Redox Titrations

Net transfer of electrons during the reaction.
Oxidation numbers of two/more species change.

Satisfies requirements for reactions in quantitation;
a. large K b. fast reaction

Balancing redox reactions:

1. identify the oxidation & reduction species and/processes.

2. balance each of them separately for mass, then charge.
(H*, OH-, H,O may be needed to balance for species
containing O, H)

3. multiply half reactions to make the number of electrons the
same in both half reactions

¥ o
3 + 0072 gt e 3| |+ 23+ 7H,0
™ o
OH H o
H H H H
H H H H
OH H o
ONofC=+1  ONofC=-1 ONofC=+2

¥ MnO, +CH,OH+H" - Mn"+CO,
MnO; +8H" +5e — Mn"? +4H,0

CH,OH - CO,
H,0 +CH,OH - CO,
H,0+CH,OH - CO, +6H"

H,0+CH,OH - CO, +6H" +6e
(MnO; +8H" +5e - Mn*?* +4H,0)x6

(H,0+CH,OH . CO, +6H" +6€)x5
6MNO; +18H" +5CH,0H — 6Mn™ +19H,0 +5CO,

Fe” =Fe" +e
MnQO; +8H" +5e =Mn*2 + 4H,0
MnO; +8H" +5Fe*? =Mn*? +5Fe™ +4H,0
Note the changes in oxidation number.
oxidizing agent, oxidant
lCe+4 + Fe+2 = Ce+3 + Fe+3
1

reducing agent, reductant
!

MnO; +8H" +5Fe™? =Mn*? +5Fe*® +4H,0

1
oxidizing agent, oxidant

3 MnO, +CH,OH+H" - Mn”+CO
MnO; +8H" +5e — Mn"?+4H,0

CH,OH - CO,

(H,O+CH,0H - CO,

H,0+CH,0OH - CO, +6H"
H,0+CH,OH - CO, +6H" +6e

(MnO; +8H" +5e - Mn*? +4H,0)x6
(H,O0+CH,0OH - CO, +6H" +6€)x5
6MnO;, +18H" +5CH,0H - 6Mn** +19H,0+5CO,

Cu+HNO, —— Cu(NOy), + NO +H,0

Cu — Cu*? +2e
NO,t +4H* +3e —> NO +2H,0
3Cu+8HNO; — . 3Cu(NO,), + 2NO + 4H,0

Note some nitrate ions are spectator ions.



Buret containing Ce** Potentiometric
monitoring

Ce+4 +Fe+2 :Ce+3 +Fe+3

Calomel
reference
electrode

Pt wire
Indicator electrode

Magnetic
stirring bar

V Cathoce
(+}

Electrochemical =~ Ande
Cell — Voltaic Cell

Electrodes

Naniell Cell
Zn+Cu*? . Zn*?+Cu
Zn-2Zn%+2e
Cu*2+2e - Cu spontaneous, generates energy.

http://chemistry.about.com/library/weekly/aa082003a.htm

oxidation (half) reaction at one site and
reduction (half) reaction at the other site

|

electrochemical cell = cell

Fe? =Fe® +e anode
Ce™+e=Ce" cathode

half reactions

oxidation @ anode and reduction @ cathode

If a chemical species has a propensity to oxidize and
another to reduce, combination of them will result in
a redox reaction; reaction products - weaker oxidant/reductant.

Electrochemistry (Potentiometry - very abbreviated version):

Electrochemistry deals with reactions, where electrons
exchange between species.

Oxidation-reduction reactions:

Ce+4_+_Fe+2 :Ce+3+Fe+3

1 1
reduced oxidized in the process
(O] [R]

If this reaction can be made to occur at two sites,
— Electrochemical cell.

Ecell(v)

Convention:
Left-[O] < Bridge
Right-[R]
Ecell>0

Naniell Cell
Zn+Cu*? - Zn*2+Cu
Zn - Zn%+2e
Cu*2+2e - Cu spontaneous, generates energy.

http://chemistry.about.com/library/weekly/aa082003a.htm

Inherent propensity of a species to reduce is measured by
their standard reduction potentials.

Note: A species that can be reduced easily ( a propensity
to be reduced) implies the reverse process, i.e. the oxidation is
difficult.

Inherent ability to undergo reduction can be gleaned from
the standard reduction potential values.

Standard (reduction) potential values of species are expressed
referenced to standard proton reduction potential, i.e.

