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ABSTRACT

A study of oxidafionfreducfion and complexation of
anhydrous iron(lI1) and iron(ll) in acetonitrile, and aﬁ
investigation of the scope of hydrated iron(Ii!) perchlorate
as an analytical oxidant, has been made. The formal reducTioh
potential of The.énhydrous iron(t11)=(11) couple in
acetonitrile ;T iron(11) and iron(111) concentrations of
2 x 10'3M.is 1.57£0.05 V vs. the silver, 0.01M silver nitrafe -
in acefonifrilelreference»gyeqfrode. Anhydrous.iron(ill)-
-berchlorafe was generated in solution by electrolytic oxidation
of anhydrous iron(11) perchlorate. It was found fo be
extremely hygroécopic and easily hydrolyzed by traces of
water. |

lron(11) forms stable 1:1 complexes with chloride, bromide,
jodide and both 1:1 and 1:2 complexes with thiocyanate in
. acetonitrile. Stepwise formation constants for the complexes
were determined spectrophotometrically by a mole ratio method.
The log K values are: FeCl*, 5.8; FeBrf, 5.5; Fel™, 4.3; Fe(SCN)™,

5.5; and Fe(SCN) 3.7. Qualitative evidence for strong

2’
iron(111) complexation with these anions was also found.
The scope of hydrated iron(111) perchlorate in acetonitrile

as an analytical oxidant was investigated. Among the compounds

quantitatively oxidized are several benzidines, ferrocenes,
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hydroquinone, tetrachlorohydroquinone, Thiocyanafe, jiodide,
pﬁenofhiazines, and N,N'-diphenyl-p-phenylened}amine. In
general, the criteria for-clean oxidéfion are the presence of
an electronegative site such as an oxygen, nitrogen, or sulfur
atom and the ability of the oxidized species to form resonant
stabilized structures. Coﬁpounds such as the thiols are
oxidized but give unstoichiometric titration plots. The
principal disadvantage of hydrated iron(lll) perchlorate as a
titrant is hydrolysis by water, which makes daily |
sTandérdizaTion necessary and which makes the titrant molarity
vary with the reduction potential of the compound being

oxidized.



ACKNOWLEDGEMENTS

" The author would ]ike to express his deepest appfeciafion
to Dr. B. Kratochvil for his guidance, encouragement and
understanding throughout this project.

Also special Thahks goes to my wife, Anne, for her help,
encouragemenT, and interest in this work.

Financial assistance from the University of Wisconsin,
Wisconsin Alumni Research Foundation, the University of
Alberta, and the National Research Council of Canada is

~gratefully acknow]edged.



Abstract .

- vio-

TABLE OF CONTENTS

. . . . . ® . L] . .

Acknowledgemenfs ..... .

LiS'I' Of Tab'es o o o o+ o s e e

List of Figures . . . . . ..

Part

Part 1 The dron(it1)=C11)

Part 11

|  Introduction . . . .

Background . . . . .

Experimental .

Couple i

. L] L] .

Reagents and Apparét@s .

' Measurement of IronCl11)=(11)
Potential in Acetonitrile

Results and .Discussion e e e e e e

lronC111) and [ron(11) Complexation

in Acetonitfrile

Background . . « . .

Experimental

e o e @ e

Reagents and Apparatus . .

Method of Formation Constant

Measurement

Treatment of Data

Results and Discussion

fron(11)-Chloride System .

lron(11)-Bromide System

n Acetonitrile.

i1
11

20

23

28
28
30
30

33
34
38

38

43



lron(il)-

-vii -

lodide System . . . .

irdn(ll)-Thiocyanate System ..

Iron(111)-Chloride System

Iron(111)-Bromide System . . . .

lron(111)=Thiocyanate Sysfem e

Part 1V Hydrated lron(lI1) Perchlorate as
an Analytical Oxidant . . . ..

Part V

Bibliography . « « . « .

Appendix

Background

Experimental . . « « « « ¢« + .« .

Reagents . . . .

Potentiometric Titrations

Results and Discussion . . . .
Standardization and Stability . . . .

Scope and Mechanisms of Reactions

L] . . . . . . . L]

Investigated . . . .« « . . . . .

Sumhary

Page
43

. 46

48

a9

49

51
51
53
53
53

- 56
56

58
76
78

82



- viti -

LIST OF TABLES

TABLE PAGE
i Physfcal Propeffies’of Acetonitrile. . .  'ff4*  '”
¥ ~ Summary of Spectrophotometric Data B
for lron(ll’-Anfon‘Complexes S Cee 39 -
1 Compounds Titrated with Hydrated S

lron(l11) Perchlorate « « « « + « ¢ & . 59



- ix'.—

LIST OF FIGURES

FIGURE . PAGE
1 Electrolysis and Coulometry H-cell

with lon Exchange Membrane Cell

DIVIAEr v v v o o o s o o o o o 0 o o o » 19
2 ‘H-cell used in Potential Measurements . . o2
3 Spectrophotometry CeflfUSed}fn i

Formation Constant Determinations . . . 3
4 Typical Formation Constant Deférminafion

PIot o v v e e e e e e e e e e 35

.5 Spectra of Iron(I 1)-Chloride Complex . . 41
6 Specha of Iron(ll)hBromidéjCompfex P 44
7 .Specffa'df lron(11)=-lodide Complex ;‘.A.’ :‘45' |
8 Spectra of Irén(!l)-fhiocyanaTe | -

Complexes . . . ; } S e e 47
9 Potentiometric Titration Cell .7. e e 55
103 Potentiometric Titration of Carbazole . . 64
10b Potentiometric Titration of Ferrocene . . 64
11a Potentiometric Titration of
Tetrachlorohydroquinone . « « « ¢ « o '« 65
11b Potentiometric Titration of

lodide and Triodide . . « « « « & « e e 65



FIGURE o PAGE
12 Potentiometric Titration of
Thiocyanate . . . . . . ... ... . 67
13 Ultraviolet-Visible Spectra of Species
Present in Thiocyanate Titration . . . 68
14a Potentiometric fifrafion of |
N,N'-Diphehyl—p-pheny]enediaminev,-. ;" L ?2‘
14b Pofeﬁfiomefric Ti%rafion of |
Phenothiazine . . . .. ....... 72
15 Potentiometric Titration of

Promazing . « v v v v v v e 4 v e 0. 74



PART 1I. INTRODUCT | ON

Since the beginning of chemistry, convenience and ease of
handling have made liquids the preferred media in which to
carry out chemical reactions. Of ail liquids, water, with its
avaifabilify, high dielectric constant, high donor numbér, and
ease of purification and handling, has been the solvent of
choice. However, water ié incompatible with or unsafisfacfory
for use with many reagents, and chemists therefore turned to
nonaqueous solvents, both organic and inorganic. Nonaqueous
solvents are now being used extensively for a variety of
practical gnalyfical applications. However,.unfil the last
few years little work has been done on the fundamental aspects
of these systems.

Water, with all its generally useful qualities, has
"several specific disadvantages. It may act as a source of
hydroxyl ions to cause unwanted hydrolysis, or may reaé+ with
or precipitate reaction intermediates such as free radicals.
Being very polar, it does not dissolve most nonpolar organic
compounds or salts of large cations and large anions. It has
a pronounced leveling effect on strong acids and bases. For
these reasons, among others, nonaqueous solvents are seeing
increased study as media'for particular systems.

Solvents other than water are also playing an important



role in fEe field of coordination chemistry. Previously

uhknown comp lexes often can be prepared readily.when
complications such as hydrolysis are avoided and Iiganq—solvenf
competition is changed. Limited work in this area has .
permitted several generalizations to be made about complexation
in nonaqueous solvents. First, the reactivity of a cafion
toward complexation depends more on elecfron donating properties
of the solvent than on its dielectric constant; donating strengths
of a number.o% solvents have been tabulated according to
arbitrary donor numbers!. Second, cations can be roughly
divided into two groups depending on whether they complex mos¥
strongly with The first anions in each gréhp of +hé periodic
table or with subsequent members of the group (concept of hard
and soft acids?). These general izations, though resting on a
+entative theoretical foundation, can give a good a_priori

idea of what to expect in a solvent other than wafer.

Within the field of honaqueous solvents the area of acid-
base reactions has been the most thoroughly studied and broadly
applied. In fact, with the exception of some polarographic
work, analytical research in nonaqueous solvents has been
almost entirely limited to this area. This interest in acid-
base reactions is well deserved from a practical poinT.of view,
because many useful compounds such as pharmaceuticals exhibit

acid-base properties which are too weak for titration in water



but which can be enhanced sufficiently by other solvents to
permit their determination. From the wide variety of solvents
available, one can usually be picked which has the desired
acid-base properfies for a particuiar system.

Although acid-base reactions have been we!l studied, the |

field of electron transfer or oxidation-reduction reactions in

nonaqueous media has barely been touched. Michaslis and. Hi 13 |

found that substances such as N, N'-dlphenyl-p phenylenednamine,‘

which are only slightly soluble in water, could be dissolved.

and:+i+ra+ed in 909 acetic acid-water mixtures. Several other

worker§ studied oxidation-reduction reactions in anhydrous
acetic acid using common aqueous fifrénfs'such as cerium(1V)
sul fate, permanganafe, bromine, etc., buf found Thaf these ‘fj
reactions were of |imited utility because of slow reacflon.-
rates and uncertain equivalence poxn+s4 5fv-|on assocnaflon
and the resulting lack of ionic species $1bwed?reacTionvra+es
and indicated the need for a solvent of higher dielectric
constant to promofe dlSSOClaflon. AlThough-several sonenTs

have Thns characferlsflc, acefonlfrlle has been the most
extensively studied.

