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Chemistry of periodates

The first preparation of a periodate salt was achieved by Ammermüller and Magnus in 1833 as further described by Hill [1 ], based on the reaction of excess of chlorine with NaI0 3 in strongly alkaline (NaOH) solution
IOj + Cl2 + 4 OH" + 3Na + —

N a 3 H 2 I 0 6 + 2C1" + H 2 0

(1)

Due to low solubility Na 3 H 2 I0 6 (sodium paraperiodate) is easily separated with yields over 80%. Modern methods of preparation are based on
the electrolytic oxidation of iodide salts on Pb0 2 anodes [2J.
Contrary to perchloric and perbromic acids which are strong acids
completely dissociated in dilute solutions to XO4 anions, periodic acid is
a rather weak acid associated to a variety of periodate species due to the
strong tendency of the tetrahedral IO4 to be hydrated and form the octahedral H 4 IOg. Polymerization of periodate anions also occurs, hence salts
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of periodic acids with various I: Ο stoichiometrics have been isolated such
as N a I 0 4 , K 4 I 2 0 9 , Pb 3 (I0 5 ) 2 , C u 4 I 2 0 u . h 2 0 , Na 3 H 2 I0 6 , Υ 4 Ι 2 0 1 3 ·11Η 2 0
[2], The more stable (and commercially available) form of periodic acid is
paraperiodic acid, H 5 I 0 6 , which upon titration behaves as tribasic acid of
strength similar to that of phosphoric acid.
The equilibria of dilute solutions of H 5 I 0 6 have been studied by
Crouthamel et al. [3,4] by Potentiometrie and spectrophotometric means,
concluding that the following scheme predominates
5
-H +

H

4I06
Η KD
I04 + 2H20

H

3I06~

(2)

where K j = 5.1 χ 10"4, K 2 = 2.0 χ 10"7, K D = 40 (at 25°C).
The equilibrium between H 4 IOg and I 0 4 was studied by varying the
water activity in methanol-water mixtures,assuming that the absorbance at
222.5 nm is exclusively attributed to tetrahedral I 0 4 . This assumption is
questionable following the observation that the diffuse reflectance spectrum of solid K I 0 4 shows no band at this wavelength [5], Based on these
constants the pH - distribution diagram of periodate species has the form
shown in Fig. 1.
The following periodate species have also been reported: t y O j results by partial dehydration of H 4 IO^ but no equilibria data exist for this
species; the protonated form of H 5 I 0 6 , I(OH) ^ (pK = -0.8), has been
reported at negative pH solutions (in 10 Μ HC10 4 solution), and the dimeric ( 0 4 I 0 I 0 4 ) 4 - in strongly basic solutions. The presence of the free
radical H 3 I0 5 ~ as a result of photodecomposition of periodates, has been
speculated to explain certain oxidations of aromatic amines by periodate,
often induced or accelerated by light [6], and certain anomalous "overoxidations" observed in reactions of normally well defined stoichiometry.
Photodecomposion of periodates solutions results in evolution of ozone,
readily detected by its odour or using KI-starch indicator paper [7], A
detailed study of the stability of periodate solutions has been performed
by Galliford et al [8], Generally, dilute (~ 0.01-0.05 M) aqueous solutions
of periodates are stable^ provided that they are kept in dark glass bottles
and not in contact with organic or other oxidizable materials.
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pH
Figure 1.

Logarithmic distribution diagram of periodate species in
aqueous solution at 25°C based on data given by Croutham e l et al [3,4].

In sharp contrast to Perchlorates and perbromates, periodates are
strong oxidants in dilute solutions and room temperature. Their oxidative
strength depends on the pH of the solution, and the respective formal
reduction potentials given by Latimer [9] are :
Acidic solutions:

H 5 I0 6 + H + + 2e~ =

IO3 + 3H 2 0

Alkaline solutions: H 3 IO^ + 2e" = 3 OH" + IO3

E° = +1.6 V
E° = +0.7 V

Periodates are widely known for their unique capacity to cleave C—C
bonds of vi'c-dihydroxy and polyhydroxy-compounds under mild conditions,
i.e. in dilute solutions, mild pH, room temperature (hereafter, for sake of
simplicity, periodates will be denoted by IO4):
>C(OH)-C(OH)< + IO4 — > C = 0 + H 2 0 + > C = 0 + IO3 (3)
>C(OH)-(CHOH) n -C(OH)< + (n+1)104 —
> C = 0 + nHCOOH + > C = 0 + ( n + O I O j + H 2 0

(4)
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Vol. 14, No. 4, 1995

Analytical and Other Applications
of Periodate-lon Selective Electrodes

These reactions have been studied by Malaprade by whose name they are
collectively known [10], Thereactions proceed via a reversible formation of
a charged cyclic intermediate, known as "periodate ester", which is irreversibly cleaved to the final products. Malaprade reactions are relatively fast
and stoichiometric, therefore they are analytically useful. The titrimetric
determination of the polyhydroxy-compounds is based on their reaction
with an excess of periodate, followed by iodometric determination of periodate excess.
Apart of polyhydroxycompounds, many other classes of organic compounds (α-hydroxy-carbonyl- and α-dicarbonyl compounds, a-aminoalcohols, α-diamines, carbohydrates, aminosugars) are known to react smoothly with periodate, perhaps not so fast and not always with a well defined
stoichiometry. These reactions were utilized for the elucidation of the
structure of many naturally occurring organic compounds [2,11].
Slow and non-stoichiometric reactions are generally regarded as useless for analytical equilibrium methods, but they can be readily applied in
non-equilibrium ones, i.e. in kinetic methods of analysis. Periodate reactions are particularly useful in this respect, because they proceed in readily
measurable rates, in dilute solutions and at room temperatures . Another
analytically useful property of periodate reactions is that many of them
are catalysed by traces of various metals (Mn, Cr, Fe, noble metals etc.),
hence sub-microgram amounts of these metals can be determined by catalytic methods of analysis, based on the proportionality between the reaction rate and the concentration of the catalyst.
2.

