a Ky
solute between immiscible
solvents

Ix(ag) == Is(ore) y =

Applying the lon-Product Constant for Water:

Aqueous solutions contain small concentrations of hydronium and hydroxide ions as a
consequence of the dissociation reaction. An equilibrium constant for this reaction can
be formulated as shown in equation below:

2H,0 == H;0* + OH

[H:O™ | [OH]
[H,O]°

K=

The concentration of water in dilute aqueous solutions\ gpormous, however, when
compared with the concentration of hydrogen and hy @I e ions.

The ion-product constant (K, for water permits calculation of the hydronium
and hydroxide ion concentrations of aqueowl

K[H,0F = K,, = [H:0"][OH "]
Why water does not appear in equwrium comStant expression for aqueous solution?

a
In a dilute aqueous solution, the molar concentration of water is

(H,0] = 1000.g H;O % I mol H,O 55 6M
PSS LD I8.0gH0

Suppose we have (0.1 mol of HCl in 1 L of water. The presence of this acid will
shift the equilibrium shown in Equation 9-9 10 the left. Originally, however,
there were only 10”7 mol/l. OH™ to consume the added protons. Thus, even if
all the OH ™ ions are converted to H,O, the water concentration will increase to

only
mol H)O , molOH™ 1 mol H.O 4
9 = 55- ) = = 3 = o= :5-
[H,0] 6 L H.0 + 1 X 10 L 1,0 X DoLOH- 556 M

The percent change in water concentration is

107"M

X 100% = 2 X 10-79
55.6 M : 2

This percent is negligible so the molar concentration of water is considered as 55.6.

K(55.6)’ = K, = 1.00 X 10~ *at 25°C
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Calculate the hydronium and hydroxide ion concentrations of pure water at
25°C and 100°C.

Because OH™ and H:O" are formed only from the dissociation of water,
their concentrations must be equal:

[H;07] = |[OH "]
Substitution into Equation 9-11 gives

[H;0*FP = [OH P =K,
[H;0%] = [OH"] = VK,

{continuwed)
At 25°C.

[H:0*] = [OH"] = V1.00 X 107" = 1.00 X 10-7 M
At 100°C, from Table 9-3,

[H:0%] = [OH ] = V49 X 107" =7.0X 107" M
~ r
Calculate the hydronium and hydroxide ion concentrations and the pH and pOH
of 0.200 M aqueous NaOH at 25°C.
Sodium hydroxide is a strong electrolyte, and its contribution to the hydrox-
ide ion concentration in this solution is 0.200 mol/l.. As in Example 9-1.

hydroxide ions and hydronium ions are formed in equal amounts from dissocia-
tion of water. Therefore, we write

[OH] = 0.200 + [H,0"]

where [H;O "] accounts for the hydroxide ions contributed by the solvent. The
concentration of OH™ from the water 1s insignificant, however, when compared
with 0.200. so we can write
[OH ] = 0.200
pOH = —log 0.200 = 0.699

Equation 9-11 is then used to calculate the hydronium ion concentration:

e oy 100X
(5071 = [OH"]  0.200

pH = —log 0.500 X 10" = 13.301

=500x1004M

Note that the approximation
[OH] = 0.200 + 5.00 X 107" = 0200 M

causes no significant error.,
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Applying Acid-Base Dissociation Constants:

When a weak acid or a weak base is dissolved in water, partial dissociation occurs.
Thus, for nitrous acid, we can write where K;; is the acid dissociation constant for
nitrous acid.

HNO, + H,0 = H;0* + NO3 X [H;O7 ][NO5 ]
' ; [HNO;]

In an analogous way, the base dissociation constant (Ky) for ammonia is:
NH; + H,0 = NHI + OH™ j e IO
R IR i [NH;]

Dissociation Constants for Conjugate Acid/Base Pairs:

Consider the base dissociation-constant expression for nia and the acid
dissociation-constant expression for its conjugate acid, am Ion:

y —— . _ INH{][OH"]

NH; + H,O = NH{ + OH Ky =

[NH; ]

NHj + H,O = NH; + H.0" K, = INHs] [HO7 ]
i g3 T 2\ 3 T 3 o [NHi]

Multiplication of one equilibrium-constant expression by the other gives

INHFT[H:07] _ [NH{T[OH]
KKy == X = [HO =0
= NHET INH5T ‘ HOH™]

but
K, = [HyO"][OH |
and therefore
K, = K.K,

\ : , _ IH;0" ] [NH;]
NH} + H,O = H;0" + NH; Ky =
| | [NH/ ]

= 5.70 X 10710
and we can write

NH; + H,O == NH3 + OH"
x — INH{JIOH"] _ K, _ 1.00 X 10-"

i INH,] K, 570x10-0  173X107

What is Ky, for the equilibrium
CN~ -+ H-O — HCN + OH"~

Appendix 3 lists a K_ value of 6.2 < 10 % for HCN. Thus.

K., [HCN]ITOH |
Kb == — -

K. [CN ]

00 >< 10 ' ;
o > — 1.61 < 10—S

6.2 < 1071V
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Hydronium lon Concentration of Solutions of Weak Acids:
When the weak acid HA is dissolved in water, two equilibria are established that
yield hydronium ions: Ordinarily, the hydronium ions produced from the first reaction
suppress the dissociation of water. The contribution of hydronium ions from the second
equilibrium is negligible.
[H;O* ] [A7]
~ [HA]
2H,0 — H;0* + OH K, = [H:O7][OH™]

Furthermore, the sum of the molar concentrations of the weak acid and its conjugate

base must equal the analytical concentration of the acid Cya because the solution
contains no other source of A’ so:

HA + H,O=H;0* + A~ K,

-~

[A7] = [H:07]
cya = [A7] + [HA]
Caa = [H307] + [HA]
which rearranges to
[HA] = cua — [H5;07]

When |A | and [HA] are replaced by their equivalent terms from Equation
and 9-17. the equilibrium-constant expression becomes

[H:O™ |

K, = o
L.H:\ = [[‘];U l

1

which rearranges to
IH:(-) ¥ l“ = o ,“c lH 1()‘ ] — k‘.,('.|,\ = 0

The positive solution to this quadratic equation is

_k,.. 4 \ I\’: -+ 4&1,(“!,\
[H;O+] = e
Thus. provided [H, O] << c'”‘.\. Cpya — [H3O7] = e¢pa, and Eqguation
reduces 10
. [H;O"]"
B (
CHA
and
[H;07] = VK. cna (

Where [HA] and Cya are the molar and analytical concentration respectively.
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Calculate the hydronium ion concentration in (1. 120 M nitrous acid. The princi-
pal equilibrium is

HNO; + H,O = H;0" + NO3
for which (see Appendix 2)

[H;O"][NO;7 ]
[HNO,]

Ki=7.1X 104 =

[NO3] = [H;07]
[HNO»] = 0.120 — [H;0%]

When these relationships are introduced into the expression for K, we obtain

[H;O0"]?

= =T71%x107%
0.120 — [H;0"] h=10

Ky

It we now assume that [H;0"] << 0.120, we find

[H:0"]*

= 712107
0.120

[H;0*] = V0.120 X 7.1 X 10~* =92 X 103*M

- N

Calculate the hydronium ion concentration in a solution that is 2.0 X 10" * M in
aniline hydrochloride, C;HsNH:Cl.
In agueous solution, dissociation of the salt to Cl- and C,HsNH7T is com-
plete. The weak acid CgHsNH7T dissociates as follows:
_ [H;07 J[CHNH, |
[CeHsNH |

CeHsNHY: + H,0O == C,H-NH, + H,0" K,

If we look in Appendix 3, we find that the K, for CcHsNH7Y is 2.51 X 105,
Proceeding as in Example 9-7. we have

[H:O07] = [CgHsNH,]
[CeHsNHE] = 2.0 X 1074 — [H;07)
Assume that [H:O7] =< 2.0 X 10 % and substitute the simplified value

for [CoHsNHT | into the dissociation-constant expression to obtain (see Equation
9-21)

[HO"]?

TR 2.51 X 10~5

[H:0*] = V/5.02 X 10° = 7.09 x 10-5 M
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Comparison of 7.09 > 10 ° with 2.0 > 10 * suggests that a significant error
has been introduced by the assumption that [H;0 7] <<= ¢ g g, (Figure 9-3
indicates that this error is about 20%.) Thus. unless only an approximate value
for [H3O "] is needed, it is necessary to use the more nearly exact expression
(Equation 9-19)

[H,O"]*

— — =251 % 105
20 X 10* — [HO"]

which rearranges to

[HiO ] + 251 X 105 [HO'] —5.02 < 109 =0

=2

W

12X 10>+ \/’(2.55 X 10°3) + 4 X 5.02 X 1077

[H;O07'] = =

-

=594 X 105 M

Hydronium lon Concentration of Solutions of Weak Base
The techniques discussed in previous sections are readil d to the calculation of
the hydroxide or hydronium ion concentration in solutjap eak bases.

NH; + “:O: NHI + 0“—

_ [NH;][OH ]

K
8 [NH;]

Calculate the hydroxide ion concentration of a 0.0750 M NHj solution. The pre-
dominant equilibrium is

NH; + H,O = NH7J + OH~
As shown on page 243.

[NH{ | [OH | 1.00 % 10~
= - ——————— . = X : b 3
Ko [NH.] 570 x 10~ 713X 10

The chemical equation shows that
[INH3] = [OH]
Both NH} and NH; come from the 0.0750 M solution. Thus,
[NHZ] + [NH3] = cny, = 0.0750 M

If we substitute [OH | for [NHI] in the second of these equations and
rearrange. we find that

[NH;] = 0.0750 — [OH ] (continued)
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Substituting these quantities into the dissociation-constant expression yields

[OH]? g
— = .75 X 10~
7.50 X 102 — [OH ]

which is analogous to Equation 9-17 for weak acids. Provided that [OH 7] <<
7.50 % 1077, this equation simplifies to
[OH > =7.50 X 1072 X 1.75 X 1073
[OH ] =1.15 X 107*M
Comparing the calculated value for [OH | with 7.50 X< 1072, we see that the

error in [OH ] is less than 2%. If needed, a better value for [OH | can be
obtained by solving the quadratic equation.

Applying Solubility-Product Constants:

Most, but not all, sparingly soluble salts are essentia mpletely dissociated in
saturated aqueous solution. For example, when ss of barium iodate is
equilibrated with water, the dissociation proc dequately described by the
equation: A

Ba(10;)(s) = Ba®*(ag) + 2]()}({::{)‘7
Ba’* (103 |? 7
¢ (B 100

[Ba[l(););(\)l
K [Ba(10:)x(s)] = Ky = [Ba?*|[105)°

Where the new constant is cﬁlﬁ/ﬂhe solubility-product constant or the solubility
product. The solubility-produc®” expression permits the ready calculation of the
solubility of a sparingly soluple substance that ionizes completely in water.

How many grams of Ba(10;), (487 g/mol) can be dissolved in 500 mL of water
at 25°C?

The solubility-product constant for Ba(105), is 1.57 X 107 (see Appendix
2). The equilibrium between the solid and its ions in solution is described by the
equation

Ba(10;)s(s) = Ba®>~ + 2103
and so

K, = [Ba** ][I0 = 1.57 X 107°

The equation describing the equilibrium reveals that 1 mol of Ba** is formed for
each mole of Ba(TO,), that dissolves. Therefore,

molar solubility of Ba(10,), = [Ba**]
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Since two moles of iodate are produced for each mole of barium ion. the iodate
concentration is twice the barium ion concentration:

[1O3] = 2[Ba?t)
Substituting this last equation into the equilibrium-constant expression gives

[Ba2*(2[Ba>* )2 = 4[Ba?*]® = 1.57 X 107°

> —gX 113
[Ba®t] = (1‘5—7%) = 7.32 X 10~ * M

Since 1 mol Ba®' is produced for every mole of Ba(1Ox),.
solubility = 7.32 <X 10+ M

To compute the number of millimoles of Ba(lO,), dissolved in 500 mL of solu-
tion. we write
mmol Ba(lO; ),

no. mmol Ba(IOs), = 7.32 >< 10 >< 500 i

The mass of Ba(lOs3), in 500 ml. is given by

mass Ba(lO3), —
s Ba(lO;),

(7.32 < 10 * X 5300y mmol BafO:n =< 0.487
manel- Balticas

= 0.178 g
The Effect of a Common lon on the Sol e Precipitate:
The common-ion effect is a mass-actionl effegt predicted from the Le Chatelier’s
principle and is demonstrated by the following examples.

Calculate the molar solubility of Ba(IO3), in a solution that is 0.0200 M in
BH(NO_;)Z.

The solubility is no longer equal to [Ba’ "] because Ba{INO;), is also a source
of barium ions. We know. however. that the solubility is related to [ 103]:

>

molar solubility of Ba(105), = 1 [107]

There are two sources of barium ions: Ba(NOs); and Ba(IO3),. The contribu-

tion from the former is 0.0200 M, and that from the latter is equal 1o the molar
as 1 = i
solubility, or 3 [1O3]. Thus.

[Ba?*] = 0.0200 + 5 [103]
Substitution of these quantities into the solubility-product expression yields
(0.0200 + ;;10; |) [I03]2 = 1.57 X 10?2

Since the exact solution for [[O3] requires solving a cubic equation, we seek
an approximation that simplifies the algebra. The small numerical value of K,
suggests that the solubility of Ba(10;), is not large, and this is confirmed by the
result obtained in Example 9-3. Moreover, barium ion from Ba(NO.), will fur-
ther repress the limited solubility of Ba(IO3),. Thus, it is reasonable to seek a
provisional answer to the problem by assuming that 0.0200 is large with respect
to 3 [103]. That is. 3 [T03] < 0.0200, and
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1

[Ba®"] = 0.0200 + 5 [103] = 0.0200 M
The original equation then simplifies to

0.0200 (1032 = 1.57 X 10~°
[TO3] = V1.57 % 10~-%/0.0200 = V7.85 < 10~* = 2.80 X 1074 M

The assumption that (0.0200 + L % 2.80 x 104) = 0.0200 does not appear to
cause serious error because the second term, representing the amount of Ba®"
arising from the dissociation of Ba(1O5),. is only about 0.7% of 0.0200. Ordi-
narily, we consider an assumption of this type to be satisfactory if the discrep-
ancy is less than 10%.' Finally. then,

solubility of Ba(IO3), = 3 [I03] = 3 X 2.80 X 107% = 1.40 X 10 *M

Calculate the solubility of Ba(l103), in a solution prepared by mixing 200 mL of
0.0100 M Ba(NO4)» with 100 mL of 0.100 M NalO;.

First establish whether either reactant is present in excess at equilibrium. The
amounts taken are

no. mmol Ba™ = 200 mE X 0.0100 mmol/mi= 2.00
no. mmol [0; = 100 mE < 0.100 mmol/miE = 10.0

If the formation of Ba(105), is complete,
no. mmol excess NalO; = 10.0 — 2 X 200 = 6.00

Thus,
6.00 mmol ~ 6.00 mmol
200 mL + 100 mL 300 mL

[1O3] = = 0.0200 M

As in Example 9-3,
molar solubility of Ba(IO5), = [Ba’"]
Here, however,
[103] = 0.0200 + 2[Ba®"|

where 2[Ba’"] represents the iodate contributed by the sparingly soluble
Ba(10;),. We can obtain a provisional answer after making the assumption that
[TO3] = 0.0200: thus

Ko 157X 10°°
[107]° (0.0200)°

= 3.93 X 10 *mol/L

solubility of Ba(IO3), = [Ba’' ] =

Since the provisional answer is nearly four orders of magnitude less than
0.02 M, our approximation is justified, and the solution does not need further
refinement.

Solving Equilibrium Problems for Complex Systems:
Example, when water is saturated with sparingly soluble barium sulfate, three equilibria
develop:
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BaSOyfs) = Ba*" + SO3
IH,0 = H;0~ + OH"

If hydronium ions are added to this system, the second equilibrium is shifted to the right
by the common-ion effect. The resulting decrease in sulfate concentration causes the
first equilibrium to shift to the right as well, which increases the solubility of the barium
sulfate. The solubility of barium sulfate is also increased when acetate ions are added to
an aqueous suspension of barium sulfate because acetate ions tend to form a soluble
complex with barium ions, as shown by the reaction:

Ba’" + OAc™ = BaOAc’

Again, the common-ion effect causes both this equilibr and the solubility

equilibrium to shift to the right; an increase in solubility resul

The solution of a multiple-equilibrium problem requm to develop as many

independent equations as there are participants in tem being studied. For
@Ifate in a solution of acid, we

ecies present in the solution.

example, if we wish to compute the solubility of bari
need to be able to calculate the concentration of
There are five species. ‘W
[Ba**], [SC SO; 1, [HiO*|, and [OH™).
To calculate the solubility of barium sulfa®”in this solution rigorously, it is then
necessary to develop five indgfyendent algebraic equations that can be solved
simultaneously to give the five co ons.
Three types of algebraic e ré used in solving multiple-equilibrium problems:
(1) equilibrium-constant expresgions, (2) mass-balance equations, and (3) a single
charge-balance equation.
Mass-balance equgtions reate the equilibrium concentrations of various species in a
solution to one ano to the analytical concentrations of the various solutes. We
can derive such equdtions from information about how the solution was prepared and
from a knowledge of1he kinds of equilibria that are present in the solution.
Example:%lcu&ate the molar solubility of BaSO, a solution in which [H30"] is 2.5 M.