@ 25°C potential for
2H*(aq, a=1) + e = Hy(g, p=1atm) EO,,;, = 0.00V



Acceptor Side Donor Side
Good Acceptors Poor Donors
MnO,+ 8+ 5e” = Mn? + 41,0 +1.51
Electrode potential tables are Standard Reduction Potential Clyg) + 26 = 201 +1.359

tables and the half reaction written as a reduction.

Good e acceptor

MnO,+ 8H+ 5S¢ = Mn?" + 4 H,0

+1.51

Poor e~ donor

Cr,0,% + 141" + 6¢” = 20r% + 71,0 +1.33
0, + 4"+ 4e = 2H,0 +1.229
10, + 67 +5¢ = 121, +3H,0  +1.195
NO, + 31" +2¢- = HNO, +H,0  +0.94
Cu¥ + I +e = Cul +0.86
Aghte = Ag +0.799
Fe3™ +e = Fe?* +0.771
2HgCl> + 2 = He,Cly(s) + 6CI +0.69
I2 (aq) +2¢ ~ 2I +0.620
|3' +2¢ = 3I +0.536
Cu?"+2¢ = Cu(s) +0.337
Hg,Cly(s) + 2¢7 = 2Hg +2CI 10.268
AgCl+e-= Ag+Cl- £0.222

Cly(g) +2¢" = 2Cr +1359 "M
VAN Cr0,2+ 14H™+ 6¢" = 2Cr"+7H,0 +1.33 Half-Reaction
B
i) > Swonger  Fyg) + 2¢ — 2F(ag) 287 Weaker
0, +4H" +4e = 2H,0 +1.229 oxidizing HOLaq) + 2HYag) + 2  —> 2HO() 178 reducing
10, +6H™ + 5= 121,+3H,0  +1195 gt MnOj(ag) + 8H*(ag) + 5= —> Mn(ag) + 4 H,O() 151 agent
3 2 2 Clyg) + 2¢~ —> 2CI{(aq) 136
NOy +3H +2e" = HNO, + H,0 +0.94 2 ) + 14 H(ag) + 6" —>2 o) + 7 133
CuZ +I+e = Cul +0.86 Oxfg) + 4Hag) + de” — 2H0() 123
Ag+e = Ag +0.799 Brh) + 2¢° —> 2Br(ag) 109
Fei*+e = Fe¥ +0.771 Ag'lag) + = — Agls) 080
: Fe®(aq) + & — 077
2HgCl, 2" + 2e" = Hg,Cly(s) + 6CI +0.69 (‘1: 20 + 260 1 Fe*(ag) s
1, (aqy +2¢" = 2I° +0.620 Is) + 2¢" —21(ag) 054
2e" +0.536 Oxg) + 2H0( + de” —> 4OH(ag) 040
- Cu¥(ag) + 2¢& — Cu(s) 034
2e +0.337 Sn¥(ag) + 26" — &5
Hg,Cly(s) + 2¢ +0.268 T 1 2 e S
AgCl+e- +0.222 Po(ag) + 20" p—ry o
Sn*t+2¢ = +0.154 NP*(ag) + 2&° — Ni(s) _026
cu +0.153 Cd¥(ag) + 2¢° —>Cd(s) -0.40
2- - = 2- + +2e — -045
8,047 +2¢ = 25,07 0.08 ;‘;(;')) sae — :(‘(s’))
M +2¢ = Hy 0.000 21,00 + 26 kipid i 0%
[ Sn?* +2e = -0.136 AP ag) + 3 — All®) _166
2C0, (g)+ 2H" +2¢ = H,C,0, -0.49 Weak Mg™(aq) + 2¢ —> Mg(®) 237 .
Poor e” acceptor a7 -0.763 Good e d oxdizing ~ Na"aq) + ¢ —> Na(s) -7 2 Wd""m'“;s
pi n2” =+ 2e . ood e- donor n Livag) + & L i prk<

Construction of redox electrodes:

Silver-silver chloride electrode:
Standard electrodes

AgCI(s) + e = Ag(s) + Cl (aq)
Inspect the half reaction, identify the species involved and

their physical states.

] ) ] o ) Notation:
Mix them up in solution, the activities of each species must Cl(a=1)/AgCl(s)/Ag
be at their standard states (unity). If there are no 'species’

that is metallic use a Pt wire (for electrical contact).