. The properties of acetonitrile are listed in Table |.
The moderate dielectric constant makes it suited for dissolving
nonpolar ofganic compounds as well as many metal salts of

large, symmetrical anions such as the perchlorates,



TABLE |. - Physical Properties of Acetonitrile and Water

Property
Boiling Point (°C)
Freezing Point (°C)
Dielectric Constant 0°C:
. 20°C:
25°C:
Density (g cm™ @ 25°C).
Viscosity (centipoise at 25°C)
Donor Number (DNSbC|5)
Dipole Moment (Debye)

Trouton-Constant _,
(cal mole™! deg ')

Heat of VapbrizaTion at
boi l ing point (Kcal/mole)

Spectral cut-off wavelength
in ultraviolet (millimicrons)

Potential at which oxidized
XR¥
Potential at which reduced

Autoprotolysis Constant

Vapor Pressure
(mm Hg @ 25°C)

*NaCIO4 supporting electrolyte with platinum e

**xg, aqueous SCE.

***Tefraefhylammonium supporting electroly

mercury electrode.

Acetonitrile
81.60’
45,72’

42.08
38.8°
36.08

0.7767°

0.345°

14,1

3,377

22.0910

7.1277

18911
2.3 VIV

2.7 y11*¥

3 x 10-2912

89.0/

te with

Water
100
0
78?54
0.9971 .
8.937
18.0"

1.84
25.92
9.72

below 189
TO¥
1.8 V
-2.3 v*¥

1 x 10714

23.756

lectrode.



tetrafluoroborates, and hexafluorophosphafes. The cohhon
salts used in water are in general sparingly soluble in
acetonitrile. A donor number of 14 1" places it mudway
between 1,2 dlchloroelhane (DNSbCI = 0) and dlmelhylsulfOX|dedr

5
(DN = 29.8) and allows The formation of a number of

SbCl5 .
complexes. The sTablllfy of acefonllrlle toward oxndallon- .
reducllon is better Than ThaT of wafer, and allows The use of -
powerful oxidizing and reducnng titrants. Several mefhods of
purification have been developed solfhafypure acefonlfrlle can
be prepared. These prOperTIes, along quh only moderafe o
toxicity and ease of handllng, make it an almosl ideal. solvenf
for oxidation-reduction work. - e

The TOXICITY of aceTonITrlle13 is worTh menflonlng brlefly
Tests on animals show Thaf it has a moderafe Toxncufy due To |
slow hydrolysis in the body fo cyanide. 40 ppm has been seT asv
the Tenfafive Threshold limi+ of toxicity. -In-all cases
pfecaufiohs should be taken to minimize exposure to both the
vapor and liquid, especially old impure grades which often
contain some HCN.

Kolthoff and Coetzee were the first to survey oxidation-
reduction reactions in acetonifrile sysfemafically; A
preliminary survey14’15 was made of the behavior of the alkali
metals, alkaline earth metals and many of the transition metals

polarographically at dropping mercury and at rotating platinum



microelec%rodes. In %his investigation the metals fell intfo
two classes, those toward which acetonitrile aéfed as a weak
Lewis base and those that underwent specific interaction wifﬁ
acetonitrile. The first class consisted of the alkali'and
alkaline earth metals, and the second of transition metals
such as Ag(1) and Cu(l). These papers serve as a useful guide
to choosing reagents for study in oxidation-reduction
reactions in acetonitrile.

Rao and Mur“l“hy'6‘18 were the first investigators to use
_aceToniTriIe extensively for analytical electron transfer
reactions. They found that ammonium hexanitratocerate was a
good oxidant; the feducfiéh poTenTiéI of the hexanifrafocerafé-
cerium(111) couble is 0.755 V vs. the silver reference
electrode!?. However, oxidation reactions using this reagent
were often slow. They also found that the potential could be
increased by addition of acetic acid and that in addition to
~ increasing the potential, acetic acid, aceTaTe,.or picrate
also increased reaction raTés. Hydroquinone, iodide, ascorbic
acid, oxalic acid, xanthate, and iron(ll) were titrated.
Unfortunately the composition of the solvent was not well
specified, and therefore the results cannot be interpreted in
terms of solvent effects.

Recently copper(l1) perchlorate has been found 1o be a

useful oxidant in acetonitrile20-23, The standard reduction



potential is 0.800 V vs. the silver reference electrode?4.

This potential is higher than that seen in water because of
relative stabilization of copper(l) by acetonitrile
complexation. Thé'fiffanf i§ stable and easy to prepare, use
nd standardize?3, AT The presenf time it is the mosf
convenlenf TlfranT avallable for oxudaflons in acefonlfrlle.
Unforfunafely The po+en+ial is not high enough to be useful.f
for the oxidation of many organlc compounds -

In a search for a sfronger T:TranT, the polarographic
data of Coe+zee14 15 was revuewed and iron(111) chosen for
invesflgaflon The oxndaTnon-reducflon and complexa+|on
behavior of |ron(ll) and lron(lll) in ace?onlfrlle was sfﬁdled
. and the scope of iron(lll)-as.an analyTical oxidant was

invesfigafed.



PART Il. THE IRONCII1)=(I1) COUPLE IN ACETONITRILE

BACKGROUND

~ The reduction potential for any hal f reacfion in a given
solvent depends on several facTors, |n aqueous soluTuons pH,
jonic sTrengTh and The presence of complex forming species
all affecT The‘values observed. Ina. nonaqueous solvenf
variations in these facTorsvmay.produce even greaTer effects
than are seen in water, espeCIally lf The solvent has a low
dielectric consTanT which promofes ion assocnaflon. In
’addlflon, specific ion solvaflon varies w1+h the nature of
vThe solvenf.' The net resulf is fhaT po+en+|a| dlfferences.
be+ween any fwo half reacflons tend To vary apprecnably on '
~going from one solvenT 1o anoTher | |

In general, reducTnon poTenTnaIs in aceTonITr|le fol low
a predic+able trend relative to those in water if one Takes
into account the fact that aceTonitpjie is a weaker Lewis
base than water. In an early survey of polarography in
acetonitrile, Kolthoff and Coetzeel4 found that the half wave
reduction potentials for the alkali metals, alkaline earth
metals, and several of the +ransition metals were lower than
in water. In these cases the metal ions are less stabilized

by acetonitrile solvation and are easier to reduce.



In a second paper Kolthoff and Coetzee pointed out that
the reduction potentials for silver(l) and copper(l) indicated
that they undergo specific solvation in acetonitrile!®. In
these cases coordination is strong enough that acetonitrile
comple*ésrbf t+he metals can be isolated even in the presence
of 0.1-0.2% water. STébilizaTion of the reduced speciés
results in increased reduction potentials for the copper(ll,1)
and silver(ll,1) systems in acetonitrile over those found in
water.

Kolthoff and Coetzee also reported briefly on the
iron(I11,11) couple. At a rotating platinum micro-electrode,
hydrated iron(1t1) perchiorate is reduced at a half wave
potential of +0.8 V vs. the silver, 0.0IM silver nitrate in
acetonitrile reference electrode (hereafter called the silver
reference electrode) and hydrated iron(l1) perchlorate is
oxidized at a half wave potential of +1.3 V vs. the silver
reference electrode. Using the rubidium(l,0) couple as a
reference sysfem25 to compare potentials, the values in
acetonitrile are 0.5 to 1.0 V higher than those found in
water. In addition to having a high reduction potential, the
couple was very irreversible, as shown by the large difference
in oxidation and reduction half wave potentials. The fact

that these two properties (reduction potential and
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reversibility) were so affected by the nature of the solvent
indicates extensive inTeEacTion. Therefore a potentiometric
study of solutions of anhydrous iron(11) and iron(l11)
perchlorate in acetonitrile was undertaken fo provide
information about some of the interactions observed betfween

+he solvent and iron solute.
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EXPERIMENTAL

Reagents and Apparatus. Acetonitrile Purification.

Acetonitrile was purified'by an adaptation of the method of
0'Donnel! I, Ayres and Mann!l. Technical grade acetonitrile
(Matheson, Coleman and Bell, Norwood, Ohib) (ébouf 2.5 liters
per batch) was distilled rapidly from 30 ml of benzoyl
chioride. The distillate was redistilled from 30 g of sodfum
carbonate and 5 ml of Hy0 to destroy any remaining Benzoyl
chloride, then redistilled again from 35 g of potassium
‘permanganate and 35 g of sodiﬁm carbonate. This distillate
was acidified with several drops of concentrated sul furic

acid to precipitate ammonia formed in the previous step,
vacuum distilled rapidly, then distilled again at a hjgh
reflux ratio in a 30-plate column at 10 ml per hour. The first
liter and the last 200 ml were discarded. Solvent purified in
this way showed no absorption in the ultraviolet above 200
millimicrons, and no oxidizable impurities could be detected
polarographical ly at +2.0 V vs. a silver-0.1M siiver nitrate
in acetonitrile reference electrode. Karl Fischer titrations
showed the water confent to be.in the range of 1 to 2 x 10'4M,
In those cases where even this amount interfered, acetonitrile
prepared as outlined above was stirred with calcium hydride

and filtered in a dry box immedia+e|y before use; in this way
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a concentration of water less than 5 x IO‘%& was achieved.