Bz a +SO4
HZO 0, & H;0" + S0~ K.= 1.02 .10
S= B = [804 ] + [HSO4 ]
Kep=[Ba™]=[S04°T=1.1+10" ... i (1)
_ [H307][S042-] _ 2
= Thmoy TL02410% 2)
Mass balance requires that
[Ba®] = [SOZT+ [HSO4T weneeeeee e (3)
[HaO ] = 2.5 M oo, 4)
Substituted 4 in 2
_ [25][s042-] _ 2
- m - 102 * 10
[HSO4T = 2451 [SOuZT weveneeeeee e, (5)

Substituted 4 in 2 '
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[Ba®™] =[SO4%] + 245.1[SO04%]=246.1[SO4%] cevvvvvneieeinaain (6)
Substituted 6 in 1
[Ba®*] =246.1[SO,*]= 1.1-10™"

Write mass-balance expressions for the system formed when a 0.010 M NH-
solution is saturated with AgBr.
Here. equations for the pertinent equilibria in the solution are
AgBr(s) = Ag" + Br—
Ag® + NH; — AgNH3
Ag(NH3)™ + NH; = Ag(NH;3):
NH; + H,O — NHi + OH"
2H,O = H;O™ + OH™
Because AgBr is the only source of Br . Ag". Ag(NH3) . and Ag(NH:): and

because silver and bromide ions are present in a |:| ratio in that compound, it
follows that one mass-balance equation is

[Ag™] + [Ag(NH3)"] + [Ag(NH3); ] = [Br™]

where the bracketed terms are molar species concentrations. Also, we know that
the only source of ammonia-containing species is the 0.010 M NH;. Therefore.

cxn, = INHz] + [NH ] + [Ag(NH3) "] + 2 [Ag(NH3)3 ] = 0.010

From the last two equilibria. we see that one hydroxide ion is formed for each
NH; and each hydronium ion. Therefore,

[OH™] = [NHI ] + [H:O7]

Write mass-balance expressions for a 0.0100 M solution of HCI that is in equi-
librium with an excess of solid BaSO,.

As shown by Equations 11-1. 11-2, and 11-3. three equilibria are present in
this solution. That is,

BaSOy4(s) = Ba®~ + SO;
SOi~ + H;O" = HSO; + H,0
2H,0 = H;0" + OH~
Because the only source for the two sulfate species is the dissolved BaSO,,
the barium ion concentration must equal the total concentration of sulfate-

containing species. and a mass-balance equation can be written that expresses
this equality. Thus,

[Ba**] = [SO3~] + [HSO; ]
The hydronium ions in the solution can exist either as free H;O™ ions or com-
bined with SOZ to form HSO;, according to the second reaction above. These
hydronium ions have two sources: HCI and the dissociation of water. Thus,

[H:OF] + [HSO; ] = ¢y + [OHT] = 0.0100 + [OH ]

Since the only source of hydroxide is the dissociation of water, [OH 7] is equal
to the hydronium ion concentration from the dissociation of water.
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Charge-Balance Equation:
Electrolyte solutions are electrically neutral, even though they may contain millions of
charged ions. Solutions are neutral because the molar concentration of positive charge
in an electrolyte solution always equals the molar concentration of negative charge.
That is, for any solution containing electrolytes, we may write:
no. mol/L positive charge = no. mol/L negative charge

Now, consider how we would write a charge-balance equation for a 0.100 M solution of
sodium chloride. Positive charges in this solution are supplied by Na* and H;O" (from
the dissociation of water). Negative charges come from Cl" and OH". The morality of
positive and negative charges are:

mol/L positive charge = [Na] + [H;0"] = 0.100 + 1 x 10’

mol/L negative charge = [CI] + [OH] = 0.100 + 1 x 10~
We write the charge-balance equation by equating the conc tions of positive and
negative charges. That is,

[Na*] + [H;0*) = [CI"] + [OH ] = 0.100 + 1 X 1077 @

Now consider a solution that has an analytical conc@ion
of magnesium chloride of 0.100 M. Here, the W es of

positive and negative charge are given by:

mol/L positive charge = 2 [Mg*] + [H 0.100 + 1 X 10~

mol/L negative charge = [CI'] + [OH] = 2 %®100 + 1 X 10~

In the first equation, the molar cog€entration of magnesium ion is multiplied by two (2
x 0.100) because 1 mol of that io triutes 2 mol of positive charge to the solution.
In the second equation, t loride ion concentration is twice that of the

magnesium chloride concentratiQn, Or 2 x 0.100.
2[Mg?t] + [HO'] = [CIT] + [OH"] = 0.200 + 1 X 1077
For a neutral solu O] and [OHT] are very small and equal, so that we can

ordinarily simplify th¢ charge-balance equation to:
2 [Mg®] = [CI)f= 0.200 M
P .

Write a charge-balance equation for an aqueous solution that contains NaCl,
Ba(ClOy),, and Al,(SO,)s.

[Na*] + [H;07] + 2[Ba*] + 3[A1P*] =
[CIO; ] + [NO3 ] + 2[SO3 ] + [HSO; ] + [OH ]

Steps for Solving Problems Involving Several Equilibria:

Step 1. Write a set of balanced chemical equations for all pertinent equilibria.

Step 2. State the quantity being sought in terms of equilibrium concentrations.

Step 3. Write equilibrium-constant expressions for all equilibria developed in Step 1,

and find numerical values for the constants in tables of equilibrium constants.

Step 4. Write mass-balance expressions for the system.

Step 5. If possible, write a charge - balance expression of the system.

Step 6. Count the number of unknown concentrations in the equations developed in
Steps 3, 4, and 5, and compare this number with the number of independent equations.
Step 6 is critical because it shows whether an exact solution to the problem is possi %
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If the number of unknowns is identical to the number of equations, the problem has
been reduced to one of algebra alone. That is, answers can be obtained with sufficient
perseverance. On the other hand, if there are not enough equations even after
approximations are made, the problem should be abandoned. If a sufficient number of
equations have been developed, proceed to either step 7a or step 7b.

Step 7a. Make suitable approximations to reduce the number of unknowns equilibrium
concentrations and thus the number of equations needed to provide an answer, as
defined in step 2, precede to steps 8 and 9.

Step 7b. Solve the simultaneous equations exactly for the concentrations required by
Step 2 by means of a computer program.

Step 8. Solve manually the simplified algebraic equations to give provisional
concentrations for the species in the solution.

Step 9. Check the validity of the approximations. x )

Calculate the molar solubility of Mg(OH)- in water.

Step 1. Write Equations for the Pertinent Equilibria Two equilibria that
need to be considered are

Mg(OH)s(s) = Mg** + 20H"

2H_\_O prm— H",O- + OH

Step 2. Define the Unknown Since | mol of Mg?™ is formed for each mole
of Mg(OH), dissolved,

solubility Mg(OH), = [Mg>']
Step 3. Write All Equilibrium-Constant Expressions

Mg*'][OH]? = 7.1 X 107'* (11-5)

[H;O*]1[OH ] = 1.00 x 107" (11-6)
Step 4. Write Mass-Balance Expressions As shown by the two equilibrium
cqguations. thcre arc two sourcces of hydroxidce ions: Mg(OH ), and H,O. Thc
hydroxide ion concentration resulting from dissociation of Mg(OH), is twice

the magnesium ion concentration, and the hydroxide ion concentration from
the dissociation of water is equal to the hydronium ion concentration. Thus.

[OH ] = 2[Mg’*] + [H;07] (11-7)
Step 5. Write the Charge-Balance Expression

[OH™] = 2[Mg?*] + [H;0"]
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Note that this equation is identical to Equation 11-7. Ofien, a mass-balance and
a charge-balance equation are the same.

Step 6. Count the Number of Independent Equations and Unknowns We
have developed three independent algebraic equations (Equations 11-5, 11-6,
and 11-7) and have three unknowns ([Mg?" |, [OH ], and [H;O " |). Therefore.
the problem can be solved rigorously.

Step 7a. Make Approximations We can make approximations only in
Equation 11-7. Since the solubility-product constant for Mg(OH), is relatively

large, the solution will be somewhat basic. Therefore, it is reasonable to
assume that [H,O "] << [OH ]. Equation 11-7 then simplifies to

2[Mg*"] = |[OH ] (11-8)

Step 8. Solve the Eguations Substitution of Equation 11-8 into Equation

11-5 gives
[Mgl+](2[Mg2—+])2 = 7.1 X |0~12

251 1022
Mg = ———F—— =178 X 1072
[Mg27] = solubility = (1.78 X 1071913 = 121 X 107%or 1.2 X 10°%* M

Step 9. Check the Assumptions Substitution into Equation 11-8 yields
[OH ]=2X%X1.21 X 1074 =242 <X 107* M
and from Equation 11-6.

1.00 < 1014
242 X 10—

[HO%] = =4.1 X 107" M
Thus. our assumption that |[H;O "] << [OH ] is certainly valid.

Example: Write mags ance expression for a solution that is :

¢ 0.2 M of H3;AsO,

0.2 = [H3AsO4] + [H4ASO 4] + [H3ASO? 4] + [AsO* 4]

+0.05M Cl® and 0.1 of NaCIO

0.05 O] + [HCIO]

aOH saturated with Zn (OH),

+ 20H & Zn (OH) /*

0.1= [ a'] = [OHT] + 2 [Zn(OH) /4]
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Calculate the solubility of Fe(OH): in water. Proceeding by the systematic
approach used in Example 11-5, we write.

Step 1. Write Equations for the Pertinent Equilibrium

Fe(OH)(s) = Fe’" + 30H™
2H,0 = H;0' + OH"

Step 2. Define the Unknown
solubility = [Fe*"]
Step 3. Write All the Equilibrium-Constant Expressions

[Fe3*[OH F =2 x 107%
[H:O*][OH"] = 1.00 x 10~ "

Step 4 and 5. Write Mass-Balance and Charge-Balance Equations As in
Example 11-5. the mass-balance equation and the charge-balance equations are
identical. That is,

[OH"] = 3{Fe’’] + [H,07)]

Step 6. Count the Number of Independent Equations and Unknowns We
see that we have enough equations to calculate the three unknowns.

Step 7. Make Approximations As in Example 11-5, assume that [H;0 7] is
very small. so that [H;O"] << 3[Fe’ "], and

3[Fe® ] = [OH |

Step 8. Solve the Equations Substituting [OH ] = 3[{Fe’ "] into the
solubility-product expression gives

AL o

[Fe3 ' B[Fe* =2 % 107

2 %10 P\
[Fe3t)] = (T) =9 10~

solubility = [Fe?**] =9 X 107 "' M

Step 9. Check the Assumption From the assumption made in Step 7. we can
calculate a provisional value of [OH ]. That is,

[OH ]=3[Fe’3*"]| =3 X9 X [0 11"=3xX10""'"M
Then use this value of [OH ] to compute a provisional value for [H;O7 :

1.00 X 107#
+] — =% e —5
[Hlo ] 3 < |00 3 10 M
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But 3 X 10 7 is not much smaller than three times our provisional value of
[Fe? " ]. This discrepancy means that our assumption was invalid and the provi-
sional values for [Fe® 7 ]. [OH " ]. and [H3O "] are all significantly in error. There-
fore. go back to Step 7a and assume that

3[Fe®"] === [H:O™*]
Now the mass-balance expression becomes

lH;l()+I = IOH_]

Substituting this equality into the expression for K, gives

[H;:OT] =JOH ] = 1.00 < 10" M

Substituting this number into the solubility-product expression developed in
Step 3 gives

2 % 103 .
Feit] = — =2 X 1073 M
(Fe™1 =700 % 107y

In this case, we assumed that 3[Fe’"] << [OH Jor3 X2 X 107 ¥ << 107
Clearly, the assumption is valid, and we may write

solubility = 2 X 107" M

Note the very large error introduced by the invalid assumption.

The Effect of pH on Solubility:
The solubility of precipitateg contai
acidic properties, or both wi on the pH.

Solubility Calculations when thg’pH is Constant:

Analytical precipitations are usually performed in buffered solutions in which the pH is
fixed at some predefaggined®nd known value.

Calculate the molar solubility of calcium oxalate in a solution that has been
buffered so that its pH is constant and equal to 4.00.

o
an anion with basic properties, a cation with

Step 1. Write Pertinent Equilibria
CaC,04(s) = Ca** + C,03~ (11-9)

Oxalate ions react with water to form HC.O; and H,C,0,. Thus, there are three
other equilibria present in this solution:

H2C204 -y H:O -— H3O'° + HCZOJ— (] ]‘IO)
HC,O; + H,O — H, 0" + C,03 (11-11)

2H20 ——- H_‘O- 1 OH_
Step 2. Define the Unknown Calcium oxalate is a strong electrolyte, so that
its molar analytical concentration is equal to the equilibrium calcium ion

concentration. That is.

solubility = [Ca’" ] (11-12)

45
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Step 3. Write All the Equilibrium-Constant Expressions

[Ca?*] [C,057 1 = K., = 1.7 X 1072 (11-13)
[H;O7 [HC,0, ] =
: 2 = K; = 5.60 X 102 11-14
[H,C,0,] g (550
H.O* ] [C.03"
O™ 2% Ik, = 542% 103 (11-15)
[HC,Oq ] -

[H:O*][OH ] = K, = 1.0 X 10~ '*

Step 4. Mass-Balance Expressions Because CaC,0, is the only source of
Ca”" and the three oxalate specics.

[Ca’"] = [C,057] + [HC,O; | + [H,C50,] = solubility (11-16)
Moreover, the problem states that the pH is 4.00. Thus,
[H:O'] = 1.00 X 10* and [OH ] = K /[H:O"] = 1.00 X 107 '°

Step 5. Write Charge-Balance Expression A buffer is required to maintain
the pH at 4.00. The buffer most likely consists of some weak acid HA and its
conjugate base, A . The nature of the three species and their concentrations
have not been specified. however, so we do not have enough information to
write a charge-balance equation.

Step 6. Count the Number of Independent Eguations and Unknowns We
have four unknowns ([Ca” "], [C>05 |, [HC-0; |. and [H-C-0,]) as well as four
independent algebraic relationships (Equations 11-13, 11-14, 11-15, and
11-16). Therefore. an exact solution can be obtained, and the problem becomes
one of algebra.

Step 7a. Make Approximations An exact solution is so readily obrained in
this case that we will not bother with approximations.

Step 8. Solve the Equations A convenient way to solve the problem is to
substitute Equations 11-14 and 11-15 into 11-16 in such a way as to develop a
relationship between [Ca’ "], [C>03 ]. and [H;O “|. Thus, we rearrange
Equaton 11-15 to give

[HO " 11C05 |
K,

[HC,O3 | =

Substituting numerical values for [H;O 7] and K, gives

1.00 X 10 *[C,03 ]
5.42 X 103
Substituting this relationship into Eguation 11-14 and rearranging gives

[HC,O ] =

= 1.85 [C,03]

[H O 1 1CO5 1 X 1.85
K,

[H-C-04] =

Substituting numerical values for [H;O | and K, vields

1.85 X 1041 C,0O3 ]
5.60 < 10—2

[H.C-0,] = = 3.30 X 102 [C-0O35}
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Substituting these expressions for [HC-O7 | and [H>C,04] into Equation 11-16
gives
[Ca2~] = [C.O32~ + 1.85 [C-03"] + 3.30 X 1072 [C,037]
= 2.85 [C,037]
or [C-O3 ] = [Ca2t)/2.85

Substituting into Equation 11-13 gives

6 s 0o o B 1.7 X 10°°
2.85
[Ca2¥] = solubility = V285 X 1.7 X 102 =7.0xX 10 M
Example: Calculate the molar solubility of Ag,C,0O, in solution that has a fixed H;O"
concentration of 1« 10°M Kg,=3.5 . 10™ ' K; =5.6- 107, K, £ 5.42 » 10”.
Solution:
Step 1: Ag,C,0, & 2Ag" + C,0,% 6

H2C204 + HZO (=4 H3()+ + HC204- @
HC204_ + Hzo =4 H30+ + C2042_
Step 2: S = solubility = [Ag*]/ 2 @

Step 3: [AgT [C20°1=Ks, =3.5. 10 ...

T _
[H30 ][HC204 ] — K]_: 56* 10-2
[H-2+C204] ~
— [H30 ][CZO_4 ] — KZ— 542 10 5
[HC,047]

Step 4: [Ag'] = 2 ([C,04°] + [HC/
=[H;0]1=1-10° _.....
Step 5: no charge balance e

Substituting this relat onship (6 and 5) into 2 and rearranging

[H,C,04] ag”ﬂggg’jfgz%m* | 2320.107 [C,02]  wovoren. )
Subglitutg ®and 7) in (4)

[ C,0,% 12 +(0.01845 [C,0,%]) +2 «(3.29- 107 [C,04])
[Ag'T97.037 [C,0,” ]

Substituting 8in 1

$=21.10"

Solubility calculations when the pH is variable:

To determine the solubility of CaC,0,4 in pure water, we must take into account the
change in OH and H;O" that accompanies the solution process. In this example, there
are four equilibria to consider.

CaC-04(s) — Ca** + C-03
C->0O5 + H>O — HC,O35 + OH
HC-0; + H-0 — H-C-O, + OH™

2H-O — H.O~ + OH '
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Here. as in Example 11-7, the solubility is equal to the cation concentration,
[Ca**].

solubility = [Ca®*] = [C,05 ] + [HC,07] + [H.C,04)
In this case, however, we must take into account one additional equilib-

rium-——the dissociation of water. The equilibrium-constant expressions for the
four equilibria are then

K, = [Ca**][C,03" ] = 1.7 X 107° (11-17)
[H.O" ] [C,03Z ]
K= — 542 % 103 11-18
2 [HC,O; | LA
[H:O" ] [HC,O; ]
K, = — 560 % 102 11-19
3 [H,C,04] ( )
K, = [H,O"][OH ] = 1.00 X 10~ 14 (11-20)

The mass-balance equation is
[Ca®'] = [C,03 ] + [HC,03 ] + [H>C,04] (11-21)
The charge-balance equation is
2[Ca2*] + [HiO"] = 2[C-03" ] + [HC:03 1 + [OH ] (11-22)
We now have six unknowns ([Ca?*]. [C,07 ], [HC,O; ]. [H,C04], [H:O'].

and [OH ]) and six equations (11-17 through 11-22). Thus. in principle. the
problem can be solved exactly.

