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ABSTRACT 

The program's principal objective was to identify anode depolarizers 

derivable from biomass sources capable of reducing the overall cell voltage 

for electrolytic processes, in particular hydrogen generation, by replacing 

the oxygen evolution reaction by the thermodynamically more fav~rable electro­

oxidation of biomass materials. A second objective was to identify the anodic 

reactions of the biomass materials. Two beneficial outcomes of the biomass 

electrooxidation were envisioned: 1) the synthesis of a desirable organic 

chemical from a biomass feedstock and 2) the complete electrooxidation of the 

biomass to co2, which could be used as a method of removal of unwanted or 

waste biomass from water. These beneficial anodic reactions would, of course, 

occur along with a desirable cathodic reaction such as hydrogen generation. 

The biomass-derivable materials selected for investigation were chosen 

from the two most abundant biomass materials groups, carbohydrates and 

lignins. In particular, glucose, its derivatives, and its polymers were 

considered to be representative of the carbohydrate group and were explored. 

Lignins selected were those derived from the two principal pulping processes, 

sulfite and kraft. 

These materials were surveyed for electrooxidative activity under varying 

experimental conditions of electrolyte (pH), anode material, and temperature. 

This variation in experimental conditions resulted in a great diversity of 

electrochemical behavior for biomass materials selected and made generali­

zations difficult. However, all the biomass materials examined showed some 

anodic activity under some set of experimental conditions at potentials prior 

to oxygen evolution. In fact, only very few conditions showed no activity at 

all. The electrooxidations were always irreversible. Several reactions were 

often detected under a given set of conditions; these reactions occurred at 

potentials ranging from +200 to +1200 mV versus RHE and exhibited current 

densities from a few microamperes to hundreds of milliamperes per square 

centimeter. Alkaline electrolytes showed the greatest electrochemical 

activity, followed by acid, and then neutral. Anode material had the greatest 

effect on the biomass electrochemical activity, indicating the catalytic 

nature of the reactions. 

The largest current densities for carbohydrate electrooxidation were 

obtained with palladium, nickel, and lead ruthenate anodes, on the order of 
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200 mA/cm2 , which makes them likely candiates for depolarizing anode 

materials. The_sh.ort-term data suggest that cells generating hydrogen, which 

were carbohydrate or:lignin depo~a~ized, could operate in the range of 600 to 

1100 mV •. . . •' 

Reaction product ~analysis· of glucose electrooxidation was carried out on.· 

plad:ritim only 'and 'was fourid' to' be highly nonspecific. Electrooxidation of 

carbohydrates to carbon dioxide appeared possible on platinum and lead 

ruthenate 'anodes. ' '( ·0 " ' 

'ih~ program cle~rly fdentified experimental conditions· at which electr~-
. t··. ' ...... I" 

chemical oxidation o~curred 'for both carbohydrates and lign:i.ns at potentials 

. more' ~e~ative than ~·~ygen evolutio'n. 
. 

This demonstrated that the biomass 
~·_; r • • ;;:. ~- • • • 

materiais can depoiarize the oxygen anode to some extent, but preiiminary· 

continuous electrooxidation 'experiments revealed continuously declining 

currents indicative 'of· electrode passivation·. Further work required includes 

the identi'ficatiori~ of· reac'tion products, effects of concentration, and the 

sustairiability' of· acceptable current· densities over time.· ·In addition, 

further·wo~k'on ·the· identification of· suitable anode materials or 

electrocatalysts for biomass and organic electrooxidation is desirable'because·• 

sigp.ififan.t imp.:rovemef!.tS 1 in oxidation potentials and currents may be expected • 

.. . 
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INTRODUCTION 

This program was directed at the investigation of the anodic reactions of 

materials originating from biomass sources. Several purposes for such an 

investigation can be enumerated. The primary emphasis was on the identifica­

tion of depolarizing agents derivable from biomass sources whose electro­

chemical oxidation occurs at potentials more negative than oxygen evolution. 

In this manner, the substitution of the biomass electrooxidation for the 

oxygen evolution reaction in those electrolyses in which it is the anodic 

reaction will lead to a reduction in cell voltage and, thereby, lower power 

consumption. The cathodic reaction of greatest interest here, and whose over­

all power requirements are to be reduced by depolarization of the anode, was 

electrochemical H2 generation, but other desirable reductions carried out in 

aqueous electrolytes such as metal electrowinning could also be considered. 

The incentive behind the use of a depolarizing agent can be readily 

appreciated by analyzing the components contributing to the total cell poten­

tial for an electrolysis: 
0 

E = E cell 
(1) 

where-

thermodynamic reversible potential 

nA = anodic overpotential 

nc = cathodic overpotential 

niR ohmic overpotential 

E0 is the minimum cell potential required for the electrolysis and is entirely 

fixed by the overall reaction of interest. The ohmic overpotential will be 

present in any cell, but it is subject to minimization by proper cell 

design. The anodic and cathodic overpotentials are a function of the kinetics 

for the particular cathodic and anodic reactions and are subject to manipula­

tion only through the difficult task of identifying suitable electrocatalysts 

which can lower the activation energy for reaction. 

In the case of conventional water electrolysis great effort has been 

expended on the reduction of the overpotentials, particularly at the anode. 

Although progress has been made in identifying electrocatalysts to reduce the 

overpotentials, they still account for an appreciable fraction of the total 
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cell potential. Typically they account for 0.4 to 0.6 V out of a total cell 

potential of 1.8 to 2.0 V at acceptable reaction rates. The largest component 

of the total cell potential in conventional water electrolyses is E0
, which 

under standard conditions amounts to 1.23 V. As noted earlier, no reduction 

in this value is possible for the particular overall reaction considered. Any 

large reduction in cell potential will by necessity require a change in the· 

overall reaction, which is capable of reducing E0
• For a fixed, desirable 

cathodic reaction like H2 generation, this means a change in the anodic 'reac­

tion or depolarization of the anode. 

Anode depolarization reactions that have drawn recent attention are giv:en 

in Table .1. In each case the E0 obtained using one of the. depolar,izing half 

reactions is reduced by greater tha~ 1.0 V with the oxidation of hexoses, such 

as glucose, yielding the most favorable value. One view of .the depolarizer is 

that its oxidation provides energy for splitting the water molecule, thereby 

resulting in attractively small E0 values. The depolarizer should meet the 

following criteria: 1) abundant, 2) low cost, which is usually associated 

with abundance, 3) fuel-like in character, which yields favorable thermo­

dynamics via its oxidation, and 4) rapid electrode kinetics, which is of 

course desirable for any electrochemical reaction. The biomass-derivable 

materials under consideration here are believed to meet criteria 1 through 3 

while virtually nothing was previously known about the fourth. This general 

group of materials has the additional advantage of originating from nonfossil 

fuel, renewable sources which are often found as wastes. 

Although substantial reduction in cell potential for cathodic reactions 

of interest, such as _H 2 generation, is in itself valuable, the existence of a 
• I 

compiementary anode reaction carrying out something beneficial would be very 

advantageous and perhaps even necessary for the overall success of this type 

of electrolysis process. Possible beneficial anode reactions envisioned are 

the removal of unwanted biomass-derived materials from aqueous waste streams 

b~ complet~ elec~rooxidations to co2 or the electro-synthesis of desirable 

organic chemicals from these materials. In recognition of this fact, the 

identification of the reaction products generated by electrooxidation of the 

biomass-derivable materials was an important second purpose of the program. 

Data gathered during the course of the program also provided general 

scientific information on the electrochemical oxidation of the organic 
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Table 1. ANODE DEPOLARIZING REACTIONS AND THEIR E0 's 

Anodic Half Reactions 

C(s)a + 2H20(1) + co2(g) + 4H+(aq) + 4e-
so 

so2(g) + 2H2o(1) + so4
2-(aq) + 4H+ (aq) + 

C6H12o6(s)b + 6H20(1) + 6Co2(g) + 2rH+(aq) 

2H2o(1) + o2(g) + 4H+(aq) + 4e-

a. Carbon or coal. 

b. Hexose sugars. 

Eo, vc,d 

-0.21 

2e- -0.14 

+ 24e- +0.01 

-1.23 

c. Calculated by coupling the anodic half rreaction given. 
With the cathodic half reaction, 2H+ + 2e- + H2• 

References 

1-6 

7,8 

9, this work 
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d. A positive sign denote~ a spontaneous reaction whereas a negative sign is 
not. 

materials available in biomass which could have application in other areas. 

For example, electrochemical sensors for biomass materials (such as glucose) 

and fuel cells operating by oxidation of biomass molecules are of interest in 

medicine. Thus, a third and indirect purpose was the generation of useful 

scientific knowledge on organic electrochemistry -- particularly of those 

organic materials which can be derived from a biomass source. 

The program was organized along the following lines. The first task was 

to identify and acquire those chemicals for experimentation which have been 

loosely referred to as biomass-derivable materials in. the earlier text. As 

the second task, those chemicals selected in Task 1 were surveyed by appro­

priate potential sweep methods for identification of any anodic electro­

chemical reactivity under experimental conditions of variable anode material, 

electrolyte composition, and temperature. Those promising materials and 

experimental conditions identified in Task 2 were investigated further in 

Task 3 by conducting actual bulk electrolyses. These electrolyses allowed 

identification of reaction products and any difficulties associated with 

decline in electrode performance. In the event that a potentially attractive 

electrolysis reaction was identified in the prior task work, methods of 

product isolation and their economic viability were to be addressed in Tasks 4 

and 5, respectively. 

3 
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TASK 1. SELECTION OF DEPOLARIZATION AGENTS 

The biomass-derivable materials consideretl he.re to be of greatest 

interest are those which are the most abundant or available as waste 

materials. These two groups are most often the same because wastes originate 

from abundant materials in most instances. On the basis of organic carbon, 

nearly all plant biomass can be found in two general material groups, carbohy­

drates and lignins. Consequently, these materials and substances derivable 

from them were selected for investigation as possible anode depolarizers. 

Carbohydrates constitute the largest segment of biomass and exhibit well­

defined, simple chemical structures consisting of single monossaccharides 

(simple sugars), oligosaccharides, and their polymers, polysaccharides. 10- 13 

By far the most prevalent carbohydrate found in nature is the polysaccharide, 

cellulose. It is built up of the single, simple monosaccharide, glucose, 

which may be obtained by chemical or biological degradation of cellulose. 14 

The other major constituent of naturally occurring carbohydrates is hemi­

cellulose. Like cellulose, hemicellulose is a polymer constructed from simple 

monosaccharides linked together. However, more than one type of monosac­

charide is found in the hemicellulose structure. In addition to glucose, the 

other hexoses (galactose, mannose) and pentoses (xylose, arbinose) are 

prevalent. 15- 17 ~, 

Because monosaccharides are the principal and simplest molecular units of 

the carbohydrate group, they were selected for initial investigation as anode 

depolarizers. Also, from an electrochemical point of view, the mono­

saccharides would be preferred over the polysaccharides on a steric and 

solubility basis. Another reason for the selection of monosaccharides was 

that prior literature reports of electrochemical oxidation of glucose and 

other monosaccharides existed. 18- 22 This literature is, in general, rather 

old and the data gathered have not been concerned with the dependency of anode 

potential on the particular electrooxidation occurring, largely because 

experiments were conducted using constant current rather than controlled 

potential. Of course, the knowledge of potential is critical for the 

depolarizing questions. This lack of attention to potential is a serious 

defect in the organic electrochemical literature with either anode potentials 

not being reported at all or very large potentials, e.g. 50 V, being applied 

in order to maintain the desired reaction rate (current). In addition, this 
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prior work provided little information on the role either of anode material or 

electrolyte composition on the electrochemical oxidation of the monosac­

charide, and actual product analysis was minimal. 
1 

Emphasis was placed on the electrooxidation of glucose for several 

reasons. First, it is the most abundant monosacchari-de. Second, because of: 

the common structural elements among monosaccharides ~nd oligosacharides, 

glucose may ··be expected to act as a prototype for this group of compounds. 

Figure 1 gives the open-chain ·structures .of the hexoses, glucose and mannose,· 

and the pentose, xylose, which illustrate the dominant alcoholic nature of 
. . ·' .. _•, . ' .. . ' . ; 

their functionality and the structural ~imilaritY: among mono~accharides .• 

Aft~r base data on the electrochemical oxidation of ,gluc_ose have been 

collected, differences in the electrooxidation properties among the soluble 

carbohydrates will be of great interest. 
' ' ., 

Third, prior literature demonstratedthat, at least under some circum,­

stances, some electrochemical oxidation of glucose was possible. This litera­

ture may be divided into two chronological periods. The early, period, prior . 

to 1945, is almost exclusively devoted to the oxidation of glucose to 
. ' . 

. gluconate, and an industrial process for the production of calcium gluconate . 

wa~ actually a~opte<! for.awhile. 23 , 24 In this ea~ly work glucose was not 

electrochemically oxidized directly, but was oxidized indirectly by hypo,.. 

bromite ions produced electrochemically from bromide ions present in catalytic 

amounts. Here the elect'rochemical reaction is essentially bromide oxidation, 

and no information on direct glucose-oxidation is available. It does, 

however, offer another avenue of'approach to the oxidation of glucose via an 

electrochemically reactive redox couple; no effort was expended 01i this 

approach, however·. 

Interest in the oxidation of glucose and other carbohydrates that be~an. 

in the late 1960's has been associated with medical applications, which 

include the.development of an in-situ fuel cell that uses glucose as the fuel 

for pacem~kers and a glucose se~sor for diabetic applicati~ns. 25-~0 Becaus~ 
of their intended medical applicat~ons, most of these studies were experimen­

tally very restricted in terms <:>f electrolyte and anode material. Platinum 

was nearly always the. anode material, and a near-ne~tral physiological buffer 
. . 

was the electrolyte. This limited the scope of these studies because the 

chemical entities and reactivity of glucose solutions depend on the components 
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Figure 1. OPEN-CHAIN STRUCTURES OF THREE NONOSACCHARIDES 
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of the solution, or in this case the electrolyte.41- 43 Although considerable 

data were available on the electrochemical oxidation of glucose under physio­

logical conditions, this data had only limited application to the work pre­

sented here. In addition, results obtained from the literature were not 

entirely consistent, and possible reasons for this will be discussed in 

Task 2. 

Prior experimentation at IGT conducted before the beginning of this 

program was in the area of glucose electrooxidation9 and a fourth, more 

practical reason to pursue glucose was to allow continuity with this previous 

effort. For these reasons, the majority of the work performed in the program 

was directed at the investigation of glucose electrooxidation under a variety 

of experimental conditions to be discussed in the tasks that follow. 

Derivatives of glucose that are related by oxidatio.n ot reduction were 

also selected for investigation, and these included gluconic acid, glucaric 

(saccharic) aci'd, and gluci tol as shown in Figur·e 2. These glucose 

derivatives were of interest because the partially oxidized derivatives are 

also found in biomass sources,44 · particularly processed·or waste biomass, and 

their investigation yields valuable information on the continued oxidation of 

glucose.; 

The heterogeneous carbohydrate substance, dextrin, was also chosen for 

study. Dextrin is a mixture of glucose monomers and soluble glucose polymeric 

.units produced by the hydrolysis of starch and, as such, was considered to be 

representative of a more realistic sample in which the soluble carbohydrates 

are derived· from hydrolysis of an insoluble glucose polymer. 

The other major biomass constituent of interest is lignin, which is 

chemically a much less well-defined entity in comparison to the carbo­

hydrates. Soluble lignins are a myr~ad of fragments derived from the parent 

lignin polymer via a given degradation or extraction process. 13 , 45- 49 Conse­

quently, no finite number of chemical structures can be defined for the 

lignins, and their properties are, in part, dependent on the process by which 

the lignin was prepared. Nonetheless, the polymeric units are constructed 

from phenylpropane-type units which are bonded together in a finite. number of 

ways and dominate the chemistry. 13 Figure 3 illustrates a partial structure 

proposed for softwood lignin. Lignin typically accounts for around 25i. of the 

dry weight of woody biomass and is the portion put to the least use. 
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Figure 2. GLUCOSE AND ITS DERIVATIVES RELATED BY 
OXIDATION ~~D REDUCTION 
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Therefore identification of ways to better utilize lignins would be of great 

value. The aromatic structures contained in the lignin could potentially be a 

valuable source of this-type of compound if selected bond cleavages coulrl. be 

performed. 

Existing information on the electrochemical oxidation of lignin is even 

more meager than on the carbohydrates50- 55 and consists of some recent Russian 

reports 51- 55 and work on model compounds. 56- 60 Although this information had 

little direct applicability to the work performed here, it did show the 

possibility of lignin electrooxidation and suggested possible products. 

A selection of lignosulfonates from the sulfite pulping process were 

suggested and prov'ided by the pulp and paper industry for testing. The lignin 

materials provided were Orzan A (an ammonium lignosulfonate), Orzan S (an 

acidic sodium lignosulfonate), Orzan LS (an alkaline sodium lignosulfonate), 

and Product 1120 (a calcium lignosulfonate). 

Two types of lignin materials derived from the kraft pulping process were 

tested. One was the heterogeneous raw spent pulping liquid, the black liquor, 

and the other was kraft lignin precipitated from the black liquor by acidifi­

cation. Thus the materials derived from the two major pulping processes coulrl 

be investigated. 

In addition the lignins (conidendrins and conidendrols) were provided. 

These are dimeric phenylpropane-type units which may be useful as model com­

pounds for the lignin structures. 

Table 2 is a list of the biomass-derivable materials on which some 

experimental data were obtained. 

11 
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TASK 2. ELECTROCHEMICAL CHARACTERIZATION OF NATURAL PRODUCTS 

There is general lack of available literature on the electrochemistry of 

biomass-derived materials. Consequently, this deficiency dictated that a 

general investigation to identify experimental conditions showing electro­

oxidative activity of the biomass materials be performed as a necessary first 

step. Such an investigation was the purpose of this task and was performed 

using voltammetric procedures. In this manner, reaction conditions could be 

rapidly identified that were wort~y of further study. The major effort of the 

program was expended on this task. The variables explored for a given biomass 

materi.al were electrolyte (pH), anode material, and temperature. The 

diversity of the biomass materials' electrooxidative behavior upon changing 

these variables was found to be extraordinarily great. As the results will 

show, the variable exhibiting the greatest effect on the electrooxidations was 

the anode material. This result highlights the importance of electrocatalysis 

in the electrooxidation of biomass-derived materials. After a brief 

description of the general experimental procedures used, the voltammetric 

results and their discussion will be presented under the heading of each 

biomass material. 

General Experimental Procedures 

Cyclic voltammetry was the method most often used in surveying the 

selected biomass materials for electrooxidation under varying conditions of 

electrolyte composition, anode material, and temperature. A PAR 173 Potentia­

stat equipped with a PAR 376 Logarithmic Current Converter and potential 

control by a PAR 175 Universal Programmer provided the necessary electronics 

for recording cyclic voltammograms. Data were recorded at a scan rate of 

5 mV/s under all experimental conditions. This relatively slow rate allowed 

quasi-steady-state currents to be attained. Higher scan,rates, 100 and 

1000 mV/s, were occasionally used in attempts to' gain insight into the 

electrochemical processes, but the 5 mV/s rate proved the most informative. 

The cyclic voltammograms were always recorded over the entire potential range 

available to the electrolyte starting at the most negative potential, near H2 
evolution, and scanning to more positive potentials, near o2 evolution. The 

scan from the most negative potential to the most positive potential will be 

referred to as the forward scan, and the return from positive to negative 

potentials will be referred to as the reverse scan. In .most instances a PAR 
• 
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K0047 Corrosion Cell was employed as the electrochemical cell, and working 

electrodes·were flat plates held in.a. PAR K105 Flat Specimen Holder, which 

exposed an electrode geometric area of 1 cm2• In all electrolytes except 

strong. alkaline, .either a saturated calomel electrode (SCE)' or a 

mercury/mercurous sulfate electrode (MSE) was used as the reference. 'f.he,\lse. 

of MSE as the reference .was found to be ·necessary for recording accurate 

cyclic voltanunograms.with Pt anodes because of the interfering effect oLCl-: 

when the SCE was used.. The SCE and MSE were ~eparated. from. the. reaction ... 

solution by vycor tips. A mercury/mercuric ox:L4e .. (Hg/Hg0) electrode with an 

asbestos separator was used as the.referenc~ in strong alkaline electro-

, lytes. A graphi~e- rod separated from the electroly.te by ~ fin,e glass frit 
I 

servE!d as .the counter electrode. The electrolyte was deaerated by. purging_ 

with l,ligh-:-puri~y .N2 .Prior to recording of voltanunograms, except in those. few 

experiments in wll,ich the effect of~ o2 was investigated •. All chemicals. were 

used as received without additional purification •. In general·, electrqlytes 

were cho~en to span a range of pH .from strongly acidic to strongly al~aline 

whenever. possible. .A limited temperature survey was conducted under all .. 

conditions by recording voltammograms at ambient temperature (23° ± 3~C) and;. 

65° ± 4°C. The elevated temperature was attained by placement of the reaction 
.... . . . 

cell in a water bath regulated by an Omega Model' 4001 temperature controller.; 
. . . 

Cyclic volta~~grams recorded with metal oxide anodes at a 5 mV/s scan 
' . ' I . ' 

rate were not very informative because of the large background currents, 

typically 10 to 30 rnA. At a fixed potential these currentstwould disappear in 
. '·• 

5 to 30 secQnds, and consequently, ·information was obtained hy recording 

steady-state current potential ·(I-V) or log I-:-potenti~l (log I-V) curves. 

This was accomplished by stepping the working electrode potential at an appro­

priate rate (typically 6 steps/min with 10. m~/step) _through the desired' · . 

potential range with a Wenking SMP72·S~anning Potentiometer while recording 

either I or log I. 

In all cases, evidence of biomass electrooxidation was determined by 

compar~n~ either .cyclic.voltammograms or I-V curves in.the electrolytealone 

with those containing the electrolyte plus the.biomass 1material of interest. 

Electrooxidation·of·Glucose 

During the program a wide range of experimental conditions that employed .. 
different anode materials, temperatures, and electrolytes were surveyed for 
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glucose electrooxidation. Those anode materials investigated are listed in 

Table 3. Electrolytes were chosen to cover a range of pH from strong acid to 

strong base; a listing of the electrolytes used for the glucose study is given 

in Table 4. Over this range of pH the solution chemistry of glucose, as well 

as other monosaccharides, is quite diverse, 41- 43 and although the term glucose 

will be used throughout, it should always be recognized that this term refers 

to the collection of molecular species derivable from glucose when it is 

placed in a particular aqueous environment. For example, even in the simplest 

case when glucose is dissolved in pure water, it exists as an equilibrium mix­

ture of three forms: the a- and e-ring structures and the open-chain 

structure of D-glucose as shown in Figure 4. 43 Even though the a anrl 6 

anomers differ only by the orientation at the number one carbon, large differ­

ences have been observed in the rates of chemical oxidation of the anomers, 61 

and a report observing similar behavior during electrochemical oxidation also 

exists. 26 Thus even small changes in the molecular structure may lead to sig­

nificant reactivity changes, and detailed descriptions of the electrooxidation 

process become exceedingly difficult. 