HCl(a=1.0)
AgCI(s)

e.g. MnO,+8H"+5e=Mn"+4H,0
. Notation:
Mn*2(a=1),MnO,(a=1),H*(a=1)/Pt
KMnO, (a=1)

H,S0, (a=0.5)
MnSO, (a=1)



E°..; A measure of the inherent ability for reaction to occur

Electrodes — non standard:

Consider the redox reaction
In non-standard electrodes the concentrations/activity " 4_ 13
of one or more of the species involved is not unity. Fe®+Cé'= F&'+ C¥

Would this redox reaction occur spontaneously?
How quantitative is this reaction (K=?)?

Calculate E°, for the reaction as written; if positive - reaction
occurs; spontaneous and if large the K is large.

Fe? = Fé*+e anode
Ce* +e= Ca? cathod half reactions
Eoet = Egijos ~Epuore  from tables (reductiorogentialg

Prediction of the propensity to react, K, related to
free energy change,...

o
=—cell

Consider the redox reaction

AG® = -RTInK Fe?+Cé*= F&+ C@

EO _EO +EO

cell — “reduction.pot.

oxidation.pot. Fe+2 = Fé3 +e anode
cathode  anode Ce' +o= Cd® cathoc half reactions
ES.oe  tabulated as reduction potentials
E?eH = E?athode - E:node (from tables) Ecoell = Ezd,pocess - ngd,process
° ° ° Ev:oell = Egalhode - E:node
Ece\l = Ered.pocess - ond.process
O _p0 (o)
Bl =B/ ce “Epn e (fromtables)
=1.720-0.771=0.949V
(Large and) positive E°,,, processes are good candidates for oxidized +ne =reduced
redox titration reactions; larger E°, gives sharper end o)
points (large K values). /
E = EO _ﬂln educed }
el el
Electrode potential (in general); Nernst equation for NF & iizea

electrode calculates the propensity for a reduction half reaction
to occur when species are at a given set of concentrations.
It is a measure of the reducibility of the species in solution.

Note: Q for electrode is for the electrode reaction written
as a reduction.
_ =0 RTI
Ehalfrxn - EeI - EeI - n(Q)eI .
nkF Q large for a system ~ E., small (and or negative)
RT implies poor electron acceptor/ implies good electron donor
— — 0 . .
Ern = Ecen =Eca __nF IN(Q).e - reducing system (and vice versa)

Q = reaction quotient.



For the reaction:  ce* +Fe* = Ce*® +Fe*?

E =E =E o _RT —In—=— Bee
cathode ce*/ce® ce*/ce® nF a
Cce(lV)
E =E =E o _RT —In—— Ore
anode Fe'®/Fe*? Fe'®/Fe*? nE a

Eeﬂﬁjc " Note Q for electrode is for the electrode

€ ,Cel . . .

reaction written as a reduction.

In potential calculated from any one of the two equations above
are the same and is called the solution redox potential.

Only one equation is useful at a given instant for calculation,
however.

To calculate the redox potential in the solution, consider the
appropriate equilibrium system, it is one of the two equilibria
and the one that can be easily handled, arithmetically
(mathematically).
Potentials are calculated as reduction potentials (convention).
Need to write the equilibria as reduction equilibria,

egd. Fe”+e=Fe"

MnO, +8H" +5e = Mn*? + 4H,0

Use Nernst equation.

Use Nernst equation.

Fe” +e=Fe”
MnO;, +8H" +5e =Mn"? + 4H,0

Either,
E =E° _RT In B
Fe*® /Fe*? Fe*® /Fe*? F a
Fe*
or
E —E° — E| m
MnO;!/Mn*? MnO;/Mn*? 8
SF aMnoglaH*

During the titration the Q values change in a systematic
manner.

E =E o _RT —In Bees
ce™/ce® ce**/ce™ nF a o

E -E o _RT | 22
Fe* /Fe™? Fe** /Fe*? nE a

The solution potential calculated from the perspective of any of
the two redox equilibria that exist in the system; is numerically
the same.

Measuring the variation of the solution potential allows the
monitoring of the progress of the reaction/titration.

The solution potential calculated from the perspective of
of any redox equilibria that exist in the system is numerically
the same.

MnO; +8H"* +5Fe** =Mn** +5Fe*® + 4H,0

Fe”? =Fe® +e
MnO;, +8H' +5e =Mn"? + 4H,0

E .y measures the propensity of a (overall) reaction, where
the species are at any given concentration.