Potentiometrie monitoring of periodate reactions

Until 1975 continuous monitoring of periodate species during their
reactions was feasible only by spectrophotometric means. Despite the fact
that periodate ion absorbs strongly at 222.5 nm (ε = 1.0 χ 104 M^cnT 1 [3]),
the necessity of using a UV-spectrophotometer made such a monitoring of
periodate reactions non-attractive. On the other hand, organic compounds,
participating either as reactants or products, usually absorb strongly at the
same region, and tedious corrections of the absorbance recordings were
necessary. Tedious sampling techniques were more common for studying
periodate reactions. The reactions were allowed to proceed (usually at low
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temperatures to slow down the reaction) and aliquots of the reacting mixtures were properly quenched at various time intervals, and the unreacted
periodate was determined iodometrically.
Potentiometrie monitoring based on redox electrodes (e.g. platinum)
is also out of question because of the non-existing electrochemical reversibility of the redox pair IO4/IO3.
In 1967 Orion Research Inc. released the first commercial Perchlorate ion-selective electrode of liquid membrane type (model 92-81) [12,13],
The liquid ion-exchanger of this electrode consisted of a saturated solution of the complex [Fe(II)(feaiAop/jen)3.](C104)2 in 2-nitro-p-cymene
(bathophen: bathophenanthroline: 4,7-diphenyl-l,10-phenathroline). This
was a typical ion-exchanger for liquid membrane ion-selective electrodes,
consisting of a highly insoluble (in water) ionic compound containing the
ion (CIO4) to be sensed,and a bulky highly lipophilic counter-ion (the iron
(Il)-bathophenathroline complex) dissolved in a water immiscible, nonvolatile organic solvent of ftigh dielectric constant. The actual electrochemical cell symbolically is depicted as
External
reference
electrode

Solution under
measurement
(CIO4)

Liquid membrane
A+-CIO:
L

internal

solution
(CIO4)

Internal
ref. electrode
(Ag/AgCl)

CIO4 selective electrode

With this electrode,Perchlorate concentrations down to 10~5 Μ could
be readily measured by direct potentiometry, a determination difficult to
be performed by other techniques because of the high chemical inactivity
of Perchlorates. It soon became evident that the same electrode responded
almost equally well to all XO4 type anions (Χ: Ι,Μη [14], Re [15], Br [16]).
The first application of this electrode for Potentiometrie monitoring of
periodate reactions was reported in 1975 by the authors of this paper. A
typical calibration graph of the Perchlorate electrode, as periodate sensor,
in the presence and the absence of IO^is shown in Fig. 2 [17].
Interfering ions. An ion-selective electrode constructed to respond
to the ion A (primary ion) responds also to a different extend toward
other ions (B). The potential developed in solutions containing A and Β
ions is approximated by the following equation (Nikolskii-Eisenman
equation)
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Ε = Ε' ±

Typical calibration curve of the Orion 92-81 Perchlorate
ion-selective electrode used as periodate sensor. The dotted
line indicates the response in the presence of 0.050 Μ
NaI0 3 .

2.303 RT
z

af

log

a

p0t
2 a/zB
A + KΑ,Β ηΒ

(5)

The Potentiometrie selectivity coefficient K ^ g is a measure of the contribution of ion Β to the developed potential E. A K^'g value of 1 indicates
a similar response toward ion B. The smaller the
the lower the contribution of interfering ion Β to the measured potential. Typical Kqo 4 B
values for the 92-81 Perchlorate electrode for various interfering ions (B)
are: 1.0 (OH - ), 0.012 (I"), 0.0015 (NO3), 5.6χ 10"4 (Br"), 5.1 χ 10' 4
(CH3COO-), 3.5 xlO" 4 (HCO3), 2.5 xlO" 4 (F"), 2.2 χ 10"4 (CI"), 1.6 χ 10-4
(SO4") [12]. In addition, the following Potentiometrie selectivity coefficients were measured: 1.2 (ICQ [18], 2χ10" 4 (IO3) [17]
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pH
Figure 3.

Effect of pH on the potential of the Orion 92-81 Perchlorate ion-selective electrode used as periodate sensor, at three
different periodate concentrations. The dotted lines indicate the theoretical response based on Eq. 7.

From the indicated values of Potentiometrie selectivity coefficients
the following practical conclusions can be drawn: 1) The Perchlorate electrode responds equally well (or slightly better) to periodate ion; 2) the
response toward iodate ion (the product of periodate reduction) is negligible; 3) reduction of periodate to iodate and then to iodide (favoured in
acidic solutions) should be avoided; 4) acetate and sulfate can be tolerated
at relatively high concentrations; therefore, they can be used for pH and
ionic strength adjustments, respectively, without a significant interference,and 5) measurements in alkaline solutions (e.g. pH > 9) cannot be made.
pH effect. The effect of pH of periodate solutions on the potential
of the perchlorate/periodate ion-selective electrode is shown in Fig. 3
[18]. Whereas the potential is practically pH-independent in the case of
CIO4, it is considerably affected in the case of IO4. This can be readily
explained taking into consideration the aforementioned equilibria of periodate species. By comparing the diagrams of Fig. 1 and Fig. 3, it is obvi259
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ous that the electrode responds towards the monovalent periodate species,
which predominate at pH 2-8, and it seems non-responsive to the bivalent
species Η 3 Ιθ|".
Existing experimental data cannot reveal to which extent the electrode responds toward each of the monovalent periodate species. It is reasonable to assume that since the development of the membrane potential
is based on the formation of ion-pairs extracted into the organic phase of
the liquid ion-exchanger, the non-hydrated IO4 species (predominate species at pH 2 - 8) are the more probable species involved in this process, in
accordance to similar response of the electrode to the other XO4 species.
Therefore, the potential Ε of the periodate electrode is given by the equation
Ε = E'