The glucose concentration used throughout was O.SOM. The sources of the 

glucose used in the experiments were Baker anhydrous dextrose (D-glucose) and 

Sigma a-D-glucose. The vast majority of work was performed with the Baker 

glucose. Gas chromatography/mass spectrometry (GC/MS) of the trimethylsilated 

solids revealed that the two sources were essentially identical and were 

composed predominantly of the a form with a few percent 6. No other chromato­

graphically detectable signals were observed, which indicated that the sources 

were pure, at least to the 0.1% level. The concentration of glucose used in 

the voltammetric work was relatively high, O.SOM, and as will be seen, real 

current densities were often small, differing greatly from values anticipated 

on the basis of diffusion of bulk glucose. These circumstances of high con­

centration and low currents could lead to signals derived from impurities of 

the sample. To insure against such a possibility, high-purity n-glucose 

(Baker Ultrex) was acquired, and cyclic voltammograms were recorded with it 

using Pretreatment I (to be discussed) in l.OOM H2so4 and 6.1M KOH on 

platinized Pt. In the acid electrolyte, cyclic voltammograms obtained from 

the Ultrex and regular glucose were alike in every way. Cyclic voltammograms 

recorded with the Ultrex glucose in KOH exhibited the same qualitative 

features as before although with somewhat greater resolution of peaks. 

15 
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1 

2 

3 

4 

5 

6 

7 

• 
Table 3. ANODE MATERIALS INVESTIGATED FOR GLUCOSE 

ELECTROOXIDATION 

Platinum (Pt) - Shiny 

Platinized 

Palladium (Pd) 

Nickel (Ni) 

Rhodium (Rh) 

Lead (Pb) 

Vitreous Carbon 

Underpotential Deposited Ri, Tl, and Pb 

Lead Rutenate (Pb2[Ru2-:xPbx]o7_y) 

Ruthenized Titanium (RuOx/Ti) 

Table 4. COMPOSITIONS AND pH's OF ELECTROLYTES USED IN THE 
VOLTAMMETRY STUDY OF THE ELECTROOXIDATION OF GLUCOSE 

Electrolxte Com2osition 

1.00M H2so4 

O.SOM HClo4 

0.20M NaHaS04/0.80M Na2so4 

0.22M H3Po4/0.77M NaH2Po4 

O.SOM NaH2Po4/0.SOM Na2HP04 

0.30M Na2HP04/0.70M Na3Po4 

6.1M KOH 

o.o 

0.3 

1.R 

2.4 

6.6 

11.7 

14.8 

These results obtained with high-purity glucose indicate that the normal 

glucose used was electrochemically pure, and information obtained with it 

arises only from glucose electrooxidation. 

61060 

Because the solid glucose was not in the equilibrium proportions of a and 

e forms found in ftQUeous solutions, as given in Figure 4, some time is 

required for it to be attained upon dissolution, a process referred to as 

mutarotation. Mutarotation is catalyzed by acid and base and is slowest in 

neutral solutions. An effort was made to detect a time dependence associated 

with mutarotation at pH = 6.6 on platinized Pt by periodic recording of cyclic 
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voltanunograms but none was ever observed. Therefore, equilibrium mixtures of 

glucose species were 'believed to exist in all solutions except where 

specifically noted. 

As chemical degradation of the glucose may occur with time especially in 

strong acid or base,41 , 42 a limi~ed number of stability tests were 

conducted. These tests consisted of comparing cyclic voltammograms of glucose 

recorded on platinized Pt at different time intervals anrl glucose analysis by 

high-pressure liquid chromatography (HPLC). At pH= 0.0, no changes were 

obtained between a voltammogram recorded for a solution left at ambient 

temperature overnight and the original solution. HPLC results of O.SOM 

glucose solutions at this pH, which were heated at 65°C for periods from 16 to 

18 hours, showed no decline in glucose concentration-within 5 wt %, indicating 

that no bulk degradation occurred. Ambient temperature solutions always 

remained clear, although solutions heated to 65°C acquired a slight yellow 

tinge after sever.al hours. Heating a solution at SA°C for 1A hours using the 

pH = 6.6 electrolyte also resulted in a negligible change in the voltammograms 

recorded before and after this time period. 

Ambient temperature solutions of glucose prepared with the pH = 14.R 

electrolyte became yellowed immediately, and heating to 60°C turned the 

solution a dark, opaque brown. Cyclic voltammograms recorded during this 

color change significantly changed. In addition, no glucose signal was 

detected by HPLC for a pH = 14.8 sample that was heated at 65°C for 4 hours. 

These results indicate that the bulk of the glucose is stable under the 

experimental conditions ,used except when a pH = 14.8 electrolyte is heated, in 

which case complete degradation of the glucose occurs. 

Further specific discussion of the glucose electrooxirlation results will 

be organized according to anode material. 

Platinum Anode - Plat'inized 

The capability of electrooxidizing glucose on platinized Pt anodes was 

surveyed using cyclic voltammetry. Results obtained with this anode material 

were the most extensive because Pt is one of the most important· anode 

materials and because it provided a common point of interest with prior 

literature. Substantial difficulty was encountered in recording reproducible 

cyclic voltammogranis of glucose on platinized Pt, and special procedures were 
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developed during the course of the program which eventually gave good 

reproducibility. 
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Experimental. Experimentally platinized Pt anodes were prepared by 

platinizing the 1-cm2 geometric area exposed by the electrode holder in a 

standard manner as described in Reference 62. To stabilize the platinized Pt 

anodes toward area changes, they were cycled in 1.00M H2so4 between oxygen and 

hydrogen evolution until further cycling resulted in negligible area change. 

Real areas from 600 to 1200 cm2 per 1 cm2 of geometric area were obtained. 

The true electrode areas were determined at regular intervals by 

measuring the charge necessary to cathodically strip the adsorbed hydrogen 

from the electrode in an electrolyte of 1.00M H2so4 as described in 

Reference 63. The charge was determined by graphically integrating the 

current-potential curve in the hydrogen region and dividing by the scan rate, 

typically 200 mV/s. The conversion factor used to convert charge to area was 

210 ]JC/cm2•64 

Cyclic voltammograms of glucose were recorded with the platinized Pt 

anode in all the electrolytes listed in Table 4. Recording cyclic voltam­

mograms is often highly dependent on the initial condition of the electrode 

surface which is determined by the electrode pretreatment. This is particu­

larly true of electrode materials like Pt, which adsorbs molecules strongly. 

Thus, reproducible cyclic voltammograms require experimental procedures which 

yield the same starting surface for the electrode; obtaining such a surface on 

Pt with its great ability to adsorb substances is very difficult. Several 

procedures were explored, and the most frequently used are given below. 

Platinized Pt Electrode Pretreatments 

Pretreatment I 

A. External Pretreatment (performed in a cell external to the reaction cell) 

1. Electrode surface cleaning by anodic and cathodic galvanostatic 
cycling in 1.00M H2so4 

33 seconds at 300 rnA cathodic 
33 seconds at 300 rnA anodic 
33 seconds at 300 rnA cathodic 

2. Stripping of hydrogen layer 
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Potentiostatted at +300 mV versus SCE 
until I (0 .1 rnA 

B. Transfer Procedure to Reaction Cell 

1. Rinsed throug~ly in Millipore water 

2·. Inserted into reaction cell containing O.SOM glucose 
and electrolyte 

c. Internal Pretreatment (performed in reaction cell) 

1. Electrode held at open-cir.cuit potential with stirring 
for 5.0 minutes 

2. Electrode held at start potential .for 5.0 minutes and 
scan begun. 

Pretreatment II 

A. External Pretreatment - same as Pretreatment I 

B. Transfer Procedure to Reaction Cell - same as Pretreatment I 

C. Internal Pretreatment 

1. Electrode held at start potential for 10 minutes (electrode· 
.exposed to gluco~e at open circuit momentarily upon 
insertion) 

Pretreatment III 

A. External· Pretreatment - same as Pretreatment I 

B. Transfer Procedure to Reaction Cell 

1. Rinsed thoroughly in Millipore water 

2. Inserted into reaction cell containing only electrolyte 

c. Internal Treatment 

l. Electrode held at start potential for 10 minutes 

2. Cyclic voltammogram of electrolyte recorded - this 
checks the condition of the Pt surface 

3. Glucose concentrate added to electrolyte with electrode 
at start potential 

4. Electrode held at start potential for 10 minutes and scan 
begun. 
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In Step C3 of Pretreatment III, the concentrated glucose solution was 

3.00M containing the same salt concentrations as the electrolyte, and 100 mL 

of the concentrate was added to 500 mL of electrolyte from a separatory funnel 

in a period less than ZO seconds. · The pretreatments are listed in the order 

of their development. Pretreatment III was the final version which gave good 

reproducible results. 

Initially, cyclic voltammograms were recorded between potentials defined 

by the appearance of hydrogen evolution at the negative end to oxygen 

evolution at the positive end in order to cover the whole potential range 

available to the electrolyte. Most of the cyclic voltammograms were recorded 

using this potential criteria for the boundaries. However, because of concern 

for the effect that the presence of hydrogen may have on the reproducibility 

of the voltammogram, the following procedure was adopted in defining the start 

potential so that no hydrogen interference would be possible. The electrode 

was potentiostatted negatively in the electrolyte of interest, and an I-V 

curve was generated in the region where significant Hz evolution occurred. 

The initial linear portion of the curve would be extrapolated to zero current, 

and the potential would be determined. The start potential was then deter­

mined by adding +50 mV to the extrapolated value in order to insure that no Hz 

would be evolved. The potential was then swept 1.5 or 1.6 V in the positive 

direction. Those cyclic voltammograms that gave the most reproducible results 

had their scan range defined in this manner. 

Early work recorded cyclic voltammograms at scan rates of 5, 100 and 

1000 mV/s in hopes of acquiring information available from the variation of 

peak potential and current as a function of this experimental variable. 

However, the most informative voltammograms were recorded at the 5 mV/s scan 

rate. They exhibited the clearest definiton of individual peaks and also 

approximated steady-state currents more accurately. Faster scan rates 

broadened features severely and shifted potentials to more positive values, as 

expected for irreversible reactions, although lack of IR compensations may 

have been a factor in this distortion as well. At the 1000 mV/s scan rate no 

distinct features were visible at all; the voltammograms showed only gradually 

rising currents as a function of potential. Consequently, the higher scan 

rates were abandoned, and only results obtained at the 5 mV/s scan rate will 

be considered here. 
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The SCE was used as the reference electrode for most of the work, but the 

MSE was employed in order to avoid the presence of Cl- for the recording of · 

the final, best results. In strong alkaline electrolyte, 6.1M KOH, the Hg/HgO 

electrode provided the reference. 

The electrolyte was deaerated by purging with high purity N2 ~rio~ ~o 

recording cyclic voltammograms, except in those few experiments in which the 

effect of o2 was investigated. 

Results and Discussion. In aqueous electrolyte the Pt electrode is not 

inert over the potential range available, but exhibits a well-knoWI\ series of· 

surface reactions as the potential is changed. 65 ' 66 ·· The electrocatalytic pro­

perties of the different surfaces presented are often found to be distinct, · 

and it is convenient to discuss the Pt electrode results in ter~s of the 

potential regions corresponding to each particular surface. Figure 5 

illustrates. this behavior showing the division of the regions in l.OOM 

H2so4 • .The basic .. form of the cyclic voltammogram remains essentially 

unchanged.with pH except for a shifting of the potentials. Temperature also 

has little effect on the Pt surface voltammogram. The different regions cor~ 

respond to different surfaces at the Pt electrolyte interface, which often 

control the electrochemical processes. The hydrogen (H) region represents a 

surface composed of Pt metal and adsorbed hydrogen. In the double-layer (DL) 

region only the Pt metal surface is exposed. In the third region called the 

"Pt-oxide" (Pt-0), the surface consists of a platinum-oxygen complex or "pt...! 

oxide." These designations will be used in the discussion of the glucose 

electrooxidation. 

The ·cyclic voltammetric results obtained during the course of the work on 

the electrooxidation of glucose on platinized Pt demonstrated that this elec- ' 

trode is extraordinarily temperamental for this application. The unpredic­

table behavior observed is believed to result from the complex adsorption 

phenomena associated with the ads·orption of glucose and its oxidative products 

on the Pt surface. Consequently, the methods of Pt surface preparation and of 

glucose adsorption on that' surface are critical if consistent results are 

desired. 

Before considering the subtleties of the electrode pretreatment pheno­

mena, the reproducible results obtained using Pretreatment III will be 
\ 

presented in order to establish a basis for further discussion. This pre-
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treatment·procedure was found to yield highly reproducible cyclic voltam­

mograms of glucose under all experimental conditions. The high degree of 

reproducibility was attributed to precise control of the electrode starting 

condition. Standard deviations at ·ambient temperature for peak potentials 

were at most 20 mV, with 10 mV or less being typical. For peak current 

densities, standard deviations were at most 1 ~A/cm2 , with 0.50 ~A/cm2 or less 

being typical. At elevated temperatures ("'66°C) the standard-deviations were 

roughly double those calculated at ambient temperature. These values were 

within the experimental error of the measurements. 

Figures 6 through 12 show representative cyclic voltammograms of glucose 

on platinized Pt recoi-ded using Pretreatment III in all seven electrolytes 

listed in Table 4 and at the two temperatures.• The peak potentials and 

current densities based on real area for the cyclic voltarnmogiams presented in 

Figures 6 through 12 are given in Tables 5 and 6 for the two temperatures, 23° 

and 65°C, respectively~ 

General inspection of th~ cyclic voltammograms in this series shows that 

the pH, electrolyte anion, and temperature have both quantitative and qualita­

tive effects on the results. Although some changes would surely be expected 

as a function of the specified variables, the ,frequency of qualitative changes 

in the voltammogram structure is thought to be' somewhat surprising. In spite 

of the rather la~ge diversity in the results found, some common features do 

exist among all the cyclic voltammograms: 

i. The glucose electrooxidations are always found to be totally irreversible 
for the experimental time frames used. 

2. Some amount of glucose electrooxidation occurs over the entire potential 
range available to. the, electrolyt~.. (This situation is believed to 
contribute to the problem of obtainin~£ reproducible results.) 

3. Glucose electrooxidation is found to occur on the reverse potential scan 
after the Pt-0 surface has beeri reduced. 

Consider first the behavior in the H-region. At ambient temperature in 

the presence of glucose, a single anodic peak replaces the hydrogen desorption 

peaks which would be observed in the electrolyte alone, with one exception. 

The total charge passed, as indicated by the area under the peak, and the peak 

current densities are larger than the hyd~ogen desorption peaks, indicating 

that a glucose reaction is involved. The peak potentials of the glucose 
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a 

CATHODIC 

-500 0 500 

POTENTIAL vs. M.S.E. , (mV) 