Preparation of Metal Salts and SoluTions.A Hydrated
iron(11) perchlorate was prepared from perchloric acid and
electrolytic ‘iron. Hydrated iron{111) perchlorate (non-yellow,
with excess perchloric acid) was used as reeeived (G. F. Smith
Chemjcal Co.,\Columbus, Ohio, and Alfa Jnerganics, Beverly,
Mass.). Anh?drous silver perchlorate wes prepared by reacting
silver carbonate with a slight excess of perchloric acid,
evaporating, filtering and drying in a high vacuum at about
60°C. |

Anhydrous iron(l1) perchlorate, Fe(CIO4)2?6CH3CN, was
prepared by azeoTroplc dlsflllaflon of soluflons of hydrafed
iron(11) perchlorate in acefontTrlIe ‘under reduced pressure in
~ the presence of Linde 3A molecular sieves, fol lowed by removal
of the excess solvent in a vacuum at reomvfemperafure. The |
final product, white with a pale blue-green cast, is stable
"in the dry state to 125°C. Above this temperature it decomposes
slowly on heating in a capillary tube, or explosively if thrown
on a hot plate é+ 200°C. Solutions of the iron(il) salt in
acetonitrile are stable to at least 50°C. (No%e: Caution should
be exercised in heating solutions of perchlorate salts In organic
solvents. Safety precautions must always be taken.) Analysis
of the salt by titration in aqueous solution with potassium

dichromate gave a purity of 100.3%. The slightly high value is
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probably éaused by Thé loss of some coordinated acetonitrile
upon drying in a vacuum.

Attempts to prepare anhydrous iron(111) perchlorate,
Fe(CIO4)3-6CH3CN, by meTaThesis were performed in two ways.
Stoichiometric quantities of the following cbmpounds were
combined: (Trial 1) 30 ml of 1M_anhydroﬁs ironflll) éhlofide
(Fisher anhydrous reagent) in dry acetonitriie were added
dropwise to 30 ml of a vigorously_sfirréd SM_SQJuTjon_pf._ B
anhydrous silver perchiorate. (Trial 2) 30 ml of a solution
3M in anhydrous barium perchiorate and 1M in anhydrous iron(l11)
chloride were added dropwise with stirring to a suspension of
90 millimoles of anhydrous silver sulfate in 50 mi ofidry
acetonitrile. All wbrk was carried out in a dry box w%Th the
| exception of the evaporations, when The so|u+ions_yeré
transferred without contact with the room aTmQSphére to a
vacuum rack. The resulting solution was evaporated almost to
-dryness, the silver chloride or barium sulfate filfered off,
and the solution evaporated further. A brighf red solution,
having the Eharacferisfic spectrum of iron(111)-chloro complexes,
was recovered in each case. Addition of excess silver'perchlorafe
did not eliminate the red color of the chlorocomplexes.

Several procedures for dehydrating commercial iroh(lll)
perchlorate were also attempted. In the first, 200 ml of acetic

anhydride (Fisher certified ACS grade) were added dropwise
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with vigorous stirring To.50 mi of 0.1M hydrated iron(il1)
perchiorate in technical grade acetonitrile. A safety shfeld
was employed. The temperature was kept below 35°C during the
addition, which required about 24 hours. Immediately affer
the addition was‘complefe +he excess acetonitrile and acetic
acid were removed under a hiéh vacuum at room temperature

and the products allowed to slowly crystallize from the acetic
ahhydrideuqyernighf. A mixture of black needle-like crysfalsb
and |ight green cubic ér?é;éiguf;sﬁiféa-}HAéééﬁ-éééé;“-‘Abv” o
Determinations of the iron content indicated these products
were iron(l11) and iron(1l) perchiorate, respectively, with
acetonitrile, acetic acid and/of acetic anhydridé present in
each case. Rough potential measurements were made on the
black needles of the iron(]ll) sélf by reduction of
approximately 50% of the iron(lll) wifh ferrocene and
measurement of the resulting potential with an.Orion digital
pH meter, using a platinum-silver reference electrode pair.
Values in the raﬁge of +1.3 to +1.5 V vs. the silver reference
electrode were found. Three other attempts at this synthesis
using increased concenfrations of iron(111) perchliorate, using
cooled solutions, and eliminating the vacuum evaporation step
gave in all cases decreased yields of the iron(ll1) salt.
Because of the large améunfs of iron(l1) salt formed in each

case (sometimes over 90%) the method was abandoned.



A dehydration using distillation of N,N'~dimethyllauramide
(DML) - water azeotrope according fo a ﬁefhod used in ofher
solvents by C. A. Reynolds26 was also tried. N,N'j
dimethyl lauramide (DML) (C. P. Hail Co., Chicago, I11inois)
was vacuum disTilIed from sodium hydroxide pellets. 40 g of
hydrated iron(Cll1) péfchlorafe was mixed with 600.mls of
purified DML, then stirred at room Tempera+ure'for‘several
. days under a vacuum of 0.005 microns. DuringAThis Time the
azeotrope was collected in a liquid nitrogen cold trap. A
yel low gelatinous mass, presumably Fe(CIO4)3-6DML,’was obtained.
Treatment with acetonitrile did noT‘yield the desired
acetonitrile adduct. A crude potential measurement on this
species, similar to that described for the product of the
dehydration with acefie anhydride, gave a potential of about
+0.6 V vs. the silver reference electrode.

Dehydrations of hydrated iron(l11) perchlérafe with 2,2-
dimethoxypropane or triethylorthoformate were not tried
because of the potential safety hazard. It was felt that
explosive perchlorate esters might form from the presence of
excess perchloric acid and alcohols, produced as by-products

of the dehydrafions,‘in the same solution.
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EIec%rochemicaI oxidaTion turned out to be the best way
to prepare solutions of anhydrous ironCI11) perchlorafe from
iron(11) perchlorate; however several modifications to con-

ventional aqueous apparatus were necessary for saflsfacfory
results. Inlflal elecfrolyses_were run in a glass .—re!l with
two 1-cm diameter ultrafine frits and a 0.1M Iithium perchlorate
saIT brldge separaflng The cafhode and anode comparTmenTs.

The anode compartment confalned 0 ™ |ron(ll) perchlorafe and
the cathode compartment a saturated silver perchlorate
solution. All solutions were prepared from dry acetonitrile

and al! operations were carried ou+ in a dry box. - The cell
resusfance was only 200 ohms aT 1000 Hz measured wvfh a GeneralA
Radlo nmpedance bridge, but rose to more than 3000 ohms when

a 6 mA D.C. current was passed. The large resistance was due

o coﬁcenfrafion polarization effects across the frits. The
resulting IR drop caused heating and mixing problems.

A cell in which the uifrafine frits were replaced by
porous vycor tubing was also tried. |t consisted of a 1-cm
diameter porous vycor tube fastened to the bottom of a.TalI
10-cm diameter weighing bottle with Dow Corniné sil icone cement.
This cell had an A.C. resistance of only 45 ohms, but a
resistance of 5,500 ohms to a 5-mA D.C. current. Due +o the
high D.C. resistance this cell also had to be rejected.

A third cell dividing material, an ion exchange membrane,
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was also investigated. These membranes have not previously
found much app!lication fo nonaqueous electrolysis or coulometry.
They consist of styrene graft-polymerized on a polyethylene
or polymeric’ fluorocarbon backbone, and have the hlghly
desnrable properfles of low resistance, chemlcal lnerTness,

low porOSITy and high permselecflv1+y27.‘ Resis+ance measure=
ments of These membranes, using 0.01M L|CIO4 in ace?onlfrlle
"ﬂon each sude, gave values of abou+ 10 ohms/cm af 1000 Hz andmm
.2,500 ohms/cm2 for 6mA D.C. currents. The membranes are
insoluble in acetonitrile, but become'brifflé after about six
months of continuous immersion in acetonitrile. They are

inert to moéf strong oxidants and have a low porosity. In
fact, the permeability to acetonitrile at a head of several
feet is less than the evaporation rate at +he surface, for no
wetting could be detected on the outer 5urféce. Finally, the
permselectivity of these membranes is very high. Permselecti-
vity refers to the contrasting permeabi|ify of the membrane

to ions of different charge.v For:example, a cation exchange
membrane will allow cations Tovpass approximately 104 +imes
faster than anionsZ/. These properties make the membranes
ideal for electrolysis and coulometry, where mixing between
cathode and anode compartments must be minimized. They are
especially uéeful in nonaqueous solvents, where solution

resistances are normally much higher than in water and where
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solvent viscosities may be lower. The first cell design
employing this material as a separator was a flow through
type; it consisted of a membrane sandwiched between two hemi-
spherical comparfmenfs‘machined from nylon. The solutions

were pumped through the comparfments by peristaltic pumps

-"ﬁgfﬁé_bBWMEBFﬁ}ﬁéméfWéé?Té”éTWWébﬁé”rubber~¢ubingv".Oxidafjon”mm_mm_m;mwm4u

was occurring, as evidenced by the formation of a red iron(111)
hydroxy species in +he iron(il) compartment, qu +the hydro-
scopicity of the iron(111) salt, combined with the permeability

of the nylon fo water vapor, al lowed uptake of water and subsequent
hydrolysié of the iron(l11).

A more satisfactory design ié shown in Figure 1. Glass
cathode and anode compartments were separated with about 6 cm2
of an anion exchange membréne inifhe perchloéaTe form. The
membrane (AMF A104-EC, donated by American Machine and Foundry
Co., Springdale, Conn.) had low resistance to D.C. currents
on the order of 6 fo 10 mA and low permeability fo cations (no
detectable silver ion diffusion was observed in 5 hours). The
anion exchange membranelwas placed between two silicone rubber
gaskets, then between the two flanges of the cell. The unit
was fastened together with a horseshoe clamp. The distance
between the counter and yorking electrodes was kept as short

as possible fo minimize solution resistance. The counter

electrode compartment contained 0.1M anhydrous silver
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Figure 1. Electrolysis and coulometric
H-cell with ion exchange membrane cell
divider
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perchlorate in dry acetonitrile. Perchlorate ions carried

+he current and readily migrated through the membrane.