2.303RT

log [IO4]

(6)

Note: for simplicity concentrations are used throughout instead of activities.
Considering the equilibria denoted by Eq. 2, and combining with Eq.
6, the following expression can be obtained, which indicates the expected
effect of pH on the electrode potential
Ε = E*

2.303 RT
F

/
K,K n [H + ]C P
\
log
5
+ 2
l [ H ] + K ^ K d + I ) ^ ] + K1K2/

k(7)
;

where C p is the analytical (total) concentration of periodate. The dotted
lines of the diagram shown in Fig. 3 have been calculated using Eq. 7. The
observed deviations can probably be attributed to reduced accuracy of the
equilibrium constants, to small departures from the theoretical value of
the prelogarithmic factor, which is also slightly affected by pH, and to the
contribution of OH" (deviations observed at pH > 9).
With the aforementioned electrode, Eq. 6 is valid over the concentration range 2χ 10~5-0.01 Μ (linear range). The lower useful pH is 3.5-4. At
lower pH values the ion-exchanger seems to deteriorate fast and the electrode responds „erratically. This may be attributed to the dissociation of
the Fe(II) complex and the reaction between Fe(II) and periodate. The
higher pH is about 7.5- 8, yet it can be used up to pH 9 but with consider-
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ably reduced linear response range, due to the decreased presence of IO4
species and increased contribution by OH".
Dynamic characteristics. The dynamic response characteristics of an
ion-selective electrode should be taken into consideration, particularly
when relatively fast chemical reactions are monitored. Since ion-diffusion
is involved in the potential development mechanism, ion-selective electrodes are generally considered as slow-responding devices, compared e.g.
to photometric transducers. How much distortion is introduced because of
the slow response, and how fast reactions can be reliably monitored, are
issues open to question. A general approach to the subject, involving convolutions mathematics, has been reported [19].
As a rule of thumb, a time of at least 5 times the time constant (T) of
the electrode must elapse before obtaining any measurement. This,time is
approximately equal to its response time expressed in terms of tg9 , i.e. the
time required by the electrode, after a stepwise concentration change, to
develop the 99% of the corresponding potential change (it is tgg = 4.6 Τ).
With most solid-state and liquid membrane electrodes this time is in the
range of 10 - 30 s. Theoretically and in terms of absolute potential change,
1 dE/dt I values should not exceed the range of 2-6 mVs - 1 for monovalent
species. Practical limitations, imposed mostly by factors like the stirring
efficiency and the recording devices, cut these figures to half. Therefore,
potential recordings with absolute changes exceeding 3 mVs" 1 cannot be
used for calculating kinetic parameters.
Monitoring of periodate reactions. In all periodate reactions periodate participates as a reactant. The prevailing reaction scheme, particularly in the case of Malaprade type reactions, is described by the general
scheme
Κ
k
A + IO4 = A-IO^ — products

(8)

where AIO4 is the aforementioned intermediate (periodate ester). The
reactant A is always in great excess (at least a 10-fold excess) over periodate. This ensures that periodate concentration decreases passing through
a wide dynamic range of concentrations, necessary to generate a considerable potential change considering the logarithmic response of the Potentiometrie sensor. In addition, kinetic studies are simplified because perio-
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date primarily reacts with A and not with the products of the reaction,
which may also be reactive toward periodate (e.g. if A is a polyhydroxy
compound).
If the equilibrium reaction is rapidly established in comparison to
the irreversible breakdown reaction of the intermediate, and A is in great
excess over periodate ([A] 0 > > [IO^JQ), it can be readily proved [18,19]
that the following kinetic expression is valid
dpCQt _ _ k K [ A ] 0 [ I O ; ] t
dt

1 + K[A] 0

(

'

Eq. 9 can be combined with Eq. 6 to yield the following expression
^ I

_ _ SkIC[A] 0

dt

1 + K[A] 0

where S is the slope factor of the Nernst equation, theoretically equal to
RT/F. Eq. 10 indicates that linear potential recordings are expected.
Under conditions ensuring that K[A] 0 < < 1, Eq. 10 is simplified to
dE t / dt = - S k Κ [A]0

(11)

Eq. 11 indicates that the slope of potential recordings during the reaction
is proportional to the concentration of A. This fact can be used for the
development of kinetic procedures for the determination of A.
3.