b BLANK···· 

ANODIC 

~~~~~~-~-=~~~=~~~~-- ~,--­
\ , 
\ I 

CATHODIC 
,, 

-500 0 500 

POTENTIAL vs. M.S.E. , (mV) 

Figure 6. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND 
WITHOUT (Dashed Line) O.SOM GLUCOSE PRESENT. EXPERIMENTAL CONDITIONS: 

ELECTROLYTE, l~OM H2so4 (pH • 2.0); WORKING ELECTRODE, PLATINIZED Pt 
(a) 940 em AND (b) 830 em ; SCAN RATE, 5 mV/s; TEMPERATURE, 

(a) 23°C AND (b) 69°C. 
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a BLANK···· 

CATHODIC 

0 soo 

POTENTIAL vs. M.S. E., (mV) 

b BLAH!(···· 

ANODIC 

B 
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Figure. 8. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 0.50M GLUCOSE PRESENT. EXPERIMENTAL CONDITIONS: ELECTROLYTE, 

0.20M NaHS04/0.80M Na2so4 (pH = 1.8); WORKING ELECTRODE, PLATINIZED Pt 
(a) 835 cm2 AND (b) 820 cm2; SCAN RATE, 5 mV/s; TEMPERATURE, 

(a) 23°C AND (b) 66°C. 
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ANODIC 

A 8 .. . ................ :,' 
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Figure 9. COMPARi.SdN OF 'cYCLiC-~ VOLTAMMOGRAMS WITH· (SoH:-d ·Lfne) AND WITHOUT 
(Dashed Line) 0.50M · GLlJCOSE, PRESENT. EXPERIMENTAL ~CONDITIONS: ·ELECTROLYTE, 

0~22M H1Po4/0.77f ~aH2Po4'(pH =l-_·:4); WORKING ELE;CTRODE,.P;LATINIZED Pt, 
(a) 888 cin AND (b) 813 em ; SCAN RATE, 5 inV/s; TEMPERATURE, 

(a) 23°C AND (b) 65°C. 
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Figure 10. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) O.SOM GLUCOSE PRESENT. EXPERIMENTAL CONDITIONS: ELECTROLYTE, 

O.SOM Na2HP04/0.SOM NaH2Po4 (pH = 6.6); WORKING ELECTRODE, PLATINIZED Pt 
(a) 872 cm2 AND (b) 830 cm2; SCAN RATE, 5 mV/s; TEMPERATURE, 

(a) 23°C AND (b) 67°C. 
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0.30M NazHP04/0.70M Na3Po4 (pH-- 11.7); WORKING 'ELECTRODE, PLATINIZED Pt 
(a) 889 cm2 ANn (b) 813 cm2; SCAN-RATE, 5 mV/s; TEMPERATURE, · 

(a) 23°C AND (b) 64°C.· 

. 30 

INSTITUTE 0 F G A 5 T E C H'N 0 L 0 G Y 



a 
.w 

< e 30 .. 
.... 
z 
w 

"' 20 

"' ::J 
u 
..J 
..J 
w 10 u 

0 

-to 

-IS.OO 

b 
80 

~ 
.! 
... 
z ... 
"' "' .w ;:, 
v ... ... ... 
v 

0 

ANODIC 

.i 
,',' 

................ -- ....................... ·,,· 
................. ,.......... .. .... ....... 

CATHODIC 

-1000 

.. · ......................................... 

-500 

POTENTIAL vs. M.S.E .• (mV) 

BLoUIK -·--

ANODIC 

CATHODIC 

-5oo 0 500 

POTENTIAL vs Hg/HgO ,(mV) 

0 

61060 

Figure 12. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) O.SOM GLUCOSE PRESENT. EXPERIMENTAL CONDITIONS: ELECTROLYTE, 

6.1M KOH (p~ =14.8); WORKING ELECTRODE, PLATINIZED Pt (a) 889 cm2 AND 
(b) 810 em ; SCAN RATE, 5 mV/s; TEMPERATURE (a) 23°C AND (b) 68°C. 
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Table 5. ANODIC PEAK POTENTIALS AND CURRENT DENSITIES FROM THE CYCLIC 
VOLTAMMOGRAMS FOR THE ELECTROOXIDATION OF GLUCOSE ON PLATINIZED 

PLATINUM AT AMBIENT TEMPERATURE (23°,C) AND VARIARLE pH 

Peak Electrode Scan 
Designatf.on Reg ton Direction Ep,a• mV VS HSE* ip,a• 1JA/cm2** 

·'' 

pH • 0.0 (Figure 6a) -----
A H F -514 (4) 4.2 (0.~) 
B DL F +31 (3) 5.4 (0~3) 
c DL F +99 (3) 5.4 (0.3) 
D PtO F +501 (3) 17.6 (0.8) 
E DL R -226 (3) S.fi (0.4) 

pH • O.J (Ffg'!re 7a) 

A H F ~90 (3) ' 
5.5 (0.6) 

: ·~ 

B DL F +23 (6) 7.2 (0. 7) 
c PtO F +503 (3) 21 .1 (0·.9) 
D DL R . ' -261 (5) . 4.7 (0.3) 

pH .. 1.8 (Figure 8a) 

A H F -513 (3) 9.5 (0 .• 4) 
B H F -377 (3) 6.1) (0.2) 
c .... DL ·F . ,,, -41 , (1) .. •8•1·· ·(0'.3) 
D 

.... · 
(3) . 17.5 (0.6) PtO F . +502 

E DL R· ...... -280 (5) 2.5 (0.4) 

pH • 2.4 (Figure 9a) 
- .. '··;. ~ ' 

.A H F -533 (19) 5~2; (1.1) 
B DL F -54 (10) 5~9 :· (0.3) 
c; PtO F +481 ( 21) .. 13.7 . (0.5) 
D DL R -257 (12) . 3.3 (0.1) 

.. 
pH • 6.6 (Figure lOa) 

A H F ~01 (5) 5.1 (0.4) 
B. DL F -336 (9) 9.1! .(0.3) 
C' PtO F +196 (4) 11.8 (0.2) . 
D· PtO F. +409 ( }}.) 13.6 (0.4) 
E DL R -408 (18) 8.0 (0.3) 

-,:•• 

pH .a 11.7 (Figure 11a) 
~ ~ 

(0.2) ... A H F ":-1107 (6) 10.6 
B DL F '-622 (II) 9.4 (0~3) 

•' c PtO F ~08 (6) 10.4 (0.1) 
D PtO F +212. (4) 19.3 (0.2) 
E J:>tO R -459 (2) 8.2 (0.1) 
F PtO· R ·. -582. (6) 8.2 (0.2) 

pH • 14.8 (Figure 12~)t. 

A R·· . F .. ,: -1415: .• 23 .·2 .. -
B 

... 
DL F -910 29.1 

c DL ·' F .;-.~12 29.5 
D PtO 'F -555 37.1 
E DL R -905 26.3 

. ,. '. ·.) '·· ,,,;. .. .. ,. :'""··j 

* ' .. . 
deviations ·calculated from.at least three· Paren~hes.es ::I.Ji4ic~te stand.ard 

. ; : • ·. J. ; ~ • •' <.• 
measurement's. '.,.. 

** 

t 

'' 
.. 

: .. ~-. ,t ' .""·· 
.. ., .·. ~ ;. :: 

Current densities not corrected for blank electrolyte currents. 

Because of visual reaction with time only the values of the first scan are 
given. 
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Table 6. ANODIC PEAK POTENTIALS AND CURRENT. DENSITIES FROM THE CYCLIC 
VOLTAMMOGRAMS FOR. THE ELECTROOXIDATION OF GLUCOSE ON PLATINIZED 

PLATINUM AT ELIWATED TEMPERATURE (66° ±3°C) AND VARIABLE pH 

Peak Electrode Scan 
1JA/cm2** * Designation Region Direction Ep,a vs. ~SF., rnV ip,a• 

----pH • 0.0 (Figure 66) · 

A H F -488 01) 2.0 (0.4) 
B DL F -35 (0) 37 (6) 
c DL F +45 (0) 34 (6) 
D PtO F +500 (7) 86 (1B) 
E DL R -152 (11) 41 (5) 
F DL R +78 02) 29 ( 5) 

pH - 0.3 (Figure 76) 

A H - F -495 (7) 1.8 (0.2) 
B DL F -36 (1) 37 (2) 
c DL F +38 01) 33 (2) 
D PtO F +494 (9) 103 (4) 
E DL R -164 {2) 40 (0) 
F DL R +61 (6) 26 0) 

pH ., 1.8 (Figure 8b) ---···-

A H F -398 (4) 6.1\ (0.4) 
B DL F -65 (7) 41.4 (0.4) 
c PtO F +500 ( O) 77 (3) 
D DL R -192 (8) 20.6 (0) 

E DL R +21 03) 21.7 (0) 

..... pH ., 2.4 (Figure 9b) -----

.A DL F -78 01) 36 (2) .. 
B DL F 0 (7) 31 (2) 
c PtO R +41\0 (0) 59 (1) 

D DL R -201 (8) 21 (0) 
E DL R -94 (16) 24 (1) 

pH = 6.6 (Figure 1 Ob) 

A DL F -456 (37) 20 (1) 
B DL F -250 (SO) 33 (3) 

c PtO R +450 (0) 64 (10) 
D PtO R -185 {78) 26 (2) 

·pH .. 11.7 (Figure llb) 

A DL F -735 (35) 24 0) 
B PtO F -435 (14) 32 (2) 
c PtO F -171 (34) 37 (2) 
D PtO F +178 (62) 57 (1) 
E PtO R -395 (SO) 39 (1) 
F PtO R -164 (65) 57 (11) 

pH • 14.8 (Figure 12b) 

A H F -858 (4) 20 (1) 
B DL F -510 (2) 53 (3) 

c PtO F +276 01) 94 (2) 
D DL R -446 (4) 77 (3) 

* Parentheses indicate standard deviations calculated from at least three 
measure111ents. 

** Current densities not corrected for blank electrolyte currents. 
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electrooxidations in''the H regiori,· as well as ·the other. two potenti-a::! :regions, 
i, ' ' ... • •• • ,• _,·. ,., ..... ~~ • ,_. , .~-:·',; :'~':.~- _: 

are plotted as a functi<?n of pH in Figure 13. • F.xcept ~or. devia,t~ons at pH 

extremes, pH dependence is linear following Nernstian }>ehavior for one H+ per 

electron. Figure 14 gives the current de~s.lt_y as a ~~nction~_6f P;H f'or this 

peak and shows that it is roughly constant at about 5 ~A/cm2 from acidic to 
• I , . ' ... -- .. - ·~ -~ 

neutral electrolyte. Further pH increases result in substantial current 

density incr~ases, particularly _for the most alkaline _pH. 

An exception to this regular .pattern was found at pH = 1.R (Hso4 -/so4 ~­

buffer). As Figures Sa and 14 show, the H region peak at this pH has a larger 

current density than 'fifs the patte~-and is accompanied by a second 'peak at 

the boundary' qf the H and DL regions. This extra peak does not _:result from 

impurities as. ev~denced by the '.f~-ct that the -~lectrolyt~ alone i.nd the same 

glucose in other electrolytes ·do ,::not exhibit. this pea~~ In addition, repeated 

cyclic vol tammo~r,ams conf~rm~d that .the J?~ak lias a .... !eal f~ature oJ .. t"ese 

particular exp~rimental conditions~ This being·the case, a spe~ific interac­

tion between glucose and the ·pH =· r.s electrolyte to y~e!d an additional 

electroactiv~ species must be 'postulated. 

The cyclic voltammograms with .glucose present- at the elevated temperature 

(Figures 6 through 12) show that the currents in the H region are depressed, 
r ~ • . . 

in most cases: .-to·· virtually nothing, from those associated with the hydrogen . . 
'·. 

desorption peaks. in the electrolyte alone. Thus, not only is little, if any, 

glucose electrooxidation.occurring_ at this higher .. temp'erature, but its 

presence inhibits the hydrogen adsorption, presuma9ly by competitive 

adsorption of th~ glucose. 
:;('' 

At ambient temperature the glu~ose .ef~ctrooxidation in the DL region is 

in many ways simpar to that found in the H :r:-egion. A single anodic peak was 

detected in the DL region over the majority of the pH range except for 
··.:1·. 

doubling at the pH extrema. -(See Figure 13.) The doubling took' the form of ..... 

shoulder structure, as shown in Figures 6 and 12. The· ·appearance of the 

a 

doubling at pH ·extrema ·may be the ·result ·of great-er peak resolution at these 

pH's as the intermediate pH's exhibit much broader features that·cou.ld mask 

such doubling. Again like the· ;H ·region, a series of DL peaks as a function of 
. : . . . + 

pH can be seen to follow Nernstian behavior, Figure 13, for one H per 

electron in the ·reaction mechanism. Th~ pe~k·· ~~~re~t. d~nsiti~;:.f~r 'the' DL 

region peaks (chosen from those which best fit a straight iine in tqe pH plot, 
: .•::: ... ·'. 
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Figure 13. PEAK POTENTIALS VERSUS pH FOR GLUCOSE ELECTROOXIDATION ON 
PLATINIZED Pt IN THE FORWARD SCAN AT 23°C. BOTTOM SOLID LINE: 

E(H2) VERSUS MSE = 2.303 RT/F (pH) -640 V; TOP SOLID LINE: 
E(02) VERSUS MSE = 0.59 - 2.303 RT/F (pH). DASHED LINES 

ARE BOUNDARIES BETWEEN ELECTRODE REGION. 
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Figure 13) exhibit a slow increase from pH = 0.0 to 11.7 going from ~s to 

10 ~A/cm2 (Figure 14.). A sharp increase then occurs at the most alkaline pH. 

'As Figure 14 shows, a sharp increase in current density is detected for 

glucose electrooxidation in both the H and DL regions at the most alkaline 

pH. Glucose chemical reactivity is greatest in the alkaline electro-

lyte, 41 '.67 , 68 and the presence of additional, more electroactive species may 

account for this. In particular, the pKa of the hydroxyl hydrogen on the 1 

carbon of the glucopyranose ring, Figure 4, is 12.3, indicating that above pH 

= 12.3.the ionized form would predominate. 69 , 70 The results of the current 

density as a function· of pH, Figure 14, coincide favorably with some sort of 

change occurring in the vicinity of. pH = 12.3 and may, therefore, indicate 

that the ionized glucopyranose ring is more electrochemically active than the 

unionized ring. 

Considerable changes in the glucose electrooxidation are evident in the 

cyclic voltammograms·when the temperature is increased to 66°C (Figures 6 

through 12b). Unlike the results in the H region where currents decreased 

when·the temperature increased, large current increases occurred for the 

glucose electrooxidation in the- DL region. The magnitude of the increase was 

in the range of 5 to 10 times the ambient temperature value. (Compare DL 

currents in Table 6 with those in Table S.) In addition to thi'S reaction rate 

incre·ase, qualitative changes in the peak structures were evident.' In the 

acid electrolytes (pH< 4), Figures 6 through 9b, a broad anodic structure 

with a relatively distinct initial peak followed by a less distinct shoulder 

is observed in the forward s·can. Thus the initial sharp peak and shoulder 

peak behavior which was seen at ambient temperature was accentuated by the 

temperature increase. The anodic oxidation in the reverse scan exhibited a 
\ 

structure close to that found in the forward scan, but shifted to more 

negative. potentials. As the pH is increased to 11.7 (Figures lOb and llb), 

the glucose electrooxidation structure in the DL region becomes less and less 

distinctive~ resu,ltin~ in a plateau at pH = 11.7. In the most alkaline pH 

(14.8), Figure 12, a. large broad peak centered on the DL region becomes the 

cyclic voltammogram's dominant feature. In addition, the intensity of the 

peak is about the same as that found for the DL electrooxidation at ambient 

temperature, indicating little effect of increased temperature on glucose 

electrooxidation rate in this region. 
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The dependen~e of peak potentials in the DL re~ion on 'PH ·at' .66~C ::ts shown 

in ,Figure 15. Although. no clear ·Continuous set of peaks can be .distinguished, 

th~ ... overall trend of the peak potentials is ~gain to follow roughly Nernstian 

behavior for one H+ per el~ct.ron~. 
<,.;" 

The qualitative chan~es .in the cyclic voltammograms were more dramatic :f:n 

the alkaline electrolytes,, which is ·consi.ste,nt w:f:-th.:·the. fact that glucd~e is.,.· 

chemically less ·stable in alkaline~' St1RPOrt for f,ncreased glucose react·iv:f:ty_. 

at the higher tempr.ea:ture in ,al~alin,e o;ver ;the cou-rse. of a~ .. experiment was , 

given, by the· color ch·ange of"·the electrolyte•; which ·was c;>nly minor in acid ·.Jmt 

substantial ,in al~alin~.· At,·pR = JA.l ~nd 66°C the .~lucose-containing ··· 

electrolyte was. an· ppaque dark brown and, as mentioned earlier,. a complete · 

absence of glucose was .. found in this,· electrolyte by HPLC, which ·.indicates 

complete reaction of the glucose to another species, possibly gluconic acid.· 

.. ·.Glucose elect·rooxidation ,:l.n·. the ·Pt-0 reg.ion .showed. the most complex~ 

behavior .as a "functioon of; pH. .conside.rtng. first the ambient-:temperature . ' 

cyclic. vol:tammograms , in acidic. electrolytes. ( Pll' ·< 4),, . only ·a single J>r.oad . , ,. 

anodic peak (almost a,plateau in many cases) ·.is .de.t·~cted.: These .peak poten- .· 

ti~ls ~re essential•ly lndepenqent :of .PH,· as Figure· 14· show.s; ·indicati,ng . the 

absence of :Ht .. (or OH"7) ,,participation :f::n ;the. glucose electroo.xidation ... , As ::the.· 

pH- i.s incre.ased.: itQ, neutral ·and beyond .a '>sec«;>nd ano4:l.c pesk appears that does 

exhibit a potential shift with pH; ·again roughly wi~h a .Nern:stian behavio.r, .for. 
+ one H per electrqn. At ·the maximum pH, there is·· Of!:ly a single peak in 

keeping with the .lack .of pH ·dependence of the. other peak ·which would now .. occur 

at potentials ;positive of. oxygen evolution. · This description, of .. the o;peak :- .. :. l 

potential's behavior ,in the ,pt-0 reg:tcm must ~e ·c.onsidered only :tentat.ive, · 

however •.. Because .,of .the .s.carcity of data ·po_inte; .in the alkaline,,region, .othe.r 

interpretati.ons, are \!nd,oubteqly possible. 

Raising the temperature. to. 66°C causes a substarttial increase -·in curre'rit 

(approximately 5 times' above· the ambient temperature vaiues),. and these are 

the largest values observe'd on platfnized Pt, 66 llA/cm2 (reai) or moi~.:·: For' . 

pH's < 7,'"the···ano'dic oxidation ··appears more ·~s a shoulder on 'the :rapid' current 

increa'se rtear 'th'e .eiecfrolytEi i:imi t' 'whith. occurs: at 'a riruch ''more 'rap :Let rate . 
' ' . • ' l ,!'.,.'": 

with glucose present. .· . 

Unique findings were obtained at pH's 11.7 and 1.4.8. At 11.} 
.. 

(Figure llb) an overall current increase was found over the entire Pt-0 
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Figure 15. PEAK POTENTIALS VERSUS pH FOR GLUCOSE ELECTROOXIDATION ON 
PLATINIZED Pt IN THE FORWARD SCAN AT 66°C. SOLID LINE: E(H2) VERSUS 
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potential region, but three local maxima were identifiable with the most 

positive being the most distinct. The results obtained at pH = 14.8 showed a 

lack of any glucose electrooxidations except, for the trailing edge of the 

oxidation in the DL region and the more rapid electrolyte breakdown at the 

positive potential extreme. Again, the greater difference observed in these 

alkaline pH's is most likely the result of the enhanced chemical activity of 

glucose in these electrolytes. 

Important observations were made during the recording of·the cyclic 

voltammograms in regards to the evolution of gas. At ambient temperature and 

acidic electrolytes, gas evolution was often observed to occur in the DL and 

Pt-0 potential regions. The gas evolution in the DL !'egion appeared as gas 

blisters on the electrode that disappeared by dissolution when the currents 

declined. In the Pt-0 region enough· gas was formed to result in the bubbles 

leaving the electrode surface. The appearance of gas in the DL region was 

somewhat dependent on ;electrode pretreatment. The only alternative·s for the 

gas composition would seem to be co2 and o2 , and on the basis of the electrode 

potential at which gas appears, co2 would be the most likely candidate -

especially in the DL region. Bulk electrolysis results (to be presented 

later) confirmed that\C02 was evolved in both potential regions. Although co2 
formation would be expected for the alkaline electrolytes as well, formation 

of carbonate would disguise its appearance. 

The evolution of gas at 66°C was greatly accelerated, and generous 

amounts were evolved off of the electrode even in the DL region.- In fact, the 

rate was so great that gas could be observed even in the alkaline electrolyte 

at pH = 11.7; none was observed at pH = 14.8, however. 

The importance of this observation lies in the fact that the majority of 

the limited p~st work on glucose electrooxidation in the literature suggests 
. ' 28 2q 32 

that the only or major oxidation product is gluconic acid, ' · ' and clearly 

the appearance of co2 requires,substantial electrooxidation b~yond that 

stage. These results are more in keeping with those reported by Giner, et al. 

in which a so called "reduced co2" specie'S 11 '72' is formed from the elect~--- ... 

sorption of the glucose m~lecul~ ~ 34 .' 36 '37 . 

One of the features common to all the cyclic voltammograms is the 

electrooxidation observed in the reverse scan. Its appearance coincides with 

the stripping of the "Pt-oxide" layer to Pt metal and, therefore, strongly 
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suggests that an oxidation inhibited by the "Pt-oxide" coating is allowed to 

proceed on the Pt metal surface found in the DL region. As this electro­

oxidation occurs after the substantial oxidations associated with the forward 

scan, its origin could arise not only from glucose but from the myriad of pos­

sible reaction products formed during the forward scan. Consequently, litle 

meaning can be assigned to this electrooxidation. 

Effects of Electrode Pretreatment. Because the cyclic voltammograms were 

found to be dependent on the electrode pretreatment history prior to the start 

of a scan, which led to irreproducibility, and because a substantial effort 

was made to overcome this problem, presentation and discussion of these 

results is in order. During the earlier portion of the program when Pretreat­

ment I and related pretreatments were used, difficulties in reproducibility 

were encountered in all three potential regions of the Pt electrode. The 

severity of the irreproducibility varied with potential region and pH, with 

greatest irreproducibility appearing at intermediate pH's. At all pH's the 

largest discrepancies occurred in the H region. Under the worst circumstances 

the number of peaks in this region would vary from scan to scan, and large 

deviations in peak potentials and currents were common. As the electro­

oxidation of glucose in the H region is believed to be a surface reaction, 31 

the state of the electrode surface and consequently the experimental 

conditions employed is expected to influence this oxidation greatly. 

More subtle discrepancies were detected in the cyclic voltammograms for 

the glucose electrooxidation in the DL region. A distinctive peak was always 

obtained in this potential region, but the variations in peak potentials and 

current densities were larger than experimental errors would warrant. Peak 

potentials could vary as much as 100 mV between scans, and current densities 

could vary by 25%. In addition, the presence of a shoulder peak indicating a 

second oxidation in this region was found to come and go. 

The glucose electrooxidation in the Pt-0 region was the least trouble­

some, and only exhibited major problems at intermediate pH ranges of 6.6 and 

11.7. At these pH's the relative magnitudes of a double peak feature could be 

highly variable. The procedural factors which are believed to influence this 

behavior and were modified are enumerated below: 

1. The presence of the strongly adsorbing anion, Cl-, associated with the use 
of a SCE reference 
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2. The positio~ing of the start potential 

3. The time spent at the start potential prior to scanning 

4. The-transfer of the electrode from an external cleaning cell to the 
reaction cell 

5. The method with which the electrode is exposed to the glucose.· 

6. The time associated with glucose exposure- prior to.<scanning. 
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... 

The presence· of Cl- ion is known_tq interfere with the electro~~~dation 

of organic materials on Pt. 30 ,? 3 , 74 Its influence on glucose elect_roqxdiation 

has even been reported·. 30 In that _work, the only effect of the Cl- was. to 

decrease the peak curr~nt magnitudes, and relatively high values of Cl-

concentration were required, on the_ order of 10-3M. , . , _, 

In the exper:iments performed with a SCE reference electrode, a 0•-SOM:KCl 

salt bridge was _,separated from the electrolyte by a. vycor. tip. Because the·; 

rate of seepage through the vycor tip was expected to be slow and the electro­

lyte volume in the experiments was large ()500 mi..), the small amount of. Cl"":' 

entering the electrolyte from the bridge was initially believed to have a· 

negligible effect. However, qualitative effects were identified in this·work 

and they wer.e similar to those observed with methanol. 73 In particular, it··· 

affected the shoulder peak in the DL region and depressed currents in·-the·.H · 

region. The amount of Cl- in the electrolyte under the experimental . . . . . 

conditions used may be expected to vary greatl~ and may account.for at least 

S()me of the problems of irreproducibility encountered both in the hydrogen and 

double-layer regions. Amounts of cC in the electrolyte capa):>le of eas_tly, 

giving a positive test with AgN03 were observed. In order to elimi~aFe a~y 

uncertainty surrounding the presence of Cl-, MSE was substituted for SCE as 

the reference electrode in the final voltammetry performed. 

The choice of start ~otential also influences the cyclic V?ltammogram. 

This influence is expe~ted for at least three reasons. , First, since, some 

glucose oxidation o~curs ~ver the entire DL regipn, a sea~ ~s~ necessarily 

begin in the midst of this ox.idation. Clearly, t;uch. a c~rcumstance w,ill 

influence the appearance of this initial _oxidation as well as any consecutive 

oxidations which may follow. Secondly, the amount of hydrogen present on the 

electrode has bee~ reported to plar a part in the glucose electrooxidation,· 
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and this amount will vary depending on the start potential. Thirdly, the 

glucose electrosorption is potential dependent, 31 and the amount of initially 

adsorbed glucose will also be a function of start potential. A clearly 

defined start potential is thus required for the precise glucose cyclic 

voltammetry. 

Upon placing the electrode at the start potential, as was done in 

Pretreatment I and those preceding it, a transient current was detected which 

decayed away at a variable rate. Periods up to 10 minutes were sometimes 

required for the current to decay away to a negligible value, although 

5 minutes would usually suffice. Prior to Pretreatment I cyclic voltammetry 

scans were recorded without adequate regard to these transient currents, which 

is believed to have contributed to the irreproducibility of these scans. The 

transient currents are most likely attributable to electrosorption of the 

glucose, and if so, the recording of cyclic voltammograms before equilibrium 

was reached would be expected to yield variable results, particularly in the H 

region. 

The transfer of the electrode after pretreatment in an external cell, as 

in all pretreatments except Pretreatment III, is also a potential source of 