Sélufion volumes were kept low, on the order of 25 ml on each
side of the membrane. By using a small volume of concenfrafed'
perchlorate solution, current efficiencies could be maintained
af 100% whlle the elecfro|y5|s +imes were held to about five
hours. A leeds andnﬁorfhrup Coulomefrlc Analyzer was used “
for the electrolyses; cuhrenfs of 0.643 mA (occasionally 6.43
.mA) were employed. 100%¢ current efficiency was found in all
cases.

Measurement of the lronClI)=C11) Potential in Acefoniffile.

The reduction potential of the anhydrous iron(111)-(11) couple
was measured in a stoppered glass H-cel| (Figure 2) with a
platinum foil indicating electrode and a 1.00 x 10~2M silver
nitrate in écefonifrile, silver foil reference electrode.

The electrode compariments were separated by a O.IM_TeTré—
ethylammonium perchlorate in acetonitrile salt bridge. An
approximately 9.4 x IO‘ZM_solufion of iron(11) perchiorate

was electrochemically oxidized in a dry box as described
_previously to give about equimolar concentrations of iron(lil)
and iron(11), then diluted to 2 x 10=3M in each constituent
and transferred to the H-cell. The ce!l was removed from the
dry box, placed in a water bath at 25.00:0.05°C and the

potential measured with a Leeds and Northrup Type K4
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Figure 2. H-cell used in potential
measurements
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potentiometer. Hydrolysis of the iron(lll) by trace water in
the acetonitrile caused the potential o fall at a rate of
several millivolts a minute. The value reported here was’
obtained by extrapolation of the potentials to zero'ffme and

is considered accurate to *0.05 V.

7 An estimate of the potential ‘'of fthe hydrated TronCll1)- "

(11) couple was obtained by measuring the potential 100% past
the equivalence point in iron(lll) titrations of iodide,’

hydroquinone, and-thiourea with a Metrohm Mode! 436E recording

titrator.
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RESULTS AND DISCUSS|ON

Anhydrous tron(l11)-(11) Couple in Acetonitrile.

The formal reduction poTénTiaI of the iron(1}1i)-(11) couple
in acetonitrile, measured at iron(ll) and iron(lil) conéen—
electrode. The iron(1ll) was obtained by 50% oxidation of
iron(11) perchlorate coulometrical ly under as dry conditions
as possible. The oxidized solutions were yellow in all cases,
Thé color gradually intensifying and the cell potential
drifting downward with time. The color is caused by the
visible tail df an absorption maxima at 359 millimicrons, and
is characteristic of Fe(OH)+2,28 which would be expected to
form from iron(l11) reaction with traces of water in the
solvent. The presence of this contamination prevented
measurement of an accurate Thermodynamiq potential, and also
affected the reversibil ity of the couple. However, the high
formal potential value shows iron(lll) to be a powerful oxidant
in acetonitrile and provides an indication of the effects
which may be produced upon changing from water fo another
solvent. Using the rubidium(1)-(0) couple as a reference
system for comparing potentials between acetonitrile and
water25, the increase in the iron reduction potential in

acetonitrile over that in water is estimated to be 1.3 V.
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This increase may be partly attributed to increased stabiliz-
‘ation of iron(l1), since the crystal field splitting energy
-for iron(11) in acetonitrile, measured specTrophoTomeTrically
by Hathaway and Holah, is some 600 cm~1 greater in acefonitrile
than in vater2?. lron(i11) destabilization is probably also
important, however, for the lower dielectric éénéféﬁ?rg% -
acetonitrile would not be expected to readily stabilize species
of high charge.

The insfébilify of the anhydrous iron(il!)~acetonitrile
complex, as indicated by the high reduction potential,
probably explains why it was not possible to prepare the
anhydrous iron(111) salt. The iron tends to either undergo
complexation with a | igand cther than acetonitrile (such as
DML or hydroxide), or to reduce to iron{11). Thus, the meta-
thesls reactions starting with ironCii{) chloride, described
earlier in the preparaTiQe section, could not be driven to
completion because of the high stability of the ironCl11)
chlorocomplexes. Hathaway and Holah2? found that the tetra-
chloroferrate compiex is so strong that iron(l11) chloride
_dissolved in acetonitrile undergoes the following solvolysis

reaction:

CHCN
aFeCl; ——> Fe(AN)g*> + 3FeCly ()

Indeed, in the metathesis reactions attempted in this work
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spectra of the resulting solutions gave maxima corresponding
to that reported for FeCI4‘ even after evaporation almost to
dryness.

Dehydrations with acetic anhydride failed because iron(111)
_Mjs'pqrfly_rgdq¢ed'apd parT]y ggmglexed by acetic anhydride or
the acetic acid produced upon hydrolysis; reduction was | !
indicated by the presence of iron(ll) in the light green
crystals remaining after evaporation, and iron(I1l) comp lexation
by the carbony! absorption peak present in infrared spectra
of the dark iron(lll) needles. Although some complexation of
the iron(ll1) by acetic acid or acetic anhydride is indicated, "
these species do not stabilize iron(l11) to any great extent,
for the highest reduction potential measured, next fo that
for the iron(ll1) perchloréfe synthesized by élecfrolysis,
was obtained using selected crystals of the dark iron(ill)-
rich material.

The azeotropic distillation of iron(l11) perchlorate with
N,N'-dimethyl lauramide produced a compound which had a low
potential in acetonitrile (+0.6 V vs. the silver reference
electrode), indicafiné the iron(11!)-DML complex to be more
stable than the iron(l!l)-acetonitrile complex.

Hydrolysis from trace water contamination was a ma jor
problem in the elecfroly;is experiments. In every case a '

yel low-orange solution resulted which darkened over a few
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hours. Even with special precautions to produce and maintain
dry acetonitrile (4 x IO‘5M_waTer content) for the measure-
ments and dilutions, hydrolysis was observed in all experiments
where the iron(l111) concentration was 2 x IO’?M_or lower.
This hydrolysis was evidenced byva decrease in The formal
potential of the iron couple and by the presence of an
absorption maximum at 359 millimicrons. A maximum at about
350 millimicrons in methanol-water solutions of iron(i1l) has
been assigned to the Fe(OH)*2 species by Popa, Luca, and
losi£28. |+ is this absorption which tails off into the
visible region of the spécfrum and accounts for the yellow to
red color of hydra;ed iron(111) perchlorate solutions.

On the basis of these results for the iron(I11)-CI1)
couple it was of interest to look briefly into the différence
in Ey values observed by Kolthoff and Coetzee for cathodic
and anodic scans (see background of PART || or reference 15).
¥ the irreversibility of the couple was due to hydrolysis,
the addition of a strong acid such as perchloric acid should
make the system more reversible. With precautions to minimize

~the formation of hydrolyzed iron(l11) species in solution by
using fresh solutions, by keeping the water concentrations as
low as possible, and by adding in some cases small amounts of
perchloric acid, plots of loglFe(lll)/Fe(11)] vs. potential

gave straight lines with slopes in the range of 63 to 68
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miltivolts. Thus the system approaches the reversible value
of 59 millivolts as the concentration of iron(ll1)-hydroxy
species is reduced. Indirect evidence from the titration of
thiocyanate with hydrated iron(l1l) in acetonitrile indicates
that the principal species is Fe(OH)*Z (p. 69). .

* The formal réducfion potential of the ironC111)-(l1)
couple in a solution containing several moles of water per
mole of iron and excess pérchlorfc acid was founa to be 1.1V

vs. the silver reference electrode.
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PART 11, IRON(CIII) AND IRON(CI!) COMPLEXATION IN ACETONITRILE

BACKGROUND

The stability of cdmplexes_in,so[ufion is greatly affected
by the nature of the solvent. Present theories of nonaquecus
coordination chemistry fit available qualitative and
semiquantitative data quite well. In most current treatments
nonaqueous complexation reactions are considered to be
competitions between solvent and ligand for bonding sites on
the cation39. Thus, the major properties that must be
considered are the donor'sTrengfh of the solvent and of the
| igand, and solvent properties such as dielectric constant afe
neglecfed; Although this simplification appears to be
generally useful in predicting trends, it is sfiil known to
be susceptible to variations arising from hydrogen bonding in
the solvent, steric hindrance due to large solvent molecuies,
and polarizability of the solvent, cations, or ligands.

In light of the fact that very few quantitative formation
constant measurements have been made on iron(il) complexes, and
because anion coordination to iron(ll) and iron(lil) has a strong
effect on the reduction potential of the iron(l11)-(11) couple,
+he formation constants of iron(ll) with chloride, bromide,

fodide, and thiocyanate were measured and the strength of the
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iron(111) complexes of chloride, bromide, and thiocyanate

were estimated in acetonitrile. Quantitative data on the

formation constants of the iron(ll1)-anion complexes make it ... . .. .

possible to compare observed values with those predicted on

a simple complexation basis.
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EXPERIMENTAL

Reagents and Apparatus. The specTrbphoTomeTric

determinations were performed with a Unicam SPBOOUHJTF?Y?Q!?TTwm“wwm“.ﬂﬂﬂ%ﬁmwu

visible spectrophotometer; the spectrophotometer was checked

for absorbance accuracy with dichromate-sul furic acid solution
(1201mg potassium dichromate diluted fo 1 liter with 0.0iM

HZSO4 gives an absorbénce of 1.495 @ 235 millimicrons.) The
absorbance accuracy was found to be better than +0.02 absorbance
units and the ;éproducibilify better than *0.005 absorbance units.