» WTrite a mass balance and charge balance eq;ations for a 0.10 M solution of
NaHCOs.

SOLUTION

It is easier to keep track of what species are in solution if we write down the
reactions that control the solution’s composition. These reactions are the

dissolution of a soluble salt
NaHCO:(s) — Na*{ag) + HCOs;{ag)
and the acid—base dissociation reactions of HCO; and H,O

HCOs {ag) + H:O(£) = HiO*{ag) + TO={ag}
HCO5 {ag) + HLO(f) = OH{ag) + H.CO{ag)

ZH:OZ ) = H5O " {ag) + OH {ag)
The mass balance equations are
0.10 M = [H,CO5] + [HCO: | + [CO2)
0.10 M — | Na*|
The charge balance equation is
[Na*] + [H30%] = [OH-] + [HCO5 | + 2 % [COs*|
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« Calculate the sofubility of Ph{10s); in 1.0 x 104 M PHINO.),.

SOLUTION
Letting x equal the change in the concentration of Pb**, the equilibrium
concentrations are
Pb3] = 10x 104 4+ x |10y ] =2x
and
(1.0 x10% + x)(2xP =25 < 101
We start by assuming that

[Pb2*] = 1.0x 104 + x= 1.O% 104 M

and solve for x, obtaining a value of 2.50 x 10-5. Substituting back gives the
calculated concentration of Pb** at equilibrium as

[PB*] = 1.0x 104 + 250 % 105 = 125 % 104 M

a value that differs by 25% from our approximation that the equilibrium
concentration is 1.0 x 10* M. This error seems unreasonably larpe. Rather than
shouting in frustration, we make a new assumption. Our first assumption that
the concentration of Pb?* is 1.0 x 10—* M was too small. The calcalated
concentration of 1.25 x 10-* M, therefore, is probably a little too large. Let us
assume that

P = 10x 108 + x=12 x 104 M
Substituting into the solubility product equation and solving for x gives us
x=228x10"°
or a concentration of Pb** at eguilibrinm of
(P4 = 10x 104 + (228x 105) = 1.3 < 10* M

which differs from our assumed concentration of 1.2 x 104 M by 2.5%. This
seems to be a reasonable error since the original concentration of Pb** is
given to only two significant figures. Our final solution, to two significant
figures, is

[Pb?*] = 12x104M |10y} =46x10°M

and the solubility of PB(10s); is 2.3 x 10-° mol/L. This iterative approach to
solving an equation is known as the method of successive approximations.

Write the equation of mass balance for a 0.100 M solution of acetic acid.

Solution
The equilibria are

HOAc =H" + OAc™
H,0 =H" + OH~
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We know that the analytical concentration of acetic acid is equal to the sum of the
equilibrium concentrations of all its species:

Choac = [HOAc] + [OAc™] = 0.100 M

A second mass balance expression may be written for the equilibrium concentra-
tion of H*, which is derived from both HOAc and H,0O. We obtain one H* for each
OAc~ and one for each OH™:

[H*] = [OAc™] + [OH]

Write a charge balance equation for a saturated solution of CdS.

Solution
The equilibria are

CdS = Cd** + S*-
S + H,O=HS™ + OH"

HS™ + H)_O — st + OH"™
H,0 = H* + OH

Again, the charge concentration for the singly charged spegies (H+§-OH-’ lI;IS‘)
will b:e equal to the concentrations of the species. But for Cd @d S?7, the c arge
concentration will be twice their concentrations. We must again equate the posi-

tive and negative charge concentrations.
2[Cd**] + [H*] =2[S"] + [HS™] + [OH7]
Nl.

Write a charge balance equation for Example 6.7.

Solution ) ]
[Ag*] + [Ag(NH3)"] + [Ag(NH;),*] + [NH,*] + [H*] = [CI7] + [OH"]

Since all are singly charged species, the charge concentrations are equal to the mo-

lar concentrations.
Titration curves intitrimetric methods:
As noted an end point is an observable physical change that occurs near the equivalence
point of a titration. The two most widely used end points involve:
(1) Changes in color due to the reagent, the analyte, or an indicator.
(2) A change in potential of an electrode that responds to the concentration of the
reagent or the analyte.
Types of Titration Curves:
Two general types of titration curves (and thus two general types of end point) are
encountered in titrimetric methods. In the first type, called a sigmoidal curve.
A sigmoidal curve, in which the p-function of analyte (or sometimes the reagent) is
plotted as a function of reagent volume. In the second type of curve, called a linea
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segment curve, in this type of curve, the vertical axis represents an instrument reading
that is directly proportional to the concentration of the analyte or the reagent.

(-

p-function

[nstrument reading

Equivalence
~~ poimt

| _ Equivalence
I//’ point e

Reagent volume Reagent volume

(a) Sigmoidal curve (b) Linear-segment curve

Concentration Changes during Titrations:

The equivalence point in a titration is characterized by major changes i lative
concentrations of reagent and analyte. The table illustrates this pheno he data
in the second column of the table show the changes in the hydronium ncentration
as a 50 ml of aliquot of a 0.1 M solution HCI titrated with a 0.1 ion of NaOH.

The neutralization reaction is described by the equation: (b

H;O" + OH > 2H,0 g

Vol.of NaOH 0.1 M [ [H:0'IM pH € pOH
0 1x 10" 1 13
40.91 1x 10° N]"’z 12
49.01 1x 19@ 3 11
49.90 1x 10 4 10
49.99 1x10° Y 5 9
49.999 1x 10°® 6 8
50.0 1x 109 7 7
50.001 P, K 8 6
50.01 | 1x 107 9 5
50.1 1x 107 10 4
1x 10 11 3
1x 10 12 2

The standard solutigfs used in neutralization titrations are strong acids or strong bases
because these substances react more completely with an analyte than do their weaker
counterparts, and they therefore provide sharper end points.
Acid/Base Indicators:
An acid/base indicator is a weak organic acid or a weak organic base whose
undissociated form differs in color from its conjugate base or its conjugate acid form.
For example, the behavior of an acid-type indicator, HIn, is described by the
equilibrium:

e | oA =l D
Here, internal structural changes accompany dissociation and cause the color change.
The equilibrium for a base-type indicator, In, is:
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In + H,O = InH™ + OH™
base color = neid color
The equilibrium-constant expression for the dissociation of an acid-type indicator takes
the form:

+] [In— H1
k= HHOTIMNT] 60y o LHIn]

[ Hin | “[In~]
The human eye is not very sensitive to color differences in a solution containing a
mixture of HIn and In", particularly when the ratio [HIn] / [In"] is greater than about 10
or smaller than about 0.1.
As a result, we can write that the average indicator, HIn, exhibits its pure acid color

when
[HIn] 10 [Hin] _ 1 b
:_.5 s o —
[In~] 1 and its base color when [117] 10

If the two concentration ratios are substituted into the equation, th@e of hydronium
ion concentrations needed to change the indicator color can zzbe ated. So, for the

full acid color:
[H;07 ] = 10K,
With a little more algebra, we can derive a similar tionship for a basic-type
indicator. o
[H:O"] = 0.1K,
To obtain the indicator pH range, w he negative logarithms of the two

expressions:
pH(acid color) = —log (10K,) = pK, + |

pH(basic color) = —log (0.1K,) = pK, — 1

indicator pH range = pK, = |
This expression shows gllat ae indicator with an acid dissociation constant of 1x 107

a complete color change when the pH of the solution in
which it is diss# nges from 4 to 6.
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2016 - 2017

OH OH

colorless

H,0*

Some Important Acid/Base Indicators

Common Name Transition Range, pHH  pK,* Color Change? Indicator Typei
Thymol blue 1.2-2.8 1.658 R-Y 1
8.0-9.6 8.968 Y-B
Methyl yellow 2940 R-Y 2
Methyl orange 3.144 3468 R-O 2
Bromocresol green 3.8-54 4.668 Y-B |
Methyl red 4.2-6.3 5.008 R-Y 2
Bromocresol purple 5.2-6.8 6.12§ Y-P I
Bromothymol blue 6.2-7.6 7.10§ Y-B 1
Phenol red 6.8-84 7.81§ Y—R 1
Cresol purple 7.6-9.2 Y-P |
Phenolphthalein 8.3-10.0 C-R |
Thymolphthalein 9.3-10.5 C-B |
Alizarin yellow GG 10-12 c-Y 2

*At ionic strength of 0.1.

¥B = blue; C = colorless; O = orange; P = purple: R = red; Y = yellow.

(1) Acid type: HIn + H,O = H;0" + In ; (2) Base type: In + H,O = InH™ + OH".
§For the reaction InH™ + H,O = H;0" + In.
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[OHT S5 ol Y ol a3y

[M*V ]add base —[M*V ]org .acid

Vtotal

[OH] =

PH i &5 pPOH i
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[M*V Jadd acid — [M*V ]org base
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3CO0™ + H;0"
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[CH3COOH ]
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Remained acid = original acid — add base
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[Acid] =

Vtotal
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Titration of strong acids with strong base:
The hydronium ions in an aqueous solution of a strong acid have two sources:

1- The reaction of the acid with water

2- The dissociation of water itself.
In all but the most dilute solutions, however, the contribution from the strong acid far
exceeds that of the solvent. So, for a solution of HCI with a concentration greater than
about 10" M we can write:

[HO*] = ey + [OH] = ¢y

An analogous relationship applies for a solution of a strong base, such as sodium
hydroxide. That is:

[OH"] = ¢yon T [H307 ] = exon

Three types of calculations must be done to construct:

&

1 — before addition.

2 — after addition and before equivalence point. @
3 —at equivalence point. (b

4 — after addition and after equivalence point.

K, = [H;O7J[OH ]
—log K,, = —log[H;O"][OH™] = — log [H;0"] — log [OH ]
pK. = pH + pOH

—log 107" = pH + pOH = 14.00
7

Generate the hypothetical titration curve for the titration of 50.00 mL of 0.0500
M HCI with 0. 1000 M NaOH.

Initial Point
Before any base is added. the solution is 0.0500 M in H.,O ™", and

pH = ~log|H,O"] = —log 0.0500 = 1.30
After Addition of 10.00 mL of Reagent
The hydronium ion concentration i1s decreased as a result of both reaction with

the base and dilution. So the analytical concentration of HCl is

no. mmol HCI remaining after addition of NaOH

Cucl = e
total volume soln

original no. mmol HCl — no. mmol NaOH added

total volume soln
{50.00 mL X 0.0500 M} — (10.00 mL X 0.1000 M)
7 50.00 mL + 10.00 mL
(2.500 mmol — 1.000 mmol)

— = 2.500 ¥ 107 2M
60.00 mL

[HLO" ] 2500 X 10°:M
and pH = —log[H,0" ] = —log (2.500 X 10°%) = 1.60
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Changes in pH during the Titration of a Strong Acid with a Strong Base

pH
50.00 mL of 0.0500 M HCI S0.00 mL of 0.000500 M HCI
Volume of NaOH, mL. with 0.100 M NaOH with 0.00100 M NaOH

0.00 1.30 3.30

10.00 1.60 3.60
20.00 2:15 4.15
24.00 2.87 4.87
24.90 3.87 5.87
25.00 7.00 7.00
25.10 10.12 8.12
26.00 11.12 9.12
30.00 11.80 9.80

After Addition of 25.00 mL of Reagent: The Equivalence Point

At the equivalence point, neither HCI nor NaOH is in excess, and so the con-
centrations of hydronium and hydroxide ions must be equal. Substituting this
equality into the ion-product constant for water yields

[H:0*] = VK, = V1.00 X 100 = 1.00 X 10" M
pH = —log(1.00 X 1077) = 7.00

After Addition of 25.10 mL of Reagent
The solution now contains an excess of NaOH, and we can write

no. mmol NaOH added — original no. mmol HCI

CNaOH —
z total volume soln

25.10 X 0.100 — 50.00 < 0.0500
= : 7510 : = 133 X 107* M

and the equilibrium concentration of hydroxide ion is

[OH" | = cnuon = 1.33 X 10 M
pOH = —log (1.33 X 10~%) = 3.88

and

pH = 14.00 — 388 = 10.12

Choosing an IM
Figure shows that”the selection of an indicator is not critical when the reagent

concentration is approximately 0.1 M. Note, however, that bromocresol green is
unsuited for a titration involving the 0.001 M reagent because the color change occurs
over a 5-mL range well before the equivalence point. The use of phenolphthalein is
subject to similar objections. Of the three indicators, then, only bromothymol blue
provides a satisfactory end point with a minimal systematic error in the titration of the
more dilute solution.
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12.06) ﬁ
10.00 1 ] I
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4.00 i —
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0.00
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Titrating of Strong Base with Strong Acid: @

Titration curves for strong bases are derived in an analogous wa e for strong
acids. Short of the equivalence point, the solution is highly bas
concentration being numerically related to the analytical jty” of the base. The
solution is neutral at the equivalence point and become e region beyond the
equivalence point; then the hydronium ion concentr& equal to the analytical
concentration of the excess strong acid.

hydroxide ion

Calculate the pH during the titration of 50.00 mL of 0.0500 M NaOH with
0.1000 M HCI] after the addition of the following volumes of reagent: (a) 24.50
mL. (b) 25.00 mL., (¢) 25.50 mL.

(a) At 24.50 mL added, [H:O"] is very small and cannot be computed from
stoichiometric considerations but can be obtained from [OH |

original no. mmol NaOH no. mmol HCI added
total volume of solution

50.00 X 0.0500 — 24.50 X 0.100
50.00 + 24.50

[OH ] = cnaon =

=671 X 10" M

[H:0F] = K. N(671 X 107 = 1.00 X 100671 ><10™%
= 149 < 107" M
pH = —log(1.49 > 107'Y) = 10.83

(b) This is the equivalence point where [H:O"] = [OH ]

[H O] = VK, = V1.00 < 10" = 1.00 X 1007 M
pH = —1og(1.00 < 10-7) = 7.00

(c)y AL 25.50 mlL added.

(25.50 % 0.100 — 50.00 X 0.0500
75.50

[HiO " | = cpey =
= 6.62 X 107°* M

pH = —log(6.62 X 10 % = 3.18
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Titration curves for weak acids:

Four distinctly different types of calculations are needed to derive a titration curve for a
weak acid (or a weak base):

1. At the beginning, the solution contains only a weak acid or a weak base, and the pH
Is calculated from the concentration of that solute and its dissociation constant.

2. after various increments of titrant have been added (in quantities up to, but not
including, an equivalent amount), the solution consists of a series of buffers.

The pH of each buffer can be calculated from the analytical concentrations of the
conjugate base or acid and the residual concentrations of the weak acid or base.

3. At the equivalence point, the solution contains only the conjugate of the weak acid or
base being titrated (that is, a salt), and the pH is calculated from the concentration of

this product.

4. Beyond the equivalence point, the excess of strong acid or base titrant sses the
acidic or basic character of the reaction product to such an extent th pH is
governed largely by the concentration of the excess titrant. )

Generate a curve for the titration of 50.00 mL of 0.1000 M acetic acid with
0.1000 M sodium hydroxide.

Initial pH
First. we must calculate the pH of a 0.1000 M solution of HOAc using Equation
9-22.
[H:O*] = V&inone = V1.75 X 105 < 0.100 = 1.32 X 103> M
pH = —log(1.32 X 1073) = 2.88

pH after Addition of 5.00 mL of Reagent
A buffer solution consisting of NaOAc and HOAc has now been produced. The
analytical concentrations of the two constituents are

50.00 mL < 0.100 M — 5.00 mL X< 0.100 M _ 4.500 _

CHOA: —

60.00 mL  60.00
: _ 5.00mL X 0.100 M _ 0.500
CNaOAc 60.00 mlL. 60.00

Now for the 5.00-mL volume, we substitute the concentrations of HOAc¢ and
OAc™ into the dissociation-constant expression for acetic acid and obtain

_ [H;0" 1(0.500/60:60)

K, = —————~ = 1.75 X 103
: 4.500/60-60
[H;O"] = 1.58 X 107*M
pH = 3.80

pH after Addition of 25.00 mL of Reagent
As in the previous calculation, the analytical concentrations of the two con-
stituents are

50.00 mL X 0.100M — 25.00 mL X 0.100 M 2.500

CHOAc — =

60.00 mL 60.00

‘ _ 25.00mL X 0.100M _ 2.500
R 60.00 mL. ~ 60.00
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Now for the 25.00-mL volume. we substitute the concentrations of HOAc
and OAc¢  into the dissociation-constant expression for acetic acid and obtain

K= = [H;O0"] = 1.75 X 1073

pH = pK, = 4.76

At this point in the titration, both the analytical concentrations of the acid and
conjugate base as well as the total volume of solution cancel in the expression
for [H;O"].