Periodate selective electrodes
The types of periodate selective electrodes developed and used in

various laboratories are shown in Table 1. In all cases (except of Electrode
I) the electroactive compound is a periodate salt of a bulky lipophilic
cation. Electrode I responds indirectly to periodate species, becoming in
situ a periodate electrode, probably by substitution of the exposed CIO4 of
the membrane by the IO4 of the solution. In all cases the main interfering
anion is perchlorate, and to a lesser extent thiocyanate and iodide. Interference by iodate is practically non-existing. Sulfate, phosphate, and acetate ions do not interfere either, hence they are used for ionic strength and
pH adjustments. The oxidative nature of IO4 does not seem to cause a fast
deterioration of the electrodes response, provided the electrodes are used
in dilute periodate solutions ( < 0.001 M) and room temperatures.
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Table 1. Periodate Selective Electrodes
Type

Ion-Exchanger System

I

[Fe(bathophen) 3 ](C10 4 ) 2 (saturated solution) in 2-nitro-p-cymene
(Perchlorate electrode, Orion
Model 92-81)

II

[Ni(bathophen) 3 ](I0 4 ) 2 in 2-nitro-p-cymene (prepared from
Orion 92-07-01, nitrate electrode
exchanger, by treating with an
excess of NaI0 4 solution)

ΠΙ

tri-n-octylmethylammonium (Ca- Linear range: 10~7-0.1 M. Slopriquat) periodate (0.1 mM) in pe 60 mV/pIO^j. Potential innitrobenzene
dependent of pH in the range
2.5-7.5 [22]

IV

Ethyl Violet (C.I. Basic Violet 4) Linear range: 2xl0~ 6 -0.1 M.
periodate in PVC matrix
Potential independent of pH
through the range 3.8-6.5. Life: ~ 9 months [23, 24]

V

same as in I

Flow-through electrode design.
Linear range: 3xl0~ 5 -0.01 M.
Life: 2-3 weeks [25]

VI

Unsymmetrical long-chain (hexadecyl-trioctyl, hexadecyl-tributyl,
dodecyl-triheptyl, butyl-trioctyl)
quaternary ammonium periodate
salts in PVC

Comparative study. Linear
range: 0.1 Μ to: 6.3 χ 10~8,
1 χ 10"6, 4.4 χ 10"7, 2.5 χ 10"6 M.
Slope: 59.0, 57.1, 57.2, 55.4
mV/pIO^. Response time (in
1 χ 10"5 Μ I0 4 ): 300, 30, 50, 40
s. [26]

VII

Nitron periodate (0.010 M) in Linear response range: 10~5nitrobenzene
0.01 M. Slope: 55 mV/pIO;.
Potential almost independent
of pH in the range 3-7 [27]

Main Properties
Linear range: 2xl0" 5 -0.01 M.
Useful pH range: 3.5-8. Slope:
56-60 mV/ pI0 4 . Life: ~2
months [14, 18]
Linear range: 2xl0" 6 -0.01 M.
Useful pH range: 3.5-8. Excellent response rate (t 95 < 1 s).
Life: ~ 6 months [20, 21J

VIII Tetraphenylarsonium thiocyanate Indirect response to I 0 4 down
in PVC matrix with 2-nitrophe- to 2 χ ΙΟ"4 Μ [28]
nyl-phenyl ether (as plasticizer)
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Table 1.
Type
IX

(continued)

Ion-Exchanger System

Main Properties

Berberine periodate (5 mM) in Linear response range: 5 χ 10~5
2-nitrotoluene
- 0.1 M. Slope: 62 mV/pIO;.
Working pH range: 1.5-7.5
[29]

Linear response range: 5 χ 10"5
-0.1 M. Slope: 60.5 (electr. I),
57.4 (electr.II) mV/pIO; [30].
pH range (of stable potential):
3.0-7.5.

X

Tetra-octylammonium periodate
(w/w) in dibutylphthalate (3.6%)
(electrode: I) or 2-nitrophenyl
octyl ether (7.1%) (electrode: II)

XI

PVC matrix membrane compri- Similar as above [31]
sed of 30% PVC, 63% 2-nitrophenyl octyl ether and 7% tetraoctylammonium periodate

4.

Kinetic studies

The general experimental procedure for studying periodate reactions
is simple: The electrode pair (periodate electrode - reference electrode) is
immersed in a properly buffered and thermostated dilute periodate solution (typically 2 χ ΙΟ"4 M). After the stabilization of the potential, the reaction is initialized by rapid injection of the reducing compound (in large
excess over periodate) and the potential is recorded. After a fast increase
of the potential due to the dilution of the periodate solution (by the injected solution),which is ignored, a steady increase of potential indicates
the gradual consumption of periodate during the reaction.
The reactions of periodate with the following compounds were studied:
Vic-Glycols. The kinetics of the reactions of periodate with certain
vie-glycols (ethanediol, propane-1,2-diol, 3-chloropropane-l,2-diol and
hexane-l,2,6-triol) were studied over the temperature range 14-17°C, at
pH 4.1-4.3, using a Table 1 - type I electrode [32], The equilibrium constants Κ of the intermediate formation and the reaction rate constants k
of its breakdown reaction were determined and the corresponding values
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of Δ Η and E a c t were calculated as well. Some of the determined Κ and k
(at 20 °C) values are given below.
Ethanediol
Propane-1,2-diol
3-Chloropropane- 1,2-diol
Hexane- 1,2,6-triol

Κ (Μ - 1 )
25.0 ± 0.3
40.9 ± 1.2
15.9 ± 0.3
32 ± 5

k (s _1 )
0.088 ± 0.001
0.225 ± 0.006
0.069 ± 0.001
0.45 ± 0.07

For the calculation the slopes of potential recordings were used in conjunction with Eq. 10. By extrapolation, the corresponding values of Κ and k
(for ethanediol and propane- 1,2-diol) at the temperature range 0-5°C
were calculated and found in good agreement with those previously reported in the literature, obtained by using tedious sampling techniques.
α-Aminoalcohols. The reactions of periodate with certain ct-aminoalcohols (ethanolamine, diethanolamine and triethanolamine) were studied at 25°C and pH range 5.6-6.8 [33], using a Table 1 - type I electrode.
By observing the pH effect on the reaction rate, it was concluded that the
overall reaction rate law has the form
d[IO;]/dt = -kpOJHB]