RT
Erxn = Ecell = Egell nF In(Q)ceII

Example 1.
MnO;(a,)+8H"(a,) + 5Fe**(a,) =Mn*?(a,) + 5Fe**(a,) + 4H,0

2 5
L L I T
cell
SF aMnO’a aFe*2

RT aza®
Ecell = E2ell In 48 55
5F | aa,a;

E

cell




Example 2 Ce™ +Fe” =Ce"™ +Fe™

E

halfrxn

RT
=E,=E%-—In
el el nF (Q)e|

RT
Erxn = Ecell = Egell nE In(Q)ceII

For the two half reactions, E;

E =E =E BT Fee
cathode +4 +3 +4 +4
Ce™/Ce Ce™/Ce nF a
Eonote = E, S LT
anode +3 2 +3 +2
Fe™/Fe Fe™/Fe nF a

Pick the process (anodic/cathodic) to follow, judiciously.

For + Fe”? =Ce™ +Fe*™

Before eq. point
Indicator reaction

Ce(IV)
E _E° RTI a_
+3 2 +3 2
Fe™/Fe Fe™/Fe nF a
Fe/
Fe(ll),Ce(lll)
aFe"2

Before eq. point aceqy,~ very small, 0;
Fe'

(e +FeD=Ce* +Fe*

At the eq. point a,),aceqy) Very small, ~0;

ce* Qa ce* =a Fe*
a'

But, a Fe? _
' 1 —_ 1
a Fe' ce® a cet = a Fe??

a’ concentrations of species at ‘end point’

Considering the redox potential at eq. pt. from both perspectives

—F =E =E° - RT —1In a_
ce™/ce*™ Ce™/ce™ nF a
RT, a'_.
E,=E =E° In—Fe=

el +3 +2 +3 2
P Fe™/Fe Fe™/Fe nF a'

changes.

Solution potential is determined by Q; changing Q changes the
solution potential.

The reaction progress is followed by following the redox

potential of the solution, which depends on Q, with an
oxidation-reduction potential electrode.

Ce™ = Ce™ +Fe™

After eq. point
Indicator reaction

Ce(lV)
RT, a.
EC et = EC 4 ce*d -—In—C=—
e e e e nF a -
/ )
n=1
C I\/) Ce(lll)
. ace+3
After eq. point ag., very small, ~0; changes.
ce+4
e +FeD=ce” +Fe”
At the eq. point a,acqy, very small, ~0;
SR T8 a|Ce*3 _ a|Fe*3 A e Qe =1
A e T a ce™ a Fe*2 a Ce* a Fe*

a’ concentrations of species at ‘end point’

Considering the redox potential at eq. pt. from both perspectives

RT a
—Eep =E b eats — 0 et —In —ce
Ce™/Ce Ce™/Ce nF a
E =E =E° —ﬂh’]k
ep Fe/Fe*? Fe/Fe*? nE a'



RT, @

_ _ o0 _
Ce™ +Fe*” =Ce™ +Fe™ Eop =Ecericen = Eca*“/ca*3 nF n a'_ .,
ce*
a' s = a’ +3 — — 0 _ RT a'lFe*2
'Fe ICe EGP - EFe*BIFe*2 - EFe*lee*2 Flnal_
A = Fe®
Adding the above two equations:
' ' a‘ . a' .
L%{E 2, =E  +EY. . _RT 8 RT) 82
A 1 e+4 e+4 e e ' Ll
a'L s hal . et nFa' .. nF a .
RT |a' . ..a' .
2E =E° +E° . — 2 |nk=ce® T e
a' a’ ep ce™ /et Fe™IFe nF a' a‘
ce*®® Fe? _— 1 Ce* Fe®d
a'_,a'_. RT
Ce™ T Fet 2E,, =E° +E°, ,—-—Inl
cetticett Fe™/Fe n F

Solution potential at equivalence point.

The potential of a single electrode is not measurable.

0 0 . . .
E = E cevrcen T E o pen Only differences in potentials can be measured.

Thus a coupling of the ‘sensor’ electrode with a another
electrode of known, unchanging potential is employed,

In general, where n, #n, ;
9 e - standard reference electrode

0 0
- nE, +nkE,
n, +n,

E

€p

Buret containing Ce**

v Note: The (reduction) potential of the solution is measured by
coupling with a reference electrode, E,; (which remains
constant).