Equivalence Point pH
At the equivalence point. all the acetic acid has been converted to sodium

acetate. The solution is therefore similar to one formed by dissolving that salt in
water. and the pH calculation is identical to that shown in Example 9-10 (page
250) for a weak base. In the present example, the NaOAc concentration is

0.0500 M. Thus,
OAc + H,O — HOAc — OH"
[OH ] = [HOAC]
[OAc™] = 0.0500 — [OH ] = 0.0500

Substituting in the base dissociation-constant expression for OAc ™ gives

OH- ]2 K, 00 %< 104
_lQE_,]_ - e 1.00 l‘:), = 571 X< 10—

0.0500 K, 1.75 %< 105

[OH" ] = V0.0500 < 5.71 X 107" = 534 < 10°°M
pH = 14.00 — (—log 5.34 < 10 %) = 8.73

pH after Addition of 50.01 mL of Base

After the addition of 50.01 mL of NaOH, both the excess base and the acetate
ion are sources of hydroxide ion. The contribution from the acetate ion is small,
however, because the excess of strong base represses the reaction of acetate with
water. This fact becomes evident when we consider that the hydroxide ion con-
centration is only 5.35 X 10 © at the equivalence point: once a tiny excess of
strong base is added, the contribution from the reaction of the acetate is even

smaller. We then have
Ve R4

(G = ~ 50.01 mL X 0.1000 M — 50.00 mL X 0.1000 M
2 100.01 mL

= 1.00 X 10°M
pH = 14.00 — [ —log (1.00 X 10~%)] = 9.00
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Titration curves for weak bases:

The calculations needed to draw the titration curve for a weak base are analogous
to those for a weak acid.

A 50.00-mL aliguot of 0.0500 M NaCN is titrated with 0.1000 M HCL The
reaction is

CN— + H30+ — HCN -+ Hgo

Calculate the pH after the addition of (a) 0.00, (b) 10.00, (¢c) 25.00, and (d)
26.00 mL of acid.

(a) 0.00 mL of Reagent

The pH of a solution of NaCN can be derived by the method shown in Example
9-10, page 250:

CN~ + H,0 = HCN + OH"

_ [OH J[HCN] K, _ 1.00 X 1074

[CN™] K, 62x10°10
[OH~] = [HCN]

[CNT] = exacn — [OH ] = enpen = 0.050 M

K, = 1.61 X 1073

Substitution into the dissociation-constant expression gives, after rearrange-
ment,

[OH" ] = V Kitnaex = V1.61 X 107% X 0.0500 = 8.97 X 10~*
pH = 14.00 — (—log 8.97 X 107%) = 10.95

(b) 10.00 mL of Reagent
Addition of acid produces a buffer with a composition given by

50.00 X 0.0500 — 10.00 X 0.1000 _ 1.500

CNACN

60.00 ~60.00
__ 10,00 X 0.1000 _ 1.000
“HeN 60.00 = 60.00

These values are then substituted into the expression for the acid dissociation
constant of HCN to give |HyO ™| directly (see Margin Note):

6.2 X 107" X (1.000/60:60
[HOT] = ( ) =413 X 107
1.500/60-:60

pH = —log(4.13 X 10 '%) = 9.38
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(c) 25.00 mL of Reagent
This volume corresponds to the equivalence point, where the principal solute

species is the weak acid HCN. Thus,

25.00 X 0.1000

CHCN — 75 00 = ()03333 M

[HiO"] = VK cha

[Hi0*] = VK.cpen = V6.2 X 10710 X 0.03333 = 4.45 X 10°°M
pH = —log(4.45 X 107°) = 5.34
(d) 26.00 mL of Reagent

The excess of strong acid now present represses the dissociation of the HCN to P
the point where its contribution to the pH is negligible. Thus, )

26.00 X 0.1000 — 50.00 X 0.0500
76.00
—log(1.32 X 107%) = 2.88

=132 X 107°M

[HiO"] = ¢y =
pH =
AL

3 \
Strong hase

Phenolphthalein ;
o Phenolphthalein

-

(ransition range

__ Bromothymol hlucv

transition range

pH

 Bromocresol green
transition range

~ transition range

Bromothymol blue

— ‘e
transiton range

L Bromocresol green
transition range

[ Strong acid

010 20 30 40 50 60 0 10 20 30 40 50 60
Volume of 0.1000 M NiaOH, mL Volume of 0.1000 M HCI, mL

Buffer solutions:
By definition, a buffer solution resists changes in pH with dilution or with addition of

acids or bases. Generally, buffer solutions are prepared from a conjugate acid/base pair,
such as acetic acid/sodium acetate or ammonium chloride/ammonia.

Calculation of the pH of Buffer Solutions:
A solution containing a weak acid, HA, and its conjugate base, A-, may be acidic,

neutral, or basic, depending on the position of two competitive equilibria:
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HA + H-O — H:O* + A~ K. = [E0-TEa—]
o 3 ) - - 3 I o == :
2 : ; [HA |
_ B ) [OH ] |HA | K
A~ + H,O=—OH + HA Ky = s

[AT] K

If the first equilibrium lies farther to the right than the second, the solution is acidic. If
the second equilibrium is more favorable, the solution is basic. These two equilibrium-
constant expressions show that the relative concentrations of the hydronium and
hydroxide ions depend not only on the magnitudes of K, and K, but also on the ratio
between the concentrations of the acid and its conjugate base.

To find the pH of a solution containing both an acid, HA, and its conjugate Agse,

NaA, we need to express the equilibrium concentrations of HA and N erms of
their analytical concentrations, Cya and Cysa. An examination of th uilibria
reveals that the first reaction decreases the concentration of HA by an@unt equal to
[H50"], whereas the second increases the HA concentration by an qual to[OH]
Thus, the species concentration of HA is related to its analyti I@entration by the
equation: (8

[HA] = ¢ga — [H:OF] + [OH ]
Similarly, the first equilibrium will increase the concentratwrf of A™ by an amount equal
to [H;0], and the second will decrease this congentration by the amount [OH]. Thus:

[A"] = enaq + [H;0%] — [OH ] °

Because of the inverse relationship betwee "] and [OH], it is always possible to
eliminate one or the other from equations. Moreover, the difference in concentration
between these two species is usually so ;mall relative to the molar concentrations of
acid and conjugate base that eqqulify to:
[HA] = cyp
[Hi0%] = KA

[A7] = cnoa CnuA

Properties of Buj Jons:
In this section, ate the resistance of buffers to changes of pH brought about by
dilution or additioRgfétrong acids or bases.

The Henderson-Hasselbalch Equation

&

. CNaA

, CNaA — “ | AT

~log [H;O*] = —log K, + log— pH = pK, + log Cin
CHA M
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What is the pH of a solution that is 0.400 M in formic acid and 1.00 M in

sodium formate?
The pH of this solution will be affected by the K, of formic acid and the X,

of formate ion.

HCOOH + H,O = H;0" + HCOO" K,= 180X 10"%

K,
HCOO™ + H;0=HCOOH + OH~ K, = =556 X 10"
a

Since the K, for formic acid is orders of magnitude larger than the K, for for-
mate, the solution will be acidic and K, will determine the H;O™ concentration.
We can thus write

~ [H,0"][HCOO ]
A [ HCOOH )

lHCOO-] - CHCOO- = 1.00 M
IHCOOH] = CHCOOH — 0.400 M

= 1.80 X 10~*

Substitution into Equation 9-29 gives, with rearrangement,

A4 2
[H;O%] = 1.80 X 107* X % =720X 107°M

Note that the assumption that [H;0 7| << cycoon and that [H3O ™ | << ¢yycoo 18
valid. Thus,

pH = —1og (7.20 X 10 %) = 4.14
Calculate the pH of a solution that is 0.200 M in NH; and 0.300 M in NH,CL. In
Appendix 3, we find that the acid dissociation constant K, for NHJ is 5.70 X
{5 Gt
The equilibria we must consider are

NH.‘;— =3 Hzo-——‘ NH3 v H30+ Ka = 5.70 X 10-'0

Ko = ~14
NH; + H;O=NH{ + OH~ K, = "= ;ggz :g_m =1.75 % 10~5

[NHI] = enper + [OH7] — [H;07] = exp e + [OH 7]
[NH3] = e, + [H3O7]1 — [OHT] = ey, — [OHT]

Because K, is several orders of magnitude larger than K, we have assumed
that the solution is basic and that [OH™] is much larger than [H,O7|. Thus, we
have neglected the concentration of H;O™ in these approximations.

Also assume that [OH "] is much smaller than ¢y, and cxgy, SO that
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[NH.;] = ENH,C1 — 0300 M
[NH}] = ONH T 0200 M

Substituting into the acid dissociation constant for NHI, we obtain a relation-
ship similar to Equation 9-29. That is.

[HO*] = K, X [NHi] _ 5.70 X 107" X enpar
3 [NH;] Cn,

5.70 X 107" X 0.300
= = 3 > —10
0.200 8.55 10 M

To check the validity of our approximations, we calculate [OH ™ ]. Thus.

1.00 X 101
855 10w

[OH] = = 1.17 X1075M

which is certainly much smaller than cyy ¢ Or ¢xy,- Thus, we may write
pH = —log (8.55 X 107 1%) = 9.07

Describe how you might prepare approximately 500.0 mL or a pH 4.5 buffer
solution from 1.0 M acetic acid (HOAc) and sodium acetate (NaOAc).

It is reasonable to assume there is little volume change if we add solid
sodium acetate to the acetic acid solution. We then calculate the mass of NaOAc
to add to 500.0 mL of 1.0 M HOAc. The H;O " concentration should be

[H:OF] =1074%3 =316 X 10 °M

= IHOT11O0AcT] _ , p ¢ 10-5

P [HOACc]
[OAc"] 175 X105 175 1073 oy
[HOAc] = [H;O0*] 3.16 < 10~3 it

The acetate concentration should be
[OAc ] = 0.5534 X 1.0 M= 0.5534 M

The mass of NaOAc needed is then

0.5534 mol Na©OAT 82.034 g NaOAc
=2
= X 0.500 kX ———— 22.7 g

mass NaOAc =

NaOAc
Example: Calculate the pH of a solution prepared by mixing 2.0 ml of a strong acid
solution of pH 3.0 and 3.0 ml of a strong base of pH 10.0
[H]=1.0*10°M
mmole H" = M*V
mmole H" = 2*1.0%10°= 2*10™° mmole
For the strong base
pOH = 14-10=4.0
[OH]=1.0*10"M
mmole OH = M*V = 1.0*10**3 = 3*10™ m mole
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So we have an excess of acid
mmole. H* = 2.0 * 10° — 3.0 * 10-* = 1.7 * 10™ mmole
[H] === 3.4*10" M
pH = - Log [3.4*10"T M
=4-0.53=347
Example: calculate the pH and pOH of a 1.0* 107" solution HCI?
HCI , H'+CL
H,O «—— H ' +OH"
(H" (OH) = 1.0*10 *
[H'] 20 = [OHT hoo = X

[H:] total = CricL + [H'] 120 "
[H+]H20 [OH_]+ H20 = 1-0:‘10'
[H'] totar = [H'] a1 + [H'] 120

(1.0* 107 + X) (X) = 1.0* 10™
X2+ (1.0*107 X) - (1.0*10-*) =0 @

—B ¥+/B%?—4 AC
X =

2A
o Z(1.0+1077) F/(1.0107%)°—4 (1.0%10 %) (b

2
X=6.2*10% from water

[H] ot = 1.0 * 107 + 6.2 * 10°®

=1.62*107 °
pH =-1log 1.62 * 10’
=7-0.21=6.79

pOH =14-6.79=7.21
Example: calculate the pH of 0.1 M solutlon CH3;COONa.

K,=172 *10°
NaOAC —» Na'+ OAC
OAC +H,0 <«— HOAC H

= [HOAC] [OH']
a7 [0ACT] &( o
[OH]=[OAC]

Ka .
X=0H=7- 6*10 ©
_1x107 _ -9
[H]"W =13*10° M
pH =- Log 1.3*10-° =8.89
pOH=14-8.89= 5.11
[OHT]= VKb CA
This example for salt of weak acid.
Example: calculate the pH 0f 0.25 M solution of ammonium chloride NH,CI.
NH,CI —— NH, +CI
NH,"+ H,O —— NH,OH +H"
NH4+ + Hzo — NH3 + H30+
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K = Kw o _ INHeOHJHT  _ X* 1107
a7 Ka [NH 4*] © 025  1.75%107°
X=[H7=12x10°M

pH=-Log 1.2*10° =4.92

This example for salt of weak bases
[H] = VKa CBH*

Factors affected the pH of buffer solution:

1- The Effect of Dilution:

The pH of a buffer solution remains essentially independent of dilution until the
concentrations of the species it contains are decreased to the point where the
approximations used to develop equations become invalid.

2 - The effect of added acids and bases:

Example illustrates a second property of buffer solutions, their resistance

pH change after addition of small amounts of strong acids or bases. @

.
Calculate the pH change that takes place when a 100-mL portion of (a) 0.0500
M NaOH and (b) 0.0500 M HC] is added 10 400 mL of the buffer solution that
was described in Example 9-12.

(a) Addition of NaOH converts part of the NHJ in the buffer to NHj:
NH3 + OH~ = NH; + H,0
The analytical concentrations of NH; and NH,CI then become

400 % 0.200 + 100 X 0.0500 85.0
I - = 0.170 M
“NH 500 500 g

400 x 0.300 — 100 X 0.0500 115
CNH.CI = 500 - 500 = 0.230 M

When substituted into the acid dissociation-constant expression for NHJ,
these values yield

[H;O%] = 5.70 X 10719 X L =771 X 10°1°M
= . 0.170 ;
pH = —log 7.71 X 10~ =911

and the change in pH is
ApH = 9.11 — 9.07 = 0.04

(b) Addition of HCI converts part of the NH; to NHZ: thus.
NH; + H;0™ = NH + H,O

400 % 0.200 — 100 X 0.0500 75
CNH, = ~ SOO =

= 0.150 M
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400 X 0.300 + 100 X 0.0500 125

’ ~—— = == 75
CNH; 500 500 0.250 M
, P 0.250
[HiO*] = 5.70 X 10710 X —== = 9,50 X 1010
= 0.150
pH = —log 9.50 x 1071V = 9.02

ApH =9.02 — 9.07 = —0.05
3 — The effect of ionic strength:
The effect of added electrolyte on equilibria is independent of the chemical nature of
the electrolyte but depends on a property of the solution called the ionic strength. This
quantity is defined as:

]
ionic strength = g = ~(l Al Z3 + [B] Zg + [C] Z& + -+

Where [A], [B], [C], represent the species molar concentrations o@ﬂ B, C,.
Zp, Zg, Zc, are their charges.

Calculate the ionic strength of (a) a 0.1 M solution of K'\I(_)\ and (b) a O.1 M
solution of Na-SO,.

(a) For the KNO; solution, [ K™ ] and [NO: ] are 0.1 M and

(O.LIM X 12+ 0. 1M X 15H=01M

u|-

JL
(b) For the Na,SO, solution. [Na*] = 0.2 M and |[SO 3 | = 0.1 M. Therefore,

1 > >-
H = ?(().2 MXI-+0IMX25=03M

T

What is the ionic strength of a solution that is 0.05 M in KNO; and 0.1 M in
Na,S0,?

1 > > - ) 2 -
== DOSMX1-+005MX 1-+02MX 1 -+ 0.1 MX2°)=035M

4 — The salt effecty

This result from the electrostatic attractive and repulsive forces that exist between the
ions of an electrolyte and the ions involved in equilibrium. These forces cause each ion
from the dissociated reactant to be surrounded by a sheath of solution that contains a
slight excess of electrolyte ions of opposite charge.

Activity coefficients:

Chemists use a term called activity, a, to account for the effects of electrolytes on
chemical equilibria, The activity, or effective concentration, of species X depends on
the ionic strength of the medium and is defined by:

ax = [ X] yx
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Where a, is the activity of the species X, [X] is its molar concentration, and yy IS
activity coefficient. The activity coefficient and thus the activity of X vary in ionic
strength. The thermodynamic solubility product expression is defined by the equation:

Ky, = ay-ay

Ko = IXI" YT ¥% 7% = K5 - VAW

Here K7, is the concentration solubility product constant
Activity coefficients have the following properties:

1. The activity coefficient of a species is a measure of the effectiveness with which that
species influences equilibrium. In very dilute solutions, in which the ionic strength is
minimal, this effectively becomes constant, and the activity coefficient is unity.

2. In solutions that are not too concentrated, the activity coefficient for a species
are independent of the nature of the electrolyte and dependent only ionic
strength.

3. For a given ionic strength, the activity coefficient of an ion depar, r from unity

as the charge carried by the species increases.

4. The activity coefficient of an uncharged molecule is appro te1y unity, regardless
of ionic strength.

5. At any given ionic strength, the activity coefficient of the same charge are
approximately equal.

6. The activity coefficient of a given ion descri
in which it participates.

Poly functional acids and bases:
Several species have two or more acidic or functional groups. Generally, the two
groups differ in strength and, as a consequedCe; exhibit two or more end points in a
neutralization titration.,

The Phosphoric Acid System:

s its effective behavior in all equilibria

following three dissociation reacti

~ : [H:O7 | [H,PO, |
H:PO; '*' 1130 N— lle()l + ll;()’ Kl —
. [H;PO,]
=7.11 X 1073
! . ) [HO" | [HPO; ]
H.PO; + H,O = HPO; + H;0O° Ko = e
| H,PO; |
=632 X'10~%
X & ()3
HP()_‘; + HJO — PO; + H:(’)‘ K , = iH«g “} ()__]
< [HPO; |
=45X 1078
With this acid, as with other polyprotic acids. Ky > Kp> Kos.