(12)

where [ Β ] is the concentration of the free (non-protonated) organic aamino-alcohol (base). The reaction rate constants for the aforementioned
bases were calculated as 2500 ±200, 760 ±20, and 1.5 ±0.2 M ' V 1 , respectively. Catalytic action of traces of Mn was observed. This catalytic action
was enhanced in the presence of NTA (nitrilotriacetic acid) and various
phenanthrolines. This catalytic / activation effect was observed on the reaction of periodate with 14 different a-amino-alcohols.
Carbohydrates. A comparative study on the reaction rate of periodate with various carbohydrates was performed over the pH range 3.5 - 7.5, at
25°C [34], using a Table 1 - type I electrode. In all cases a significant
increase of the reaction rate was observed by increasing pH. A reaction
rate law described by an equation similar to Eq. 12 was generally observed. The easily "determined relative reaction rate (on molar basis, taking
that of glucose, equal to 1, at pH 4.5) can be used as a characteristic constant for each carbohydrate ("periodate index"). The following values of
periodate index were determined:
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Ribose
Mannose
Fructose
Sorbose
Xylose

21.8
5.98
4.84
2.58
2.40

±
±
±
±
±

0.5
0.08
0.10
0.06
0.03

Galactose
Glucose
Lactose
Sucrose

2.03 ± 0.03
1
0.66 ± 0.01
~0.1

The reactivity of a glucose solution towards periodate, in terms of
AE/At (slope of the potential recordings), decreased during the aging of
the solution. This was attributed to the difference of the reactivity of the
α and β anomeric forms of glucose (α-form reacts much faster than βform). This hypothesis was confirmed by the' fact that plots of ΔΕ/At and
of optical rotation of glucose solution versus the age of the glucose solution were exhibiting a striking similarity.
Tartaric acid. The reaction of tartaric acid with periodate was studied over the pH range 3 - 8 and temperature range 14 - 23°C using Table 1 type II electrode [21]. The reaction rate showed an unusual dependence
on pH, displaying two reaction rate maxima at pH 3.8-4.2 and 7.0-7.5 (increasing ionic strength slightly shifts the two maxima towards higher pH
values). This behaviour was attributed to the fact that periodate reacts at
different rates with each of the three tartaric acid species (H 2 Tar, HTar",
Tar 2 ") and the observed overall kinetic constant is actually the weighted
reaction rate constant. An interestingly low activation energy was calculated (5.9 ± 0.3 kcal mo! -1 ). These findings were in good agreement with
those previously reported in the literature, obtained by sampling techniques.
Acid hydrolysis of sucrose and lactose. The acid hydrolysis of these two disaccharides was studied by monitoring the reaction rate of periodate with quenched aliquots of the hydrolysate, using Table 1 - type II electrode [35]. The reactivity of the hydrolysate towards periodate increased
during hydrolysis because of the gradual formation of the constituent
monosaccharides, which react much faster than the parent disaccharide.
Hydrolysis of sucrose and lactose was studied over the temperature ranges
45-55°C and 65-75°C, respectively, in the presence of 0.1-1.0 Μ H 2 S0 4 .
Sucrose was hydrolysed much faster than lactose and the following equations were formulated expressing the hydrolysis reaction rates as function of
H 2 S 0 4 concentration (in M) and temperature θ (in °C):
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Κ sucrose (min"1) = 2.79xlO 15 C H2SO4 exp[-12O35/(0+273.15)]

(13)

^lactose ( m i n _ 1 ) = 3 · 0 5 * 10 12 C H2SO4 exp[-11843/(0+ 273.15)]

(14)

Kinetic methods of analysis (determination of reactants)