In order to permit mixing of two anhydrous solutions and
measurement of the resulting spectra without transfer in and out
of a dry box, the apparatus shown in Figure 3 was consTrucféd;

A 200-m! volumetric flésk was modified forbuse asla mixing
chamber by the addition of a side arm to which a conventional
1-cm rectangular quartz cell was connected by a lapped standard
taper joint. The flask stopper was machined from Teflon and had
a standard taper on one end and a silicone rubber septum through
which the anhydrous solutions were injected on the other end.

A 100-microliter Hamilton gas tight syringe with a Teflon Tipped
plunger, Chaney adapter, and platinum needie was used to make
the injections.

All solutions were made up by weight, thermostatted to
25.0+0.1°C and the concentrations converted to a molar basis
using a density o{ 778.5 g/| for the experimentally defermined
density of 0.0100M tetrabutylammonium perchlorate solutions.

The cell was thermostatted to 25.0+0.1°C inside the
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Figure 3. Spectrophotometry cell used in formation
constant determinations. -
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spectrophotometer by means of a water jackeféd cell holder and
outside the spectrophotometer the mixing chamber was

thermostatted by means of a small water bath. The instrument

" room was thermostatted fo 25.0£0.3°C. Under these conditions
the microliter syringe, equipped with a Chaney adapter, could
deliver a calibrated volume to the mixing chamber of the celil

to within 2 parts per thousand.

Anhydrous hexakisacetonitrile fron(ll) perchlorate was
prepared és described in Part |i.. Acetonitrile was dried and
purified by the method given in Part |l until it showed no
absorption in Thé ultraviolet down to 225 millimicrons and only
0.1 absorbance at 200 millimicrons.‘ The solvent was deaerated
with argon immediéfély before use to remove fraces ofboxygen
that would ofﬁerwise cause oxidation of iodide or iron(ll) in
the presence of chloride or bromide.

" Tetrabutylammonium perchlorate was prepared by precipifafion
from a boiling aqueous saturated solution of tetrabuty lammonium
jodide by addition of a saturated solution of sodium perchlorate.
Deaeration of the iodide solution was necessary to avoid
oxidation to insoluble tetrabutylammonium friodide (Use of
the more expensive bromide salt would avoid this problem). The
precipitated perchlorate salt was recrystallized from water
until an approximately 1M solution in acetonitrile did not

absorb above 200 millimicrons.
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Tetraethylammonium chloride, tetrabutylammonium bromide,

__and fefrabutylammonium iodide were all recrystallized once,

dried in a vacuum over magnesium perchlorate and analyzed by
gravimetric silver halide precipitation. The chloride salt
due Té low solubility in organic so]venfs was purified by
extraction with acetone using a Soxhet extractor; the product
was found to be 99.9% pure. The bromide salt was
recrystallized from ethyl acetate. Stirring was necessary o
prevent supersaturation; analysis gave a purity of 100.0%.
TeTFabuTylammonium iodide was recrystallized from a deaerated
10% acetonitrile-water solution and found to be 99.9% pure.
Potassium fhiocyanafe_(Fisher CerTified.ReagenT Grade)
was dried for 2 hours at 100°C and found +o be 100.1% pure by

Volhard titration with silver nitrate.

Method of»FormaTion Constant Measurement. Determinations
of the formation constants were made by a mole ratio mefhoa;
This method involves absorbance measurements of a system in
which the concentration of one species is held constant while
that of a second is varied. |In this work the measurements were
made at the wavelength of maximum absorbance of the complex
speciés. The sensitivity of the formation constants to the
presence of water required the development of a special
procedure for combining and measuring solutions. The

experimental procédure consisted first of weighing out info



- 34 -

a Teflon salt cup (% inch high x % inch !.D.) 5 to 100 mg of

 héxakisacetonitrile fron(l1) perchlorate with.a.Cahn ..o

microbalance in a dry box. The salt cup was placed in the
mixing chamber of the cell along with a Teflon sTirringlbar
and a weighed.amount (about 90 g) of a freshly deaerated
anhydrous solution of 0.0100M tetrabutylammonium perchlorate
in purified dry acetonitrile (used to maintain constant ionic
strength) was added. The cell was thermostatted, the solution
stirred, and the absorbance determined over the required
wavelengTh.region. At the same time a concentrated halide
solution of accurately known concentration was prepared by
weight in a calibrated 25-ml volumefrié flask with a Teflon
injection top identical to that used in the mixing chamber of
the cell. The absorbance of the first complex was then
measured at the wavelength of maximum absorbance and pIQTTed
as a function of the |igand concentration.

Treatment of Data. A plot of absorbance vs. ligand

concentration, obtained by the above method, is shown in Figure
4. The initial region is linear because the ratio of iron(ll)
to halide is high enough to completely form the 1:1 complex.

The molar absorptivity of the first complex is given by the
slope of this linear portion of the plot. In the latter

part of the curve, where the ratio of iron(ll) to halide
approaches unity, the plot starts fo curve owing to dissociation

of the compiex. From the molar absorptivity, the concentration
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Figure 4. Typical formation constant determination plot
lbromide added to iron(11). Data from Trial 4;
see Appendix.]
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" of Fhie complex Tn the Gurved Fegion of “the pTot can be i

calculated by Beers law; this value is then used to calculate
the free halide and iron(ll) concentrations. The first
formation constant (K{) can then be calculated from the

expression:

[Fext]
(2)

K

1= [FeXTD ([XT 40,1 [FeX])

1 =
| ([Fe('l)ToTa

In this investigation a computer program was used which
calculated all of the concentrations, fit the best straight
line to the first portion of the curve by a linear least
squares method, and fhen calculated the formaffon constant.
This method worked wel | for the bromide and iodide
comp lexes because The'absorpfion maxima were weli enough
separated from the absorption maxima of the free iron(ll) and
halide that there was no need fo éofrecf for the absorbance of
these species. However, the maximum of the Feclt comp lex,
thch fell at 227 millimicrons, was located on the shoul: -~ of
the iron(11) absorption at 205-215 millimicrons. In this case
‘the absorbance of the complex was determined by subtracting
the free iron(l1l) absorbance from the total measured absorbance.
The free iron(l1) absorbance was calculated by multiplying the
molar absorptivity of this species at the wavelength of the

FeClt maximum by the difference between total iron(ll) and
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total chloride concentrations. Once the absorbance had been

corrected for the contribution of iron(i1) the data were
handled as described for bromide and iodide.

in the case of thiocyanate, where a second compiex also
formed, the method used was similar to that described above
except that the thiocyanate was held at a high constant
concentration while the iron(11) concentration was changed by
injection of an iron(ll) soluTién. In this case a plot was
made of absorbance vs. iron(l1) concentration. The plot was
similar fo Those.found for the first complex; the molar
absorptivity was determined from the initial straight portion,
then the curved portion used to obtain values for the

formation constant. The second stepwise formation constant is.

given by the expression:

(3)
[Fe(SCN)Z]

2 = - -
(TreC11)_ 1= [Fe(SON) 1) ([SCNp 1 1 = [Fe(SCN)p] = [FeCl D 1ota) 1)

Again the data were handled by computer in the same general way

as before.
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RESULTS AND DISCUSSION

Results of the formation constant determinations for the

iron(11) systems are listed in Table Il. The mole ratio method
is offen used to qualitatively determine Thé number of ligands’
in a complex; however, when used with care it is also a
satisfactory quantitative technique for the determination of
stepwise formation constants less Than 108, Al+hough fhé
method is tedious, and not as precise as would be deéirable,

no other common technique could be used on these systems. In
an aqueous system many good methods of determining free | igand
or free metal concentrations are available for This‘sys+em;
these include the silver, silver halide electrodes as
potentiometric indicating electrodes for the halides. However,
in acetonitrile free halide concentrations cannot be determined
by this method because soluble silver halide anionic comp | exes
form at slow rates>!. Direct spectrophotometric measurement
of uncomplexed halide could not be used because the absorption
maxima of the free halide occurred in the region wﬁere iron(i1)
and some of the complexes absorbed. Therefore, the mole rafib

method was the only one found applicable.

The lron(11)-Chloride System. Evidence for only one

chloride complex, FeCl+, was found spectrophotometrically



TABLE I1.

- Comp I ex

Fecit
Fedrt
Fel+

Fe(SCN)*

Fe(SCN)2
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- Summary of Spectrophofometric Data For
Iron(11)-Anion Complexes

Wavelength of
Log Stepwise  Maximum Absorption

Formation of Complex
Constant (mi'l limicrons)
5.810;1 227
5.520.1 >261
4.3%0.2 32
5.5%0.1 299
3.7%0.1 289

Molar
Absorptivity
at A -

max
470548
3148226
1553294
5252+57 -

10,802+308
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in acetonitrile. However, the occurrence of further weak

: "'cbmp'i"e'xeS“"w’r‘i'h'"a'b'sorpf"rcn"'maxi ma-hidden "'Un'de‘r"'fh'e' free 1 ron{l I Yo e e

or chloride peaks is possible. Spectra recorded at varying
ratios of iron(l1) to chioride are shown in Figure 5. A
problem encountered in this work was oxidation of FeCl* to
FeCl,~ by oxygen. With care oxygen could be eliminated; this

4
was shown by the absence of the intense FeCl,~ spectrum when

deaeration was used.