uncertainty.· Experiments were initially performed with the electrode transfer 

because of the reduced time and materials required and because a previous 

report suggested that such a transfer would not effect the result voltammetric 

results. 75 In addition, results obtained here showed that a clean, platinized 

Pt electrode scan resulted when a cyclic voltammogram was recorded in the 

electrolyte alone after transfer to the reaction cell. A cyclic voltammogram 

of Pt that exhibited good resolution of the three Pt potential regions, 

particularly in the H region, was taken to indicate a true or clean Pt 

electrode. A clean Pt scan could not be obtained after the transfer with a 

shiny Pt electrode, however. Thus, contamination of the Pt presumably occurs 

during transfer, but the area contaminated is a small fraction of the total 

area for a platinized electrode while the opposite is true for a shiny Pt 

electrode. 

Although the considerations in the previous paragraph initially suggested 

that the platinized Pt electrode transfer would not greatly influence the 

cyclic voltammograms through the changes in the surface conditions, the intro­

duction of glucose into the situation adds a complicating factor which could 
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generate problems in the transfer process. Pt forms a "Pt-oxygen" · addu'ci: 'whEm 
' 

it is exposed to oxygen. ·This adduct has actually been used to oxidize · 

glucose and gluconic acid chemically by bubbling oxygen through suspended Pt 

(Adams catalyst) .76- 80 · Potentiometric measurements of a Pt electrode prep.ared 

with a "Pt-oxide" coating exhibit a potential change when glucose is added and 

attain a value representative of a potential obtained when a Pt electrode is 

prepared with a Pt metal surface and exposed to glucose. This potentiometric 

measurement also indicates reaction of the glucose with the "Pt-oxide" 

coating. In light of this information, a Pt electrode transferred from. qne 

cell to another will pick up oxygen,: and, this oxygen can very well react with 

the glucose. Consequently, the resultant initial electrode state will.not. 

only have the presence ~f· glucose .but its oxidation products as. well, and 

cyclic vol tammograms would vary according to how much oxygen adduct was· . 

formed. No problem would be identified in the absence of glucose because the 

Pt-oxide formation is electrochemically reversible,. and placing the .electrode 

at a fixed potential in electrolyte alone will fix the surface composition. ' 

To eliminate any possible problems related to the transfer, Pretreatment III, 
1 1 ~ . ~ .• : -

which requir~s no transfer or exposure to oxygen, was finally adopted. 
··•:.~ 

In Pretreatment III, glucqse .in the~ for_m of concentrated solution was 

added .to the electrolyte in the reaction cell from a .separatory funnel. with 

. the electrode maintained at all times at the star.t potential. This is in con-.. 
trast to the prior pretreatments in which .the cleaned electrode was introduced 

to the glucose containing electrolyte under ,open-circuit cpnditions befo:re 

placement at the start potential. Figure 16 compares the cyclic, vol~ammograms 

of glucose in the well .behaved H2so4 electrolyte recorded with the .glucose 

added to the electrolyte at a fixed pqtential (Pretreat~ent III) with. the 

electrode introduced to the glucose containing electrolyte under: open-:circuit 

conditions followed by placement at the start potential (Pretreatment I). 

Reducing the time that the electrode, was .exposed to glucose at the open­

circuit potentiB:l to value as short as possible, i.e. placement of the 

electrode at the start potential immediately after immersion in the electro-

lY:te, did not change the result from that shown in Figure 16. Differences are 
I 

found in both the H and DL regions. In the H region, the open-circuit 
: '• 

exposure reduces the anodic current to suggest a reduction in adsorption 
' 

sites. In the DL .region, .an increase in the more negative peak is detected. 
. . 

This observation, and others like it, support the contention that the plateau 
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structure in the DL region observed when Pretreatment III is used is really 

two independent peaks. Also, the use of Pretreatment I having an electrode 

open-circuit exposure time resulted in gas blister formation in this potential 

region which did not occur with Pretreatment III without this exposure. 

Thus, these experimental results indicate. that the_ .method of. ~t electrode 

exposure to the glucose is an important experimental aspect to control. The 

most likely cause of this effect" is believed to be different, irreversible 

adsorption behavior of the glucose. 

For reproducible results, sufficient exposure ·time of the glucose. to the 

electrode must be allowed prior to recording a ~can, even when the glucose is 

added to the electrolyte at fixed potential (Pretreatment III). The time bet­

ween glucose addition and recording the cyclic voltammogram was varied, and a 

period of lO·minutes was found to be satisfactory. This time is believed to 

be associated with the establishment of the glucose adsorption equilibrium, 

since glucose adsorption measurements indicate that the equilibrium is closely 

approached iri this time period.31 

Differertces in the cyclic voltammograms resulting from the pretreatment .. 
procedures are exemplified by comparing the set of cyclic voltammograms 

reported in the Biannual report (Figures 2 through 6, therein) recorded using 

a Pretreatment I procedure with those reported here (Figures 6, 9 through 12) 

using Pretreatment III. Comparison of these data, as·well as others, showed 

that the cylic voltammograms obtained in the strong alkaline electrolyte (pH = 
14.8) were negligibly affected by the electrode pretreatment used. However, 

this was not the case for such comparisons made at any other pH. For all the 

pH's except pH = 14.8, the electrooxidation in the H-region was virtually 

absent when variations of Pretreatment I were used, while oxidative currents 

larger than those found for the Pt hydrogen desorption peaks were observed 

when Pretreatment III was used. Thus, earlier pretreatments appear to yield a 

Pt surface that inhibits all reaction in the H region, even hydrogen 

desorption, while Pretreatment III gave a surface on which glucose electro­

oxidation takes place. 

In the acid electrolytes (pH < 5.0), the DL region of the cyclic voltam­

mogram exhibited subtle changes and the Pt-0 region exhibited essentially no 

change with the differing electrode pretreatments. The e1ectrooxidation with 

the DL region could appear as a single peak (Figure 2 of the Biannual report), 
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an initial sharp peak with a trailing shoulder, and a plateau-type structure, 

the latter two being illustrated in Figure 16. The actual peak form was found 

to vary among these except when Pretreatment III was employed. 

The cyclic voltammograms of glucose recorded in electrolytes of pR = 6.6 

and 11.7 showed the largest differences with electrode pretreatment. Although 

electrooxidations of some sort were always detected in the DL and Pt-0 regions 

at these pH's, the peak structures were found to differ substantially 

dep~nding on the electrode pretreatment used. (Compare Figures 4 and 5 of the 

Biannual report with Figures 10 and 11 here for example.) Only Pretreatment 

III gave consistently reproducible results, however. 

Influence of o2• All data presented up to this point were obtained under 

an inert N2 atmosphere. Because glucose as well as other carbohydrates can be 

catalytically oxidized on Pt in the presence of oxygen, 76 , 80 cyclic voltam­

mograms were recorded in its presence in order to detect any perturbation on 

the glucose oxidation which it might cause. nata were collected in electro­

lytes of 1.00M H2so4 and 6.1M KOH containing O.SOM glucose at ambient tempera­

ture and 62°C. Pretreatment I was used in these experiments. The electro­

lytes were purged either with N2 or o2• No significant differences were 

observed between the cyclic voltammograms obtained from electrolytes purged 

with the two gases. Consequently, the presence of o2 does not seem to inter­

fere with the electrochemical processes taking place. 

Conclusions. The cyclic voltammetry results obtained for glucose on 

platinized Pt exhibited considerable variation dependent on electrolyte and 

electrode pretreatment. Variation in electrolyte, primarily pH, affected the 

glucose results by influencing the electrochemical reaction through their 

rates and potentials and by determining the molecular entities present through 

chemical reaction of the glucose in the electrolyte. Both phenomena were 

believed to have occurred. Based upon literature evidence81- 83 and that ~iven 
here, the variations associated with electrode pretreatment arise from complex 

adsorption and reaction behavior of glucose on the various surfaces of the Pt 

electrode. As a result of this, a precise statement of the electrode surface 

conditions, i.e. the pretreatment, must be specified for any cyclic 

voltammetry to be meaningful. In addition, because the cyclic voltammograms 

of glucose electrooxidation appear to be influenced so heavily by the 

adsorption phenomena, their information content relates more heavily to this 
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transient adsorption behavior than to. bulk' electrolysis of the gluc·ose, whlch 

is 'the aspect of interest' here. Nonetheless, the electrooxidations. observed 

in the DL and Pt-0 regions under·all conditions examined are more than tran­

sient electrosorption reactions, although they may involve adsorption in. the 

oxidative pathway and can be considered as possible. candidates•as.depolarizing 

reactions. 

The peak current densides reported for the electrooxidations <of glucose 

(Tables 5 and 6) a're only in the tens· of microamperes per cm2 of' real area.· 

However, such small values"' are not urtteason~ble when view~d in the light ·Of·. · 

available Pt-supported fuel cetl electrodes.· Carbon..:.supported platinum-elec­

trodes commonly have 500 to 1000 cm2 of real Pt area ,per em~ of el~~trod~.area 
with a Pt loading of 1 mg/cmt. electrode area. 84 . ThE!;refore,· the real current 

densities given in Tables 5 and 6 should be multiplied by 500 to 1000 if an 

oper.ating current density per _squar,e. centimeter of. ·fuel ,cell ·.elec.trode area is 

desired. If this . is done, a_cceptable rates of electroox:l.d.ati<;m may be 

contemplated. Electrooxidation in the DL .regi9n is the TllOSt .negative, and . 

would be the most beneficial· for purposes of depolarization.., ·-Based upon the_ 

potential difference between . .the :glucose peak potentials. and the .. reversible .. 
. . ,. ~ . ' "'" .- ' 

., 

hydrogen potential, electrolysis cell voltages in the range. from, .~00 to .. 8.00 mV 

might be expected. These potentiodynamic,.experimentssield only limited 

information on whether the :oxidations can be sustained for: .times greater than 

in these experiments or_about the reaction products .formed. 'Further work 

addressing these issues is considered in Task 3. 
• . •. "l 

Platinum Anode·-- Shiny 

To identify any possible consequences of plat~ri:i.Z:t.ng, ·a compadson was 

made between ··the cyclic voltammograms of glucose in l.OOM ·H2so4 ·recorded with 

shiny and with platinized Pt elect.rodes·. p'tetrea:tment I· was employed. The 

results are in Table 7. For the oxidation ·occurring in ·tne · DL' re~ion, ·the 

current densities were about equal, indicating that'it scales well with-the 

increased area afforded by-platinizadon. The'peak'potentials obtained with' 

the sh.iny Pt were shifted sighi{icantly to more positive· values. ·In the Pt-0 

region the situation was rever~ed. The ~eak potentials were: the same ·within 

experimental error, but the- current density. obtained with the shiny Pt 

electrode was significantly farger than that' r·e'corded with the· platinized 

electrode.· It is not clear why these differences occur. The differences 
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Table 7. COMPARISON OF PEAK POTENTIALS AND CURRENT DENSITIES IN THE 
CYCLIC VOLTAMMOGRAMS FOR THE OXIDATION OF GLU~OSE ON 

PLATINIZED PLATINUM AND SHINY PLATINUM 

DL Region PtO -~egion 
Electrode Ep,a . vs. SCE, . ip,a' Ep,a vs • SCE, ip,a' 

Type mV JJA/ cm2 mV JJA/ cm2 

Shiny +542 9.9 +915 35.6 

Platinized +406 6.7 +895 12.9 

detected are· believed to be of a quantitative nature with no differences in 

the actual types of processes occurring. 

Platinum Anode -- Shiny With Underpotentially Deposited Metals 

Rates of glucose electrooxidation on Pt are far below the diffusional 

limit dictated by the concentration of the glucose used. In addition, even 

though the initial currents per geometric area may be made large by increasing 

the anode's roughness (platinization), undesirable declines in the current 

density occur during the course of glucose electrooxidation, as will be shown 

in Task 3. This situation is also encountered during the electrooxidation of 

other organic materials as well. One approach currently being explored to 

remedy t'hese problems during the electrooxidation of organic substrates is the 

underpotential deposition of foreign adatoms on the Pt electrode surface.RS-90 

The deposition of foreign metal adatoms on to the surface of Pt not only has 
'' 

the effect of increasing the reaction rate appreciably, in some instances, but 

also of shifting the oxidation to more negative anode potentials. Because the 

literature has reported beneficial catalytic effects for the electrooxiciation 

of simple alcohols and aldehydes using this method, its applicability to the 

functionally .related glucose molecule seemed appropriate. Metals that have 

exhibited the greatest catalytic effects are Pb, Bi, and Tl; consequently, 

they were chosen in the present study. 

Experimental. Experimentally, cyclic voltamrnetry was used to identify 

any catalytic effect of metal adatoms. Shiny Pt was used as the anode, and 

O.SOM HClo4 was the electrolyte with and without O.SOM glucose. The metals 

were introduced as nitrates, normally at the 1.0 x 10-3M level. Data were 

recorded at a 50 mV/s scan after preparation of the anode by Pretreatment III. 

All other methods were identical to those previously described in the 

platinized Pt section. 
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Results and Discussion. To identify any catalytic effect, four voltam­

mograms are required for comparison: 1) blank electrolyte, 2) blank 

electrolyte plus glucose, 3) blank electrolyte plus me~al nitrate, and 4) 

blank electrolyte plus glucose and metal nitrate. Figure 17 compares the 
.. 

blank electrolyte scan on Pt in O.SOM HClo4 with and without O.SOM gluc?se; 

these scans are given for comparison to those to be presented which contain 

the metalions in the electrolyte. As has been presented earlier the glucose 

exhibits electrooxidation in all three.potential regions of the Pt elec­

trode. The cyclic voltammograms shown in Figure .17 were recorded at a 50 mV/s 

scan rate. At the 5 mV/s scan rate, which has·been used in the past, the peak 

in the hydrogen region (A} is reduced and that in the double-layer region (B) 

is increased. 

Figure 18 gives the cyclic voltammograms obtained in the presence of 1.0 

X 10-3M Pb(No3) 2 with and without O.SOM glucose _along w~th the blank ele<7tro­

lyte as a reference. Clearly the,presence of Pb2+ has an enormous.cata1ytic 

effect on the glucose electrooxidation. Peaks A and B in Figure 18 are 

attributed to catalytic glucose oxidation, Peak C is attributed to the 

stripping of the under potential deposited Pb2+, and Peak D is attributed to 

the normal glucose oxidation in this pot~ntia.l region. Peak I of Figure 18 

shows the stripping of the Pb2+ in the absence' of glucose. The current 

density for the glucose oxidation in the double-layer r'egion ~nder these 

conditions increased by about an order of magnitude from 30 ~A/cm2 without 

Pb2+ to 350 ~A/cm2 wi~h Pb2+. The doubli~g of the glucose oxidation (Peaks A 

and B) is interesting in light of prior results that have exhibited this 

behavior. What each peak represents is unknown at this time, however. ' 

Increasing the Pb2+ concentration t? 0.99 X 10-2M gave additional incr~ases in 

the peak current density up to a value of about 425 ~A/cm2 for the oxidation 

in the double-layer region. One experiment with platinized Pt (976 cm2 area) 

was performed using a Pb2+ concentration of 1.0 X 10-3M. A 16% increase in 

current density was observed for the glucose oxidation in the double-layer 
.. 

region·. This less dramatic increase 'presumably arises because the amount of 

Pb2+ available per unit area is a thousand times less. 

Figure 19 shows the electrocatalytic effect of Tl+ on glucose electro-· 

oxdiation. Like Ph2+, there is an order of magnitude increase in ·-glucose 

electrooxidation in the double-layer region. Current densities of the order 

so 
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350 ~A/cm2 (Peak A, Figure 19). Only a single broad peak is found with Tl+, 
' as opposed to the double peak exhibited in the pr~sence of Pb2+. 

At more positive potentials (Peak C or II) the Tl+ + Tl3+ couple comes 

into play. Increased current is found with the glucose present at these 

potentials although it 'may result only from the additivity of the Tl couple 
·:·.,.., 

and the glucose oxidation currents in this region. Peaks I and B are believed 

to arise from the stripping of the underpotential deposited Tl. , · 
- ',,·. 

Bi was also observed to exhibit ,an .e.lectrocatalytic effect (Figure 20), 

but it was less than those detected when .Pb2+ or Tl+·was used. The Bi3+ back-
' 

ground was also substahtially larger t~.an the other. metals. Glucose oxidation 

(Peak A, Figure 20) was:r still on t~e order: of 275 .}iA/cm2 , which is 

considerably larger tha~ the 30 ~Afcm2 :seen:in the absence of th~ Bi3+. The 

origin of Peaks B and C of 

arise~ ·f~6m Bl strippi~g. 
Figure;' 20 are unknown,. but at least one of them 

The n~rmal ~~idation of gluh~;; ;'(Peak 'n, Figure 20) 
' 'l"•'"".,' . 

appears in the "Pt-o" re·gion. 

Conclusions. The·. presence of the heavy metal adato:ms on the Pt clearly 

has a· substantial benefici~ll ·effect on the rate of glucose electr.ooxidation in 

the DL region, at least.over'short periods of time. Increases in peak 

currents for the glucose DL-region oxidation were increased tenfold by the 
t i . 

presence of .the adatoms~ Peak potentials were also ben~ficially shifted to 

slightly more neg~~ive '_values• Although the voltammetric results obtained 

using underpotential deposited· heavy J!!etals appears very promising, they do 

not necessarly accurately describe steady-state electrooxidation of the 

glucose, and ·further work' would be reqtiired to identify their effect in the 

steady-state case. An'expanded version of this adatom work was recently 

published, 91 the results of which were identical to those found here. 

Palladium Anode . J. ~ . 
....... 

·, 
Pd, like Pt, is an electrode material often·capable of electrocatalyzing 

organic oxidations. In addition, be.cause,.-oxy.gen,.~yolves _a,t positive 
:• '1"" • • ••• '. : .. -~ 

potentials before metal corrosion begins, Pd is useful as an anode material. 

Lack of opportunity allowed only a very limited study of glucose electrooxida­

tion of glucose on Pd, and only a single electrolyte at a single temperature 

was investigated. 
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Experimental. Cyclic·voltammograms·were recorded in the 6.1M KOH (No. 7, 

Table 4) electrolyte with and without glucose at 23°C. The anode was a shiny 

Pd disc; 1.00 cm2 was exposed to the electrolyte. Before each scan, an anodi­

zing pretreatment of the electrode was performed at 250 mA constant current in 

1.00M H2so4 for 2 minutes. After thorough rinsing, the anode was transferred 

to the reaction cell. a~d '1naint~i~~-d ~t 'the. ~t~~t-·pot.en'"ti~i (..:7oo ~v ~~rsus 
'.. i' 

Hg/HgO) for 2 minutes prior to beginping the scan. _ The· -pr_etreatmen~ gave 
' ' • • ~ c • 

~--

qualitatively reproducible scan·s, bu't the ,peak current densities varied by as 
··' __ ,.,.· 

much as 25%. - · · 
.. ,. 

Results and Discussion;· The cyclicvoltammogram of glucose on Pd in the 

strong_ a'lka_line electrolyte is shown in Figure 2~. Substantial anodic peak 

current .densities (20 to 40 mA/cm2) are detected in the presence of glucose in 
~· . . . ' 

an att'r~;div'e potential range, -400 to 0 mV versus Hg/HgO (add +926 mV for 
- t -~ 

RHE). , The ~oltammogram without glti;co.se -is not shown in Figure 21 because at 

the gain: used no }~urrent would be. detectable; Figure 22 gives the electrolyte . . . 
scan alone 6n an expanded scale/ indicating that the maximum backgrou11d cur-

·-rents are on the'' order of. 50 llA: or less at potentials where the glucose elec-

trooxidad'o~ occurs.· As.Figure 21 illustrates, Pd exhibited the same 

potential' r~gions as~ociated ·. wfth Pt. Comparison· of Figures 21 and 22 , 
indicates'that glucose electroc)xidations occur in the Pd DL.region and that 

the c~rrent drops. preci~~itous~Y;' as Pd oxide begins to form ~~ar a pot~ntial of 

0 mV versus· Hg/HgO. Two gl~cose electrooxdiations appear to;, occur in .the Pd 

DL region and, as with Pt, an anodic peak is found in'the reverse scan after 

the Pd oxide has beet_l st_ripped• 

Even 'though the -similarities of Pt and Pd are great, the oxidation of 

glucose on _them under the same conditions is almost totally unrelated~ 

(Compare Figure 21 with Figure 12a.) Whereas glucose_electrooxidatiort occurs 

in all three electrode· poten'tia1· ~egim'es 'f'or -p~·," ·f't··only ·tic·cu~s- In 'the nL 

region on Pd. In addition, the peak currrent densities on Pd are three orders 
(-~~f:r .r,'!,,--._:•_··•, ~·,_~_-'-. 

of magnitude larger in this region than on' :Pt:'.'. '·'rtie ;·resui t~ -~lso indicate that 

the Pd oxide surface is inactive toward glucose while the Pt oxide is active. 

Conclusions. The electrooxidation of glucose on the Pd anode looks very 

promising for this single set of experimental conditions. The peak current 

densities observed were large and could possibly be made larger by heating and 
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Figure 21. CYCLIC V~LTAMMOGRAM OF O.SOM GLUCOSE IN 6.1M KOH ON A SHINY 
Pd (1 em ) ANODE AT A 5 mV/s SCAN RATE AND 28°C 
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by increasing the active area per electrode geometric area. In addition, the 

oxidations occur at desirable elect·rode potentials ·versus the RHE. 

Nickel Anode 

Nickel as anode material was of interest from a number of viewpoints. It 

is one of the few non-noble metals which has a history of use as an anode anrl 

is the material presently used as the anode in most commercial water electro­

lyzers.92 The literature also describes the use of Ni as an anode material 

for electrooxidation of organic compounds, in particular alcohols. 93- 9R As 

the glucose molecular structure is dominated by alcohol groups, Ni was 

considered to be a likely candidate for application here. A report in which 

the electrooxidation of glucose on Ni appeared only as an entry in a table93 

also suggested that Ni might be a desirable anode. 

Experimental. Cyclic voltammograms were recorded on a 1-cm2, shiny anode 

in Electrolyte Nos. 5 through 7 of Table 4 with and without 0.50M glucose 

present. These electrolytes covered the pH range from neutral to strongly 

basic. Acidic electrolytes were, of course, avoided because of Ni 

corrosion. Data were obtained in all the electrolytes at ambient temperature 

and at 67°C for the pH= 14.8 electrolyte (No. 7, Table 4) only. The 6.1M KOH 

electrolyte at 67°C closely mimics the conditions found in a commercial Stuart 

Electrolyzer, which contains a Ni anode. 

Little electrode pretreatment was required to obtain good voltammetry 

results with the Ni anode. After degreasing, the electrode was placed in the 