When we add two adjacent stepwise equilibria, we multiply the two equilibria constants
to obtain the equilibrium constant for the resulting overall reaction. Thus, for the first
two dissociation equilibria for HaPOas, we write:
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H,O" 1?[HPO3
K. k., — [HO" V'[HPOY |
[HyPO,]
=711 X 1073 X 632X 1078 =449 X 1070

Similarly, for the reaction

H,PO, — 3H,0* + PO}~
we may write

[H;0" °[PO;™ ]

H,PO,
=701 X 103 X632 X 1078 X 4.5 X 10713 = 2,0 X 102

The pH of blood is 7.40. What is the ratio ‘of [HPO.~)J/[H,PO,] in the blood (as-

KalKa?.Ka} -

sume 25°C)?
PO 1 S\
pH = 7.12 + log [H,PO, ] a
' [(HPO2~
H K, + 1 [proton acceptor] 140 =712 ¥ log [H,PO,"]
pH = p&, T+ 108
[proton donor] (HPO.2] _ 1.9
pK, = 7.12 [H,PO,"] 1
For a given total analytical concentration of phosphoric acid,
write - 4
Cu,po, = [PO"] + [HPO>"] + [H,PO,"] + [H,PO,]
- K, [H'T
YUOHP A K [H R+ KK a[HY] + KKK,
_ [H;PO,] [HPO,7] [HPO, "]‘ _ K Ea[H']
@y = a = GQ=—"""M% iy e r
Ciri G, Coro (H'F + Ko[H P + KK olH'] + KoKoKer
a=[P043—] ptatata=1 0y = Kk oo
Y Gy, TS P KH A+ KKl + Ko KoK
H3PO, alpha values
1.0 'W\I L‘_“:Po"-] )/-
0.9 oy HaPO, | / [ra,: Hpo.z-[ \ Y
7Y \ / \_/
0.7
= 06 ot \ / ]- \
£ H,PO, V
= 05 (\ /\
0.4 -
A // | // \\
0.1 \
0.0

0.0 1.0 2.0 3.0 4.0 5.0 6.0 7.0 8.0 9.0 10.0 11.0 120 13.0 14.0

; o
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Ks[HPO"]
3= = ————
[P04 ] ] [H+]
K,[H,PO,7]
(H7]
_; _ KalH:PO _._ KaK,[H;PO4] . KaKoKs[H:PO,]
[H2PO4 | m+] [HP042 ] =1 [H+]2 [P043 ]= [H+]3

[HPO:#"] =

_ KuKaKalHiPOJ  KaKolHPOJ  Ka(H:POJ
CH,PO. v [Hq.]g + m.]g + m'] [[-ISPOG]
1
%0 = KoK aKal[H'P) + (KKl HT) + (Ka/H]) + 1

which can be rearranged to

H*P
%= THT + KH'P + KaKalH*] + KKK ,,@

Y

Calculate the equilibrium concentration of the different spcéies in a 0.10 M phos-
phoric acid solution at pH 3.00 (([H*] = 1.0 X 1073 M).

Solution
Substituting into Equation 7.72,

(1.0 X 1073y

= (1.0 X 1073 + (1.1 X 1073)(1.0 X 1073)% + (1.1 X 107%(7.5 X 107%)(1.0 X 107?)
+ (1.1 X 107275 X 107%)(4.8 X 107

Oy

10X 10°* -
= J2x10¢  o3%1

[H;PO,] = Cypo, @ = 0.10 X 8.3 X 102 =83 X 10 M
Similarly, 7
a, = 0.92
H;PO;, ] = Cypo, @y = 0.10 X092 =92 X 1072 M
a; = 6.9 X 1077
[HPOZ ] = Cypo, @z = 0.10 X 6.9 X 107° = 6.9 X 107°* M
as; =33 X 107
PO ] = Cuypo, @ =0.10 X33 X 107* =33 X 107" M

We see that at pH 3, the majority (91%) of the phosphoric acid exists as H,PO,~
and 8.3% exists as H;PO.. Only 3.3 X 1072% exists as PO, !

Example: Calculate the conc. of all phosphate species for 0.05 HsPO, , whose pH has been
adjusted pH = 1.5.

Solution:

atpH=15 [H;0'] =1071®> =3.16.1073

Since this pH left C, on the figure, we use k; to determine [H,PO,], knowing that [HsPO4] will

be the major species.
Ki=7.1.10"3 = [H30%] [H2PO4™ ] :3.16*10‘3 [H,PO4 7]
' . [H3PO4 ] [H3PO 4]
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«10-3
[HPO,] = 2= [HsPO,] = 0.225 [H3PO,]
Chsa=0.05= [H3P04] + [H2P04_]

0.05 = [H3PO,] + 0.225 [HgPO,]
[HPO,] = === 0041 M

HPO,* and PO,*~ can be calculated by using K, and K
[H30"][HPO 4% |

K;=6.3.1078 = —
i [H2PO4 ]

=[HPO =222 =18.10° M
Ko=42. 10713 = M0 1[F0s "]

3T e [HPO 427 |

* —13, * -8

PO, =D 224« 1070 M
Example: Calculate the concentration of all phosphate species ina 0.0 3P0y
solution at pH = 8.
Solution:
(H3PO4 — 10”1

[(1078)3+ 7.1+ 1073 (1078)2+ 7.1x 1073 6.3+ 1078 x 10 +7.1x 10
For the follow equation:

6.3 1078 x4.2x10~13 ]

= [H307]° represertted as D
AH3PO4 = T 07)3 + Ky (H30)2+ KiKz(H30 D)+ KoK, P
Not that [H;O"] = [H"] all ways: °

AH3pP04 — 1.93 « 10_7

napos * Crgpos = [H3PO4]
1.93.107 « 0.03=5.8 10 — [H3PO,]
- _ Ky (H30%)? _ 7.1 1073 (10782 _

AH2pos = D 5.18% 10~ = 0.937

[H2PO4_ ] = (Xngo4_X CH3p04: 0. ~9P03=4.1 - 10_3 M
2- _713%1073%6.3 100 _

AHpos = =0.8

5 5.182* 10-18 )
[HPO4 _] = Appos” X Cras =0.863 -0.03=2.59-10" M
8442+ 10713 5
=3.62 .10

3- _ 7131073«
., =3.62.10°.0.03=1.1-10°M

dpos =
[PO43_] = aPO43

Polyprotic acids (poly functional acid):

Q1/ calculate the pH of a 0.1 M H;PO, solution. K,=1.1x10?
HiPO, *= H"+H,PO,

[H30+][H2PO4_]
Kal =

[H,PO,]

[H30+]: [H.PO,] [H3PO4] =C 1zpos

[HO+]?
Ka= ——— = [H30"]* + [Hs0"] Kai - C nspou

C nspos — [H3O']
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— -2 02 _4(— -3
[H30+]= (1.1x1072)+,/(1.1x1072)2—4(-1.1x1073)

2
=0.028 M = [H]
pH = - Log [H'] = - Log V0.1673 = 0.944

Q2/calculate the pH of 0.1 M Na;PO,. Kaz =4.8 x107%
Ky, =K, /K, =1.010"/ 4.8 x10"® =0.02
PO, + H,0 — HPO, 2+ OH

Ko= [OH] X [HPO, 4/ [PO/®] vevveeiiieiii (1)

[OH]=[HPO,?]  and [PO+] = C nagros - [OH]

Substituted in equation (1):

[OHT* + ks [OHT — Ko C nagpos =0 @
-~ _ —0.02 +/(0.02)2—4(-0.02 X 0.1)

O e O

=0.036 M
DOH = - Log 0.036 = 1.44 —> pH=12.56 (b‘

Typical applications of neutralization titrations:

Neutralization titrations are used to determinegthe inorganic, organic, and biological
species that possess inherent acidic or basic prog®gtiese Two major types of end points
find widespread use in neutralization titragons. irst is a visual end point based on
indicators. The second is a potentiomét point, in which the potential of a
glass/calomel electrode system is determined 1y a voltage-measuring device.

Elemental Analysis:

Generally, the elements suscepti thi® type of analysis are nonmetallic and include
carbon, nitrogen, chlorine, bromiye, afid fluorine, as well as a few other less common
species. Pretreatment converts th§element to an inorganic acid or base that is then

titrated. A few examples fpllow.
Nitrogen: i

Thus, analytical dsyfor the determination of nitrogen, particularly in organic
substrates. Th mon method for determining organic nitrogen is the Kjeldahl
method.
1 — In the Kjeldahl method, the sample is decomposed in hot, concentrated sulfuric acid
to convert the bound nitrogen to ammonium ion.

2 — The resulting solution is then cooled, diluted, and made basic.

3 — The liberated ammonia is distilled, collected in an acidic solution, and determined
by a neutralization titration.

Amine and amide nitrogen are quantitatively converted to ammonium ion.

Nitro, azo, and azoxy groups are likely to yield the element or its various oxides, all of
which are lost from the hot acidic medium. This loss can be avoided by pretreating the
sample with a reducing agent to form products that behave as amide or amine nitrogen.
Certain aromatic heterocyclic compounds, such as pyridine and its derivatives, are

particularly resistant to complete decomposition by sulfuric acid. i
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Numerous modifications of the original procedure have been proposed.

1 — In the most widely used modification, a neutral salt, such as potassium sulfate, is
added to increase the boiling point of the sulfuric acid solution and thus the temperature
at which the decomposition occurs.

2 — In another modification, a solution of hydrogen peroxide is added to the mixture
after the digestion has decomposed most of the organic matrix.

Sulfur:

Sulfur in organic and biological materials are conveniently determined by burning the
sample in a stream of oxygen. The sulfur dioxide (as well as the sulfur trioxide) formed
during the oxidation is collected by distillation into a dilute solution of hydrogen
peroxide:

S(_)_wf‘g', f l’{_v( )_} = I'IJS().Y
The sulfuric acid is then titrated with standard base. b

The Determination of Inorganic Nitrogen Substances:

Ammonium Salts:

Ammonium salts are conveniently determined by conversion to @nla with strong
base followed by distillation. The ammonia is collected and tjigt in the Kjeldahl
method. @

Nitrates and Nitrites:

These ions are first reduced to ammonium ion by Devarda.®alloy (50% Cu, 45% Al,
5% Zn). Granules of the alloy are introduced jnto a strongly alkaline solution of the
sample in a Kjeldahl flask. The ammonia is di d adter reaction is complete. Arnd’s
alloy (60% Cu, 40% Mg) has also been us ucing agent.

The Determination of Organic Function
Brief descriptions of methods for the more co
Carboxylic and Sulfonic Acid Groups:
Most carboxylic acids have dissQuigtion ®nstants that range between 10 and 10°, and
thus these compounds are readilyAitrdted. An indicator that changes color in a basic
range, such as phenolphthalein, is Jequired.

The carboxylic acids %h are not sufficiently soluble in water, the acid can be

ps:
on groups follow:

dissolved in ethanol anogtrat® with aqueous base.
Alternatively, t % c be dissolved in an excess of standard base followed by

back-titration v( ard acid.

Sulfonic acids are'@efierally strong acids and readily dissolve in water; their titration
with a base is therefore straightforward.

Neutralization titrations are often employed to determine the equivalent weight of
purified organic acids. Equivalent weights serve as an aid in the qualitative
identification of organic acids.

Amine Groups:

Aliphatic amines generally have base dissociation constants on the order of 10®° and can
thus be titrated directly with a solution of a strong acid (saturated cyclic amines such as
bipyeridine can also be titrated) .

Many amines that are too weak to be titrated as bases in water are readily titrated in non
aqueous solvents, such as anhydrous acetic acid, which enhance their basicity.

(aromatic amines, cyclic amines with aromatic character). '
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Ester Croups:
Esters are commonly determined by saponification with a measured quantity of
standard base:

R,COOR, + OH~ — R,COO~ + HOR-

The excess base is then titrated with standard acid.

Hydroxyl Croups:

Hydroxyl groups in organic compounds can be determined by esterification with
various carboxylic acid anhydrides in pyridine or chlorides; the two most common
reagents are acetic anhydride and phthalic anhydride. With acetic anhydride, the
reaction Is:

(CH4C0),0 + ROH — CH3;COOR + CH3COOH
After heating, water is added to hydrolyze the unreacted anhydride: b
(CH:CO),0 + H,0 — 2CH;COOH @
The acetic acid is then titrated with a standard solution of ¢ sodium or

potassium hydroxide.

Carbonyl Croups: (D
Many aldehydes and ketones can be determined wi on of hydroxylamine
hydrochloride. The reaction, which produces an Oxime, 1S;

R| Rl

\ \
_C=0+ NH,OH-HCl— C=NOH + HCl + H,0
R, R,

Where R, may be an atom of hydrogen. The fiberated hydrochloric acid is titrated with

base. mo

Elemental Analyses Based on Neutralization Titrations

Element Converted to Adsorption or Precipitation Products Titration

N NH; NH;(g) + H;0* — NHj + H,0 Excess HCI with NaOH

S S0, SO4(g) + H,0, = H,50, NaOH

C CO, CO4(g) + Ba(OH), = Ba(CO)y(s) + H,0 Excess Ba(OH), with HC]
CI(Br) HC HCl(g) + H,0 = CI” + H,07 NaOH

F SiF, SiFy(g) + HyO — H,SiFg NaOH

¢ H;PO, 12H,M00, + 3NH} + H;PO, —

(NH,)2PO, + 12Mo04(s) + 12H,0 + 3H*
(NH,);PO,+ 12MoOs(s) + 260H™ —
HPO;™ + 12Mo0;~ + 14H,0 + 3NHs(g) Excess NaOH with HCI

@
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Precipitation titrimetry:

Precipitation titrimetry, which is based on the reactions that yield ionic compounds of

limited solubility, is one of the oldest analytical techniques.

By far the most widely used and most important precipitating reagent is silver nitrate,
which is used for the determination of the halides, the halide-like anions (SCN", CN’,
CNO"), mercaptans, fatty acids, and several divalent and trivalent inorganic anions.
Titrimetric methods based on silver nitrate are sometimes called argentometric

methods.
Precipitation Titration Curves Involving Silver lon:

The most common method of determining the halide ion concentration of aqueous
solutions is titration with a standard solution of silver nitrate. The reaction product is
solid silver halide. A titration curve for this method usually consists of aglot of pAg

versus the volume of silver nitrate added.
To construct titration curves, four types of calculations are required, which
corresponds to a distinct stage in the reaction: é

1 — before addition.

2 — after addition and before equivalence point. @
3 — at equivalence point. (b

4 — after addition and after equivalence point.

Example demonstrates how pAg is determined for each of'Wiese stages.

Perform calculations needed to generate a titration curve for 50.00 mL of 0.0500
M NaCl with 0.1000 M AgNO; (for AgCl. K, = 1.82 X 1070,

Reaction: AgT{ag) + Cl (ag) = AgCI(s)

(1) Preequivalence-Point Data
Here the molar analytical concentration ¢y, is readily computed. For exam-
ple. when 10.00 mL of AgNO; has been added,

original number of mmol NaCl — no. mmol AgNO; added

S total volume solution

o ) ... mmol NaCl ‘

original number of mmol NaCl = 50.00 mi X< 0.0500 — Er—nwi 2.500
: : mmol AgNO,
number of mmol AgNO; added = 10.00 wi X 0.1000 == = 1.000
no. mmol NaCl remaining = 1.500
1.500 mmol NaCl ... mmol NaCl -
CNaCl = = 0.02500 —— = 0.02500 M

(50.00 + 10.00) mL mL
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[Cl17] = 0.02500 M

T, o BT 1O I,
[Ag7] = Ky /[C17] = 0.02500 728 X 107" M
pAg = —log (7.28 X 107%) = 8.14

Additional points defining the curve in the preequivalence-point region are
obtained in the same way. Results of calculations of this Kind are shown in the
second column of Table 13-2.
(2) Equivalence Point pAg

Here.

[Ag*]=[Cl"] and [Ag'][Cl ]= 1.82 X 10717 = [Ag*]?
[Ag™] = 1349 X 10°°M  and  pAg = — log(1.349 X 10°%) = 4.87

(3) Postequivalence-Point Data
At 26.00 mL. AgNO; added. Ag™ is in excess. 80

26.00 > 0.1000 — 50.00 X< 0.0500

Aat ] =Cauro. = , : = 1316 X 107 M
[Ag"] = cazno, 50.00 — 26.00
pAg = —log (1.316 X 1073) = 2.88
Changes in pAg in the Titration of CI~ With Standard AgNO;z
pPAg
50.00 mL of 0.0500 M NaCl 50.00 mL of 0.00500 M NaCl
Yolume of AgNO; with 0.1000 M AgNO, with 0.01000 M AgNO;
10.00 8.14 7.14
20.00 7.59 6.59
24.00 6.87 5.87
25.00 4.87 4.87
26.00 2.88 3.88
30.00 2.20 3.20
40.00 1.78 2.78
o
Indicators for A ric Titrations:

Chromate lort; % r Method:

Sodium chromate $fi serve as an indicator for the argentometric determination of
chloride, bromide, and cyanide ions by reacting with silver ion to form a brick-red
silver chromate (Ag,CrO,) precipitate in the equivalence-point region. The silver ion
concentration at chemical equivalence in the titration of chloride with silver ions is
given by:

[Ag*] = VK, = V1.82 X 10719 = 1.35 X 105 M

< Mohr method for chloride, : r
Titration reaction Ag + O = "\\“\'.'\%;l\-('\)

The chromate ion concentration required to initiate formation of silver chromate under
this condition can be computed from the solubility constant for silver chromate:
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3 K, 12 %1017 ‘ Indicator reaction

CrO} ] = — = —————= 6 X 10 M o .
[AgT]-  (1.35 X 107°)° 2Ag" + CrO;~ = Ag,CrO,(s)

Adsorption Indicators: The Fajans Method
An adsorption indicator is an organic compound that tends to be adsorbed onto the
surface of the solid in a precipitation titration. Ideally, the adsorption (or desorption)
occurs near the equivalence point and results not only in a color change but also in a
transfer of color from the solution to the solid (or the reverse). Fluorescein is a typical
adsorption indicator that is useful for the titration of chloride ion with silver nitrate. In
aqueous solution, fluorescein partially dissociates into hydronium ions and negatively
charged fluoresceinate ions that are yellow-green. The fluoresceinate ion forms an
intensely red silver salt. Whenever this dye is used as an indicator, Qowever, its
concentration is never large enough to precipitate as silver fluoresceinate.