In all cases the reaction of periodate with the analyte is monitored
with a periodate electrode. The consumption of periodate is manifested by
an increase of the electrode potential. The analytical parameter is either
the slope AE/At, which is proportional to the analyte concentration (Eq.
11), or the potential increase ΔΕ within a fixed period of time. Generally,
the analyte must be in excess over periodate; if this prerequisite is not
fulfilled the initial slope of the potential recording is used as the analytical
signal.
vic-Glycols. Ethylene, propylene and butylene glycols were determined by monitoring their reaction with periodate. Initial concentrations:
NaI0 4 1.8 χ 10"4 M, pH 4.0 (acetate buffer), glycols: 1.4 χ 10"3-7.0 χ 10~3 M,
pH: 4.0 (acetate buffer), temperature 35 °C. The time (At) required for
the potential of the periodate electrode (Table 1 - type I) to increase by
25 mV was measured automatically. Under the measurement conditions,
the reciprocals of measurement times (l/At) were proportional to the glycols concentration. Average errors were about 0.7% and measurement times were 15 to 150 s [18].
Glucose. The type of electrode and kinetic technique used were the
same as above . Initial concentrations: NaI0 4 2.4 χ 10"4 M, glucose 0.00160.012 M, pH 4.5 (acetate buffer), temperature 25°C. Glucose amounts in the
range 7-54 mg were determined with an average error of 0.84% [34].
Glycerol. Using a Table 1 - type II electrode glycerol was determined
kinetically [20]. Initial concentrations: NaI0 4 1.85 χ 10~4 M, glycerol
2.1 χ 10"5-8.9 χ 10"4 M, pH 4.5 (acetate buffer), temperature 25°C. The slopes of the potential recordings were measured automatically or graphically. The average error was 1.2-1.5%. The method was applied to the determination of glycerol in plain soaps (glycerol: 0.14-0.80%) and glycerol
enriched soaps (glycerol: 5.5-8.6%). The anions of fatty acids, which interfere seriously with the periodate electrode, were removed by extraction
with a trioctylmethylammonium chloride solution in dichloromethane. The
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results were in good agreement with those obtained with a standard iodometric procedure.
Tartaric acid. Using a Table 1 - type II electrode tartaric acid was
determined kinetically by graphical measuring of the initial slopes
(AE/At) 0 [21]. Initial concentrations: N a l 0 4 1.85 χ ΙΟ""4 Μ, tartaric acid
1.5 χ 10"5-4.4 χ 10~3 M, pH 6.4 (phosphate buffer), temperature 25°C. 0.4120 (imol of tartaric acid were determined with an average error of about
2%. The method was applied to the determination of tartaric acid in pharmaceuticals and of small amounts (0.1-1.0%) of tartaric acid in impure
citric acid.
α-Hydroxyacids. Whereas α-hydroxyacids do not react with periodate
in dilute solutions and room temperature, this reaction was found to be
promoted by traces of Fe(II) and induced by the presence of hexacyanoferrate(II). Two procedures were developed based on these effects, using
the Table 1 - type Π electrode for monitoring the consumption of periodate during the reactions [36],
1st procedure, initial concentrations: N a I 0 4 1.9 χ 10"4 M, a-hydroxyacids 7.7X10" 5 -3.8X10" 4 M, pH 5.0 (acetate buffer), temperature 25°C.
The reaction was started by injecting Fe(II) solution to a final concentration of 3.8 χ 10"6 M. The recordings appeared as onset potential jumps.
The measured parameter is the potential increase Δ Ε within 90 s.
2nd procedure, initial concentrations: N a I 0 4 1.5 χ 10~4, α-hydroxyacids
2.5 χ 10~4-2.0 χ 10~3 M, pH and temperature as in Procedure 1. The reaction was started by injecting K 4 [Fe(CN) 6 ] solution to a final concentration
of 1.25 χ 10"4 M. The recordings had the normal form of potential ramps.
The measured parameter was the reciprocal time l/At, where At is the
time required for the electrode potential to increase by 2.5 mV, from (E 0
+ 1.5) mV to (E 0 + 4.0) mV (E 0 : the potential before the injection of the
hexacyanoferrate(II)) solution. 2-40 μηιοί of α-hydroxyacids (glycolic,
lactic, α-hydroxyisobutyric, mandelic, malic and citric acid) were determined with an average error of about 2-3%.
Sucrose. The kinetic determination of sucrose in the presence of
other carbohydrates (maltose, lactose) was based on measuring the sample
reactivity towards periodate before and after an acid hydrolysis of the
sample^nder conditions (30 min, at 55° C and 0.10 Μ H 2 S0 4 ) ensuring a
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constant percentage of sucrose hydrolysis and not affecting the background
reactivity [35]. A periodate electrode Π (Table 1) was used. The measured
parameter (P) was the difference of reactivities (P = (AE/At) t (AE/At) 0 , where t is the constant hydrolysis time). The average error of
determination of sucrose in samples containing 0.01-0.10 Μ sucrose and
0.10 - 0.40 Μ lactose or maltose was 1.3-1.4%. The method was applied to
the determination of sucrose in concentrated milk, ice creams, yogurt and
soft drinks with results comparable to those obtained by a standard method.
6.

Kinetic methods of analysis (determination of catalysts - enzymes)