reaction cell containing electrolyte only and a blank scan was recorded. 

Then, as in Pretreatment III previously discussed, concentrated glucose was 

added to the electrolyte with the anode maintained at the start potential. 

Unlike Pt, the Ni anode did exhibit sensitivity to the pretreatment used. 

Results and Discussion. The most dramatic results were found in the 

strongly basic electrolyte (pH = 14.8), and Figure 23 shows the cyclic voltam­

mograms under these conditions. As can be seen from Figure 23, very large 

current densities were obtained in the presence of glucose which were not seen 

in its absence. At 22°C (Figure 23A) a single well-defined anodic peak was 

detected at +525 mV versus Hg/H~ with a peak current density of 92 mA/cm2 at 

a 5 mV/s scan rate. Increasing the temperature to 67°C converted the well­

defined peak observed at 22°C into a plateau structure (Figure 23B) with a 
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Figure 23. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) O.SOM GLUCOSE PRESENT. EXPERIMENTAL CONDITIONS: ELECTROLYTE, 
6.1M KOH (pH= 14.8); WORKING ELECTRODE, NICKEL (1 cm2); SCAN RATE, 5 mV/s; 

TEMPERATURE, (a) 22°C AND (b) 67°C. 
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current density of 205 mA/cm2 at a potential of 550 mV versus Hg/HgO 

(Point A). This magnitude of current density is more in keeping with direct 

oxidation of bulk glucose. Note that the currents measured on the return scan 

are even larger than those in the forward positive scan. , 

The cyclic voltammogram of Ni in the KOH electrolyte alone is shown in 

Figure 24 at greater current gain than to the voltammograms of Figure 23. The 

surface reaction of the Ni anode can be seen here by comparing Figures 23 and 

24. The onset of glucose oxidation can be seen to coincide with the Ni 

surface reaction, an "oxide" formation. 

At the lower pH's of 11.7 and 6.6 (Electrolyte Nos. 5 and 6, Table 4) 

little glucose electrooxidation was detected. This observation can be cor­

related with the behavior of the Ni "oxide" formation. In the pH = 11.7 elec­

trolyte at 23°C, "oxide" does not form until very positive potentials are 

reached. When it does form, the anode potential is only 100 mV away from the 

anodic breakdown of the electrolyte, and what glucose elctrooxidation can be 
I detected is quickly masked by the large anodic breakdown currrents. On the 

basis of data at pH's 14.8 and 11.7, the potential of the oxide formation 

moves more positive as a function of pH at a rate approximately twice as large 

as the anodic breakdown potential. This trend is, of course, the opposite of 

that desired. 

Only a very slight negative shift in the anodic breakdown potential is 

observed with the Ni anode at pH = 6.6 and 23°C in the presence of glucose. 

No Ni "oxide" formation is detected in the scan of the electrolyte alone, 

which is consistent with the observed trend of the "oxide" formation potential 

as function of pH mentioned above. 

Conclusions. The Ni anode exhibits the ability to electrooxidize glucose 

at current densities as high as 100 mA/cm2 in the pH = 14.8 electrolyte. The 

evidence suggests that the Ni "oxide" surface is required to catalyze the 

reaction. Although large current densities are found, the potentials at which 

they occur are larger than desired; that is, there is only a small 

depolarizing effect. The peak potential (Peak A in Figure 23A) versus the RHE 

is 1450 mV, for example. 

Because of the unfortunate pH dependence of the potential for Ni "oxide" 

formation, no advantage can be gained by lowering the pH. 
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Rhodium Anode • 
A prior literature report suggested that glucose may be more readily 

electrooxidized on Rh than on Pt. 25 In addition, Rh is a generally known 

electrocatalytic material, and for this reason it was selected for 

investigation. 

61060 

Experimental. The possible oxidation of.glucose on a shiny 1-cm2 Rh 

electrode was investigated in Electrolytes 1, 5, and 7 in Table 4 and at temp­

eratures of 25° and 65°C. These electrolytes were selected to cover acirl, 

neutral, and base. The cyclic voltammograms in electrolyte alone exhibited 

similar features to those found with Pt. Hydrogen, double-layer, and "Rh­

oxide" regions were observable with the DL being much smaller than that found 

with Pt. Although a pretreatment of the Rh electrode similar to that 

described for the Pt electrode was initially explored, it was not found to be 

required in order to obtain reproducible surfaces on the Rh electrode as 

evidenced by cyclic voltammetry. Therefore, simple rinsing in conductivity 

water was the only electrode pretreatment prior to recording voltammograms. 

Results and Discussion. In the H2so4 and phosphate buffer, differences 

between cyclic voltammograms recorded with and without glucose present were 

. insignificant. Only a slightly earlier increase in current occurred near the 

anodic breakdown potential of the electrolyte. 

In the KOH electrolyte, electrooxidations appeared in the cyclic voltam­

mograms when glucose was present. At 25°C and a scan rate of 5 mV/s, a peak 

was observed at --375 mV versus Hg/HgO with a peak current density of 

0.10 mA/cm2• In addition, the increase at the positive end of the scan 

occurred 250 mV more negative than with the electrolyte alone. When the elec­

trolyte temperature was raised to 65°C, oxidation of the glucose solution 

occurred over a wide range of potential beginning at -450 mV versus Hg/Hgo as 

shown in Figure 25. Three local maxima were discernible as the current rose 

with increasing potential. Table 8 lists the peak potentials and peak current 

densities, which show how the current increases with potential. 

Conclusions. Significant electrochemical reaction of glucose only occurs 

with the Rh electrode in strong alkaline electrolyte. The peak current densi­

ties at pH= 14.8 of about 1 mA/cm2 (real), although not extremely large, 

could presumably be increased per electrode geometric area by appropriate 
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Table 8. PEAK POTENTIALS (Ep,a) AND PEAK CURRENT. ?ENSITIES (ip,a) 

FOR THE CYCLIC VOLTAMMETRY OF GLUCOSE IN 6.1M KOH ON 

Peak 
Designation 
Figure 25 

A 

B 

c 

A Rh ELECTRODE AT 65°C 

* mV vs. Hg/HgO Ep ,a' 

-445 

-275 

~8 

* 2 ip ,a, rnA/em 

0.55, 

0.80 

1.35 

Average of three scans. 

3.0 

-<· 
E - 2.0 

~ 

z 
w 
~ lO 
~ 

::> u 
-J 0 
-J 
w 
u 

BLANK···· 

ANOOIC 

~ 

CATHODIC 

I 

I 
~ ., 

I 
'I ,; ? ,, 

II ,, ,, 

'1.0 

2.0 

0 

-to -2.0 

-500 0 ~0 

POTENTIAL vs. Hg/HgO,(mV) 

Figure 25. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 0.50M GLUCOSF. PRESENT. EXPERIMENTAL CONDITIONS: 

ELECTROLYTE, 6.1M KOH (pH= 14.8); WORKING ELECTRODE, SHINY Rh (1 cm2); 
SCAN RATE, 5mV/s; TEMPERATIJRE, 66°C. 
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dispersion of the Rh. The potential at which glucose electrooxidation occurs 

is satisfactory beginning approximately at +500 mV versus RHE (-445 mV versus 

Hg/HgO). The fact that appreciable glucose electrooxidation on Rh occurs only 

in strong alkaline at elevated temperature may suggest, on the basis of the 

HPLC data, that it is not glucose directly which is active on Rh but another 

chemically derived species formed under these conditions. 

Lead Anode 

Ph is a common and inexpensive anode material, and cyclic voltammetry in 

glucose-containing electrolytes was also performed with it. 

Experimental. The 1-cm2 Ph (Alfa Products) electrode was pretreated by 

rinsing it in conductivity water prior to each voltammogram. The electrolytes 

investigated were H2so4 and KOH, Nos. 1 and 7 in Table 4, at ambient and 

65°C. The cyclic voltammograms of Ph in these electrolytes contained some 

unusual features, presumably attributable to Ph surface reactions. This 

behavior is exemplified in Figure 26. A reversible surface reaction, 

designated A in Figure 26, is found at negative potentials. Then nothing 

occurs in the forward scan until the anodic breakdown of the electrolyte 

begins, near 2000 mV versus SCE. In the return scan the unusual feature 

designated B in'Figure 26 is observed in which a sharp anodic spike is fol­

lowed by a cathodic peak. An identical pattern occurs in the 6.1M KOH 

electrolyte except that it is shifted in potential. 

Results and Discussion. Qualitatively, the cyclic voltammograms recorded 

in 1.00M H2so4 with glucose at 23° and 66°C were identical. The currents 

detected at 66°C were 5 times greater than at 23°C, and the voltammogram at 

the higher temperature is shown in Figure 27. The currents detected between 

1300 and 1700 mV versus SCE appear in the reverse scan only, after the 

potential had made a small excursion into the electrolyte breakdown range. 

Thus, it appears necessary to provide a sufficient positive potential to break 

down some surface structure before glucose electrooxidation can commence. The 

electrooxidation observed appears at a very positive potential, however. 

Rather complicated cyclic voltammograms were found in the alkaline elec­

trolyte. Figure 28 illustrates the behavior at 23°C. The scans with and 

without glucose are qualitatively similar. Glucose causes distortions at the 

Ph surface reaction peaks and also produces an overall increase in anodic cur-
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rents following the first Pb surface reaction near --500 mV versus Hg/HgO. In 

the region between the Pb surface reactions the current densities are about 

20 mA/cm2 greater in the presence of glucose. At 66°C the cyclic voltammo­

grams were qualitatively similar to those at 23°C; the current densities above 

the blank did not increase significantly, however. 

Conclusions. The electrochemical oxidation of glucose on Pb appears to 

show feasibility as a depolarizing agent in the alkaline electrolyte. 

Electrooxidation from 0 to --500 mV versus Hg/HgO and a rate of 20 mA/cm2 
'-. 

could be satisfactory. Further'work would be required to ascertain these 

results. 

Vitreous Carbon Anode 

Anodes constructed from carbon are common and generally economical. 

Because of this, some exploration of carbon-based anode materials was deemed 

desirable. 

Experimental. Vitreous (or glassy) carbon Type V25 from Atomergic 

Chemetals Inc. was chosen for the initial study of carbon-based anodes because 

of its inertness. The form of the electrode was as a disk 15 mm in diameter 

and' 2.0 to 2.5 mm thick of' which l-cm2 was exposed to the electrolyte. 

Because of the high overpotentials for H2 and o2 evolution shown by the vitre­

ous carbon electrode, a large potential range was available for investigation 

., in aqueous electrolytes.. A reversible surface reaction occurred with this 

electrode, but it appeared at a sufficiently negative potential that it could 

be avoided. Cyclic voltammograms were always recorded at potentials more 

positive than the electrode reaction in a potential, region where residual cur­

rents were negligible. Electrolytes explored were again Nos. 1, 5, and 7 of 

Table 4. 

Results and Discussion. In the H2so4 electrolyte little difference was 

observed between cyclic voltammograms recorded with and without glucose. Only 

a slightly more rapid current increase was detected at·the anodic breakdown 

potential. 

The cyclic voltammograms obtained in the near-neutral phosphate buffer 

also showed no structure. However, the anodic breakdown potential occurred at 
,/ . ·. 

significantly more negative potentials in the presence of glucose, which sug­

gests its oxidation. Table 9 lists the potentials required to obtain 2 mA/cm2 

69 

INSTITUTE 0 F G A S T E C .H N 0 L 0 G Y 



/ 

61060 

in the electrolyte alone and with glucose present at ambient temperature and 

at 65°C. In the presence of glucose, 2 mA/cm2 can' be rea~hed. at pot~ntfals . 

300 to 400 mV more negative than in its absence. The higher'temperature 

apparently lowers the rather large overpotential Significantly-for the phos­

phate buffer alone as well as with glucose. 

Table 9. POTENTIAL REQUIRED TO ATTAIN i mA/cm2 IN THE. CYCLIC VOLTAMMETRY 
OF GLUCOSE IN PHOSPHATE BUFFER (pH= 6.6) AT SmV/s ON_VITREOUS.CARBON 

Temperature, Potential vs. 
Electrolyte ______ oc SCE 2 mV 

Blank * 21 +1800 

Blank * 65 +1420 

* Glucose 21 +1470 Blank + O.SOM 

* +1140 Blank + O.SOM Glucose 65 

. - - . 

* Blank= O.SM NaH2Po4/0.SOM Na2HP04. 

As hasbeen the case using other electrode materials, the glucose showed 

.the greatest acitivity in alkaline electrolyte. Figure 29 displays ·the cyclic· 

voltammograms recorded with the vitreous carbon electroqe :.at .the two tempera-:­

ures comparing scans with and without glucose. Figure 29a shows .. an example of 

the ·early breakdown in the presence of glucose for the ambient temperature 

scan. At 3 mA/cm2 a shift of 640 mV,is encountered. Upon ·increasing the 

temperature, Figure 29b, structure develops in the cyclic voltammogram when 

glucose is present showing shoulder peaks at --SO (A) and +400 (B) mV versus 

Hg/HgO and current densities of a few milliamperes per square centimeter. 

Conclusions. Although the evidence here suggests tha_t ·_glucose can be 

electrochemically oxidized on vitreous carbon, the potentials '·a,t which oxida­

tion occurs are very positive relative to a RHE. OnLy Peak A in Figure 29b is 

sufficiently negative to be of any real interest for depolarizing, and it has 

only a modest current density, 1.2 mA/cm2• 

Lead Ruthenate Anode 

Metal oxides are a potentially attractive group of·new anode materials99 

for organic oxidations. Recently, ,. the \.ise of the metal oxide lead ruthenate, 
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Figure 29. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) O.SOM GLUCOSE PRESENT. EXPERIMENTAL CONDITIONS: ELECTROLYTE, 

6.1M KOH (pH = b4.8); WORKING ELECTRODE, VITREOUS CARBON (1 cm2); 
SCAN RATE 5 mV/s; TEMPERATURE, (a) 23°C AND (b) 63°C. 
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Pb2 (Ru2_x Pbx] o7_y, for the oxidation of alcohols and the oxidative cleavage 

of diols was reported. 100 These functionalities are .1ust 'those of which 

carbohydrates are composed (Figure 1),· and consequently this electrode 

material was considered to be potentially useful in the present context. 

Experimental. Lead ruthenate (Pb2(Ru2_x Pbx]07_y) was 'synthesized by 

solid-state reaction of excess Pb(N03) 2 and Ruo2 at 600°C. 101 Excess Pbo2 
formed was leached out of the mixture with acetic acid. The powder material 

was fabrica~ed into an electrode by Teflon bonding it to a Pt screen. The 

geometrical area was approximately 3-cm2 with a lead ruthenate:loading of 

about 300 mg. This type of electrode was tested for glucose oxidation 

activity in Electrolyte Nos. 1, 5, and 7 listed in Table 4. Again, these 

three ele~trolytes provided a survey of acid, neutral, and;basic conditions. 

No electrode pretreatment was required beyond thorough rin~ing in water. 

Cyclic voltammograms recorded with a 5 mV/s scan rate'were not very 

informative because of ·the large background currents, typically 20 to 30 rnA. 
. . . ' . 

At a fixed potential these currents would disappear in 15 to 45 seconds, and 

consequently information was obtained by recording steady-state current-poten­

tial (I-V) curves and log I potential curves. This was do~e by stepping the 

working electrode potential at an appropriate rate through the desired poten­

tial range and recording either I or log I. 

Results and Discussion. I-V curves recorded in H2so4 showed increased 

currents in the presence of glucose at more negative potentials than in the 

acid alone. At 61°C the effect was accentuated, and the comparison of I-V 

curves at this temperature is shown in Figure 30. Steady-state currents as 

large as 100 mA were easily attainable in the presence of glucose at 

potentials ~250 mV more negative than the potential required to attain this 

current in the electrolyte alone. The anode potential versus RHE at this cur­

rent is a little less than 1100 mV. The gas evolution was observed at anode 

potentials between 800 and 850 mV versus SCE. co2 was detected in the gas 

evolved. (See Task 3.) 

In the near-neutral phosphate b~ffer~ the presence of glucose had very 

little effect. At ambient temperatur~, glucose .was observed to actually 

inhibit the onset'of electrolyte breakdown. 

72 

INSTITUTE 0 F G A S T E C H N 0 L 0 G Y 



z 
(I> 

-i 

-i 

c 

-i 

m 

0 

., 

-...! 
Cl w 

)> 

(I> 

-i 

m 

("' 

:I: 

z 
0 

I 

0 

Cl 

-< 

<( 
~ 

.,_. 
z 
w 
0: 
0: 
:::> 
u 
...J 
...J 
w 
u 

-------------"'=:-:-=-=-=--;; - -- .. -- -- -- ... - - .. --..,.,, 

W.E. POTENTIAL VS H&/HGO, NV 

, , , , 

.. 

Figure 30. STEADY-STATE CURRENT-POTENTIAL CURVES FOR A TEFLON-BONDED LEAD 
RUTHENATE ELECTRODE (~3 cm2 Geometrical Area) IN l.OOM H2so4 WITH 

(Solid Line) AND WITHOUT (Dashed Line) O.SOM GLUCOSE AT 61°C. 
POTENTIAL STEPPED 6 steps/min WITH 10 mV/step. 

"' 1-' 
0 

"' 0 



610fl0 

Only a room temperature (25°C) I-V curve was recorded in the KOR electro­

lyte (Figure 31). As can be seen from Figure 31, even at this low temperature 

currents of hundreds of milliamperes were attainable at potentials ~400 mV 

more n~gative than potentials required to generate the same current without 

glucose. Similar to~the acid electrolyte, the potential versus RHE at which 

significant currents occurred was in the range from 1000 to 1100mV. No gas 

evolution was detected in this case because co2 would be captured by the elec­

trolyte. Two distinct regions are evident in the I-V curve (Figure 31), sug­

gesting that two differenct reactions or processes are occurring. 

Conclusions. These current-potential data show that the steady-state 

electrooxdiation of glucose can be accomplished with lead ruthenate electrodes 

at substantial rates, hundreds of milliamperes per square centimeter ·of elec­

trod~ area, in both acidic and basic electrolytes. The anode potential versus 

RHE of about 1000 mV ~s adequate for depolarization at these high reaction 

rates. 

Ruthenized Titanium Anode 

A well-known metal_oxide electrode used widely as an anode for oxygen and 

chlorine evolution is ruthenized titanium (Ru0x/Ti), 102- 104 and its ability to 

electrooxdiize glucose was investigated. 

Experimental. The RuOx/Ti electrode was made by repeated immersions of a 

Ti disk into a O.SM RuC13 solution followed by baking at 350°C as described in 

Yeo et a1.l 05 A geometrical area of 1 cm2 was exposed to the electrolyte. 

Electrolyte Nos. 1, 5, and 7 in Table 4 with and without glucose were 

investigated at ambient temperature (~25°C) and 65°C. Like the lead ruthenate 

electrode, substantial background current prohibited the use of cyclic voltam­

metry. for electrode evaluation, and steady-state I-V curves were again 

recorded. Also, no pretreatment was required for this electrode. 

Results and Discussion. In acid electrolyte, only a slight depolarizing 

effect was observed, which increased at the higher temperature. At 65°C and a 

reaction rate of 1 mA/cm2 (geometric) only a 90 mV shift in potential between 

curves with and without glucose was detected. I-V curves recorded in the 

phosphate buffe~ were similar to those obtained in the acid electrolyte, 

showing only a slight depolarizing effect. 
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In the alkaline electrolyte, a depolarizing effect·was observed as illus­

trated in Figure 32. Current densities of tens of milliamperes per square 
' 

centimeter.were found, and at currents of 10 rnA a negative shift of 325 mV 

from the potential necessary to attain 10 rnA without glucose was obtained. 

Increasing the temperature seemed to have little effect, and what effect was 

detectable was in the direction of smaller currents for a fixed potential. 

Conclusions. The results obt-ained with RuO~/Ti were, in general, not 

very promising. As has been found with other anode materials, significant 

activity was ·found only in strong alkaline electrolytes and at rather positive 

potentials ()1200 mV versus RHE). 

Electrooxidation of Glucose Derivatives 
·: ~ 

A number of glucose derivatives were investigated for electrooxidative 

activity. Oxidative glucose derivatives included gluconic acid, gl~caric 
~ 

(saccharic) acid, and glucuronic acid. (See Figure 2.) The lone reductive 

derivative was glucitol (sorbitol). (See Figure 2.) In addition, a-methyl­

glucoside, in which th~. anomeric carbon ( C~rbon 1, Figure 1) is sterically 

blocked by substitution of its hydroxyl,hydrogen by a methyl group, was a 

special derivative selected. Because these derivatives differ from glucose by 

modification of a limited number of functionalities (usually only one), 

comparison of th~ results among the derivatives and glucose was expected to 

yield information about the mode of glucose electrooxidation. Most also 

appear as natural constituents in limited amounts. 44 The glucose-derived 

acids more-frequently appear as degradation products in carbohydrate waste 

stream.s 1.?' 106 and are potential intermediates through which glucose must pass 

in its electrochemical oxidation. For these reasons information on· these 

derivatives was thought to be desirable. 

All data consisted of cyclic volf~timiograms obtained using ·a platinized Pt 

anode and techniques previously described tor the glucose ~tudy. As with 

glucose, variables were electrolyte (pH) and temperature with some derivatives 

receiving greater attention than others. 

Gluconic Acid Results 

Gluconic acid is the simplest oxidation product derivable from glucose by 

oxidation of the terminal, number 1 carbon (Figures 2 and 4) to the carboxylic 

acid. This simple, two-electron electrooxidation of glucose to gluconic acid 
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is well known, primarily via an indirect oxidation using Br-/BrO- couple. The 

half-reaction may be written a~ 

CHO COOH 
I I 

HCOH HCOH 
I I 

HOCH HOCH-
I + H2o I + 2H+ + 2e-

HCOH HCOH 
I I 

HCOH HCOH 
I: I 

--~20H CH20H 

This glucose electrooxidation has been widely postulated as the reaction 

occurring ~on· the Pt anode. 28 '29 '32 

Cyclic voltammetry of gluconic acid/gluconate was performed in strongly 
. ' 

acidic and basic elec~rolytes'' at ambient and elevated temperatures, as was 

done with glucose. Pretreatment III with a MSE reference and Pretreatment I 

with a,S<;:E reference were·ul?ed to record data in 1.33M H2so4 containing O.SOM 

potassi~m'gluconate, the results using Pretreatment III are given in Figure 33 

and Table 10, and tt'!ose from Pretreatment I are in the Biannual Report. The 

pretreatments were found to cause differences in the cyclic voltammograms. At 

ambient temperature a: distinct peak in the H region was found using Pretreat­

ment til_. with MSE, wl).ich ~as a?sent With Pretreatment I with SCE, and ·the 

anodic peak in the DL region was much less intense and shifted positively in 

going from I to III. At elevated temperature only minor differences in 

currents were detected. Generous evolution of gas was detected between Points 

B and c .. (Figure 33b), which terminated near the current minimum at +300 mV 

versus MSE. and began agai~ at +475 mV versus MSE. 

More "important is the compari,s~n bet~ee~ gluconic acid (Figure 33) and 

glucose (Figure 6). The most striking differenc~ between gluconic acid and 

glucose results in acid is the loss of a distinct anodic peak in the Pt-0 

region at ambient temperature in the'gluconic acid. case. Although an anodic 

peak occurs in the DL region for gluconic acid, it appears as if it is only 

one of the two electrooxidations found with glucose. At the higher tempera­

ture the cyclic voltammograms of the two compounqs (Figures 6b and 33b) are 

strikingly similar, with the broadening and gas evolution found for glucose in 

the DL region being duplicated by gluconic acid. As at the lower temperature, 

78 

INSTITUTE 0 j: G A S T E C H N 0 L 0 G Y 



-::( 30 
.!. 
t-
z 
: 20 
"' :;:) 
u 
_, _, ... 
u 10 

0 

80 

-::( 
.!. 60 

t-
z ... 
"' "' :;:) 
u 
_, 
-'· ... 
u 

0 

a 

b 

61060 

BLAHK ----

ANODIC 

c 
~ ------- -----~ , "' ,, --- - - - -- .... 

I ~ 

\1 CATHOOIC 