Ce™ +Fe"? =Ce™ +Fe®
E.ei = Eq - Erer- (convention)

E. varies in the same fashion as E,.
SCE

Calomel

reference

electrode

E,

measured_EceII

:Esensor' ESCE

Pt wire
sensor

Magnetic
stirring bar

ORP electrode

Esensor: Ecell' ESCE



141
In general, where reaction is not 1:1 and/or the reactions are /—

; : 13
pH dependent, calculate starting from Nernst Equation.
12
Study the hand out. O o1
O 1.0 Equivalence point_| Ingeneral, where n, #n, ;
ﬁ . (inflection point) Y £ - nE +n,ES
g 09l * " nn,
Esensor 5 E=E-E
0.8 3
= = E° (Fe® | Fo?)
s
2 07~  _E(SCE)
IS}
&

| TR I T |
0 10 20 30 40 50 60 70
Veeas (ML)

Comparison of titration curves with same titrant Ce*4(aq).

10—
Fe*2+ Ce* E%ay/ E%eqny = 0.68V
0.9~ U* + Ce* E%av/ E%wn = 0.334
- Equivalence point
" ~ , culation: !
g 08l E,, calculation: . . |
12}
2 0 0 _ o (0 e T e o
C 07F Eceraicers ™ Ererarer2 = Ecerarer 3~ 0.68C i ——
> a9 - i
-%’ 0 -E° =E2 -0.334 E
1) Eceraicers = Bu+ou+4 = Ecerarer s~ 0- i
&
os B + 1!
Eeaicers ~0.334> Ed,, ycers ~ 0.680 U“fn..mz '
a’o 50 100 150 200 20 00

Wolame of 0, 1000 M Ce** , ml.

60 70 E..; change at end point higher if |ES.,-£2,,/ is large. This is also
a measure of the 'completeness’ (i.e K) of the reaction.
15 A
| E% - E° Keq ]
L | 1 i A LOOV | 8x10'® o B
13 1 B 08OV | 3xu0" |
ogl— € 06V | 1x10° —
! = ! { H D o4V | 6x10® C
g ' ——> E 020V 2x10° (
i ™ L .
E oo of —
07 L EEESsS T = E
/
05 . J 0.2
u..+x.--.;||,onuor-,mé"u- |
a8 i 1 ] A |
50 0o 15.0 20 B0 0.0 0 10.0 200 0.0

Violume of 0. 1000 M Ce® * , ml. Volume of 0. 1000 M titrant, mL.



Redox Indicators:

Substances that are reduced and oxidized reversibly, two
forms have different colors. It must undergo reduction/
oxidation as well.

In the proximity of the end point, E,.

Ing, + ne=1In
color |

red
color Il

2.303RT, _[Ing]
2 o
nF [INoy]

E =E2,-

[Ing.]

The range dictated as E, = [Eﬁd iW}

n

The indicator standard reduction potential must fall
in the range above.

Simulated Titration Curve
12.27

10.881

9.494

8.10+

6.711

E(el) mVv/100

850 1150 1468 17.77 2086 2395 27.04 3013
Volume of Titrant (Vt, mL)

[Ines]
[IN.y]

Must change by 100, at a minimum to detect end point
visually. e.g. 0.1 to 10 or vice versa.

In the transition range solution potential measured as
An electrode potential must change;

0.0592
Ea= |:Eﬁd t :|
. 0.0592
I.€. Eear = |:Ead iT:| =

Table 1 Redox indicators
Color
Indicator Oxidized Reduced E°
Phenosafranine Red Colorless 028
Indigo tetrasulfonate Blue Colorless 0.36
Methylene blue Blue Colorless 0.53
Diphenylamine Violet Colorless 0.75
4'-Ethoxy-2,4-diaminoazobenzene Yellow Red 0.76
Diphenylamine sulfonic acid Red-violet Colorless 0.85
Diphenylbenzidine sulfonic acid Violet Colorless 0.87
Tris(2,2’-bipyridine)iron Pale blue Red 1.120
Tris(1,10-phenanthroline)iron (ferroin) Pale blue Red 1.147
Tris(5-nitro-1,10-phenanthroline)iron Pale blue Red-violet 1.25
Tris(2,2"-bipyridine)ruthenium Pale blue Yellow 1.29
Table 16-1] Oxidizing and reducing agents
Oxidants Reductants