From the value of 2.8 for the log formation conéfanf of
FeClt in water32, a prediction of the formation constant in
acetonitrile was made following the nonaqueous coordination
mode! of Gutmann30. Such a prediction requifeslaﬁ a Eriori'
estimation of fhe‘relafive donor sffeﬁgfh'of acetonitrile and
water toward iron(il). According to Gutmann's values of donor
numbers for water and acefonitrile, 18.0 and 14.1, respecfively,
acetonitrile should be the weaker donor of the two. The donor
- numbers are found by determining the enthalpy of interaction
of different solvents with antimony penTachIoride‘. They
provide a rough but useful guide if no other information is
available concerning specific interaction befwéen a solvent
and cation. In the case of iron(ll), however, additional data
are available in the form of spectrophotometric determinations
of the crystal field splitting energy of iron(l1) with both

acetonitrile and water by -Hathaway and Holah22. The results
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Figure 5. Spectra of iron(il)~chloride complex
[Fe(11)] = 2.83 x 104M; ratio of ICI"] to [Fe(11)] =
o, 0.17, 0.33, 0.50, 0.66, 0.83, 0.99 for curves 1 to 7.
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ok iRat there 18 & SITght speci fic interaction of Aronthb)

with acetonitrile which gives it greater donor strength than
water. Applying this experimental relative donor strength to
the thecry of Gutmann gives for +he FeClT complex a log
formation constant of less than 2.8.

This es+imaféd value does not agree with the experimental
value of 5.8. Thé-difference may result from the fact that |
the simple coordination mode! does not take into account the
effect of the differenée in dielectric constant between water,
81, and acetonitriile, 36. A solvent of low -dielectric constant
cannot stabilize a highly charged cation as well as a solvent
of high dielectric conéfanf; therefore, a cation will have a
hlgher energy in a solvent of low dielectric constant. When
cations coordinate to neuTral Ilgands no S|gn|f|canT change in
charge separation fakes place and the energy gained by comp lexation
will be nearly independent of +he dielectric constant. However,
the effect may be entirely different when a highly charged
cation coordinates to anions. Here partial neutralization of
t+he positive charge occurs and complexation should therefore
be quite dependent on the dielectric constant of the solvent
and the charge on the cation. The above rationale explains
qualitatively why stronger complexation may be seen even in the

presence of stronger interaction between cation and solvent.
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lron(ll)-Bromide System. Only one bromide complex, FeBr™,

was observed spectrophotometrically in acetonitrile, even at
high bromide Toﬂjron(ll) ratios (Figure 6). In this case the
absorption of a higher order complex should fall in a wavelength
region of the ultraviolet not obscufed by the free bromide and
ironfll) spectra, and so should be readily seen. Here, as in
the case of the chloridé system, trace oxygen causes oxidation
to the stable FeBr,~ species, which could be identified by its
distinctive intense spectrum,in the éame way as FeCI4’ was.

Although values of the formation consfaﬁf for FeBr' in‘
water are not available for comparison, the log formation
constant of 5.5 found in acetonitrile correléfes with the
accepted donor sfrengfh of bromide compared to chloride. In
most cases the donor strength of bromide is less than chloride,
so the corresponding complexes are weaker.

Iron(11)-lodide System. Only one iodide complex, Fel+,

was found in acetonitrile (Figure 7). The formation constant of
the jodide complex was determined from both directions, that is,
from measurements taken by adding jodide to iron(l!) and vice
versa. As the results obtained by both methods were identical,
the absence of higher iodide complexes or polynuclear species
seems certain. ]n this system traces of oxygen caused
relatively large experimental deviations, not because the

iron(11)-iodide complex was oxidized, but because iodide
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Figure 6. Spectra of iron(11)-bromide complex .
[Fe(11)] = 6.03 x 10~4M; ratio of [Br~]1 to [FeCtiN] =

0, 0.10, 0.21, 0.31, 0.42, 0.52, 0.62, 0.73 for curves
1 to 8.
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Spectra of iron(i1)-iodide compiex

0, 0.09, 0.19, 0.38, 0.56, 0.75, 0.91 for curves 1 to 7.
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|Tself OX|d|zed dlrecfly to the highly stable triodide ion,
which has a formation consTanT of 107 40 33 Diffusion of
oxygen into the spectrophotometric cell over the course of a
set of spectrophotometric measurements, about 4 hours, was
de+e¢+ible. With care to minimize oxygen diffusion and by
doing the experimehf'as répidly as possible, this interference
could be reduced but not eliminated. |

Again Thé log formation constant, 4.3, fits the predicted

trend in halide donating power.

Iron(11)=Thiocyanate System. In this system two complexes

were found, Fe(scN)T and Fe(SCN)2 (Figuré 8). No evidence was
found for higher order comp lexes.

The log of the first thiocyanate formation constant, 5.5,
is slightly lower Than.fhaf of the chloride complex. Early work
on thiocyanate complexes of iron(ll) in water-% indicates that
they are formed either only slightly or not at all.

A second thiocyanate complex is observed spectrophoto-
metrically, and has a log stepwise formation constant of 3.7.

A check for formation of polynuclear complexes involving
more than one iron(ll) was made by repeating the mole-ratio
measurements over iron(ll) concentrations from 0.50 x 10_§M_TO
2.15 x lO'?M, The fact that the molar absorptivity remained

constant indicated no polynuclear species were present.
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curves 1 to 8.
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The lron(l1l)-Chloride System. Due to the highly

hygroscopic nature of anhydrous iron(1il) solutions in
acefonifrile,~and to the formation of very stable iron(ill)-
hydroxy species, quantitative measurements of the iron(l11)
halide complexes could not be made.‘ However, some idea of

“the extent of anionic complexation of iron(lll) can be inferred
from indirect éxperimenfal evidence. The formation of stable
complexes is favored by the fact that iron(l11) is a hard acid
of high charge, as well as by both the donor strength and |
dielectric constant of the solvent.

The iron(l!1)~-chloride system in acetonitrile has been
sTudied by Gutmann and Lux35, who found three strong tetrahedral
comp lexes, FeCI+2, FeCl3, and FeCI4' from spectrophotometric,
potentiometric, and conductance measurements. HafhaQay and
Holah29 reported that FeCl3 when dissolved in acetonitrile
undergoes a solvolysis reaction to produce FeCI4" and
'Fe(CH3CN)6+3. To obtain a qualitative estimate of the relative
overall affinity of the iron(111) and iron(11) for chloride,
the potential of a 1 to 1 mixture of iron(11) perchlorafe and
hydrated iron(l11) perchlorate at a concentration of 0.01M in
each was measured both before and after the addition of chloride.
£ iron(l111) is more strongly complexed than iron(ll1), the
potential of the couple should decrease. |t was found that the

potential decreased by 0.06 V in 0.01M chloride and 0.24 V in
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0.05M chloride. Thus the overall formation constant for
iron(111) with chloride is greater than it is for iron (Il).“
It is impossible, however, to make an accurate estimate of

the strengths because of the fnTerference caused by iron(il1)

hydrolysis.

" The lron(!1!)-Bromide System. Bromide comp!exes with
iron(lli) in acetonitrile 'have not been sfudied. Potential
measurements made on solutions 0.01M in both iron(l1) and
iron(l11) perchlorafe gave a potential decrease of 0.07 V in
the presence of 0.01M bromide and 0.28 V with 0.05M bromide.
Thus overall complexation of iron(lll) by bromide is greater

+han that of irqn(ll).

The Iron(l11)-Thiocyanate System. Thiocyanate complexation

by iron(i11) is responsible for the interesting Thiocyanafe
titration described in the next section, It is postulated Thaf
in solutions of hydrated iron(l11l) perchlorafe,‘Fe(lll) and
‘FeOH+2 coordinate with thiocyanate to form stable Fe(SCN)G-S
and Fe(SCN)5OH'3 species. A coordination number of six is
predicted because thiocyanate is known to form complexes of
high coordination number. Under the experimen%al conditions
used it is estimated that a portion of the iron(ll}) is present
as FeOH™2 in hydrated iron(111) perchlorate solutions.
Thiocyanate probably is not strong enough to displace hydroxy

species already attached to the iron(1l1). Evidence for a
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thiocyanate coordination number of about six is given in the
next section. Lower iron(!lli!)-thiocyanate comp lexes may be
formed, but apparently do not stabilize iron(l111) enough to

prevent oxidation of t+hiocyanate fto thiocyanogen.
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PART |V. HYDRATED IRON(11!) PERCHLORATE AS AN ANALYTICAL OXIDANT
BACKGROUND

As in acid-base titrimetry, Thg applicéfions of oxidation-
reduction titrations may be extended by use of a solvent other
Than'waTer. Nonaqueous solvents can al leviate problems of
insolubility of organic c@mpounds or reaction intermediates
such as free radicals, and reactions (decomposition through
hydrolysis, etc.) of products or inTermeaiaTes with wafer:

For this reason nonaqueous redok titrimetry may become a
useful analytical method. Information in this area is |imited
and much further study is needed. |

Previous work in this area wés done mostly in glacial
acetic acid as a solvent, using as titrants lead(1V) acetate,
cerium(1V), permanganate, bromine and several other compounds4'6.
Reactions in this medium of low dielectric constant (g=6.4)

, generaltg?éfégslow and equivalence points uncertain. Addition
of acids or bases such as sodium acetate or perchloric acid
often increases reaction rates, apparently by helbing in the
formation of ionic species which facilitate electron transfer.

A far more suitable solvent for oxidation-reduction

t+itrations is acetonitrile. It has a moderate dielectric

constant of 36, good stability to both oxidation and reduction,

a polarographic range of +2.3 to -2.7 V vs. the silver, 0.1M
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silver nitrate in acefoniffile reference electrode!! and
little acid or base character. The adfoprofolysis constant

is 1 x 10732,12 Rao and Murthy have studied ammonium hexa-
nitratocerate!®-18 as an oxidant and found it to be reasbnably
satisfactory in the pfesence of acetic acid.