-5oo 0 500 

POTENTIAL vs. M.S. E. , {mV) 

BLAHK----

A ,,, ,, 

- .,.--,111' ,, 

0 500 

POTENTIAL vs. M.S. E. , {mV) 

Figure 33. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) O.SOM POTASSIUM GLUCONATE PRESENT. EXPERIMENTAL CONDITIONS: 

ELECTROLYTE, 1.33M H2so4 ; WORKING ELECTRODE, PLATINIZED Pt (788 cm2); 
SCAN RATE, 5 mV/s; TEMPERATURE, (a) 23°C AND (b) 67°C. 
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E 
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-250 
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there seems to be loss of a peak in the Pt-0 region for gluconic acid, but 

this feature is less clear at the higher temperature than at the lower. 

The cyclic voltammetry results of gluconate in 6.1M KOH are in Figure 34 

and Table 11. Although these data were obtained using Pretreatment I and an 

SCE reference, it is believed to be acceptable because the glucose results 

indicated that in strongly alkaline electrolyte these factors had negligible 

effect. The gluconate voltammograms have much in common with those recorded 

with glucose under-the~ same conditions (Figures 12 and.34) but differences do 

exist. The most significant difference found for the gluconate cyclic voltam-

·metri occurred in the Pt-0 region of the electrode. Unlike results obtained 

in acid electrolyte, where no distinctive features appeared in the Pt-0 

region, the alkaline electrolyte results shown in Figure 34 exhibited well­

developed anodic peaks, ·n in Figure 34a and. C in Figure 34b'. At elevated 

temperatures and alkaline ,electrolytes, glucose actually lost the anodic peak 

in. the P.t-0 region, while the gluconic acid retained .a very definite oxidation 

there. Current densities were of comparable magnitude for the glucose and 

gluconate under these conditions. 

Glucaric Acid Results 

If continued oxidative attack occurs at the terminal carbons, the next 

simplest oxidation of glucose beyond gluconic acid converts the No. 6 carbon 

alcohol to a carboxylic acid. The dicarboxylic acid formed from this four­

electron oxidation of gluconic acid results in the formation of glucaric acid, 

as shown below: 

COOH 
I 

HCOH 
I 

HOCH 
I + H20 

HCOH 
I 

HCOH 
.I 
CH20H 

COOH 
I 

HCOH 
I 

HOCH 
I 

HCOH 
I 

HCOH 
I 

COOH 

As with the gluconic acid, glucaric acid was surveyed for electooxidative 

activity on platinized Pt in' acidic, (1.26MH2so4) and basic (6.1M KOH) 

electrolytes containing O.SOM·monopotassium glucarate. 
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Figure 34. , COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 0.43 POTASSIUM GLUCONATE PRESENT. EXPERIMENTAL CONDITIONS: 

ELECTROLYTE, 6.1M KOH; WORKING ELECTRODE, PLATINIZED Pt (484 cm2); 
SCAN RATE, 5 mV/s; TEMPERATURE, (a) 23°C AND (b) 60°C. 
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Table 11. ANODIC PEAK POTENTIALS AND CURRENT DENSITIES IN THE CYCLIC 
VOLTAMMOGRAMS FOR THE ELECTROOXIDATlON Ot'' 0.43 POTASSIUM GLUCONATE IN· 

6.1M KOH(pH = 14.8) AT VARIABLE. TEMPERATURE 

Peak Designation Ep,a vs. Hg/HgO, mV ip,a' lJA/cm
2 

23°C (Figure 34a) 

A -}62 33.1 

B -252 49.2 

c -157 47.5 

D +120 33.1 

E -227 39.3 

60°C (Figure 34b) 

A -800 34.1 

B -205 125.0 

c +92 79.6 

D -155 174.6 
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As with gluconic acid, cyclic voltamrnograms were recorded in the acidic. 

electrolyte using both Pretreatment I with SCE reference and Pretreatment III 

with MSE reference. However, unlike the gluconic acid case, the pretreatment 

was found to have no effect on the cyclic voltamrnograms of glucaric acid. 

The results obtained in· acidic solution at 23° and 61°C are given in 

Figure 35. At the lower temperature (Figure 35a), no significant activity was 

observed for glucaric acid in the DL region or H region and only a more rapid 

anodic breakdown limit was detected in the Pt-0 region. The increased 

temperature (Figure 35b) resulted in the appearance of a small oxidative peak 

(A) in the DL region at +425 mV versus SCE with real current density of 

2.5 v.A/cm2 • Clearly, a substantial decline in e~ectrooxiciative activity 

occurs for glucaric acid in strongly acidic electrolyte when compared with 

either glucose or gluconic acid. 

The use of alkaline electrolyte res'ulted in dramatic changes in the 

cyclic voltammograms (Figure 36). Table 12 lists the peak potentials and peak 

current densities for the cyclic voltammograms of Figure 36. Numerous anodic 

peaks at significant reaction rates ·were observed over the entire potential 

range of the electrolyte, several at quite negative potentials. No other car­

bohydrate-derived material exhibit'ed such large current densities on plati­

nized Pt in any electroly-te. The large reaction rates are particularly 

unusual when contrasted with the almost complete inactivity of the glucaric 

acidic in the acid electrolyte. The unusual results were verified by 

repeating the experiment and obtaining identical results. 

Glucuronic Acid Results 

Oxidation of glucose at the 6 carbon leaving the anomeric (#1) carbon 

intact leads to glucuronic acid (Figure 2). Electrochemically this would be 

accomplished as given below. 

CHO 
I 

HCOH 
I 

HOCH 
I 

HCOH 
I 

HCOH 
I 

CH20H 

+ H 0 2 
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Figure 35. COMPARISON OF tYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 0.50M MONOPOTASSIUM GLUCARATE PRESENT. EXPERIMENTAL 

CONDITIONS: ELECTROLYTE ,l.26M H2so4 ;' WORKING ELECTRODE, PLATINIZED Pt 
(801 cm2); SCAN RATE, 5 mV/s; TEMPERATURE, (a) 28°C AND (b) 61°C. 
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Figure 36. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 0.50M MONOPOTASSIUM GLUCARATE. PREBENT. ·EXPERIMENTAL 

CONDITIONS: ELECTROLYTE, 6.1M KOH; WORKING ELECTRODE, PLATINIZED Pt 
(746 cm2); SCAN RATE, 5 mV/s; TEMPERATURE, (a) 26°C AND (b) 62°C. 
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Table 12. PEAK POTENTIALS (Ep a) AND CURRENT DENSITIES (i a) IN THE 
' . p, 

CYCLIC VOLTAMMOGRAMS FOR THE ELECTROOXIDATION OF GLUCARIC ACID 
. ON PLATINIZED Pt IN 6.1 M KOH* 

Peak Ep,a vs. Hg/HgO, mV 
Designation 

26°C (Figure 36a) 

A -745 

B -615 

c -465 

D -295 
' 

E -150 

F +200 

62°C (Figure 36b) 

A -790 

B -470 

c -340 

D -160 

E +190 

Experimental Conditions: electrode, platinized Pt 
6.1M KOH/0.50M monopotassium glucarate; scan rate, 

87 

i a' ~/cm2 real) p, 

15.4 

12.1 

32.2 

30.8 

22.1 

105.2 

34 

127 

100 

94 

224 

(746 cm2); electrolyte, 
5 mV /s. 
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This oxidation is usually difficult to accomplish without attack at the 

anomeric (No. 1) carbon, but the possibility of selective or parallel electro­

oxidation of glucose to glucuronic acid exists. 

Data were obtained with O.SOM 6,4-lactone of glucuronic acid in 1.26M 

H2so4 at 23°C only. The 6,4-lactone is the internal ester formed by the 

carboxylic acid on the 6 carbon and the alcohol on the 4 carbon, and it is 

expected to hydrolyze to the free acid in the strong acid used. The cyclic 

voltammogram under the conditions stated is given in Figure 37. The features 

observed are 1) inhibited currents in the R region, 2) an electrooxidation in 

the DL region reminiscent of glucose and gluconic acid, and 3) a more rapid 
.. 

increase in anodic breakdown currents in the Pt-0 region. 

Glucitol Results 

If the simplest reduction of glucose is made at the anomeric (#1) carbon, 

the aldehyde is converted to an alcohol and glucitol (common name, sorbitol) 

results. (See Figure 2). Glucitol is a structurally uniform molecule having a 

hydroxyl functional group on every carbon. 

Cyclic voltammograms of O.SOM glucitol on a platinized Pt anode were 

recorded in acidic and. near-neutral· (Nos. 1 and 5, Table 4) electrolytes at 

23° and 65°C. Like gluconic acid, scans in the H2so4 electrolyte were 

obtained using both Pretreatment I with a SCE reference and Pretreatment III 

with a MSE reference. Differences arising from changes in pretreatment 

occurred only in the H-region. As.has been frequently the case in earlier 

results, a distinct glucitol electrooxidation is found in the H-region when 

Pretreatment III was used, whereas inhibition was observed in this region with 

Pretreatment I. These cyclic voltammet~y results of .glucitol in H2so4 are 

given in Figure 38 and Table 13. At ambient temperature the cyclic voltammo­

grams of glucitol (Figure 38a) exhibit 1) a peak in the H-region similar to 

glucose, 2) a peak in the DL region which is both much broader and more 

intense (approximately 5 times) than that found for glucose, and 3) no 

distinct feature in the Pt-0 region other than a more rapid current increase 

to the anodic breakdown limit. Thus significant differences exist between the 

results for glucose and glucitol. The elevated temperature cyclic voltammo­

gram of glucitol (Figure 38b) was, nonetheless, quite similar to that'of 

glucose and gluconic acid, showing little change in the H-region and double 
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Figure 38. COMPARISON OF CYCLIC VOLTAMMOG~S WITH (Solid Line) AND WITHOUT 
(Dashed Line) 0.50M GLUCITOL PRESENT. ·EXPERIMENTAL CONDITIONS: 

ELECTROLYTE, l.OOM H2so4; WORKING ELECTRODE, PLATINIZED Pt (825 cm2); 
SCAN RATE, 5 mV/s; TEMPERATURE, (a) 23°C AND (b) 64°C. 
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Table 13. ANODIC PEAK POTENTIALS AND CURRENT DENSITIES IN THE CYCLIC 
VOLTAMMOGRAMS FOR THE ELECTROOXIDATION OF O.SOM GLUCITOL IN 

1.00M H2so4 (pH= 0.0) AT VARIABLE TEMPERATURE 

Peak Designation Ep,a vs. MSE, mV 

-------- --- 23°C(Figure 38a) -----------

A 

B 

c 
D 

E 

-490 

-205 

+2 

+175 

-115 

7.3 

7.7 

25.9 

11.3 

18.6 

------------- 64°C (Figure 38h) ----------
A 

B 

c 
D 

E 

INSTITUTE 0 F 

-542 

-30 

+175 

+165 

-62 
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G A S 

5.6 

59.7 

59.9 

72.6 

68.7 
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peak structure in the DL region of comparable magnitude. Again, as observed 

with glucose and gluconic acid at elevated temperature, gas evolution was 

detected during the electrooxidation in the DL region. It stopped as the Pt-0 

region began, about + 150 mV versus MSE, and was seen to begin again at +475 

mV versus MSE. 

Further results for glucitol in the near-neutral phosphate buffer are 

given in Figure 39 and Table 14. Scans were recorded with Pretreatment III. 

The features of the glucitol cyclic voltatmnogram at ambient temperature in 

this buffer (Figure 39a) are as follows: 1) a single distinct peak in the H­

region, again similar to glucose; · 2).~ a. broa4 anod_ic structure in the DL region 

containing . two peaks' one whose peak potent.ial occurs at the·; same position as 
. . . . '. 

that found with glucose and the other whose peak potenial is at the boundary 

of the· DL and Pt-0 regions (Peak C) which is totally absent from the glucose 

(compare Figures lOa arid 39a); and 3) only a more rapid increase in anodic 
, · .. ;, 

breakdown current in the Pt-0, unlike' glu.cose wh'ich exhibit's ~ peak structure 
·; 

here. The magnitude of the current densities detected for glucose and 

glucitol. are comparable in the phosphate buffer at ambient temperature, unlike 

what ~as ,observed in the H2so4 elect.rolyte. Slight gas evolution was detected 

around Peak C of Figure 39a. 

At the elevated temperature (Figure,39b) the dominate glucitol feature 

becomes the anodic peak appearing .at a potential value corresponding to the 

boundary between the DL and Pt-0 region (Peak B, Figure 39b) with relatively 

large current density, "'80 llA/cm2• As at the lower temperature, this feature 

is absent in glucose data (Figure lOb). The peak occurring in,the early por­

tion of the DL region (Peak A, Figure 39b) is found in both glucitol and 

glucose scans. At this temperature and pH gas evolution was detected begin­

ning at --325, ending near the minimum at +237, and beginning again shortly 

thereafter at +375 (all potentials versus MSE). 

a-Methyl-D-Glucosirle Results 

The available literature on the electrochemical oxidation of glucose on 

Pt electrodes claims that the oxidative attack occurs at the anomeric 

carbon. Formation of the methylglucoside should have the effect of biocking 

oxidation at the anomeric carbon position. Mutarotation is also eliminated. 

Cyclic voltammograms of 0.50M a-methyl-D-glucoside in l.OOM H2so4 were 

obtained on platinized Pt. Hydrolysis of the glucoside bond should not occur 
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Figure 39. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 0.50M GLUCITOL PRESENT. EXPERIMENTAL CONDITIONS: 

ELECTROLYTE, 0.50M NaH2Po4/0.50M Na~HP04 (pH =6.6); WORKING 
ELECTRODE, PLATINIZED Pt (825 cmw); SCAN RATE, 5 mV/s; 

TEMPERATURE, (a) 24°C AND (b) 65°C. 

93 

INSTITUTE 0 F G A S T E C H N 0 L 0 G Y 



61060 

1 

Table 14. ANODIC PEAK POTENTIALS AND CURRENT DENSITIES FROM THE CYCLIC 
·VOLTAMMOGRAMS ·FOR -THE ELECTROOXIDATION OF· 0.50M -GLUCITOL IN 0.50M, 

NaH2Po4 /0.50M Na2HP40 (pH= 6.6)'AT VARIABLE TEMPERATURE 
. ''• . -. 

Peak Designation E:Q
1
a vs. MSE, mV i:Q.a' llA/cm2 

24 oc-· (Figure· 39ar 

' 'A -790 8.2 

., B, -305 13.0 

c .. -120 17.2 

I) -220 16.5 

65°C (Figure 39b) 

A --465 :23.1 

B -35 78.8 
. 

c ~s 54.6 

·. I 
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at room temperature to an appreciable extent, but may be a potential 

problem. Qualitative features at 27° and 63°C were identical to those found 

for glucose under the same conditions. Rut quantitatively, differences in the 

current densities occurred between cyclic voltammograms of glucose and methyl­

glucoside. The oxidative current densities in the "Pt-0" region were 

significantly reduced for the methylglucoside data. However, the anodic peak 

in the "Pt-0" region was about twice as large as that in double-layer region 

for glucose electrooxdiation. The current densities in these two regions were 

essentially the same for methylglucoside. Because no appreciable difference 

was detected between the cyclic voltammograms of glucose and a-methyl­

glucoside, partial hydrolysis of the glucoside is believed to have occurred, 

and the data are not considered to be reliable. 

Discussion and Conclusions 

Figure 40 shows the molecular structures of glucose and the derivatives 

studied with the differences the terminal carbons concisely illustrated. The 

No. 1 carbon can be a primary alcohol, aldehyde, or carboxylic acid. All the 

structures contain the four secondary alcohols represented by R. 

Cyclic voltammetry data on platinized Pt at ambient temperature were 

obtained for all the structures 1 through 5 in 1.00M H2 ~o4 , and they provide 

some interesting comparisons. As a caveat, mention is made of the fact that 

comparison of the straight-chain structures given in Figure 40 is at best 

crude because no account is taken of the molecular stereochemistry, which is 

certainly bound to influence the electrooxidative activity. Except for 

glucitol, all other structures are capable of forming lactones (internal 

esters) from the carboxylic acids and hemiacetals (o-H addition across the 

carbon-oxygen double bond) from the aldehydes. As mentioned earlier 

(Figure 4) the most stable forms of glucose are the hemiacetal ring structures 

in which no aldehyde is directly present. Even so, glucose does exhibit 

reactivity associated with an aldehyde under many circumstances. Data 

collected in the H-region show that the three structures (1, 2, and 3 of 

Figure 40) having the primary alcohols at the 6 carbon exhibit a single anodic 

peak here, while those with carboxylic acid groups (4 and 5) exhibit 

inhibition of the hydrogen desorption. This suggests that the primary alcohol 

group is the principal participant in the H region electrooxidation. In the 

DL region at ambient temperature, the only structure failing to show some 
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electrooxidative activity was the dicarboxylic acid (5), glucaric acid 

indicating the need for an oxidizable group at a terminal carbon. Glucose and 

glucuronic acid both exhibited a Dl. electrooxidation at about +90 mV versus 

MSE of comparable magnitude, which implicates the common aldehyde group that 

they contain. Glucitol, glucose, and gluconic acid all show electrooxidation 

in the DL region, suggesting that primary alcohol oxidation can also occur. 

Thus multiple reactions can presumably take place in the DL region, and selec­

tivity is poor. This is supported as well by the elevated temperature data in 

which glucose, gluconic acid, and glucitol display very similar current 

potential behavior and co2 gas evolution, which indicates further oxidative 

reaction. In addition, an anodic peak in the DL region was found in the 

glucaric acid scan at this temperature possibly implicating the occurrance of 

secondary alcohol groups. This conclusion is supported by previous work on 

alcohols in which the rates of secondary alcohols were appreciable only at 

higher temperatures while primary alcohols were more easily 

electrooxidized. 107 

In the Pt-0 region of the cyclic voltammograms recorded at ambient 

temperature, only glucose exhibited a distinct anodic peak. The results of 

all the other compounds were found to display only a more rapid current 

increase to electrolyte breakdown. Assignment of the glucose aldehyde or 

anomeric (#1) carbon electrooxidation to that observed in Pt-0 region would be 

suggested if it were not for the results of glucuronic acid, which also has 

the terminal aldehyde group but little activity in the Pt-0 region. Perhaps 

the lactone formation of the glucuronic acid causes an unfavorable stero­

chemical situation that inhibits the aldehyde electrooxidation. 

Cyclic voltammograms on platinized Pt were recorded for glucose, gluconic 

acid, and glucaric (Structures 2, 3, and 5 in Figure 40) acid in strong 

alkaline (6.1M KOH). Glucose and gluconic acid gave nearly identical cyclic 

voltammograms in this electrolyte with the exception that gluconic acid 

retained the electrooxidation in the Pt-0 region even at the high 

temperature. Radically different results were found in the case of glucaric 

acid in this electrolyte; up to six peaks covering the entire potential range 

of the electrolyte and very large current densities were detected. These 

varied results in alkaline electrolyte are thought to suggest that chemical 

degradation products are playing the dominate role in the observed electro­

chemical activity. 
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The important conclusions can be drawn from these comparisons: 

1) electrooxidation beyond gluconic acid is possible in both acid and base at 

DL region potentials, 2) a mechanism exists by which oxidation to co2 can 

occur without oxidation of both terminal carbons to carboxylic acids, and 3) 

the electrooxidations in the DL region are quite nonspecific -- a number of 

parallel reactions are possible. 

Electrooxidation of Dextrin 

Dextrin is the carbohydrate mixture obtained by hydrolysis of ,starch. 

Cyclic voltammograms were recorded with dextrin on platinized Pt in acidic 

(l.OOM H2so4 ) and alkaline (6.1M: KOH) electrolytes to demonstrate that pure 

monosaccharides, like glucose, are not necessary for electrooxidation to take 

place. In addition, the reducing power of dextrin is not as great as glucose 

as evidenced by its inability to reduce Fehling's solution. 108 As usual, two 

temperatures were surveyed. 

The cyclic voltammograms in acid electrolyte with and without dextrin are 

shown in Figure 41 for the two temperatures. The results were very similar to 

glucose results in that a electrooxidation occurred both in the double.layer 

and "Pt-0" regions of the Pt electrode. Current densities were also 

comparable to those found for glucose. 

The cyclic voltammetry results for dextrin in the alkaline electrolyte 

are shown in Figure 42. Although the results at 22°C were similar to glucose 

in that'oxidations occurred in all three regions of the Pt electrode, only 

single distinct peaks were f.ound with dextrin whereas glucose showed two. The 

higher temperature voltammogram (Figure 42b) was also similar to glucose with 

the major featur~being a very broad peak centered in the double-layer region. 

Unlike glucose, however, dextrin maintained a strong oxidation in the "Pt-0" 

region as well. These data show that hydrolzed carbohydrate polymers provide 

an anodically electroactive mixture. 

Electrooxidation of Lignosulfonic Acid Salts 

A less extensive electrochemical survey than that conducted for the 

carbohydrates was made for the other major biomass constituent described in 

Task 1, the lignins. Lignin residues derived from the sulfite pulping process 

are the salts of lignin sulfonic acids. In the sulfite pulping process the 

natural lignin, like that illustrated in Figure 3, is fragmented into units of 
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POTENTIAL vs SCE , (mV) 

Figure 41. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 100 g/L DEXTRIN PRESENT. EXPERIMENTAL CONDITIONS: 

ELECTROLYTE, 1.00M H2so4; WORKING ELECTRODE, PLATINIZED Pt (801 cm2); 
SCAN RATE, 5 mV/s; TEMPERATURE, (a) 24°C AND (b) 61°C. 
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Figure 42. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) ANn WITHOTTT 
(Dashed Line) 100 g/L DEXTRIN PRESENT. EXPERIMENTAL CONDITION~: 

ELECTROLYTE, 6.1M KOH; WORKING ELECTRODE, PLATINIZED Pt (764 em ); 
SCAN RATE, 5 mV/s; TEMPERATURE, (a) 22°C AND (b) 62°C. 
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relatively large molecular weights in the range from 2000 to 5000 and sul­

fonated. The added ionic sulfonate groups then solubilize the lignin frag­

ments in aqueous solutions of all pH's. Information was collected on the five 

lignosulfonic acid salts listed in Table 15, which gives a limited number of 

their properties. The first four salts in Table 15 were provided by the 

Crown-Zellerbach pulp and paper company, and the last one was from the com­

mercial chemical vendor, Pfaltz and Bauer (P&B). The majority of the data 

were obtained with the P&B lignosulfonic acid, Na salt while the others were 

investigated under a limited number of conditions in order to identify whether 

the small differences in prior histories could possibly affect the electrooxi­

dative activity. 

Table 15. LIGNOSULFONIC ACID SALTS AND SELECTED PROPERTIES 

Type of Sugars, Ash, 
Material Salt wt% .E!!. wt% 

Or zan A NH+ 
4 6 4 3 

Or zan s Na+ 19 6 17 

Or zan LS Na+ 0 11 28 

Product 1120 ca2+ 3 7 20 

Pfaltz & Bauer Na+ 

Cyclic voltammetry was used to collect data on shiny and platinized 'Pt, 

glassy carbon, and Pb anodes. Experimental procedures were identical to those 
I 

previously discussed for the glucose investigation. In most instances cyclic 

voltammograms were recorded at two temperatures, as has been the custom. The 

concentration of lignosulfonic acid salt was always 100 g/L. 

Platinum Anode - Shiny 

All the lignosulfonic acid salts listed in Table 15 were surveyed for 

electrooxidative activity on the shiny Pt anode. Data for the P&B lignosul­

fonic acid were obtained in acidic, near-neutral, and basic electrolytes 

(Nos. 1, 5, and 7 of Table 4) while the others were restricted to acid only 

(1.00M H2so4). The cyclic voltammogram of 100 g/L P&B lignosulfonic acid, Na 

salt in 1.00M H2so4 , is shown in Figure 43 at 24°C. Electrooxidative activity 

at potentials more negative than oxygen evolution is clearly evident for this 

lignosulfonic acid. The electrooxidation, which appeared almost entirely in 

the Pt-0 region, consisted of two broad peaks with the first beginning near 
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the potential where the "Pt-oxide" layer begins to form. The potentials of 

the initial shoulder, Peak A in Figure 43, and the broad second peak, B, along 

with their current densities are given in Table 16. The four other lignosul­

fonic acid salts provided by Crown-Zellerbach gave qualitatively similar 

cyclic voltarnrnograms -in that two anodic peaks in the Pt-0 .region were always 