BiO5 Bismuthate HO_ O
gff :::ﬂf:; HO)_§=2:° Ascorbic acid (vitamin C)
Cet* Ceric B OH: OH ——
au,~)-soxar- Chioramine T ol Choros

5,03~ Dithionite
cly Chlorine Fe2t Ferrous
clo, Chlorine dioxide NH, Hydrazine
Cr,03 Dichromate HO @ OH H i
FEB;’— Ferrate(VI) peroginie
H,0, Hydrogen peroxide NH,0H Hydroxylamine .
ocl- Hypochlorite H;PO, Hypophosphorous acid

H,CCH, CH, CH
105 Todate Mcmox—x
= - on, Retitiol (vitamin A)
Pb(acetate), Lead(IV) acetate Sn2+ Starinois.
HNO, Nitric acid so3- Sulfite
o Atomic oxygen 50, Sulfur dioxide
) Ozone 5,08 Thiosulfate
HCIO, Perchloric acid CH.
107 Periodate HO: 3 [ (I:HJ
MnO; Permanganate -  CHL—CH— "
s,og3 Peroxydisulfate Ol Sl Gy CH= Oy 5=H

H,C 0" cH,

a-Tocopherol (vitamin E)




Other ‘indicating’ strategies:

Starch-lodine complex — for reactions involving I,.

Self indicators — where one of the reactants is strongly colored,
e.g. KMnO,.

Adjusting oxidation states of analytes:

1. Change oxidation states (oxidation and reduction) by
chemical reaction with excess of a pre-adjustment
chemical agent.

2. Remove un-reacted chemical agent. (read text)

Examples:

Mn(ll) to MnO, (Ag*?)
V(V) to V(IV) (H,SO,)
Fe(lll) to Fe(ll) (SnCl,)
Co(ll) to Co(lll) (H,0,)

(@ -

IACE/AVRVAN.
N2
e =)

1 0
o
QSO ]
i S
ol &
I 0
L)

Sample Preparation

Some analyte samples must be prepared for a redox titration.
Analyte must be present in the correct oxidation state.

e.g. For analyzing iron with a Sn?*, a reducing titrant all the iron
must be present as Fe3* in order to be reduced to Fe?*.

If some iron is already present as Fe?*, then it will not consume
titrant and so escapes measurement.

Analyte must be pre-oxidized or pre-reduced to convert the
analyte to a single oxidation state.

CrCl,

H,S

Zn/Hg (Jones reductor)
Walden Reductor



1 Analyte
solution

~Solid

ool
\Ier(bcifj//

Sintered-
—+ glass disk

Jones Reductor

(strong)

Walden Reductor

(m ifd@eTéctiVe)

Reduced
— analyte
Table 16-3| Analytical of titrations
Species analyzed Oxidation reaction Notes
Fe?* Fe?* =Fe** + ¢ Fe** is reduced to Fe?* with Sn2* ora
Jones reductor. Titration is carried out in
1 M H,50, or | M HCI containing
Mn?*, H,PO,, and H,SO,. Mn?* inhibits
oxidation of CI~ by MnO,. H,PO,
complexes Fe>* to prevent formation of
yellow Fe*-chloride complexes.
H,C,0, H,C,0,=2C0, + 2H* + 2&~ Add 95% of titrant at 25°C, then complete
| titration at 55°-60°C.
Br =g Brg) + e Titrate in boiling 2 M H,SO, to remove
Bry(g).
H,0, H,0,=0,(g) + 2H* + 2¢~ Titrate in 1 M H,S0,.
HNO, HNO, + H,0=NO7 + 3H" + 2¢~ Add excess standard KMnO, and back-
titrate after 15 min at 40°C with Fe2*.
As** H,As0; + H,0 = HyAs0, + 2H* + 26~ Titrate in | M HC] with KI or ICI catalyst.
Sb* H,SbO, + H,0 = H,Sb0, + ZH* + 2¢~ Titrate in 2 M HCL.
Mo* Mo** + 2H,0 = MoO3* + 4H* + 3¢~ Reduce Mo in a Jones reductor, and run the
Mo+ into excess Fe** in | M H,S0O,.
Titrate the Fe?* formed.
Titrations with standard triiodide (fodimetric titrations)
Species analyzed Oxidation reaction Notes
As™ HASO, + H,0 = H,AsO, + 2H* + 2~ Titrate directly in NaHCO, solution
with I
st SnCH- + 2CI~ = SnC~ + 2e~ Sn(IV) is reduced 10 Sn(lf) with
granular Pb or Ni in 1 M HCl and
titrated in the absence of oxygen.
NH, NH, =N, + dH* + 4o~ Titrate in NaHCO, solution.
50, 50, + H,0 = H,50, Add 50, (or H,30, or HSO5 or SO§-)
F,50, + Hy0 = 80§ + 4H* + 26 toexcess standard Iy in dilute acid
and back-lilrate unreacted I3 with
standard thiosulfate.
1S H,S == S(s) + 2H* + 26 A HLS to encess 1 in | M HCl and