()T/ x )\’/,ﬁ/OH @
|

NG /\ =

1\/ COOH

3 >

fluorescem

Iron (111) lon; the Volhard Method:
In the Volhard method, silver ions are titrated YMgth aestandard solution of thiocyanate
ion:

'\L' +CIm= ‘:\L"Cl(\) SCN~ + Agt — AgSCN(s)
cxcess white = = = s

white

Iron (111) serves as the indicator. The solutiofl turns red with the first slight excess of
thiocyanate ion: -— e

[Fe(SCN)* 7]

[Fe’* 1[SCN]

The titration must be czi'e(‘j out in acidic solution to prevent precipitation of iron (111)

Fe'* + SCN~ = FeSCN™"  K; = 1.05 X 10° =

as the hydrated oxide. o

The indicator cope® ioWis not critical in the VVolhard titration.
\ lication of the VVolhard method is the indirect determination of

The most impe
dred excess of standard silver nitrate solution is added to the

halide ions. A mg
sample, and the excess silver is determined by back-titration with a standard thiocyanate
solution. The strong acidic environment required for the VVolhard procedure represents a
distinct advantage over other titrimetric methods of halide analysis because such ions as
carbonate, oxalate, and arsenate (which form slightly soluble silver salts in neutral
media but not in acidic media) do not interfere.

Complexes and Formation Constants:

Complexes play an important role in many chemical and biochemical processes.

Many cations will form complexes in solution with a variety of substances that have a
pair of unshared electrons (e.g., on N, O, S atoms in the molecule) capable of satisfying
the coordination number of the metal, [The metal ion is a Lewis acid (electron pair
acceptor), and the complexer is a Lewis base (electron pair donor).] The number o
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molecules of the complexing agent, called the ligand, will depend on the coordination
number of h e metal and on the number of complexing groups on the ligand molecule.
Ammonia is a simple complexing agent with one pair of unshared electrons that will
complex copper ion:

NH3 2+
Cu?** + 4:NH; = | H;N:Cu:NH,

Ammonia will also complex with silver ion to form a colorless complex. Two ammonia
molecules complex with each silver ion in a stepwise fashion and we can write an
equilibrium constant for each step, called the formation constant Kj.

[Ag(NH;)*]
Agt + NH; = A * Kygms—
g » = AsNELT K = T oI br

=2.5 X 10°
; Ag(NH,),* e )
Ag(NH.)* + NH; = Ag(NH,),* K, = [Ag(NH;),"]

[Ag(NH5)"][NH;]
1.0 X 10*

[Ag(NH3),"] :

[Ag*][NH,}?

= 2.5 X 107

Yy

For the formation of a simple 1:1 complex\{or éxample, M + L = ML, the formation
constant is simply K¢ = [M] [L] / [ML].
The formation constant is also cglled the gability constant Ks, Kapie -
The equilibrium constants are ire reciprocals of the formation constants, and
they are called instability constant§ K; ‘or dissociation constants Ky
You can use either constant calcufation, as long as you use it with the proper reaction

and the correct expressiQe. o
1 [Ag']INH;}*
AT +IWNHy Ky=—0=
o e d » TR T AN,

The donor species,  ligand, must have at least one pair of unshared electrons available
for bond formation. Water, ammonia, and halide ions are common inorganic ligands. In
fact, most metal ions in aqueous solution actually exist as aqua complexes. Copper (I1)
Iin aqueous solution, for example, is readily complexed by water molecules to form
species such as Cu (H,0),%*. We often simplify such complexes in chemical equations
by writing the metal ion as if it were uncomplexed Cu®".

Complexation Equilibria:

Complexation reactions involve a metal ion M reacting with a ligand L to form a

complex ML, as shown in Equation:

Ag+ -+ 2NH3 — Ag(NI"l:g)z.F Kf == Kfl . K!z —

=40 X 1078

M+ L=ML
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Complexation reactions occur in a stepwise fashion; the reaction in equation is often
followed by additional reactions:

ML + L = ML,

ML, + L == ML,

ML, + L=ML,

The equilibrium constants for complex formation reactions are generally written as
formation constants. Thus, each of the Reactions is associated with a stepwise
formation constant, K; through K,. For example, K; = [ML] /[M] [L], K, = [ML;] /
[ML] [L], and so on.

These have overall formation constants designated by the symbol g, Lhus, shown
below.

For a given species like ML, we can calculate an alpha value, which is t ion of
the total metal concentration existing in that form. ol
x (“)
[ML] AE
M+ L=ML = = TN
kS A [M][L] i o~ O \‘~-(<“
B —_
M+2L=ML, == g o | |
=t R _H>W:f”““upu
G V4
M+3L=ML, § Msl —kx / l N\ o
+ 3L =ML, i p S
| oS IMITERE S R o SN
M4 ML g =l _ kg4 !
= 1 n INHIL]" 12 n [

Thus, ay is the fraction of the total metal pirest,!nt at equilibrium as the free metal, oL 1S
the fraction present as ML, and %on. Asgderived in Feature, the alpha values are given

by
|

MTTLBIL] + BILE + BILT + - + BILT”

e _ BiIL]

ML g B|[L] + BZ[LJZ e B}[L]:‘ N e & ﬁnlL]"

fal Bo(L1?

Y14 BiL] + BoIL]? + BilL] + - + B,[L]"
BilL]"

Mo T 1+ BIL] + BoILE + BILI + - + B,IL)
Q3/A divalent metal M** reacts with a ligand L to from 1:1 complex
M*?2+L «—> ML"™ K= [ML*]/ [M*?][L] = 1.0x 18

Calculate the conc. of M*" in a solution prepared by mixing equal volume of 0.2 M (M**) and

'

K= [ML*]/ [M*][L] = 1.0x 1°= 0.1 / (X)(X)
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(X)) =0.1/1.0x1°
(X)=[M **]=~0.1/1.0x 1
=3.2x10"

Calculation of Alpha Values for Metal Complexes

The alpha values for metal-ligand complexes can be derived in the same way
that we derived values for polyfunctional acids in Section 15H. The alphas are
defined as

[M] ’ [MI.]
3 (445" e
M m

[ML ] [ML,]
Qg — T Qyp, — ot B

The total metal concentration ¢y, can be written

e = [M] + [ML] + [ML,] + -+ + [ML,]
em = [M] + B, IMI1[L] + B[M][L]2 + --- + B,[M][L]}”"
= (MI{1 + B,[L] + B;[L]1%> + - + B,[L]"}

Now apy can be found as

L S (M e =
: T [M] + B,[M][L] + B,[M][L]% + - + B,[M][L]"
1
1+ B(IL] + B-[L]2 + B5[L13 + - + B,[L]" |
e BT , BiIMIIL]
- oM [M] + B, [M][L] + B,[M][L]?+ - + B,[M][L]"
H Bi[L]
1 + Bi[L] + B>[L1? + B3[L]? + - + B,[L})”

Titrimetric metghd on complex formation, sometimes called complexometric
d for more than a century.

A chelate is producg®l when a metal ion coordinates with two or more donor groups of a
single ligand to form a five - or six-member heterocyclic ring.

A ligand that has a single donor group, such as ammonia, is called unidentate (single -
toothed), whereas one such as glycine, which has two groups available for covalent
bonding, is called bidentate. Tridentate, tetradentate, pentadentate, and hexadentate
chelating agents are also known.

Here, a metal ion reacts with a suitable ligand to form a complex, and the equivalence
point is determined by an indicator or an appropriate instrumental method.

The progress of a complexometric titration is generally illustrated by a titration curve,
which is usually a plot of pM = - log [M] as a function of the volume of titrant added.
Most often, in complexometric titrations the ligand is the titrant and the metal ion the
analyte, although occasionally the reverse is true.
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The most widely used complexometric titration employing a unidentate ligand is the
titration of cyanide with silver nitrate, a method introduced by Liebig in the 1850s. This
method involves the formation of the soluble Ag (CN),. Other common inorganic
complexing agents and their applications are listed in Table.

Typical Inorganic Complex—Forming Titrations

Titrant Analyte Remarks

Hg(NO;), Br—, ClI7, SCN~. CN", thiourea Products are neutral Hg(II) complexes:
various indicators used

AgNO; CN Product is Ag(CN);; indicator is [ ;
titrate to first turbidity of Agl

NiSO, CN- Product is Ni(CN); : indicator is [ ";
titrate to first turbidity of Agl

KCN Cu**, Hg*", Ni** Products are Cu(CN)3 ~, Hg(CN),, and
Ni(CN)3~; various indicators used

Amonocarboxylic acid titration: @
Tertiary amines that also contain carboxylic acid groups for arkably stable

chelates with many metal ions.

Ethylenediaminetetraacetic Acid (EDTA):

Ethylenediaminetetraacetic acid-also called (ethylenedifittrilo) tetraacetic acid which is
commonly shortened to EDTA, is the most widely used cOfmplexometric titrant. EDTA

has the structural formula;:

HOOC —H.C CH, — COOH
N s
N—CH,—CH,—N

_ / " ,
HOOC —H,C CH,— COOH

The EDTA molecule has six poggptial siigs for bonding a metal ion: the four carboxyl
groups and the two amino group f the latter with an unshared pair of electrons.
Thus, EDTA is a hexadentate ligaRd.

Complexes of EDTA and Metal fons:

EDTA is a remarkable ﬁzmot only because it forms chelates with all cations except

alkali metals but gJe most of these chelates are sufficiently stable for titrations.
Solutions of N@ particularly valuable as titrants because the reagent combines
with metal ions 1Mg J/1 ratio regardless of the charge on the cation. For example, the
silver and aluminunfcomplexes are formed by the reactions:

Agt + Y =AgY’

APt + YV = AlY™
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Formation Constants for EDTA Complexes

Cation Kyy* log Kyiy Cation Kyy log Kyyy
Ag' 2.1 X107 1.3 Cu 6.3 x 10 18.80
Mg’ 4.9 X 10° 8.69 In* 32 X 10 16.50
Ca?? 5.0 % 1010 10.70 Cd 2.9 % 1010 16.46
St 4.3 X 10% 8.63 Hg** 6.3 % 107 21.80
Ba*’ 5.8 X 107 1.76 Pb* 1] % 10" 18,04
Mn?* 6.2 X 10" 13.79 Al 13X 10" 16.13
Fe?! 2.1 % 104 14.33 Felt 1.3 X 105 %5.]

(:U:“ 2.0 x 1 16.31 V3 70 % 10 %5.9

e 42X 10" 1862 Th** 16 X 10 232

ot

Table above lists formation constants Kwmy for common EDTA complexes. Mg that the
constant refers to the equilibrium involving the fully unprotonated spec'!fs %v ith the

metal ion:
M+ Y4 = MY Kyy = L] @
b MY M Y]
Equilibrium Calculations Involving EDTA: (b
A titration curve for the reaction of a cation M"" with consists of a plot of pM

versus reagent volume.
Fortunately, EDTA titrations are always perfo
known pH to avoid interference by other cat
behavior. Calculating [M"] in a buffer,
straightforward procedure provided that th
made of the alpha value for H,Y. that a4 for H

o6 o
(."[
where Cr is the total molar concerration of uncomplexed EDTA:

or = [Y¥] + [HY*"] + [H,Y*"] + [H:Y"] + [H,Y]

ed in solutions that are buffered to a
0r°to ensure satisfactory indicator
iof containing EDTA is a relatively
s known. In this computation, use is
can be defined as:

Conditional FormaigaNgonstants:
To obtain the I formation constant for the equilibrium, we substitute
o,C+from for formation constant expression:
: : - (M=)
M+ 4 Y4~ = MY~ Ky =——7——
| M"" e
Combining the two constants ey and Ky vields the conditional formation con-

stant Ky
[MY®-44]

[M™ Jey where K}y is a constant only at the pH for which ay is applicable.
Conditional constants are readily computed and provide a simple means by which the
equilibrium concentration of the metal ion and the complex can be calculated at the
equivalence point and where there is an excess of reactant. Note that replacement of
[Y*] with C; in the equilibrium-constant expression greatly simplifies calculations
because Cr is easily determined from the reaction stoichiometry, whereas is [Y*] no

-t == '’
Kuy = auKyy =
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Computing a4 Values for EDTA Solutions:
Thus, a4 for EDTA is where K, K,, Ks, and K, are the four dissociation constants for
H,Y and D is the denominator of Equation:

ag = [H'1D as = K, K[H 1A/D

a, = K|[|H' /D ay,= K\ KK [HT D

o K KKK, RERR
POHT K HYD + KKGIH P + KGR [HY ] + KKK, @ = — f

The example illustrates how Y* is calculated for a solution of known pH.

Calculate the molar Y*~ concentration in a 0.0200 M EDTA solution buffered to
a pH of 10.00.
At pH 10.00, a4 is 0.35 (see Figure 17-4). Thus,

[Y* ] = aser = 0.35 X 0.0200 = 7.00 X 10*M 4
N4

\
Calculate the fraction of EDTA that exists as ¥Y*~ at pH 10, and from this calcu-
late pCa in 100 mL. of solution of 0.100 M Ca?* at pH 10 after adding 100 mlL. of
0.100 M EDTA.

Solution
From Equation 9.12,

1 | 4 Lo 108 (1.0 < 10-19)2
s 5.5 > 10! (6.9 < 1077)(5.5 =< 10-')

(1.0 =< 10793
(2.2 < 107*)(6.9 < 1077)(5.5 < 1071

(1.0 < 10719)*
(1.0 <X 1073)(2.2 > 1073)(6.9 > 1077)(5.5 < 107')

= 1 4+ 1.82 + 2.6 X 107* + 1.2 < 107" + 1.2 X 1079 = 2.82
Ny == 0.35

Stoichiometric amounts of Ca?** and EDTA are added to produce an equivalent
amount of CaY?™, less the amount dissociated:

4=

mmol Ca*" = 0.100 M > 100 mL. = 10.0 mmol
mmol EDTA = 0.100 M < 100 mL = 10.0 mmol

We have formed 10.0 mmol CaY?™ in 200 mL, or 0.0500 AM:

Ca?** + EDTA == CaY?~
x x 0.0500 M — x
= 0.0500 M (since K, is large)

where x represents the total equilibrium EDTA concentration in all forms, Cy,y.
[Y*"], needed (o apply Equation 9.10, is equal to a,Cy,y. Hence, we can write
Equation 9.10 as:

[CaY?")

=i [Ca2*]a4[CH,Y]

From Appendix C, K, = 5.0 X 10'°. Hence,

0.0500
(x)(0.35)(x)
x= 17X 10" M

nCla = 5.77

5.0 X 10'? =
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Calculation of the Cation Concentration in EDTA Solutions:

In an EDTA titration, we are interested in finding the cation concentration as a function
of f the amount if titrant (EDTA) added. Prior to the equivalence point, the canon is in
excess, and its concentration can be found from the reaction stoichiometry. At the
equivalence point and in the postequivalence-point region, however, the conditional
formation constant of the complex must be used to calculate the cation concentration.
Example below demonstrates how the cation concentration can be calculated in a
solution of an EDTA complex. Example illustrates this calculation when excess EDTA
IS present.

Calculate the equilibrium concentration of Ni®© in a solution with an analytical

NiY?" concentration of 0.0150 M at pH (a) 3.0 and (b) 8.0.
From Table 17-3,

[NiY?|
[N+ [Y*]

Ni2* + Y4~ = NiY? Koy = =42 X 108

/

The equilibrium concentration of NiY? ™ is equal to the analytical concentration
of the complex minus the concentration lost by dissociation. The latter is identi-
cal 1o the equilibrium Ni’>* concentration. Thus,

[NiY? ] = 0.0150 — [Ni**]

If we assume that [Ni?*] << 0.0150, an assumption that is almost certainly valid
in light of the large formation constant of the complex, this equation simplifies to

[NiY2 ] = 0.0150
Since the complex is the only source of both Ni*™ and the EDTA species,
[Ni2*] = [Y47] + [HY?"] + [H.Y2"] + [HyY ] + [HyY] = ¢

Substitution of this equality into Equation 17-25 gives

r —
Kyiv =

[NiY?"] [NiY? ]
= © = aKny

[Ni**Jer  [Ni*"]

(a) The spreadsheet in Figure 17-4 indicates that ay is 2.5 X 107 "' at pH 3.0. If
we substitute this value and the concentration of NiY?~ into the equation
for Ky, we get

0150 ;
%5,= 25 X 107" X 42 X 10" = 1.05 X 10®
[Ni=*]°

[Ni**] = V143 X 1071 = 1.2 X 107°M
(b) At pH 8.0, the conditional constant is much larger. Thus,

Ky =54 X 1077 X 4.2 X 10" = 2.27 X 10

and after we substitute this into the equation for Kj;y. we get

[Ni**] = V0.0150(2.27 X 10'®) = 8.1 x 10-'M
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EDTA Titration Curves:

Use a spreadsheet to construct the titration curve of pCa versus volume of
EDTA for 50.0 mL of 0.00500 M Ca’" being titrated with 0.0100 M EDTA in a
solution buffered to a constant pH of 10.0.