Recently copper(11) perchlorate in acetonitrile has been
found to be a stable oxidant20-23, |+ quan'l'ifa'rivelyloxidizes. |
a number of compoﬁnds, including iodide, hydroquinone, aryl
amines, thioureas, and ferrocenes. The only drawback to its -
use is that the standard reduction pofenfial, +0.800 V vs.
the silver reference electrode for anhydrous copper(ll)_ber-
chlorate, is not high enough in many cases. For this reason
a study has been undertaken of the use of hydrated iron(jll) '
perchlorate as a redox titrant. As mentioned prevfously, the
iron(111) reduction potential of about +1.1 V vs. the s lver

reference electrode makes it 0.3 V more powerful than anhydrous -

copper(l1) perchlorate.
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EXPERIMENTAL

Reagents. Acetonitrile was purified as described

previously in PART Il. Commercial hydrated iron(i11) per- .~

chlorate was used as received.

All compounds studied in this work, with the exception
of the phenothiazines, N,N'~diphenyl-p~phenylenediamine
(DPPD), potassium iodide, and tetrachlorohydroquinone, were
recrystallized once from acetonitrile. Phenothiazine and
tetrachlorohydroquinone were vacuum sublimed. The pheno-

‘thiazine drugs were converted from the hydrochloride or
carboxylate salts fto the corresponding perchlorates by pre-
cipitation from aqueous solution through addition of a
concentrated solution of sodium perchlorate, followed by
filtration and drying under a vacuum. This conversion was
necessary in order to- provide adequate solubility in
~acetonitrile and to avoid the presence of anions which would
lower the potential of iron(lll) by complexation.

DPPD was recrystallized 4 times from benzene using Norite A
decolorizing charcoal. Potassium iodide was purified by
several recrystallizations from water containing a slight
amount of hydriodic acid, .then dried in a high vacuum at 200°C.

Potentiometric Tifrafions. Most of the potentiometric

titrations were run under nitrogen in the Teflon-stoppered



- 54 -

titration vessel shown in Figure 9. Titrant delivery and
potential recording were done with a Metrohm Model 436t

automatic titrator. Titration times ranged from 20 to 200

““minutes, depending on The reaction rate of the system under

study.
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Figure 9. Potentiometric titration cell



- 56 -

RESULTS AND DISCUSSION

Standardization and Stability. Approximately 0.1M

solutions of iron(l111) titrant were prepared from hydrated
iron(111) perchlorate (G. F. Smith Chemfcal Co., Columbus,
Ohio, and Alfa Inorganics, Beverly, Mass.) and stored in a
reservoir protected from afmospheric water with drying tubes
containing magnesium perchlorate. The commercial ironClI1)
perchlorate contained at least six moles of water per mole of
iron, in addition to hydrated perchloric acid. The material
as received was a sticky mass of pale violet crystals and
standard solutions could not be prepared by weight. Solutions
of approximate concentration could be prépared by assdming
that the commercial material contained about 65% Fe(ClO4)3 by
weight.

Accurate determination of the concenTraTién of iron(l11) in
the TiffanT solutions was difficult. Total iron(I11) could be
determined by titration with a standard solution of EDTA;
however, not all of the iron(lll) titrated by EDTA is available
for oxidation because éome of it is presenT as an iron(lil)=
hydroxy species. Complexation of iron(111) by hydroxide lowers
+he reduction potential so much that iron(111) cannot function
effectively as an oxidaﬁf. Therefore standardization by an

oxidation-reduction titration is necessary. Titrations of
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potassium iodide, Tefrachlorohydroéuinone, and ferrocene
showed, however, that this method of standardization gave
variations for the same solution on the order of #2%. Greater
accuracy could not be obtained becauée the iron(1l1)-hydroxy
speciés though capablerof oxidizing compounds of low reducfioﬁ
potential, cannot more.STable ones. Thusbfhe molarity is a
function of ‘the reduction potential of the compound titrated.
The best way to standardize +his.+ifranf then is with a pure
sample of the compound to be determined or with a standard
compound which has a similar reduction potential.

tron(111) solutions were prepared from several. grades of
acetonitrile, rénging from commercial technical (containing
about 0.2% H,0) and dried technical grade to dry, purified
material. With respect to stability and convenience the dry
technical grade sélvénf, prepared by refluxing technical
grade acetonitrile with calcium hydride, was preferred. The
presence of water in the solvent and in the iron(lll) perchlorate
salt causes slow hydrolysis that resuits in drawn ouf end
point inflections and decreasing molarities. This problem
can be avoided by preparing fresh solutions daily. Removal
of other impurities did not seem to be critical.

In order to test the stability of the titrant, several
solutions were made up in acetonitrile of varying purity levels

and standardized daily for two weeks against potassium iodide.



- 58 -

The molarities decreased about 1% a day when as-received
technical grade acetonitrile was used, and about 0.1% a day
when.dried technical grade acefonifrilé was used. Fiom Thesé
results it can be seen that dried acetonitrile is a mofe
satisfactory solvent, and also that for accurate results daily’
standardization is necessary.

The decrease in molarity on standing is caused by hydrol-
ysis and not reduction since addition of 70% perchloric acid
increases the molarity. Attempts to use perchloric acid to
stabilize the titrant by adding 1 o 5 ml 70% perchloric acid
Afailed because the extra water in 70% perchloric acid more
than offset the benefit of the additional acid. Other attempts
to remove some of the water by adding 5 to 10'mi of acetic
anhydride to the Tif;anf also failed because the anhydride or
the resulting écefic acid caused reduction of a portion of the

iron(lil).

Scope and mechanisms of reactions investigated. To assess

the scope of oxidation by iron(li!) in acefonitrile a number of
organic compounds were titrated. Table 11l lists those
investigated that showed well defined titration breaks.

Several of these reactions will be discussed in some detail,
but in general, Compounds oxidized by copper(l}i) are also
oxidized by iron(li1), as well as many more for which copper

is too weak. Thus, while carbazole is not attacked by
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copper(ll), it shows a well defined stoichiometric reaction
with ironCl11) (Figure 10a).
Those ferrocenes which react stoichiometrically with

copper(ll)23 can also be titrated with hydrated iron(111).
(CsHg)oFe + Fe(lll) ———> (CgHg)pFe® + Felll)  (4)

Ferrocene itself gives a sharp break of 700 mV at the end
point (Figure 10b). A small amount of water; on the crder of
0.1M, in the ferrocene solution is sometimes necessary 1o
prevent further oxidation of the ferriciniumlion. Under
these conditions ferrocene is a convenient standard of low
reduction potential for iron(ii1). It has beeh-éhown to be
a satisfactory primary standard for copper(l1) to better fﬁan
a part per thousand?3. .

Hydroquinone, which is also +itrated by copper(ll)
perchlora#ezo, is readily oxidized by iron(llf). It could
be used as a standard for iron(l111) if it did not show a
tendency to air oxidize during storage. Tetrachlorohydroquinone
(Figure 11a) is not susceptible to air oxidation, and gives a
small but stoichiometric two electron break. It may be useful
.as a standard in iron(l11) where a compound of high reduction
potential is to be determined. The reaction is

o Cl Cl | (5)
HO OH + 2Fe(l1l1)— O 0 + 2Fe(il) + 2HY

Cl Cl Cl Cl
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Figure 10a. Potentiometric titration of
carbazole with 0.1M copper (11)
perchlorate and 0.1M hydrated iron(lI1)

perchlorate
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Figure 10b. Potentiometric titration of
ferrocene with 0.1M hydrated iron(li1)
perchlorate
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Figure 11b. Potentiometric titration of iodide
and triiodide with 0.1M hydrated iron(lHl)
perchlorate
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Another class of compounds.which were investigated were
the halides and pseudohalides. These compounds present some
of the most interesting chemistry found in this investigation.
- Fluoride, chloride, and bromide,-becéuse~of high electronega-
tivities, are not oxidized by iron(fll); howéver, all form
sfrohg complexes. Chloride is so strongly fetrahedrally
coordinated to the iron(lll) that Hathaway and Holah29 found
that anhydrous iron(111) chloride when dissolved. in aceto-
nitrile underwent solvolysis according to the equilibrium:

4 _CH3CN : 43 -
eClz ~——> Fe(CHsCN)g” + 3FeClyg (6)

lodide, on the other hand, does not forﬁ an iron(llli-
jodide complex, but instead is oxidized first to triodide,
then to iodine (Figure 11b). The Triédide ion has a ;uffici-
ently large fprmafion constant that a distinct potential break
is seen33. Potassium iodide, available in high purity uﬁoﬁ
drying of the commercial reagent grade salt26, could find some
use as a standard of moderate reduction potential.

Thiocyanate |ies between iodide and the other halides
with respect to ease of oxidation, and for this reason exhi5i+s
both complexing and oxidizing behavior. Titrations with
iron(111) show two well| defined breaks at iron(l{l) fo
thiocyanate ratios of 0.19 and 1.00 (Figure 12).

The first inflection is attributed fo the
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Figure 12. Potentiometric titration of

potassium thiocyanate with 0.1M hydrated

iron(111) perchliorate (Arrows indicate

points at which spectra were taken. See
_Figure 13)
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Figure 13. Ultraviolet-visible spectra of
species present in Titration of thiocyanate °
with 0.1M hydrated iron(111) perchlorate
(Numbers refer to sampling points shown by
arrows on Figure 12)
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formation of a mixture of Fe(SCN)g3 and Fe(SCN)BOH'3 species.
Curves 1 to 6 in Figure 13 show ultraviolet-visible spectra
of samples taken at the corresponding numbered points on The
_ potentiometric titration curve of Figure 12. The absence of
absorption maxima for the iron(ll)—ThiocyanaTéweéﬁpféxéé.{H.”v”.mm
curves 1 to 3 indicate that no iron(ll) species are present
and therefore that no oxidation has taken place. Solutions
of iron(ill) perchlorafe alone show maxima at 218, 252, 278,
and 366 millimicrons while iron(l1) perchlbrafe has one broad
absorption at 205-215 millimicrons. Thiocyanate maxima occur
at 198 and 234 millimicrons, while Thiocyanogen doés not
absorb in this région. The absorptions at 250, 315, and 490-.
540 millimicrens in Figure 5 are attributed fo Fe(SCNx)3'x
species, where x is esTiméTed Tb be 4‘To 6. .