-

Za2*, O, Hgt*, Ph*

Cysteine, glutathione,
thioglycolic acid,
mercaptoethanol

HCN

He=0

Glucose (and other
reducing sugars)
Ascorbic acid (vitamin C)

H,PO,

M2* + HyS - MS(s) + 2H*
MS(s)=M2* + S + 2o

2RSH = RSSR + 2H* + 2e~

L, +HCN=ICN + I~ + H"

H,CO + 30H™ = HCOj + 2H,0 + 2

(]
I

RCH + 30H" = RCO; + 2H,0 + 2¢~

Ascorbate + H,0 =
dehydroascorbate + 2H* + 2e~

HPO, + H,0= H,PO, + 2H* + 2

back-titrate with thiosulfate.
Precipitate and wash metal sulfide,
Dissolve in 3 M HC with excess
standard Ty and back-titrate with
thiosulfate.
Titrate the sulfliydryl compound at pH
45 with I5.

Thtrate in carbonate-bicarbonate buffer,
using p-xylene as an extraction
indicator.

Add excess I plus NaOH to the
unknown. After § min, add HCl and
back-titrate with thiosulfate.

Addexcess I; plus NaOH to the
sample. After 5 min, add HCl and
‘back-titrate with thiosulfate.

Titrate directly with 1.

‘Titrate in NaHCO, solution.

Table 16-3 | Analytical applications of permanganate titrations

Species analyzed Oxidation reaction Notes

Fc* Fe** = Fe™* + e Fe** is reduced to Fel* with Sn* ora
Jones reductor. Titration is carried outin
1 MH,S0, or | M HCl containing
Mn2*, H,PO,, and H,SO,. Mn* inhibits
oxidation of CI~ by Mn0,. H,PO,

lexes Fe* to prevent formation of

yellow Fe**-chloride complexes.

H,C,0, H,C,0, =200, + 2H" + 2¢ Add 95% of titran 21 25°C, then complete

i titration al 55°~60°C.

B~ B =B + e Titeate in boiling 2 M H,50, o remove
Brfe).

H,0, H0,=0Oyg) + 2H" + 2e~ Tiwate in 1 M H,S0,,

HNG, HNG, + FLO = NOF + 3" + 26~ Add excess standard KMnO, and back-
titrate after 15 min at 40°C with Fe™,

Ast H,As0, + H,0 = HyAsO, + 2H* + 2 Titrate in 1 M HC with KI or IC1 catalyss.

SbH H,ShO, + B,0=H.Sh0, + 2H* + 2¢~ Titrate in 2 M HCL

Mo™ Mo** + 2H,0 = MoOF* + 4H* + 3¢~ Reduce Mo in a Jones reductor, and run the
M into excess Fe** in | M H,S0,.
Titrate the Fe?* formed.,

Wt W+ 2H,0 = WORt + dH* + Je Reduce W with Pb(Hg) a1 50°C and tiirate
in | MHCL

e U + 2H,0 = UOF* + 4H* + 2¢~ Reduce U 1o U with a Jones reducior.
Expose (o air 1o produce U%, which is
titrated in | M H,SO,

T TE* + HO=Ti(?* + 2H* +e” Reduce Ti 1o TP* with a Jones reductor,

Mg?*, Ca?t, 512, Ba®*,
Zn*, Co, La*, Th*,
Ph?*, Ce**, BiO*, Ag*

5,0§ 8,08 + 2Fe?* + 2H* = 2Fe™* + 2HSOF

HCL0, = 200, + 2H* + 26

PO} Mo + 2H,0 = MoO3* + 4H" + 3¢~

and run the T into excess Fe** in I M
H,50,, Titrate the Fe?* that is formed.

Precipitate the metal oxalate. Dissolve in
acid and fitrate the H,C,0,

Peroxydisulfate is added 10 excess standard
Fe?* containing H,PO,. Unreacted Fe2*
is titrated with MnO;.