Initial Entries

The spreadsheet is shown in Figure 17-5. The initial volume of Ca”" is entered
into cell B3, and the initial Ca®" concentration is entered into E2. The EDTA
concentration is entered into cell E3. The volumes for which pCa values are to
be calculated are entered into cells AS through A19.

Calculating the Conditional Constant

The conditional formation constant for the calcium/EDTA complex at pH 10 is
obtained from the formation constant of the complex (see Table 17-3) and the ay
value for EDTA at pH 10 (see Figure 17-4). Thus, if we substitute into Equation
17-25, we get

[CaY?"]
Kéay = ——[CuY3‘ I¢_~'1 = ayKe,y
= (.35 X 5.0 X 10" = 1,75 X 10"

This value is entered into cell B2.

Preequivalence-Point Values for pCa

The initial [Ca®"] at 0.00 mL titrant is just the value in cell E2. Hence, =E2 is
entered into cell B5. The initial pCa is calculated from the initial [Ca® ] by tak-
ing the negative logarithm. as shown in the documentation for cell E5 (cell
A26). This formula is copied into cells E6 through E19. For the other entries
prior to the equivalence point. the equilibrium concentration of Ca’" is equal to
the untitrated excess of the cation plus any dissociation of the complex, the lat-
ter being equal numerically to cy. Usually. ¢t is small relative to the analytical
concentration of the uncomplexed calcium ion. Thus. for example. after 5.00
mL of EDTA has been added,

50.0 mL X 0.00500 M — 5.00 mL X 0.0100M _
(50 + 5.00) mL o

~ 50.0 mL X 0.00500 M — 5.00 mL X 0.0100 M

¥ 55.00 mL

[Ca**] =

We thus enter into cell B6 the formula shown in the documentation section of
the spreadsheet (cell A21). The reader should verify that the spreadsheet for-
mula is equivalent to the expression for [Ca’*] just given. The volume of titrant
(AG6) is the only value that changes in this preequivalence-point region. Hence,
other preequivalence-point values of pCa are calculated by copying the formula
in cell B6 into cells B7 through B10.

Equivalence-Point pCa
At the equivalence point (25.00 mL of EDTA). we follow the method shown in
Example 17-2 and first compute the analytical concentration of CaY? :
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; _ (50.0 x 0.00500) mmol
cony? (50.0 + 25.0) mL

The only source of Ca®" ions is the dissociation of the complex. It also follows

that the Ca®" concentration must be equal to the sum of the concentrations of
the uncomplexed EDTA. c¢y. Thus,

[Ca*t] = ¢y and [CaY? ] = coayr — [Ca?t] = couv-
The formula for [CaY?>"] is thus entered into cell C11, as shown in the docu-
mentation in cell A24. The reader should again be able to verify this formula. To

obtain [Ca?" ], we substitute into the expression for K, v.

[CaY?"] = cCouy>
[Ca’*Jcy [Ca?*]?

’ —
KCaY i

[Caz—.oj p— \/C_C_“T;

(4
KC:IY

We thus enter into cell B11 the formula corresponding to this expression, as
shown in cell A22.

Postequivalence-Point pCa

Beyond the equivalence point, analytical concentrations of CaY?™ and EDTA
are obtained directly from the stoichiometric data. Since there is now excess
EDTA. a calculation similar to that in Example 17-3 is performed. Thus. after
the addition of 26.0 mL of EDTA, we can write

(500 X 0.00500) mmol

€Ca¥* = 7500 + 26.0) mL
(26,0 X 0.0100) mL — (50.0 X 0.00500) mL
CEDTA 76.0 mL

As an approximation,

(50.0 X 0.00500) mmol
(50.0 + 26.0) mL

[CHYE"] LGN [Ca2+] = Coay: =

Since this expression is the same as that previously entered into cell C11, we
copy that equation into cell C12. We also note that [CaY?~] will be given by this
same expression (with the volume varied) throughout the remainder of the titra-
tion. Hence, the formula in cell C12 is copied into cells C13 through C19. Also,
we approximate

(26.0 X 0.0100) mL — (50.0 X 0.00500) mL
76.0 mL

2
er = cepra + [Ca* '] = cppp =

We enter this formula into cell D12 as shown in the documentation (cell A25)
and copy it into cells D13 through D16.
To calculate [Ca’*], we then substitute into the conditional formation-
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Indicators for EDTA Titrations:

In general, these indicators are organic dyes that form colored chelates with metal ions
in a pM range that is characteristic of the particular cation and dye. The complexes are
often intensely colored and are discernible to the eye at concentrations in the range of
10°t0 107 M.

Eriochrome Black T is a typical metal ion indicator that is used in the titration of
several common cations. The structural formula of Eriochrome Black T is shown in
Figure. Its behavior as a weak acid is described by the equations:

T OH
N

I

N n

l» )

LN

- H,0 + HyIn™ = HIn*" + H,0 K, = 5% 107
> H,O + Hln = ln"”_ + H,0 K, =28 X 10"
Titration Methods Employing EDTA: N
Direct Titration:
Many of the metals in the periodic table can be deterfg y titration with standard

EDTA solutions. Some methods are based on indicator t respond to the analyte
itself, while others are based on an added metal jon.

Potentiometric Methods Potential measureme
the EDTA titration of those metal ions for, Ific ion electrodes are available.
Spectrophotometric Methods MeasuremeN 0T WV/VIS absorption can also be used to
determine the end points of titrations. In these Xases, an instrument responds to the color
change in the titration rather than relying gna visual determination of the end point.
Back-titration Methods:

Back-titration is useful for the\fetermination of cations that form stable EDTA
complexes and for which a satisfagtory indicator is not available. A measured excess of
standard EDTA solutiongs added to the analyte solution. After the reaction is judged
A %5 back-titrated with a standard magnesium or zinc ion

an ®e used for end point detection in

Displacement
In displacement atlons an unmeasured excess of a solution containing the
magnesium or zinc complex of EDTA is introduced into the analyte solution. If the
analyte forms a more stable complex than that of magnesium or zinc, the following
displacement reaction occurs:

MgY?~ + M2t — MY2~ + Mg

where M?* represents the analyte cation. The liberated Mg or, in some cases Zn*", is
then titrated with a standard EDTA solution.

The Determination of Water Hardness:

The determination of hardness is a useful analytical test that provides a measure of the
quality of water for household and industrial uses. The test is important to industry
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because hard water, on being heated, precipitates calcium carbonate, which clogs
boilers and pipes.

Water hardness is ordinarily determined by an EDTA titration after the sample has been
buffered to pH 10. Magnesium, which forms the least stable EDTA complex of all of
the common multivalent cations in typical water samples, is not titrated until enough
reagent has been added to complex all of the other cations in the sample. Therefore, a
magnesium ion indicator, such as Calmagite or Eriochrome

Black T can serve as indicator in water hardness titrations. Often, a small concentration
of the magnesium-EDTA chelate is incorporated into the buffer or the titrant to ensure
sufficient magnesium ions for satisfactory indicator action.

Oxidation — reduction reactions:

In an oxidation/reduction reaction, electrons are transferred from ongyreactant to
another. An example is the oxidation of iron (Il) ions by cerium (IV) ions. reaction
Is described by the equation:

C +Fer =0~ Fe @
A substance that has a strong affinity for electrons, such as Ce*", @ ed an oxidizing
agent, or an oxidant. A reducing agent, or reductant, is a | uch as Fe”", that
easily donates electrons to another species. i’}
We can split any oxidation/reduction equation into tw tions that show which
species gains electrons and which loses them. For examp quation is the sum of the

two half-reactions: &

Cet + e~ = Ce?* (reduction of Ce*") Fel* —Feit + ¢ (oxidation of Fe2*)
Thus, for the oxidation of Fe** by MnO 4w-)fctlons are:

MnO; + 5¢ + 8H" = Mn** + 4H,0 SFe2* — SFeX* + Se

An electrode potential is defined as the potential of a cell in which the electrode in
question is the right-hand electr nd tiee standard hydrogen electrode is the left hand
electrode.

The standard electrode potenti§l, Eo, of a half-reaction is defined as its electrode
potential when the activities of the’reactants and products are all unity.

@
Standard Electrode Potentials*
Reaction EY at 25°C, V
Clx(g) + 2e~ = 2CI~ +1.359
O.(g) +4H" + 4e™ — 2H-0 +1.229
Briy(ag) + 2e” = 2Br +1.087
Bri(f) + 2e~ —=2Br™ +1.065
AgT + e = Ag(s) + 0.799
Fel™ + e — Fe?* + 0.771
I3 +2¢ =3I + 0.536
Cu** + 2e —Cu(s) + 0.337
UOR* + 4H' + 2e~ = U** +2H,0 + 0.334
Hg>Cla(s) + 2e~ == 2Hg(/) +2C1" + 0.268
AgCl(s) + e = Ag(s) + ClI + 0.222
Ag(S:0:)3 + e = Ag(s) + 25,0% + 0.017
2H* + 2e~ — Ha(g) 0.000
Agl(s) + e =Ag(s) + I~ — 0.151
PbSO; + 2e™ — Pb(s) + S()E — 0.350
Cd** + 2e~ = Cd(s) — 0.403

Zn*t + 2e ==Zn(s) — 0.763
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The potential of a cell is the difference between two half-cell or single-electrode
potentials, one associated with the half-reaction at the right-hand electrode (Eiignt), the
other associated with the half-reaction at the left-hand electrode (Ei¢). According to the
IUPAC sign convention we may write the cell potential E, as

Ecen = Evight — Erent

g d.
el gL M TICIDIY

nF [A]” [B]"

E" = the standard electrode potential, which is characteristic for each half-reaction
R = the ideal gas constant, 8.314 J K~ mol !
T = temperature, K

n = number of moles of electrons that appears in the half-reaction for the electrode
Process as written

F = the faraday = 96,485 C (coulombs) per mole of electrons
In = natural logarithm = 2.303 log

0.0592 [C] [D]4--

g 0052 W/
RN <&

Fe** + e~ = Fe** E'=+0771V

does not change if we choose to write the reaction as
APt -+ Se= == 5Fe*" E'=+0771V

Note, however, that the Nernst equation must be consistent with the half-
reaction as written. For the first case, it will be

0592 24
B =071 = 0019 )

= [Fe’t ]

and for the second

0592 Fe*t 0592 2+ 1\5
E=D.77l—00 log ke 1_077|_(_)_()9_|0g(_[Fe ])

5 SRSt 5 [Fe' |
5 X 0.0592 2
= 0771 —° B2 e e 1
5 8 Fe™]

Calculate the thermodynamic potential of the following cell:

Cu|Cu?*(0.0200 M) || Ag*(0.0200 M)| Ag

Note that the two half-reactions and standard potentials are:
AgT + e — Ag(s) EY = 0.799 V

Cu?* + 2e~ — Cu(s) E° = 0.337 V

The electrode potentials are:

Eng 15 = 0.799 — 00592 log o-—rs = 0.6984'V
0.0592 |
Feiope = 0.337 — log = 0.2867 V

2 = 0.0200
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We see from the cell diagram that the silver electrode is the right-hand electrode and the
copper electrode is the left-hand electrode. Therefore, application of
Equation gives:

Eocl! = Eritlh' == F‘.!ot'l = E\; IAg == E('u" ICu — ()(3()84 . ()28()7 = 4 ()-“j_ \’r

Constructing of redox titration curves:

Electrode Potentials during Redox Titrations:

Consider the redox titration of iron (1) with a standard solution of cerium (IV). This
reaction is widely used for the determination of iron in various kinds of samples. The
titration reaction is:

Fe2* + Ce** = Fe3* + Ce&**

Consequently, the electrode potentials for the two half reactions are alwa#¢s identical,
that is: é

k(’c“x’(':‘ = tl'.;",'l'-c == b’s_\'\lem

been added to this solution, the ratio of the concentrations of its @ddized and reduced
forms must adjust so that the electrode potential for the indi o, 1S also equal to

the system potential; thus, we may write:
Eln = E('c""(‘c' = lzrl-c' [Fet~ = E'x}'ih‘.tﬂ
We can calculate the electrode potential of a system from dard potential data. Thus,

for the reaction under consideration, the titratiq mixture is treated as if it were part of
the hypothetical cell: 4
SHE||Ce**, Ce3*, Fe’+, Fe2* | Pt

Where we have termed Egem as the potential of the system. If @Z ndicator has

Where SHE symbolizes the standard hydrogegelectrode. The potential of the platinum
electrode with respect to the standard hydrogen electrode is determined by the

tendencies of iron (I11) and ceri V) t@ accept electrons-that is, by the tendencies of
the following half-reactions to oc

Fe't + e~ = Fe?*

Gt o7 = Ot
At the equivalence pai th&titration of iron (1) with cerium (IV), the potential of the

system is given gy bot
00592  [Fe**] [Fe'*] = [Ce’*]

0.0592 [Ce’™] E.,=E%spme ——log-
ry - - 12U S C0Aen L e a i 7 ] Fe'"/Fe (= a3 a X
Lc\'{ = E¢ct-ice l IO: [Ct’ ] ' [Fe™] [Fe] ={Ce””"]
, 00592 [Cel*T[Ce**T
:"I‘E(l = I"’{r'c' Fe2r T El(}'c' Ce’* l_ — 108 [[ %‘rI[LEC‘ ‘_—Jl = EI"‘L""."h:' L L:.l(t
ERoipee: E? i
,:.c 'L ,L (;i

The Titration Curve:

Consider the titration of 50.00 ml of 0.0500 M Fe*" with 0.1000 M Ce*" in a medium
that is 1.0M in H,SO, at all times. Formal potential data for both half-cell processes are
available in Appendix 4 and are used for these calculations. That is:
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Ce*t + e7 = Ce* E” = 1.44V (1 M H,SO,)
Fe'* + e~ = Fe** E” = 0.68 V(1 M H,S0,)

Initial Potential:

In any case, we do not have enough information to calculate an initial potential.
Potential after the Addition of 5.00 mL of Cerium (1V):

When oxidant is added, Ce*" and Fe*" are formed, and the solution contains appreciable
and easily calculated concentrations of three of the participants; that of the fourth, Ce*,
Is vanishingly small. Therefore, it is more convenient to use the concentrations of the
two iron species to calculate the electrode potential of the system. The equilibrium
concentration of Fe (I1l) is equal to its analytical concentration less thegequilibrium
concentration of the unreacted Ce (1V):

5.00 X 0.1000 .. 0.500

[Fe - BT ) St — JCHNT]
50.00 + 5.00 55.00 @
Similarly, the Fe** concentration is given by its molarity equilibrium

concentration of unreacted [Ce*']: -~
/
-, 50.00 X 0.0500 — 5.00 X 0.1000 200
[Fe*™] = e F [CeM'] = = + [Ce*"]
55.00 55.00
A ¢

Thus, the foregoing two equations can be simplifi

. 0500 : 2.00
[Fe’'] = —— and [Fe-"] = ——
55.00 55.00

Substitution for [Fe?*] and [Fe*'] in the Ner
0.0592 2.00 /535:60

Eygem = +0.68 — —— I¢

I %0.20/5560
Equivalence-Point Potential:
Substitution of the two formal pot§ntials into Equation yields

Blcvice- + Efope: _ 144+ 068 _
:

(3] 5

-— yd

Potential afte Adglition of 25.10 mL of Cerium (1V):

The molar concentgitOns of Ce (l11), Ce (IV), and Fe (1) are easily computed at this
point, but that for Fe (II) is not. Therefore, Egem cCOmputations based on the cerium
half-reaction are more convenient. The concentrations of the two cerium ion species

equation gives:

0.64V

[O6V

are:
Lo 25.00 X 0.1000 L 2.500
[Cet)="—F ~ [Fe?t
75.10 75.10
SN 25.10 X 0.1000 — 50.00 x 0.0500 0
l(c4 l AL z Sx/Z ARl + [Fel-- == 0.010

75.10 = 75.10

Here, the iron (Il) concentration is negligible with respect to the analytical
concentrations of the two cerium species. Substitution into the Nernst equation for the
cerium couple gives:
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con . ]
Ea i g “-Ol-”— o 10: Il — 144 - 00592 25007540

[Ce? I C0.010/7540

= +1.30V

Electrode Potential Versus SHE in Titrations with 0.100 M Ce**
Potential, V vs. SHE#

Reagent 50.00 mL of 50.00 mL of
Volume, mL 0.0500 M Fe*t 0.02500 M U4t
5.00 (.64 0.316

15.00 0,69 0.339

20.00 0.72 0.352

24.00 0.76 0.375

24.90 (.82 (0,405

25.00 1.06 — Equivalence > 0.703

oint

25.10 1.30 F 1.30 7

26.00 1.36 1.36 J

30.00 1.40 1.40
*H,50; concentration is such that [H*] = 1.0 throughout in both titrations.
Oxidation — reduction indicators: L4

Two types of chemical indicators are used to obtain end poigts for oxidation/reduction
titrations: general redox indicators and specific indicators.

General Redox Indicators:
General oxidation/reduction indicators are s
oxidized or reduced. In contrast to spect mators, the color changes of true redox
indicators are largely independent of the cheNjical nature of the analyte and titrant and
depend instead on the changes in the electrode potential of the system that occur as the
titration progresses. o

The half-reaction responsible forggfOMhange in a typical general oxidation / reduction
indicator can be written as:

Inj =t #eT ==

If the indicator reactiQn,(rerrsible, we can write:
0.0592 [Ingyl
= log
n [In,,]

o
es that change color on being

E=FE}

In. /M0

Typically, a change”from the color of the oxidized form of the indicator to the color of
the reduced form requires a change of about 100 in the ratio of reactant concentrations,
that is, a color change is seen when:

[Iney] _ 1 [

Vo, 10
l II]M I N 10 Changes to l lnx..‘\ ]
The potential change required to produce the full color change of a typical general
indicator can be found by substituting these two values into Equation, which gives:
0.0592

n
For many indicators, n = 2, and a change of 0.059 V is thus sufficient.