As the iron(il1) to thiocyanate ratio is increased above
0.19, iron(ll1) reduction begins, as shown bylfhe appearance
of iron(l1)-thiocyanate absorption peaks (Figure 13, curves 4
to 6). The ehd proddéfs of the oxidation are iron(ll) and
thiocyanogen. Thiocyanogen was identified by eVaporaTing the
titrated solution to dryness without allowing the temperature of
the solid to rise above 0°C., then extracting fhe thiocyanogen
with carbon disulfide. Evaporation of the carbon disulfide from the
solutions gave free Thiécyanogen. The behavior of this product

was similar to that produced by bromine oxidation of silver
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thiocyanate; at room temperature both polymerized to dark red
parathiocyanogen, (SCN) . Analysis: Calculated for thiocyano-
gen: C, 20.6; N, 24.1. Found for iron(111) oxidation product:
C, 21.7; N, 23.3.

Complexation prior fo oxidation is obseryed only when
iron(111) is added to thiocyanate solutions. ‘Reverse titrations
with thiocyanate show only oxidation, as expected.

Aryl amines constifute another c[ass of compounds which
have been titrated with copper(il) and.which are aléo suscept=
ible to iron(111) oxidation. The product in many of these
reactions contains one or more quaternary nitrogens. For

example, t+etramethylbenzidine undergoes the reaction:
C
“3N s ?Hsc C fHs
{:::’, ‘:::} N
CH, N\CH ” e(': Ny v
iy 3 Hy CHy

These reactions tend to be greatly influenced by the acid
concentration. Excess acid in the iron(111) titrant solution
- may interfere by protonating basic sites on the compouhd being
t+itrated, making it more oxidation resistant. Mechanisms for
t+he homogeneous oxidation of diphenylamine, t+etramethylbenzi-
dine, and_diphenylbenzidine are given by Kratochvil and Zatko?!.
bne compound which reacted cleanly was N,N'-dipheny!-p-

phenylenediamine (DPPD). Two well defined and reversible
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breaks were observed (Figure 14a), similar to those found by
Michaelis and Hill in 90% acetic acid3. Aqueous titrimetry
cannot be used to determine this compound because of the
insolubility of DPPD and the oxidation intermediates. The
reaction steps are: |

H 0 H

\ V4 ! /
Fe(111) + N=0¢ - N — o - ¢ - N+ Felll]) (8)
W A0 M “

Fe(111) + QE - ¢ - N(: — §-N-0-N=-¢+Fell) (9
The semiquinone product of Equation 8 is stabilized in acid
‘solufion and gives a much‘sharper break if a few drops of 70%
perchloric acid are added to the DPPD solufidn prior to
titration. 1In this case the presence of excess acid is an
advantage for it not only sharpens the breaks, but also
increases the height of the second break at the expense of

the first.

The phenothiazine compounds comprise another interesting
class. These compounds contain a nifrogen and sul fur atom in
a heterocyclic ring, and are fairly easy to oxidize because
+he oxidized form is stabilized by electron delocal ization
over the fing system. The parent phenothiazine is oxidized

by iron(l11) in two reversible one-electron steps (Figure 14b).
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These sTebs have been shown elecTrochemicaIly37 to be:

E » - -le” @w -lef. N + |
OO~ OL0[000]
S S '

Phenothiazine compounds, in which the proton on the ring
nitrogen is replaced by an alkyl side chain containing a
quaternary ammonium salt are widely used as tranquilizers and
neuroleptic drugs. They are in general slightly harder to
oxidize than the parent compound. A titration curve for the
drug promazine perchlorate is shown in Figure 15. Other
tranquilizer derivatives which were titrated -included
trimeprazine perchlorate, triflupromazine perchlorafe,
thioridazine perchlorate, prochloroperazine perchlorate,
propiomazine perchlorate, thiopropazate perchlorate, and
chloropromazine perchlorate. However, the reactions were slow
- and in some cases the end points were small and unstoichiometric.

The last major class titrated in this survey consisted |
of compounds containing a double bonded sul fur atom. Somé of
these compounds have been titrated with copper(11) perchlorate
with good results?2, Hydrated iron(111) solutions, though
powerful enough to oxidize several of these compounds, are not
effective as oxidants in the presence of perchloric acid.

Oxidation occurs through a zwitterion to form a disulfide
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product; for +hiourea?? the reaction has been shown to be:

NH NH -2e NH,

Ny 2 4

zs=c\;——=s-c(+ 2)\c-s-s-c(+ an
NH, NH2 NH2 NH2

Perchloric acid protonates the sulfur in the enol form and
blocks the site at Which oxidation takes place. For this
reason the breaks are drawn out and irreversible, though end
points are reproducible at a given titration speed.

Thiourea is a good example of a compound which reacts
through formation of resonance stabilized species. In this
case both the zwitterion and the disulfidejproducf are
stabilized. OTher compounds similar to +hlourea, such és
thioacetamide and Thlocarbanlllde, have less resonanT stabil-
ization but probably also react by the same mechanism.
Compounds -such as thiobenzanilide apparently do not give
disulfide products +that have sufficient resonant stabilization,
so +he disulfide breaks down to give free sulfur. These

compounds gave obscure end points and no well-defined

stoichiometry.
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PART V. SUMMARY

1. Anhydrous hexakisacetonitrile iron(11) perchlorate was
prepared and used to electrochemical ly generate anhydrous
iron(111) perchlorate in acefonitrile. Anhydrous iron(l11)
berchlorafe could not be isolated from solutions of
acetonitrile because of hydrolysis by fraces of water.

2. The formal potential of the iron(lll)-(]l) couple in
acetonitrile was determined to be 1.57 v vs. a silver,
0.01M silver ﬁifrafe in acetonitrile reference electrode
at concentrations of 2 x 10“3M for ‘each iron species.

3. Formation constants for several ‘iron(l1) complexes in
acetonitrile were measured spectrophotometrically. The
log formation constant values obtained weréﬁ FeCl+, 5.8;
FeBrt, 5.5; Fel+, 4.3; FeSCNT, 5.5; and Fe(SCN), (Kz),_3.7.
Complexes of the FeX, type were not detected for any of the
halides.

4. Hydrated iron(ill) perchlorate was investigated as an
analytical oxidant in acetonitrile. Although the reduction
potential of the iron(111,11) couple in the presence of
water is much lower than the formal potential, it is sfili
some 0.3 V higher than that of the copper(11,1) couple.
Hydrated iron(lI1) was found to oxidize several classes of

compounds, including benzidines, phenothiazines, and
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ferrocenés. lodide and thiocyanate are quantitatively
oxidized to iodine and *hiocyanpgen; respectively.
Because of continuous hydrolysis and the apparent
formation of a series of ironCl11)-hydroxy complexes,
the oxidizing power of solutions of iron(111) steadily
decrease with time, and daily standardization with a
compound of simifar reduction potential to the cohpound
being deTermined is necessary for accurate results.
Anion exchange membranes were found useful as dividers
for coulometric work in acetonitrile because of low D.C.
resistance, excel lent barrier propeffiesvfoward cations

over a period of hours, and stability foward solvent

attack.
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APPENDI X
'———'-‘__/

Typical Data Collected for the Determination of a
Formation Constant. Run #4 on the FeBr* Complex

lron(ll) Solution:

18.502 mg
91.1565 g
778.5 g/liter

Weight iron(l1) perchlorate
Weight of solution
Density of solution

Tetrabutylammonium Bromide Solution:

0.3000 g
19.9280 g
778.5 g/liter

Weight BuyNBr
Weight of solution
Density of solution

Injection Injection ' Absorbance
Number Volume -(ul) €@ 265 my
0 ' 0.032
1 49,54 0.078
2 49,54 0.124
3 49,54 0.168
4 99.07 0.272
5 99.07 0.364
6 99.07 0.458
7 99.07 - 0.506
8 99.07 0.631
9 99,07 0.714
10 99.07 0.790
11 99.07 0.860
12 99,07 0.920
13 99.07 0.975
14 99,07 1.029
15 99.07 - 1.075
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Typical Determination - Continued

lron(l1) Bromide
Injection lron(11):Br~ Concentration Concentration

Number Ratio (x 104) (x 10%)
1 20.53 3.153 1.536
2 10.26 3.152 - 3.071

3 6.84 3.150 4,604

4 4.10 3.148 ' 7.670

5 2.93 3.145 10.73

6 2.28 3.142 13.79

7 1.87 3.140 16.84

8 1.58 3.137 19.88 -

9 1.37 3.134 22.92

10 1.21 3,132 25.96
1 1.08 3.129 28.99
12 - 0,98 3.127 32.01
13 0.89 3.124 35.03
14 0.82 3.121 38.05
15 0.76 3.119 ' 41.06

Molar absorptivity (calculated by least squares) = 3121
Correlation coefficfent = 0.99§721

Average of formation constants = 25.65 x 104

Log of average of formation constants = 5.409

Standard deviation of formation constants = 3.16 X 104

Formation
Injection Constant Log Formation
Number (x 10%) Constant
8 27.11 5.43
9 24.09 5.38
10 22.41 5.35
[ ' 24.23 5.38

12 30.42 5.48
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