(NH,),PO, 12Mo0), is precipitated and
dissolved in H,S0,. The Ma(V1) is
reduced (as above) and titrated.

Table 16-3 | Analytical applications of permanganate titrations

Species analyzed Oxidation reaction Notes

WA W + 2H,0 = WO}+ + 4H* + 3¢ Reduce W with Pb(Hg) at 50°C and titrate
in 1 M HCI.

L U +2H,0 = UO3* + 4H* + 2¢™ Reduce U to U** with a Jones reductor.
Expose to air to produce U**, which is
titrated in 1 M H,SO,.

T TP+ + HO = TiO* + 2H* + ¢~ Reduce Ti to Ti** with a Jones reductor,

Mg?*, Ca?*, S¢2+, Bazt,
Zn**, Co?*, La**, T,
Pb?, Ce*, BiO*, Ag*

H,C,0, = 2CO, + 2H* + ¢~

and run the Ti** into excess Fe>* in | M
H_S0,. Titrate the Fe?* that is formed.

Precipitate the metal oxalate. Dissolve in
acid and titrate the H,C,0,.

5,04 5,08 + 2Fe?* +2H* = 2Fe* + 2HSO;  Peroxydisulfate is added to excess standard
Fe?* containing H,PO,. Unreacted Fe?*
is titrated with MnOj.

PO3~ Mo** + 2H,0= MoO}+ + 4H* + 3¢~ (NH,),PO,* 12Mo0;, is precipitated and
dissolved in H,SO,. The Mo(VI is
reduced (as above) and titrated.

Tahle 1 Titration of I3 produced by analyte (iod: i

Species

analyzed Reaction Notes

Cly ClL+3=2C" +13 Reaction in dilute acid,

HOCI HOCI + H* + 31" =C1" + I; + H,0 Reaction in 0.5 M H,SO,.

Br, Br, + 31-= 2B + Iy Reaction in dilute acid.

BrO; BrOg + 6H* + 91~ = Br~ + 317 + 3H,0 Reaction in 0.5 M H,S0,,

105 2105 + 161~ + I2H* =6I; + 6H,0 Reaction in 0.5 M HCI.

105 2107 + 221~ + 16H* = 8I7 + 8H,0 Reaction in 0.5 M HCI.

0, 0, + 4Mn(OH), + 2H,0 = 4Mn(OH), The sample is treated with Mn?*, NaOH, and KI.

2Mn(OH); + 6H* + 61~ = 2Mn?* + 2[5 + 6H,0 After 1 min, it is acidified with H;80,, and the
15 is titrated.

H,0, Hy0, + 31~ + 2H* =I5 + 2H,0 Reaction in 1 M H,S0 with NH,MoOj catalyst.

e O, + 31" + 2H* = 0, + I + H,0 0, is passed through neutral 2 wt % KI solution.
Add H,S0, and titrate,

NO; 2HNOQ, + 2H* + 31~ =2NO + Iy + 2H,0 The nitric oxide is removed (by bubbling CO,
generated in situ) prior to titration of I3,

AsH* HyAsOy + 2H* + 317 = H;As0; + If + H,0 Reaction in 5 M HCI.

$,03 S,03- +31-=2503 + Iy Reaction in neutral solution. Then acidify and
titrate.

Cu2t 2Cu* + 51— = 2Cul(s) + I5 NH,HF, is used as a buffer.

Fe(CN)3~ 2Fe(CN)Z™ + 31~ = 2Fe(CN)d™ + I5 Reaction in 1 M HCI.

MnO; 2MnOj7 + 16H* + 151~ = 2Mn?* + 515 + 8H,0 Reaction in 0.1 M HCI.

MnO, MnOy(s) + 4H* + 31~ = Mn* + Iy + 2H,0 Reaction in 0.5 M H;PO, or HCI.

Cry0% Cr,04 + 14H* + 91~ =2Cr* + 3I; + 7H,0 Reaction in 0.4 M HCI requires 5 min for
completion and is particularly sensitive to air
oxidation,

Ces+ 2Cet + 317 =2C8% + I3 Reaction in 1 M H,S0,.

. The pH must be =7 when O is added 1o 1. In acidic solution ¢ach O produces 125 [, not 1 13.

V. Klassen, D. Marchington, and H. C. E. McGowan, Anai. Chem. 1994, 66,2921.]