observed. Figure 44a gives a comparative cyclic voltamniogram for Orzan LS, 

and Table 16 lists the peak potentials and current densities for the two peaks 

of all the lignosulfonic acid salts for further comparison at both ambient and 

elevated temperature. The only deviation in this pattern was a small rever­

sible wave observed in the DL region for the Ca salt (Product 1120). Slight 

differences in the relative magnitudes of the two peaks were observed. 

-Increased temperature was found to leave the peak pattern unchanged, and 

only current density increases of about a factor of three were detected. (See 

Figure 44b and.Table 16.) The data indicate that the different lignosulfonic 

acid salts a,re essentially equivalent. Based upon current densities 

calculated .from real platinum area, these values are about 100 times larger 

than those found with glucose. 

Electrochemical oxidation of P&B lignosulfonic acid was also observed 

over a wide range of potentials in the near-neutral phosphate buffer. 

Figure 45 shows the single broad feature of the electrooxidation at ambient 

temperature.· Qualitatively, raising the temperature to 65°C had no effect. 

At 24°C the maximum current density of 0.18 rnA/cm2 occurred at +479 mV versus 

SCE; at 65°C a value of 0.23 rnA/cm2 was found at +32R mV versus SCE. The 

increase in temperature caused a negative shift in potential for the maximum 

current density with little increase in its magnitude. 

The cyclic voltarnrnograms of P&B lignosulfonate obtained in strong 

alkaline electrolyte, 6.1M KOH, are shown in Figure 46 at 26°C and 64°C. 

Again, electrooxidation of the lignosulfonate occurred over a wide range of 

potential with the cyclic voltarnrnogram at ambient temperature .(Figure 46) 

being similar in appearance to those recorded in acid electrolyte, which had 

an initial plateau region followed by a more distinct peak. Unlike the previ­

ous two electrolytes, qualitative changes in the cyclic voltammograms occurred 

when the temperature was increased in alkaline electrolyte. (See Figure 46.) 

At the higher temperature, Figure 46b, a double peak appeared initially 

followed by a sharp rise at about the peak potential (B in Figure 46a) found 
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Table 16. PEAK POTENTIALS AND CURRENT DENSITI~S FOR THE 
LIGNOSULFONIC ACID SALTS LISTED IN TABLE 15 

Lignosulfonic Peak Ep,a vs. ip,a' ·;.' 

Acid Salt Desig~~tion SCE 2 mV mA/cm2 

--23° to 28°C 

Pfaltz and A (Fig. 43) +713 0.45 
Bauer B (Fig. 43) +1208 1.56 

Orzan A A +708 0.65 
B +1150 1.55 

Orzan S A +770 0.63 
B +1150 r.55 

Or zan LS A (Fig. 44a) +750 o.ss 
B (Fig. 44a) +1050 1.15 

Product 1120 A +765 0.68 
B. +1145 1.68 
c +450 0.18 

62° to 65°C 

Pfaltz and A +720 1.30 
Bauer B +1200 4.27 

Orzan A A +750 1.60 
B +1070 4.15 

Orzan S A +725 1.48 
B +1055 4.13 

Orzan LS A (Fig. 44b) +730 2.15 
B (Fig. 44b) +975 3.63 

Product 1120 A +745 1.95 
B +1070 5.08 

* Experimental Conditions: Working electrode, shiny Pt; electrolyte, 1.00M 
H2so4/100 g/L lignosulfonic acid salt; scan rate, 5 mV/s. 

104 

INSTITUTE 0 F G A S T E C H N 0 L 0 G Y 



61060 

A 
BUNK----

4( 
E 

.... 
z 
w 
0:: 
0:: 
::l 
u 

4( lO 

E 

.... 
z 
w 
0:: 
0:: 
::l 
u 
_, LO _, 
w 
u 

B 
BUNK----

ANODIC 

CATHODIC 

1000 

POTENTIAL n SCE , (mV) 

ANOOIC 

···----------- ---·::-.. --------------- .. ·-----------------------­··-----
CATHODIC 

POTENTIAL vs SCE , (mV) 
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EXPERIMENTAL ~ONDITIONS: ELECTROLYTE, LOOM H2so4; WORKING ELECTRODE, 
SHINY Pt (1 em ); SCAN RATE, 5 mV/s; TEMPERATURE, (a) 23°C AND (b) 62°C, 
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at ambient temperature. Table 17 lists the average potentials and current 

densities for the features designated in Figure 46. Current densities again 

attained values near 1 mA/cm2 and were influenced only slightly by the 

temperature increase. 

Platinum Anode - Platinized 

Although the true current densities for the lignosulfonic acid were much 

higher than those found for glucose, higher currents are desirable for practi­

cal bulk electrolyses. The electrochemically active area per unit area of 

electrode can be increased-by roughening its surface, thereby increasing the 

current density based on electrode geometric area. As is well known, platini­

zing a platinum electrode is a simple way to accomplish this roughening, and 

this procedure was used widely in the investigation of glucose to increase the 

total currents observed • 

.. 'the electrochemical oxidation-of P&B lignosulfonic acid in 1.00M H2S04 

was, therefore, investigated on platinized Pt by cyclic voltammetry, and the 
l~ • • ' • . . • -

results are given in Figure 47 for two temperatures. Pretreatment I was 

used. Few distinguishing features were observed except for a small peak at 

the most negative potential, Peak C in Figure 47, which was not in evidence on 

the shiny Pt electrode. Because there were no distinct features over most of 

the potential range, the gradual current increase was characterized by 

tabulating the current densities at the potentials of the peaks obs.erved using 

the shiny Pt as well as the initial small peak (Table 18). 

Although electrochemical differences in the lignosulfonic acid salts in 
f 

Table 15 were expected to be small based upon the shiny Pt data, cyclic 

voltammograms were recorded on platinized Pt in 1.00M H2so4 for all the Crown­

Zellerbach materials as.well in order to verify that nothing unusual 

occurred. In fact, all the lignosulfonic acid salts in Table 15 gave qualita­

tively the same cyclic voltammograms, and Table 18 compares the real and 

geometric current _densities at two potentials of the gradually increasing 

cyclic voltammograms. Quantitatively, the only unusual feature was the lack 

of current increase· for the P&B material when the temperature was increased as 

was observed for the other lignosulfonic acid salts. 

The platinized Pt electrodes used here had an area approximately 600 

times larger than the shiny.Pt electrode. Using·the platinized Pt area and 
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Table 17. CYCLIC VOLTAMMETRIC POTENTIALS (Ep,a) AND CURRENT DENSITIRS 

(ip,a) FOR THE ELECTROOXIDA~ION OF LIGNOSULFONIC ACID, 

Na SALT IN 6.1M KOH ON SHINY PLATINUM* 

Oxidation . 

Designation 

Ep,a vs Hg/HgO, 

mV 

------------- 26°C (46a) ------------­

A 

B 

A 

B 

+80 

+375 

----- 64°C (46b) ---

-60 

Potential of B (46a) 

+105 

+375 

0.48 

0.90 

0.85 

1.05 

1.45 

* Electrolyte: 100g lignosulfonic acid, Na salt/L; 6.1M KOH (pH= 14.8). 
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Figure 47. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 100 g /L LIGNOSULFONIC ACID, Na' SALT PRESENT. EXPERIMENTAL 

CONDITIONS: ELECTROLYT~, 1.00M H2so4 (pH = 0.0); WORKING ELECTRODE, 
PLATINIZED Pt (1200 em ); SCAN RATE, 5 mV/s; TEMPERATIJRE, (a) 24°C 

AND (b) 65°C 
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Table 18. REAL AND GEOMETRIC CURRENT DENSITIES FOR THE LIGNOSULFONIC 
ACIDS AT +725 AND 1210 mV VS. SCE AT 26° AND 62°C 

Geometric ip,a Real ip,a Geometric ip,a 

@ 725 mV vs. SCE, @ 725 mV vs. SCE, @ 1210 mV vs. SCE, 

mA/cm2 ilA/c~2 mA/cm2 

26°C 

~.flO 4.2 21.0 

1.75 2.77 13.8 

2.50 3.96 15.2 

3.50 5.64 12.1 

2.00 3.17 17.8 

62°C 

6.50 5.4 21.0 

6.00 9.51 33.2 

6.75 10.70 27.5 

8.50 13.71 25.5 

9.25 14.92 29.8 

6.75 10.70 34.8 

* These samp~es contained precipitates and were less than 100g/1. 

Real ip,a 

@ 1210 mV vs. SCE, 

JlAI cm2 

17.5 

21.8 

24.2 

19.8 

28.1 

17.5 

52.7 

43.6 

41.1 

48.0. 

55.1 

0\ 
1-' 
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0\ 
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scaling the current based on real current densities determined form shiny Pt 

(Table 16), the geometric current densities given in Table 18 are several 

hundred times smaller than this scaling predicts. The exper~mental, real 

current densities are therefore much lower on the platinized Pt than on the 

shiny Pt. This effect of area was investigated further by recording cyclic 

voltammograms of 100 g/L P&B lignosulfonic acid, Na sdt/O.SOM H2so4 solutions 

on platinum electrodes with different roughness factors. (The roughness 

factor is the proportionality constant relating real area.to the geometric 

area.) 

Table 19 lists the results of the current densities, both real and geome­

tric, for Pt electrodes with varying roughness factors at two potentials. For 

all electrodes except the shiny Pt, cyclic voltammograms with increasing cur­

rents similar to Figure 47 were observed. Although there is considerable 

scatter, in. the data, electrode roughening (platinizing) is not particularly 

effective for increasing total currents. Increasing real area by a factor of 

1000 only results in about 10-fold increase in current. Real current 

densities appear to change little among the platinized sample of differing 

area, at least compared to .. the shiny·Pt ._electrode. 

' The reason· for this inability to scale the geometric current density with 

area is believed to result from the large size of the lignosulfonfc acid frag-

'ments, which have molecular weights between 2000 and 5000~ 13 Figure 48 

schematically illustrates the relationship between the lignosulfonic acid 

fragment and the platinized Pt electrode. The roughness of the platinized Pt 

is on a smaller scale than the size of the lignosulfonic acid fragments, which 

makes most of the area inaccesible to it. Whereas a smaller molecule like 

glucose may reach into the valleys and make full use of Pt area, the lignosul­

fonic acid can take advantage only of the peaks in'the electrode surface, and 

little is gained by platinizing •. The inability to increase the currents 

appreciably for lignosulfonic acid by platinizing is disappointing. 

Lead Anode 

Cyclic voltammograms were,obtained from (P&B) lignosulfonic acid in 1.00M 

H2so4 on a 1-cm2 Ph anode at 23° and.62°C. Figure 49 shows the cyclic voltam­

mogram recorded at 23°C. No current of any kind, not even a Ph surface 
" . 

reaction, was detected until potentials we'll past those necessary for o2 
evolution in the absence of the lignin.· Such behavior is indicative of strong 
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Table 19. EFFECT OF Pt ELECTRODE ROUGHNESS FACTOR ON THE CYCLIC VOLTAMMETRY GEOMETRIC AND REAL CURRENT 
DENSITIES FOR ELECTROOXIDATION OF LIGNOST~FONIC ACIOa 

Electrode Real Geometric ip,a Real ip,a Geometric ip,a Real ip,a 

Expt. Geometric Roughness Area, @ 725 mV vs. @ 725 mV vs. @ 1210 mV vs. @ 1210 mV vs. 

No. 

1 

2 

1 

2 

1 

1 

a 

b 

c 

Area 1 cm2 Factor cm2 .J_~ 1 rnA/ cm2 ~~~, 11A/ cm2 SCE 1 mA/cm2 SCE 1 v.A/cm2 

1.ooc 2.7 2.7 0.40 148 1.69 

1.ooc 2.7 2.7 0.50 185 1.44 

1.54 184 281 0.89 4.9 2.60 

1.54 184 281 0.36 2.0 1.53 

1.00 631 631 1.5 2.4 12.00 

1.00 1200 1200 5.0 4.2 21.00 

Experimental Conditions: Electrnlyt~, 0.50M H2so4/100g/1 lignosulfonic acid, Na salt (Pfaltz and 
Bauer); temperature, 25 ± 3°C; scan rate 5 mV/sec. 

Real area determined by hydrogen desorption method. 

Shiny Pt. 
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533 

14.2 

8.4 

19.0 
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Figure 48. . SCHEMATIC ILLUSTRATION OF A LIGNIN FRAGMENT 
APPROACHING A PLATINIZED Pt'ELECTRODE 
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B 

Figure 49. ·COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) ANn WITHOUT 
(Dashed Line) 100 g/L LIGNOSULFONIC ACID, Na SALT (Pfa1tz & Bauer) PRESENT. 

EXPERIMENTAL CONDIT!ONS;. ELECTROLYTE, O.SOM H2so4; WORl<ING ELECTRODE, 
· Pb (1 em ); SCAN RATE, 5 mV/s; TEMPERATURE, 23°C 
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adsorption of the lignin material on' the Pb electrode surface, which inhibits 

the Pb surface reactions and o2 evolution. Such adsorption has been reported 

in the literature. 109 As Figure 49 shows, once a potential is reached at 

which current is passed, the passive layer. appears to be broken and current 

flows to significant values even on the return scart. The anode potential at 

which current flows is, ·however, ·quite·positive being on the order of 2.0 V 

versus RHE. Increasing the temperature yields the same qualitative results 

but the currents decrease. However, these currents may be a function of the 

reversal potential, which were not the same. 

Vitreous Carbon Anode 

Only'a single cyclic voltammogram was recorded with (P&B) lignosulfonic 

acid on a vitreous carbon (Atomergic V25) electrode. The electrolyfe composi­

tion was l.OOM.Hzso4 plus 100 g/L lignosulfonic acid, Na salt. At a scan rate 

of 5 mV/s and.23°C, a single, broad, weak peak was observed beginning at 

+600 mV versus SCE·and peaking at +1350 mV versus SCE with a current density 
·. 2 

of l mA/cm. This magnftude of current is on the same order of.magnitude as 
't 

those foun~d' With ':Pt'· e'lettr<ides· under similar conditions. 

Conclusions 

The results obtained for the lignosulfonic acid salts, clearly indicate 

that -~hey_ e~h~l;>it .~~~9~_J:"O~x_id~~~V:~C' a,cr,tiy_i~y ,at_ po.tent~als more negative than 
.. , .. 

oxygen evolution. The potentials, however, where reaction occurs were rather 

positive (+900 mV or greater versus RHE} and only modest current densities of 

a few milliamperes' per square:·-centltiu:iters were observed; The reactivity in 
. . . . ' ; . . : .. -~ .' . : :. ' ,J'. . - . ' 

near-neutral electrolyte was .the smal,.lest, with- that in strongly ac-idic and 
' •. '(. ,' . • ;. ; ~ . ' J 

basic electrolytes ·-bei!ng about equal. Anode surface roughening and increased 

temperature had only a small effect on the electrooxidative current 

detected. The very limited anode variation indicated Pt as the preferred 

anode material. Only minor quantitative differences were observed between the 

results of the various lignosulfonic acid salts investigated. The data 

suggest that lignins may have limited electrochemical reactivity because the 

major portion of the lignin molecular fragment is inaccessable to the elec­

trode. 
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Electrooxidation of Other Lignin Materials 

Two samples derived from the kraft pulping process were supplied by the 

Crown-Zellerbach pulp and paper company, and they were briefly investigated. 

The samples provided were kraft lignin and raw black liquor. 

Kraft Lignin 

The pulping in the kraft process is performed in strongly alkaline solu­

tion, and the lignin fragment's solubility arises from neutralization of the 

phenol type hydrogens to form ionized phenoxide groups. Acidification can 

reprotonate the phenoxide groups, which causes a loss in solubility and 

precipitation. The kraft lignin investigated here was a material precipitated 

from the black liquor with H2so4 in just such a manner. 

The cyclic voltammograms of kraft lignin were recorded on shiny Pt in an 

electrolyte of 6.1M KOH containing 100 g/L kraft lignin. As usual, data were 

collected at two temperatures, the results of which are shown in Figure SO. 

As can be seen from the figure, several distinct oxidations of the lignin 

occur at potentials more positive than about --100 mV versus Hg/HgO with real 

current densities of several tenths of a milliampere per square centimeter. 

Little increase in current density occurred with increased temperature, 

typical of the lignin sulfonic acid salts investigated. 

The cyclic voltammograms recorded with the lignosulfonic acid samples 

under identical conditions exhibited electrooxidation in the same general 

potential regime and had slightly larger current densities. However, the 

structure of the voltammetric peaks was entirely different. 

The normal Pt electrode Pretreatment (No. I) of anodic and cathodic 

cycling was found to be inadequate for the kraft lignin. After the first 

scan, subsequent cyclic voltammograms showed reduced currents and 

resolution. Washing the electrode with an organic solvent like acetone prior 

to the electrochemical pretreatment allowed reproducible scans to be 

obtained. Implication. from this observation is that an organic substance is 

adhering to the electrode surface, perhaps through anodic polymerization. The 

aromatic structure (Figure 3) of lignin makes stable free-radical formation 

likely, 60 and polymerization of the radicals may then be expected. Such poly­

merization has been observed with lignin model compounds and would naturally 

be a hindrance to continued electrochemical activity. 
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Figure 50. COMPARISON OF CYCLIC VOLTAMMOGRAMS WITH (Solid Line) AND WITHOUT 
(Dashed Line) 100 g/L KRAFT LIGNIN. EXPERIMENTAL CONDITIONS: 

ELECTROLYTEt 6.1M KOH; WORKING ELECTRODE, SHINY Pt 
· (1 em Geometrical); SCAN RATE, 5 mV/s; 

TEMPERATURE, a) 24°C AND b) 64°C 
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Black Liquor 

Kraft black liquor is the spent liquid remaining after pulping and is 

composed of a large collection of substances, the largest fraction of which is 

kraft lignin. Table 20 lists the constituents of a typical sample as given by 

Sjostrom13 showing the heterogeneous nature of the liquor. 

Cyclic voltammograms were recorded on a platinized Pt electrode with a 

scan rate of 5 mV/s and a temperature of 23°C. An initial cyc~ic voltammogram 

was obtained immediately on arrival and then again the next day after exposure 

to air during the night. These cyclic voltammograms are shown in Figure 51. 

In the scan recorded immediately on arrival, some sort of electrooxida­

tion occurred over nearly the entire range of potential av~ilable to the elec­

trolyte. The oxidation began at about -400 mV versus Hg/HgO and maintained 

currents between 5 and 10 mA/cm2 (geometrical) up to +1000 mV versus Hg/HgO. 

The current then rose to a peak of 25 mA/cm2 (geometrical) at +1450 mV versus 

Hg/HgO before anodic breakdown occurred. 

After a light exposure to air, much of the oxidation disappeared. 

Initial oxidation did not begin until about'+200 mV versus Hg/RgO with 

currents between 5 and 10 mA/cm2 (geometrical) appearing over the potential 

range from +200 to +1300 mV versus Hg/HgO. The current then rose to the 

anodic breakdown. The alkali lignin in kraft pulping effluent is known to air 

oxidize, which presumably accounts for the differences in the cyclic voltam­

mograrns in Figure 51. 

Further investigation of the degradation was made by recording a cyclic 

voltammogram 54 days after receipt. Additional reduction in electrooxidative 

activity was observed, and a scan very similar to that of the kraft lignin was 

obtained. This observation suggests that the stable species in the black 

liquor is akin to the species obtained by acid precipitation, the kraft 

lignin. 

Conclusions. With the limited experimental data available on the black 

liquor and the kraft liquor derived from it, not a great deal can be con­

cluded. Although a peak structure was observed in the cyclic voltammograrn of 

the kraft lignin (Figure 50), its potential versus RHF. and the current density 

magnitude were very similar to those seen for the lignosulfonic acid salts. 

Thus one type of lignin does not appear to be preferred over the other. The 
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Table 20. TYPICAL COMPOSITION OF THE ORGANIC MATERIAL IN PINE 
KRAFT SPENT LIQUOR13 

Content Composition 
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ComEonent (% of d!}:· solids) (% of hy_~ro!I_ acids) 

Lignin 47 

Hydroxy acids 28 

Lactic 15 

2-Hydroxybutanoic 5 

2,5-Dihydroxypentanoic 4 

Xyloisosaccharinic 5 

a-Glucoisosaccharinic 15 

e-Giucoisosaccharinic 36 

Others 20 

Formic Acid· •] 

Acetic acid 4 

Extractives 5 

Other compounds 9 

ANODIC 

... ----- ---··-·····---- ... -........ -.... -·-
CATHODIC 

POTENTIAL vs Hg/HgO ,(mV) 

Figure 51. CYCLIC VOLTAMMOGRAMS OF WEAK BLACK LiOUOR ON SHINY Pt (1 cm2) 
IMMEDIATELY AFTER RECEIPT (Solid Line) AND AFTER EXPOSURE TO THE 

ATMOSPHERE FOR ~20 HOURS (Dashed Line); SCAN RATE, 5 mV/s; 
TEMPERATURE, 23°C. 
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black liquor exhibited initial currents greater than the other lignins, but 

this activity declined with time and reached values commensurate with the 

other lignin samples investigated. This behavior suggests that degradable, 

nonlignin components are responsible for the larger current densities 

initially observed or that the oxidizable groups on the lignin are degraded 

with time and processing. 
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TASK 3. CHARACTERIZATION OF ANODIC OXIDATIONS 

This task is directed at determining the properties of the sustained 

electrooxidation of the biomass materials identified in Task 2 that exhibited 

oxidation. In addition, chemical analysis of samples prepared by sustained 

electrooxidation or bulk electrolysis allows the identification of the 

reaction products being generated. 

Nearly all the experiments conducted in this task were performed to 

investigate the properties of glucose electrooxidation, and the vast majority 

of these were conducted with the platinized Pt anode. In platinized Pt work, 

constant current (chronopotentiometry) and constant potential (chrono­

amperometry and bulk electrolysis) electrolyses were performed. Chemical 

analysis of electrolyzed solutions was investigated by high-pressure liquid 

chromatography (HPLC) and gas chromatography/mass spectrometry (GC/MS)· of 

derivatized samples. Sustained electrooxidation of glucose on lead ruthenate 

and nickel anodes was also briefly explored. 

Lignin electrolysis with a Pt anode was briefly touched upon in this 

task. 

Electrooxidation of Glucose 

Most of the electronic equipment and procedures employed in this task 

were identical to those described in Task 2. A PAR Model 179 Digital 

Coulometer plug-in was used in conjunction with potentiostat when it was 

necessary to count the amount of charge passed during an electrolysis. 

Various electrochemical cells were used and will be described as needed. 

Platinum Anode -- Platinized 

Chronoamperometry. In the chronoamperometric experiment the current is 

monitored as a function of time during constant potential electrolysis. Any 

decline in current with time or limiting current may be identified in this 

manner. Passivation problems may also be discovered. · 

The platinized Pt working electrodes (1.54 cm2 geometric area) were con­

structed by fastening a Pt disk to a piece of glass tubing with Teflon shrink 

tubing. After platinization, it was mounted horizontally in the electrolytic 

cell containing 250 mL of electrolyte, a graphite counter with glass fit 

separator, and a SCE reference. The real electrode area was determined as 
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previously described, and Pretreatment I was used. Current-time curves were 

recorded for the oxidation of O.SOM glucose on platinized Pt in 1.00M H2so4 
under variable conditions· of anode potential, temperature, and mass 

transport. Anode electrolysis potentials investigated were +450 and +950 mV 

versus SCE, which were chosen to be approximately SO mV more positive than the 

peak potentials for the two oxidations observed in the cyclic voltammogram at 

23°C (Figure 6). Data were collected at ambie~t (23°C) and elevated (68° ± 
3°C) temperatures with and without stirring. 

Under all conditions, an initial rapid decline occurred which developed 

into a gradual decline after approximately 5 minutes. Figure 52 illustrates 

this behavior for the elctrooxidation of glucose at +450 mV versus SCE, a 

temperature of .68° ± 3°C, and with or without stirring over a period of SO 

minutes. At ·no time was a true steady-state current attained. For both 

temperatures and at both potentials, ·the simple stirring by a magnetic stir­

ring bar had little effect. A slight increase in current seemed to occur 

initially when stirred, but after 10 minutes, it was lower than in the 

unstirred electrolytes. 

Table .21 lists the total charge passed in an hour and the current density 

at 10 minutes, which represents the current densities in the slowly changing 