E=E} +

==
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Selected Oxidation/Reduction Indicators™

Color Transition
Indicator Oxidized Reduced Potential, V Conditions
5-Nitro-1,10- Pale blue Red-violet +1.25 I M H,S0,
phenanthroline
iron(I1) complex
2,3"-Diphenylamine Blue-violet Colorless +1.12 7-10 M H»S0,
dicarboxylic acid
1.10-Phenanthroline Pale blue Red +1.11 I M H.S0,
iron(1l) complex
5-Methyl 1.10- Pale blue Red +1.02 I M H.50,
phenanthroline
iron(1I) complex
Erioglaucin A Blue-red Yellow-green (.98 (0.5 M H,S0,
Diphenviamine Red-violet Colorless +0.85 Dilute acid
sulfonic acid ¢
Diphenylamine Violet Colorless +0.76 Dilute acid
p-Ethoxychrysoidine Yellow Red +().76 Dilute acid
Methylene blue Blue Colorless (.53 1 M acid
Indigo tetrasulfonate Blue Colorless +0.36 | M acid
Phenosafranine Red Colorless +0.28 I M acid
v
Specific Indicators:

Perhaps the best-known specific indicator is s
with triiodide ion. This complex signals the e
either produced or consumed. Another W indicator is potassium thiocyanate,
which may be used, for example, in the titratsgn of iron (111) with solutions of titanium
(1) sulfate, the end point involves the disappearance of the red color of the iron
(l1)/thiocyanate complex as esult ef the marked decrease in the iron (III)
concentration at the equivalence oy
Applications of Oxidation/Redudtjon Titrations:
Auxiliary oxidizing and reducing reagents:
Auxiliary Reducing ReggGente:

h, vwwich forms a dark blue complex
nt in titrations in which iodine is

=

1 — Jones reducte : Nameter of about 2 cm and holds a 40- to 50-cm column of
amalgamated z Igamation is accomplished by allowing zinc granules to stand
briefly in a solutid ercury (I1) chloride, where the following reaction occurs:

2Zn(s) + Hg?" — Zn** + Zn(Hg)(s)

Zinc amalgam is nearly as effective for reductions as the pure metal and has the
important virtue of inhibiting the reduction of hydrogen ions by zinc. This side reaction
needlessly uses up the reducing agent and also contaminates the sample solution with a
large amount of zinc (I1) ions. Solutions that are quite acidic can be passed through a
Jones reductor without significant hydrogen formation.

2 — Walden reductor, in which granular metallic silver held in a narrow glass column
is the reductant. Silver is not a good reducing agent unless chloride or some other ion
that forms a silver salt of low solubility is present. For this reason, prereductions with a
Walden reductor are generally carried out from hydrochloric acid solutions of the
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analyte. The coating of silver chloride produced on the metal is removed periodically by
dipping a zinc rod into the solution that covers the packing.
The table suggests that the Walden reductor is somewhat more selective in its action

than is the Jones reductor.

Uses of the Walden Reductor and the Jones Reductor*

Walden Jones
Ag(s) + CI~ — AgCl(s) + e~ Zn(Hg)(s) — Zn** + Hg + 2e”
Fed* + ¢~ — Fe?! Felt + e~ = Fe®*
Cut 4 e = Cu” Cu?™ + 2e” = Cu(s)
H.MoO; + 2H" + e~ — MoO? + 2ZH,O H:MoO, + 6H™ + 3¢~ = Mo’" + 3H,0
UO3* +4H" + 2¢~ — U** + 2H.O UO3" +4H™ + 2 = U*" + 2H,0

UO3* +4H" + 3e- = U?* + 2H,0'
V(OH)] + 4H" + 3¢~ —=V?* + 4H,0
TiO?* + 2H* 4+ ¢ =Ti** + H,0 4

Ce* + e =Cr*

Auxiliary Oxidizing Reagents: (b
Sodium Bismuthate:

Sodium bismuthate is a powerful oxidizing agent capa¥e, example, of converting
manganese (I1) quantitatively to permanganate ion. Thise@ismuth salt is a sparingly
soluble solid with a formula that is usually gritten as NaBiOs, although its exact
composition is somewhat uncertain. ¢

NaBiOs(s) + 4H* + 2¢- =BiO* + Nat + 2H,0

Ammonium Peroxydisulfate: 4

Ammonium peroxydisulfate, (NH,).S;Oggis also a powerful oxidizing agent. In acidic
solution, it converts chromium dichromate, cerium (I1I) to cerium (1V), and
manganese (1) to permanganate. Xhe half-reaction is:

S.0%~ + 2~ ==2803

V(IOH)§ + 2H" + e~ — VO™ + 3H,0
10" not reduced
2r'* not reduced

o
The oxidations a d by traces of silver ion. The excess reagent is easily
decomposed by g briefYerfod of boiling:

25,038 + 2H,0 — 48037~ + Os(g) + 4H™

Sodium Peroxide and Hydrogen Peroxide:
Peroxide is a convenient oxidizing agent either as the solid sodium salt or as a dilute
solution of the acid. The half-reaction for hydrogen peroxide in acidic solution is:

H,0; +2H* + 2 =2H,0 E'= 178V
After oxidation is complete, the solution is freed of excess reagent by boiling:
2}"13()3 oy 2H30 + O_w(,‘,’)

Applying standard reducing agents:
The two most common reductants:
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Iron (111):
This procedure has been applied to the determination of organic peroxides;

hydroxylamine; chromium (V1); cerium (1V); molybdenum (V1); nitrate, chlorate, and
perchlorate ions; and numerous other oxidants (see, for example.

Thiosulfate ion:
Thiosulfate ion is a moderately strong reducing agent that has been widely used to

determine oxidizing agents by an indirect procedure that involves iodine as an
intermediate. With iodine, thiosulfate ion is oxidized quantitatively to tetrathionate ion

according to the half-reaction:
283(—)’:_ - 340%_ =t 2';'_

An example of this procedure is the determination of sodium hypochloritegin bleaches.
The reactions are:

OCl- +2I" +2H"—>ClI” + 1 + H,0 (unmeasured excess KI) @

I, + $,03~ = 21~ + S,0%" (20-1) Z

Some Applications of Sodium Thiosulfate as a Reductant

Special Conditions

Analyte Half-Reaction
10; 1037 + 8H* + 7e” =3 I, + 4H,0 Acidic solution
107 +2H" + 2e” =103 + H,0 Neutral solution
103 103 + 6H* + 5 =31, + 3H,0 Strong acid
BrOz, ClOj3 XO3 +6H + 60 = X + 3H,0 Strong acid
Br,, Cl, X +2I" =1+ 2X~
NO5; HNO, + H" + e =NO(g) + H,0
Ca* Cu** + I~ + e~ = Cul(s)
0O, Oz + 4Mn(OH)(s) + 2H,0 = Mn(OH )i(s) Basic solution
_ Mn(OH)s(s) + 3H" + ¢~ = Mn*" + 3H,0 Acidic solution
0O, Os(g) +2H" + 2¢~ = 0s(g) + H,0
Organic peroxide ROOH + 2H"' + 2¢~ = ROH + H,0O
Some Common Oxidants Used as Standard Solutions
Reagent and Reduction Standard Standardized
Formula Product Potential, V with Indicator®  Stability'
Potassium Mn?* 151 Na,C,0,. Fe, MnO;, (b)
permanganate, As-04
KMnO,
Potassium Br- |44 KBrO; (h (a)
bromate,
KBrO;
Cerium(IV), Ce?+ | 44% Na.C-0,. Fe, (2) (a)
Ce** As:0;
Potassium (& 2ad 1.33° K5Cr,0,. Fe. (3) (a)
dichromate,
K:Cl’:()y
lodine. I, [ (0.536% BaS,0; - H,0. starch (c)

Nu:S;O;
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Applying standard oxidizing agents:

Table summarizes the properties of five of the most widely used volumetric oxidizing
reagents. Note that the standard potentials for these reagents vary from 0.5t0 1.5 V. The
choice among them depends on the strength of the analyte as a reducing agent, the rate
of reaction between oxidant and analyte, the stability of the standard oxidant solutions,
the cost, and the availability of a satisfactory indicator.

The Strong Oxidants-Potassium Permanganate and Cerium (1V):

Solutions of permanganate ion and cerium (1V) ion are strong oxidizing reagents whose
applications closely parallel one another. Half-reactions for the two are:

MnO; + 8H* + 5¢~ = Mn>* + 4H,0 E'=151V
Ce*r + ¢ =Ce¥ E" = 1.44 V(1 M H,S0,)

The formal potential shown for the reduction of cerium (1V) is for solutiop?
M in sulfuric acid. In 1 M perchloric acid and 1 M nitric acid, the potentialg
and 1.61 V, respectively. Solutions of cerium (IV) in the latter two S
stable and thus find limited application.

The half-reaction shown for permanganate ion occurs only in solutgygnsghat are 0.1 M or
greater in strong acid. In less acidic media, the product may n (1), Mn (1V), or
Mn (V1), depending on conditions. There are many apflicatjos/ of permanganate and
cerium (V) solutions in the volumetric determinati®® of)inorganic species. Both
reagents have also been applied to the determination organic compounds with

oxidizable functional groups. <
‘Some Applications of Potassium Permanganate and Cerium(IV) Solutions

atare 1
¥1.70V
e not very

Substance Sought Half-Reaction Conditions

Sn Sn®* =Sn** + 2¢” Prereduction with Zn

H-0, H,0,=0,(g) + 2H" + 2e

Fe Fe’* =Fe’t +e Prereduction with SnCl; or with Jones or Walden reductor

Fe(CN)§™ Fe(CN)§" =Fe(CN)}~ + e

V VO** +3H,0 = V(OH)}" + ¢ Prereduction with Bi amalgam or SO,

Mo Mo’ 4 4H,0 == MoO3~ + 8H" + 3e Prereduction with Jones reductor

W W3 + 4H,0 = WO;~ + 8H" + 3e Prereduction with Zn or Cd

U U+ + 2H,0 = UOs* + 4H* + 2e Prereduction with Jones reductor

Ti T + H,0=TiO** + 2H" + e Prereduction with Jones reductor

H,C,0, H,C,05 =2C0O, + 2H" + 2e

Mg, Ca, Zn, Co, Pb,Ag  H;C;0,=2CO, + 2H™ + 2e” Sparingly soluble metal oxalates filtered, washed, and

dissolved in acid; liberated oxalic acid titrated

HNO, HNO, + H,O=NO7% + 3H" + 2¢ 15-min reaction time; excess KMnO, back titrated

K KaNaCo(NO), + 6H,0 = Co** + 6NO3 +  Precipitated as K;NaCo(NO,),: filtered and dissolved in
I2H* + 2K* + Na™ + lle KMnQ,; excess KMnO, back titrated

Na U** + 2H.0 = UO3" +4H" + 2e Precipitated as NaZn(UQ,),(0Ac)q: filtered washed,

dissolved; U determined as above

Comparing the Two Reagents:

1 — Solutions of cerium (IV) in sulfuric acid, however, are stable indefinitely, whereas
permanganate  solutions decompose slowly and thus require occasional
restandardization.

2 — Furthermore, cerium (IV) solutions in sulfuric acid do not oxidize chloride ion and
can be used to titrate hydrochloric acid solutions of analytes; in contrast, permanganate
ion cannot be used with hydrochloric acid solutions unless special precautions are taken
to prevent the slow oxidation of chloride ion that leads to overconsumption of the
standard reagent.
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3 — A further advantage of cerium (IV) is that a primary-standard grade salt of the
reagent is available, thus making possible the direct preparation of standard solutions.

4 — The permanganate solutions, are more widely used.

5 — The color of permanganate solutions, which is intense enough to serve as an
indicator in titrations.

6 — The permanganate solutions is their modest cost.

7- Another disadvantage of cerium (IV) solutions is their tendency to form precipitates
of basic salts in solutions that are less than 0.1 M in strong acid.

Standardizing Permanganate and Ce (1V) Solutions:

Sodium oxalate is a widely used primary standard. In acidic solutions, the oxalate ion is
converted to the undissociated acid. Thus, its reaction with permanganate can be

described by:
2MnO; + 5H,C,0, + 6H" — 2Mn?" + 10CO5(g) + 8H-0
Sodium oxalate is also widely used to standardize Ce (1V) solutio reaction

between Ce** and H,C,0, is: @

2Cet + HoCr0, — 2Ce>* + 2COs(g) + 2H @
Cerium (1V) standardizations against sodium oxalate are ysua ormed at 50°C in a
hydrochloric acid solution containing iodine monochlorjde as a gtalyst.

Potassium Dichromate:

In its analytical applications, dichromate ion is reduced to Yegen chromium (I11) ion:

Cr,03~ + 14 H" + 6e =2 Cr** + 7H,O EO= 133V

Dichromate titrations are generally cargged o tysolutions that are about 1 M in
hydrochloric or sulfuric acid. In these medi ormal potential for the half reaction is
1.0 to 1.1 V. Potassium dichromate solutiols are indefinitely stable, can be boiled
without decomposition, and do not react with hydrochloric acid. Moreover, primary
standard reagent is available co ] ﬁ/ and at a modest cost. The disadvantages of
potassium dichromate compared Writh Cerium (1) and permanganate ion are its lower
electrode potential and the slowneJe of its reaction with certain reducing agents.
Applying Potassium Dicgiromate Solutions:

The principal use ronfhte is the volumetric titration of iron (I1) based on the
reaction:
Cr,03~ + 6 Fe?* + 14 H" — 2Cr’" + 6 Fe?™ + 7H,0

Often, this titratio® is performed in the presence of moderate concentrations of
hydrochloric acid. The reaction of dichromate with iron (Il) has been widely used for
the indirect determination of a variety of oxidizing agents. In these applications, a
measured excess of an iron (I1) solution is added to an acidic solution of the analyte.
The excess iron (1) is then back-titrated with standard potassium dichromate. This
method has been applied to the determination of nitrate, chlorate, permanganate, and
dichromate ions as well as organic peroxides and several other oxidizing agents.

lodine:

lodine is a weak oxidizing agent used primarily for the determination of strong
reductants. The most accurate description of the half-reaction for iodine in these
applications is:

Iz +2¢~ =731 E'=0.536V
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where I* is the triiodide ion.

Standard iodine solutions have relatively limited application compared with the other
oxidants we have described because of their significantly smaller electrode potential.
Occasionally, however, this low potential is advantageous because it imparts a degree
of selectivity that makes possible the determination of strong reducing agents in the
presence of weak ones. An important advantage of iodine is the availability of a
sensitive and reversible indicator for the titrations. lodine solutions lack stability,
however, and must be restandardized regularly.

Standardizing and Applying lodine Solutions:

lodine solutions can be standardized against anhydrous sodium thiosulfate or barium
thiosulfate monohydrate, both of which are available commercially. The reaction
between iodine and sodium thiosulfate:

I, + S,03 — 21" + 8,02

Often, solutions of iodine are standardized against solutions of sodiu fate that
have in turn been standardized against potassium iodate or potassiu mate. Table
summarizes methods that use iodine as an oxidizing agent. )
Some Applications of lodine Solq_t_ipn.s
Substance Determined Half-Reaction e
AsS H;AsO¢ + H,0 = H3As0, + 2H™ + 2e
Sh H;SbO; + H,0 = H;SbO, + 2H* + 2e
Sn Sn?t == Sn** + 2¢
H,S HsS = S(s) + 2H™ + 2e~
SO, SO3~ + H,O0=S03 + 2H* + 2¢"
S.01% 25,0%" =850~ + 2e-
N,H, N,H, == Na(g) + 4H* + 2e
Ascorbic acid CeHyOg = CHgOp + 2H™ + 2e
Potassium Bromate as a Sourc rofiine:

Primary-standard potassium bromgte ¥ available from commercial sources and can be
used directly to prepare standardysolutions that are stable indefinitely. Instead, the
reagent is a convenient arngl widely used stable source of brornine. In this application, an
unmeasured excess of ssi® bromide is added to an acidic solution of the analyte.

BrO; + 5Br~ + 6H" — 3Br, + 3H,0
standard excess

solution

The primary use &F standard potassium bromate is the determination of organic
compounds that react with bromine. After acidification, the mixture is allowed to stand
in a glass-stoppered vessel until the bromine/analyte reaction is judged complete. To
determine the excess bromine, an excess of potassium iodide is introduced so that the
following reaction occurs:

21" + Br,— 1, + 2Br

The liberated iodine is then titrated with standard sodium thiosulfate.
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Applications:

Karl Fischer reagent has been applied to the determination of water in numerous types
of samples. There are several variations of the basic technique, depending on the
solubility of the material, the state in which the water is retained, and the physical state
of the sample. If the sample can be dissolved completely in methanol, a direct and rapid
titration is usually feasible. This method has been applied to the determination of water
In many organic acids, alcohols, esters, ethers, anhydrides, and halides. The hydrated
salts of most organic acids, as well as the hydrates of a number of inorganic salts that
are soluble in methanol, can also be determined by direct titration.

Direct titration of samples that are only partially dissolved in the reagent usually leads
to incomplete recovery of the water. Satisfactory results with this type of sample are
often obtained, however, by the addition of excess reagent and back titggtion with a
standard solution of water in methanol after a suitable reaction time. ffective
alternative is to extract the water from the sample by refluxing wit ydrous
methanol or other organic solvents. The resulting solution is then titr@lrectly with

the Karl Fischer solution. @