Many periodate reactions with aromatic compounds are catalysed by
traces of certain transition metals. Very sensitive kinetic methods for the
determination of these metals have been developed in the past based on
this catalytic effect. The reactions were monitored photometrically by
following the absorbance changes due to the oxidation of the coloured
organic compound or the formation of a coloured product. By using periodate selective electrodes, periodate reactions, not necessarily involving
coloured reactants or products, could be efficiently monitored. Using this
technique, several new periodate reactions catalysed by traces of various
metals were discovered.
Manganese(II). The reaction of periodate with triethanolamine was
found to be catalysed by traces of Mn, whose catalytic action was greatly
enhanced by the presence of trinitrilotriacetic acid (NTA) [33]. Initial
concentrations: NaI0 4 2.25 χ 10~4 M, triethanolamine 0.0225 M, NTA
3.0 xlO" 3 M, Mn(II) 0.01-1 mgL"1, pH 6.8 (phosphate buffer), temperature 25°C. The measured parameter was the time interval At required for
the potential of the periodate electrode (Table 1 - type I) to increase by
25 mV (measured automatically). Under the measurement conditions, the
values l/At were linearly related to manganese concentration. Average
error: 1.4%. The method was successfully applied in the determination of
manganese in nonferrous alloys.
A similar catalytic effect of manganese, but more intense, was noticed
in the reaction of periodate with acetylacetone [37] The same electrode
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and measuring system was used. Initial concentrations: NaI0 4 7.0 χ 10"4 M,
acetylacetone 0.030 M, Mn(II): 2-12 ngL" 1 , pH: 6.6 (phosphate buffer).
Average error: 2-4%
Chromium(III), osmium(VIII). The reaction between periodate and
arsenite was found to be strongly promoted by traces of Cr(III). Probably,
during the oxidation of Cr(III) to Cr(VI), chromium species of intermediate oxidation state are formed which are catalytically active. The role of
Cr(III) may be considered as that of promoter rather than catalyst, since
the catalytically active species slowly disappear from the reaction cycle
finally oxidized to Cr(VI) species, which are catalytically inactive [38]. A
table 1 - type I periodate electrode was used. Initial concentrations: NaI0 4
6.0 χ ΙΟ"4 M, NaAs0 2 5.0 χ 10~3 M, Cr(III) 5-25 ngL" 1 , pH 6.6 (phosphate
buffer), temperature 28°C. The measured parameter was the potential
increase (ΔΕ) 60 s after the injection of Cr(III) solution. Average error:
3.3%.
The same reaction was recently studied further [39] and the possibility of simultaneous kinetic determination of Cr(III) and Os(VIII) was
demonstrated. A table 1 - type I periodate electrode was used in this
study. Principal component regression (PCR) was used to resolve the so
called "rate spectra" of the catalysed reaction by both catalysts. Mixtures
(2.49-7.88) χ ΙΟ"8 Μ in Cr(III) and (1.85-5.52) χ ΙΟ"9 Μ in Os(VIII) were
determined with average errors of about 8%.
Iron(II). The promoting effect of Fe(II) on the reaction between
periodates and α-hydroxyacids, described previously, was used for the
development of a sensitive catalytic method for the determination of
Fe(II) [36].A table 1 - type II electrode was used. Initial concentrations:
NaI0 4 1.67 χ 10"4 M, malic acid 1.1 χ 10"3 M, Fe(II) 0.2 χ 10"6-1.4 χ 10"6 M,
pH 5.0 (acetate buffer), temperature 25°C. The measured parameter was
the potential increase (ΔΕ) after the injection of the Fe(II) sample solution. Average error: 1.4%.
A very sensitive determination of iron in tap-water, based on the
induction effect of Fe(II) on the reaction between periodate and citrate,
has been reported [40], All the iron of the sample was reduced to Fe(II)
with Zn and the sample pH was adjusted to 3 and diluted with 0.1 mM
H,SO d . Portions of this solution were treated with 25 mL of NaIO d
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2.5 xlO" 5 Μ and 5 mL of 0.15 Μ citrate pH 3.2 buffer and the reaction
was monitored with a PVC-membrane periodate electrode (Table 1 - type
IV). Samples containing Fe(II) in the range 2.5 χ 10~10-1 χ 10~6 Μ were
determined with average errors in the range 0.2-4.1%.
Alkaline phosphatase (ALP). ALP catalyses the hydrolysis of ß-glycerophosphate. The released glycerol is measured kinetically as it was
described previously [20]. The 0.45 mL sample (serum) is mixed with 0.55
mL of a composite reagent containing 0.25 g ß-glycerophosphate at pH
10.8 (diethylbarbiturate buffer) and incubated at 37°C for 90 min. A 0.75
mL-aliquot of the incubated sample is mixed with 12.0 mL of NaI0 4
2.0 χ 10~4, pH 4.5 (acetate buffer) at 25°C. The measured parameter is the
slope ΔΕ/At which must be corrected for the blank (non-incubated sub/

strate reaction). The results obtained with serum samples were in good
correlation (r = 0.991) with those obtained with a standard method for
measuring ALP activity.
7.

Equilibrium techniques

Although periodate-selective electrodes are most suitable for kinetic
measurements, they have also been used for analytical measurements in
equilibrium techniques.
Direct potentiometry. The indirect determination of certain organic
compounds can be accomplished by direct Potentiometrie measurements
of periodate. A known excess of periodate is mixed with the unknown
amount of the analyte (e.g. ethylene glycol). After the completion of the
reaction the unreacted periodate is measured by direct potentiometry. A
prerequisite for such measurements is a well defined stoichiometry of the
reaction, which is true with most Malaprade reactions.
This technique was used by the authors to determine ethylene glycol
amounts in the range 6-9 mg, using a Table 1 - type I periodate electrode,
with an average error of 0.3% [18].
Hassan and Elsaied, using a Table 1 - type VII electrode, have determined some α-diols, reducing carbohydrates and hydrazines at concentrations of 0.05-2.5 mgmL" 1 in 1.00 mL samples, with an average recovery of
98.2% and a mean RSD (relative standard deviation) of 1.7% [27] The
reactions took place under conditions ensuring the following stoichiome-
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try, in terms of (moles IO4) / (moles analyte): glucose: 5; sorbose, rhamnose, fructose: 4; hydrazines (hydrazine.HCl, hydrazine.H 2 S0 4 , phenylhydrazine.HCl, p-nitro and 2,4-dinitrophenylhydrazine), glycerol: 2; tartrate
and ethylene glycol: 1. Disaccharides (sucrose, lactose and maltose) could
not be determined because of their slow and incomplete reaction with periodate.
Potentiometrie titrations. Periodate selective electrodes have been
used as indicator electrodes for the direct titration of various periodatereacting compounds with standard periodate solution. Kudoh et al., using
a Table 1 - type ΕΠ electrode, have directly titrated ethylene glycol, propylene glycol, 2,3-butanediol and ethanolamine [22]. Since the titration reaction is slow, stable potential indications could only be obtained 5 min
after the addition of each titrant dose, hence the titration takes place
manually and point-by-point. The end-point is noted as a sharp decrease
of the electrode potential. After the end-point the potential is stabilized
within 30 s after the addition of the titrant. Analytical results were as precise as those obtained with the standard iodometric procedure.
The authors of this paper have used a microcomputer-controlled titrator to perform similar titrations automatically [41]. The end-point is
detected automatically by monitoring the rate of potential change (due to
the reaction) of the periodate electrode (Table 1 - type I) after each
titrant (NaI0 4 solution) increment. The point at which a rate less than
0.1% of that measured after the initial titrant addition is observed is
taken as the equivalent one ("kinetic end-point detection"). Since there is
always a constant excess of periodate and the size of each titrant dose is
proportional to the rate of the potential change, only 5-10 titrant additions are required, the titration process is significantly accelerated (5-10
min/titration) and end-point overshooting is avoided. tfthyl ene glycol and
propylene glycol (0.05 - 0.3 mmol), glycerol (0.06 - 0.17 mmol) and mannitol
(0.01-0.03 mmol) were determined with average errors of only 0.1-0.3%.
Catalytic titrations. In catalytic titrations the end-point is detected
by monitoring an indicator reaction which is catalysed by the first excess
of the titrant. The main advantage of catalytic titrations is that they can be
carried out using unusually low concentrations of the titrant, hence very
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small amounts of analytes can be determined titrimetrically. Catalytic
titrations have been reviewed by one of the authors of this paper [42].
Amounts of EDTA in the 0.06 - 7.4 mg range (7.5 χ 10"6 -10" 3 M) were
titrated with a standard Mn(II) solution (in the concentration range
2 χ 10"6 - 6 χ 10~3 M) with an accuracy and precision of 1 - 2%. The reaction
between 7V,iV-diethylaniline and periodate, which is strongly catalysed by
traces of Mn(II), served as indicator reaction. The complexation of Mn(II)
by EDTA proceeds very fast even at dilute solutions and the complex
Mn(II)-EDTA exhibits a very weak catalytic effect on the indicator reaction. The indicator reaction is monitored using a Table 1 - type I electrode [43]. Using the same indicator reaction and end-point monitoring
system, amounts of Cu, Zn, Hg(II) and Pb in the range 0.01-7 μιτιοί were
determined by adding a known amount of EDTA in excess and bapktitrating the unreacted EDTA with Mn(II) with the same accuracy and precision
as before.
Abramovic and Gaäl used the same periodate electrode and the reaction between triethanolamine and periodate as indicator reaction for the
titration of small amounts of EDTA and other chelants with standard
Mn(II) solution [44] 0.17-18 mg of EDTA, 0.15-16 mg of DCTA and
0.18-19 mg of DTPA were determined with an RSD less than 1%. These
researchers made a study of the kinetics involved during the titration,
taking into consideration the response of the periodate electrode and kinetic data given in [33]. They were able to obtain a mathematical expression of the titration curves (simulated curves). The simulated curves were
similar to the experimental curves after appropriate readjustment of the
rate constant of the catalysed reaction.

8.

Flow methods

Flow-through periodate electrodes have been used in conjunction with
segmented or continuous flow analyzers for the determination of various
organic compounds reacting with periodate.
Diamandis et al. used a periodate flow-through electrode (Table 1 type V) for the" automated determination of ethylene glycol in anti-freeze
solutions [25]. The electrode body used was designed for universal use as
a liquid-membrane type flow-through electrode by being loaded with any
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type of liquid ion-exchanger [45]. This electrode was used in conjunction
with the Technicon Auto-Analyzer II system. The samples were diluted
with water (1:500) and mixed with phosphate buffer (pH 7) and a N a I 0 4
solution (in excess). By appropriate adjustment of the concentrations, dilution factors, flow-rates and the reaction time, the recorder potential peaks
due to the consumption of periodate were linearly related to the ethylene
glycol concentration over the range 0.003 - 0.030 Μ (sample size: 0.4 mL).
30 samples/hour could be measured with an RSD of 0.7-0.8% and an average error of 1.9%.
The same electrode and analyzer were used for the determination of
reducing sugars and sucrose in natural and industrial products [46]. The
samples, after appropriate dilution (final carbohydrate concentration range: 3 -18 mM), are mixed with N a I 0 4 solution at p H 6.4 (phosphate buffer). The measured potential peaks are logarithmically related to the
carbohydrate concentration. Sucrose could be determined after acidic
hydrolysis. By measurements of samples before and after hydrolysis, the
sucrose concentration could be easily calculated from the differences of
the obtained peaks. 30 saftiples/hour could be measured with an average
error and relative standard deviation of 1 - 3 % .
The same system was used for the determination of reducing sugars
in serum. 30 samples/hour could be measured (sample size: 0.16 mL) with
relative standard deviation of 1 - 2 % . Comparison studies with an enzymatic method showed an acceptable agreement and correlation [47].
Montenegro et al. used a tubular PVC periodate electrode (Table 1 type X) for the determination of glycerol with a flow-injection system. 40
samples/hour (concentration range: 1 - 5 mgmL" 1 ) could be measured with
an RSD of 0.5%. The potential peaks were almost linearly related to glycerol concentration as a consequence of combined effects of reaction
kinetics and electrode Nernstian response [30],
Neto et al. have used a tubular PVC periodate electrode (Table 1 type XI) as a relocatable detector in a flow-injection analysis system,
allowing thus a multi-site detection of periodate concentration [31]. Using
a commutator type tube switching device, two almost identical flow systems were sharing the same detector. The system was used for the determination of glycerol in soaps and detergents. After the peak potential
development the detector was displaced to the other analytical channel,
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where the new measurement takes place, whereas the previous channel
was washed. This increased the sampling rate by 85%. The same system
was used for the determination of sucrose in sugar-cane juice and syrups
by monitoring sample zones prior to and after in-line acidic hydrolysis,
allowing thus a correction for compounds reacting with periodate prior to
the hydrolysis step. 50 measurements/hour (hence 25 samples/hour) could
be made with an RSD less than 2%.
9.
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