region under the conditions investigated. Current ·densities at the two dif­

ferent potentials were effectively the same while the 45°C temperature 
' 

increase caused increases of about an order of ·magnitude. These current 

densities are far below values that would be calculated on the basis of direct 

oxidation of a- and e- D-glucopyranose in the bulk electrolyte. The total 

number of glucose molecules involved in the oxidation was not great, as may be 

seen in Table 21. If a two-electron oxidation is assumed, at most only 0.1 

mol % of the glucose was oxidized. 

The continuous decline in current suggests electrode passivation. There 

appears to be two parts to the passiyation: 1) a rapid initial component in 

the first 5 minutes and 2) a longer term decay that follows. Lack of a 

positive influence on the current by stirring ind~cates that 'current declines 

are not caused by mass transport. 

Chronopotentiometry. In the chronopotentiometric experiment the 

potential was monitored as a function of time during constant current 

electrolysis. It most closely mimics electrolyzer operation in that the 
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Table 21. CHRONOAMPEROMETRY RESULTS: . CHARGE PASSED pgR 60 MIN AND 
SELECTED CURRENT DENSITY UNDER VARYING CONDITIONS 

ON PLATINIZED PLATINUM ANODE 

Anode Electronsc · Current Density 
Potential Temp. Passed in 60 min, at 10 min, 

vs. sc~.t __ mv oc Stirringb J,Jmol JJA/cm2 

a 

b 

c 

+450 23 No 25 1.8 

+450 23 ·Yes 21 1.7 

+450 65 No 187 13.6 
!. 

+450 68 No 297 16.1 

+450 70 No 223 17.8 

+450 72 Yes 145 (/ 12.3 

·+450 
. 
69 Yes 307 26.9 

+450 70 Yes 202 1.8. 7 
v·: 

+950 24 No· 45 3.2 

+950 23 Yes 33 2.1 

+950 68 No 225 16.0 

+950 70 Yes 134 10.7 

General experimental conditions.: Anode, Platinized Pt ( 428 cm2); , 
Electrolyte, O.~OM Glucose/1.00M H2So4. 

Stirring provided by magnetic stir bar. 

For comparison, total moles glucose present equal 100 mmol. 
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reaction rate (current) is fixed while allowing the potential to take on the 

value necessary to maintain the desired rate. The general behavior of the 

potential time curve is as follows. If a fixed electrochemical reaction is 

taking place during the constant current electrolysis, the potential will 

remain essentially constant until the species at the electrode being reacted 

is .consumed, at which time a rapid rise in potential to a value required to 

react the next available species occurs. A plateau structure similar to 

battery charging curves may often be obtained. Gradual rises in a plateau 

potential will occur as the concentration of the reacting species is depleted 

at the surface and concentration overpotential is increased. 

The cell used was the same as that 'described for the chronoamperometry. 

Reaction rates between 1 and 100 mA/cm2 , geometrical, (~1 and 100 '1JA/cm2 , 

actual) for glucose oxidation were investigated in acid, neutral, and basic 

electrolytes, Nos. 1, 5, and 7 of Table 4. Emphasis was placed on the acidic 

electrolyte, 1.00M H2so4 • Because of the substantial temperature dependence 

of the glucose oxidation previously identified in cyclic voltammetry results, 

data were collected at ambient temperature and 65°C. 

In the acid electrolyte over the range of experimental conditions 

explored, rather diverse behavior was observed in the potential-time curves. 

At the large reaction rate (100 mA/cm2, geometrical), the potential increased 

·rapidly up to the value found without glucose, and oxygen evolution was 

observed. A slight decrease in potential, about 100 mV, was detected at 65°r.. 

At lower reaction rates, distinct plateau structures in the potential­

time curves were recorded. The potential plateaus appeared at potential 

values corresponding to the peaks observed in the cyclic voltammograms. Thus· 

two glucose oxidation plateaus were identified that correspond to two of the 

cyclic voltammogram peaks, as can be seen from Figure 6 for example. The most 

negative potential plateau is of the greatest interest, and it was explored 

most thoroughly. This first potential plateau, in nearly all cases, exhibited 

large potential oscillations. Figure 53 illustrates typical behavior 

observed. This type of oscillatory behavior has been previously observed in 

the electrooxidation of other organic materials like formic acid110 and 

glucose as we11. 28 Its appearance has been related to passivation behavior of 

the Pt electrode. Reproducibility for this low potential plateau was not 

great either quantitatively or qualitatively, perhaps due to electrode 
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pretreatment effects. Table 22 gives the results of four cho'nopotentiograms 

curves that were generated under conditions as identical as possible. 

The capacity of this first plateau was a sharp function of current or 

reaction rate. Table 23 lists the capacities found at ambient temperature for 

a range of currents. Low current densities favored increased capacity; 

increased temperature also increased the capacity of this plateau. If the 

electrolysis was terminated after passing totally through the low potential 

plateau, stirred for 10 minutes, and restarted, the potential returned to the 

low potential value and passed through it again. Table 24 presents such a 

series of data. 

Although a decline in plateau capacity appears to be occurring with each 

run, the values are not outside the range found for the four "fresh" glucose 

solutions listed in Table 22. These chronopotentiometric data suggest a 

mechanism where the electrochemical species is being formed rather slowly by 

some nonelectrochemical step prior to electron transfer. At any rate, the 

capacity under any of the circumstances investigated was very much smaller 

than the amount of glucose present. Compare 250 mmol of glucose with the 

capacities in Tables 22 through 24. 

At the second potential plateau at ~710 mV versus SCE, the potential 

could be maintained for capacities up to several percent of the moles of 

glucose at which time electrolysis was terminated. Thus, this reaction is 

believed to result from direct oxidation of bulk glucose. 

Although limited experimentation was conducted at the higher temperature, 

65°C, inc.reased capacitance at the more negative potentials was clearly the 

trend. At the 1 mA rate a plateau was maintained at 140 mV versus SCE for 

21.5 minutes, at which time the experiment was terminated. This potential 

lies below that found at ambient temperature. (See Table 23.) When 

electrolysis was maintained at the 10 mA rate, no plateau structure was 

observed. The initial working electrode potential was, however, quite nega­

tive. A slow rise followed, indicative of less reaction selectivity, which 

might be expected at the higher temperature. Table 25 tabulates the potential 

at selected times. 

At ambient temperature no depolarizing effect at negative potentials was 

observed for a 10 mA rate (Table 23); increased temperature clearly increases 

the depolarizing capacity of the glucose. 
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Table 22. 5:...mA CHRONOPOTENTIOMETRY OF "FRESH" GLUCOSE SOLUTIONS a 

Max. Min. 
1st Plateau 1st Plateau 2nd Plateau Capacity of 
Potential Potential Potential No. of Length of 1st Plateau, 
vs. ~CE, vs. SCE, vs. SCE, OscUla- 1st Plateau, )Jmol of 

mV mvb mV tions min electrons 

340 ± 40 40 ± 40 710 9 25.4 78.9 

340 ± 50 50 ± 50 710 9 28.8 89.5 

320 ± 80 100 ± 50 710 16 41.8 130.0 

350 ± 60 90 ± 50 710 13 33.6 104.4 

337 ± 55 70 ± 48 710 12 32.4(7.l)c 100.7(22.Z) 

Experimental Conditions: Electrode, platinized Pt (1034 cm2); 
Electrolyte, 0.50M Glucose/0.50M H2so4 (250 ml); Temperature, 25 ± Z°C. 

Potential given is the middle plate.ati value and the errors are the 
extreme. 

Number in parentheses is std. dev. 

Table Z3. COMPARISON OF LOW POTENTIAL PLATEAU DATA FOR 
VARIABLE CURRENTc 

Plateau 
Galvanostatic Potential vs. Length of Capacity, 

Current 2 mA SCE 2 mV Plateau 2 min )Jmol of electrons 

1.ooa +Z75 ± 75 750 466 

3.00 +330 ± 50 107 200 

5.oob +337 ± 50 32 101 

7.00 +360 ± 50 2.A 12 

10.00 No plateau at the lowest potential 

Average of Z runs. 

Average of 4 runs. 

c Experimental Conditions: Working electrorle, platinized Pt (1034 cm2); 
Electrolyte, 0.50M Glucose /1.00M H2so4 (500 ml) Temperature, 25 ±zoe. 
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Table 24. CONSECUTIVE 5-mA CHRONOPOTENTIOMETRY IN THE 
SAME GLUCOSE SOLUTIONc 

Max. Min. 
1st Plateau 1st Plateau Capacity of 
Potential Potential No. of ·Length of 1st Plateau, 

Runb vs. SCE, vs. SCE, Oscilla- 1st Plateau, ]Jmol of 
No 

3A 

3B 

3C 

a 

b 

mvc mvc. tions min 

320 ± 80 100 ± 50 16 41.8 

350 ± 50 100 ± 100 15 35.2 

340 ± 40 100 ± 60 12 23.6 

Experimental Conditions: electrode, platinized Pt (1034 cm2); 
electrolyte, O.SOM glucose/1.00M H2so4; temperature, 25 ± 2°C. 

Run consectively with 10 minutes stirring between runs. 

electrons 

130.0 

109.4 

73.4 

c , .Potential given is the middle plateau value and the errors as the extreme. 

a 

b 

Table 25. POTENTIALS AT SELECTED TIMES DURING THE ELECTROLYSIS 
OF GLUCOSE IN H2so4 ON PLATINIZED PLATINUM AT 65°C 

Time 2 h Potential vs. SCE 2 

Initial +210 

1.0 280 

2.0 440 

4.0 530 

9.0 800 

17.0 (terminated) 740 

Experimental Conditions: Electrode, platinized Pt (1034 cm2); 
electrolyte, 0.50M glucose/1.00M H2so4 (250 mL). 

Blank without glucose goes to 1340 mV vs. SCE. 
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In the alkaline electrolyte at 25°C and a reaction rate of 10 mA/cm2; 
. I 

geometrical ( 9. 7 'iJ.A/ cm2, real), .three plateau regtons were observ.ed in the 

potential-time curve. The three plateau potentials coincide nicely with the 

potential found for the three peaks observed in the cyclic voltammogram in 

Figure 12. The plateau capaci.ties are given in Table 26. The •first two, more 
' negative potential plateaus had limited capacities, but the potentials were 

I 

very attractive. Plateau D would appear to arise _from direct oxidation of 

bulk glucose as indicated by its capacity, which would require participation 

of a substantial fraction of glucose molecules. During Plateau BC, seven 

potential oscillations between the potential values of Plateaus A and BC 

occurred. 

After increasing the temperature to 65°C, the-depolarizing effect was 
' . ' ' • . , I I ~ 

extended at the negative poten~ials for the 10 mA reaction rate~. The poten-

tials in the potential-time curve observed, again, followed closely those 

found in the cyclic voltammogram at this temperature in Figure 12b. The elec-

'trode potential began at -800 mV versus Hg/HgO rising to -575 mV in 2 minutes 

and to -350 mV in 10 minutes. A potential plateau was reached after 24 

minutes. Oscillations occurred between -200 and -500 mV versus Hg/HgO for 

26.6 hours at an average frequency of about 1 cycle/minute. After this 

period, the potential remained at -150 mV versus Hg/HgO without oscillation 
I ' ~ t 

for another 15.1 mmoles of el~ctrons passed. Under these conditions, this 

indicates that the reaction occurring at -150 mV versus Hg/HgO can be 

sustained. 

When the reaction rate was increased to 100 mA (~350 '1J.A/cm2), the elec­

trode potential rose relatively quickly to a value near +650 mV versus SCE. 

This potential can be.sustained up to capacities of over a 100 mmoles (200 

mmoles of glucose -present). 

In the phosphate buffer, no depolarizing effect was detected at room 

temperature even at the 1 mA/cm2 (geometric) rate. Raising the temperature to 

65°C generated a small oscillating platea~ between the potential~ of -350 and 

+160 mV versus SCE and-with a capacity of 560 lJ.moles of electrons. 

The plateau structures indicate that specific reactions are most likely 

taking place, and their potentials match nicely with peaks observed in the 

cyclic voltammograms recorded under the same experimental conditions. The 

capacities of the most negative plateau were quite small and function of 
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Table 26. PLATEAU DATA OF THE POTENTIAL-TIME CURVE FOR THE 
ELECTROOXIDATION OF 0.50M GLUCOSE ON PLATINIZED Pt IN 

6.1M KOH AT 10 mA/cm2 (Geometrical) AND 25°C 

61060 

Plateau 
Designationd 

Potential vs. Length of Charged Passed, 
mmol of electronsb Hg/H80z mV Plateau 1 h 

A -875 0.59 0.22 

B,C -225a 1.6 0.60 

D +400 )19.1a )7 .13 

Terminated after 19.1 hours of electrolysis. 

250 mmoles of glucose in electrolyte. 

Maximum potential of oscillation which appear in this plateau. 

Designations from Figure 12a. 
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reaction rate (current). Thus the electrochemical active specie's concentra­

tion is small as it is consumed rather easily at a rate much faster than would 

occur for bulk electrooxidation of glucose. This implies that the electro­

chemically active specie is derived from glucose at a rate slower than the 

rates of oxidation used. The appearance of potential oscillations during 

these plateaus was indicative of electrode passivation behavior. Again the 

near-neutral electrolyte was least active, and increased temperature was 

beneficial. 

Bulk Electrolysis and Product Analysis. As discussed in the 

introduction, an aspect of considerable importance besides depolarization is 

the organic oxidation products generated at the anode •. To a~complish this, 
i ·~, • -. • .; r. · · 

bulk electrolyses in which the amount of:charge passed is comparable to the 

amount of glucose present is' neocessary' and subsequent separation and chemical 

.analysis of the electrolyzed samples must be performed. Unfortunately, the 
'"' w• 

program permitted only an extremely limited effort in this area. The bulk 

electrolysis of glucose was investigated in platinized Pt in l.OOM H2so4 
only. All the electrolyses we.re ·conducted under controlled potential 

conditions, as opposed to controlled current, thereby allowing close 

regulation of the possible reactions. 

Because the chronoamperometry dis2overed that current-time curves 

recorded at constant anode potential declined rapidly to !~practical values 

during bulk-electrolysis, especially at ambient temperature, various ways were 

sought to increase the current sufficiently for the passage of an exceptable 

amount of charge over a practical time period. Standard measures like design­

ing an electrolysis cell with a large ratio of anode surface to electrolyte 

volume and increased temperature were considered. However, it was previously 

noted that for the constant potential electrolysis at the electrooxidation in 

the DL region, changes in_ anode potential could reactivate the currents after 

the decline had occurred. Any potential change, whether negative, positive, 

or open-circuit, seemed to do. This type of behavior was also identified in 

the chronopotentiometry where the capacity of the most negative plateau could 

be regenerated by placing the anode at open circuit for a brief period. · This 

behavior suggested that pulsed electrolysis where the potential is pulsed to a 

more negative potential could be beneficial in maintaining the electrolysis at 

a reasonable rate. 
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The amount of charge passed per fixed time for a constant potential elec­

trolysis at +450 mV versus SCE and for two pulsed electrolyses where the 

potential was shifted to the double layer (+50 mV) and hydrogen potential 

(--150 mV) regions of the Pt electrode are compared in Table 27. Recording 

the charge during the pulsed electrolysis was done bimodally to allow 

capacitance and surface reaction charge to cancel and leave only Faradaic 

charge. Table 27 shows that the periodic potential shifting to potentials 

where no reaction occurs is very beneficial, allowing greater than an order of 

magnitude increase in charge passed per unit time. This type of variable 

potential electrolysis was used to increase the rate of reaction. 

Initial attempts at bulk electrolysis were performed in a simple pyrex 

H-cell with an anolyte volume of 20 mL. and a large flag Pt anode (4 cm2 geome­

tric and 2480 cm2 real). The currents observed were rather disappointing. 

Even ~th'an area ~10 times larger than previously observed for.the 200 mL 

reaction vessel, the currents were smaller, indicating a difficulty in scaling 

the reaction. After electrolysis at +450 mV versus SCE reduced the currents 

to a negligible value, a cyclic voltammogram showed that the anodic peak at 

+450 mV versus SCE was absent. Pretreatment of the electrode by th.e normal 

anodizing cathodizing procedure resulted in the return of the anodic peak at 

+450 mV versus SCE, suggesting poisoning of the electrode towards this 

reaction. 

Because the simple H-cell was not particularly satisfactory nor adaptable 

to running electrolyses at elevated temperatures, a tubular all-Teflon cell 

was constructed •. Tht;! anolyte volume was .10 mL and cathode/anode chamber 

separation was provided by a Nafion 390 membrane iri the acid electrolyte. A 

small reflux column was attached to the outlet of the anode chamber to control 

evaporation at the higher temperatures. In addition, the purge gas was exited 

through a standard co2 trap consisting of a Mg(Cl04) 2 drier followed by 

Ascarite for capture of the co2• In this manner, the possibility of any co2 
evolution could be monitored. Tests of the apparatus indicated that the 

sensitivity was within 1 mg of co2 or 0.023 mmole. For elevated temperature 

electrolysis, the electrolysis cell assembly was immersed in a water bath with 

controlled temperature. This cell design proved satisfactory. 

The bulk electrolyses of O.SOM glucose in 1.00M H2so4 on platinized Pt 

were performed without difficulties, and their associated data are given in 

Table 28. 
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Table 27. CHARGE PASSED IN 1.0 HOURS BY VARIOUS ELECTROLYSIS SCH~MES' 
FOR THE ELECTROOXIDATION OF GLUCOSE 

Type of Electrolysisa 

Constant Potential @ +450 mV vs. SCE 

Pulsed,b 100 sec @ +450 mV and 10 sec 
@ +SO mV vs. SCE 

Pulsed, b 100 sec @ +450 mV and 10 sec 
@-150 mV 'vs. SCE 

Charge Passed In 
1.0 Hour, Coulombs 

1.2 

38.0 

55.0 

Experimental Conditions: Electrode, platinized Pt (280 cm2); electrolyte, 
1.00M H2so4/0.SOM glucose; volume, .200 mL. · 

Charge recorded in'a bimodal fashion allo~ing capacitive and surface 
reaction charge to be cancelled • 

. . 
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Table 28. RESULTS OF GLUCOSE ELECTROLYSES IN 1.00M H2so4 ON PLATINIZED Pta 

Time of Electrons 
Electrolysis Potential Applied Electrode Temp., Electrolysis, Passed, co2 Evolved, 

a 

b 

No. vs. SCE Area, cm2 oc h mmol. mmol 

Constant Potential Electrolysis 

9 +450 mV 750 69 15.6 0.48 0.02 

Pulsed Potential Electrolysis 

3 +450 mV for 110 sec 1400 23 63 . 1.61 0.46 
-150 mV for 10 sec 

5 +450 mV for 110 sec 1333 65 15.2 5.58 0.44 
-150 mV for 10 sec 

10 +450 mV for 110 sec 3049 67 22.8 10.07 1.45 
-150 mV for 10 sec 

6 +450 mV for 110 sec 1016 68 15.4 2.R6 0.22 
+50 mV for 10 sec 

12 +950 mV for 110 sec 2019 66 48.0 32.25 . 2.76 
+50 mV for 10 sec 

Experimental Conditions: Electro~yte, 10 m1 0.50M glucose (5.00 mmol)/1.00M H2so4 (pH= ~.0); 
electrode, platinized Pt (3.24 em geometrical). 

Determined by HPLC. 

Glucose 
Remaining, 

mmolb 

0.5 

3.6 

2.6 

3.2 

2.8 

<.004 

0\ .... 
0 
0\ 
0 
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As shown in Table 28, four different electrolysis potential schemes were 

used. The first was simple constant potential electrolysis (No. 9). The rest 

of the electrolyses employed two potentials. The first potential, maintained 

for 110 seconds was at the oxdiation potential of the peaks detected in the 
. I . 

cyclic voltamrnogram, either +450 or +950 mV versus SCE. After this period at 

the electrolysis potential, the potential was shifted for a 10-second periorl 

to either a potential in the Pt double-layer.region, +SO mV versus SCE, or the 

Pt hydrogen region, --150 mV versus SCE, where no electrolysis should occur. 

The purpose of this pulsed potential was to increase the rate of electrolysis. 

Comparison of the constant potential electrolysis (No. 9) with either 

pulsed electrolysis Nos. 5 or 6 shows the increased rate. of electrolysis which 

is afforded by the variable potential scheme. The effect.of temperature is 

shown by comparison of electrolysis No. 3 (23°C) and 5 (65°C). The increased 

temperature allows the oxidation to proceed at much higher av~rage rates, 

making the time required for an electrolysis acceptable. Steppin~ to the more 

negative potential, --150 mV versus SCE, increases the rate of 

electrooxidation. (Compare Electrolysis Nos. 5 and 6. ). 

Blanks treated identical to the electrolyzed samples but without any 

passage of current exhibited negligible decline in the ~lucose concentration 

as measured by HPLC, indicating that negligible chemical degradation occurs 

during the course of the electrolyses. 

A somewhat unexpected result was the observed evolution of si~nificant 
) 

amounts of co2 during the electrolysis. This was unusual in that most reports 

in the literature do not indicate any carbon-carbon bond cleavage at electrode 

potentials as negative as those us~d here. 25- 32 Because the presence of 

significant amounts of co2 is believed to be unusual, and chemical degradation 

might be possible at the higher temperature,.a blank was obtained by passing 

purge gas through the cell under, the experimental conditions at 65°C given in 

Table 28 for a period of 22.5· without 'electrolyzing. Less than. 0.0003 g 

weight change in the Ascarite occurred, verifying_ that the production of co2 
was real. 

The analytical procedures explored for the electrolyzed samples were 

direct HPLC and GC/MS of trimethylsilyl derivatized samples.· In general, 

these pro~edures gave excellent results with standards of simple sugars, but 

when applied to the sugar acids, particularly in actual samples, serious 
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difficulties developed. As these acids are expected oxidation products, steps 

were required to rectify the situation. Considerable effort was devoted to 

the development of analytical techniques needed for the particular samples 

generated in the bulk electrolyses. 

Because samples can be analyzed directly by HPLC, its use was thought to 

be desirable if only a few components were contained in the samples. If this 

were the case, retention times would provide an adequate identifier of the 

compound. Sample analysis indicated that many comounds were present which 

made GC/MS analysis preferrable. HPLC was used, however, to quantitate the 

amount of glucose remaining after electrolysis. The electrolysis samples 

under investigation are given in Table 28 where the remaining glucose may be 

found. 

The GC/MS ~nalysis of the glucose and its oxidative derivatives requires 

derivatization before analyses can be performed. Solid test samples gave 

excellent results but difficulty was encountered in derivatizing the aqueous 

electrolyte. In particular, the acids derivable from glucose were difficult 

to derivatize. In fact, it was never possible to detect glucaric acid when 

derivatized from the aqueous/H2so4 solution. The following derivatization 

procedure was adopted for GC/MS analyses. 111- 114 The solutions were first 

lactonized using HCl. Excess water was removed by freeze-drying, and the 

remaining sample was then derivatized using Trisil-Z (Pierce Chemical) to form 

trimethylsilyl compounds. 

Samples from Electrolyses Nos. 5, 10, and 12 (Table 28) were subjected to 

this analysis. Qualitatively, similar results were obtained in all three 

samples. GC signals were detected for compounds expected from glucose oxida­

tion with little specificity. Compounds detected and identified by library MS 

and/or comparison of standards included gluconic acid along with its 1,5 and 

1,4 lactones and glucuronic acid and its 6,2 and 6,3 lactones. As co2 was 

clearly generated, shorter carbon chain species were expected, such as 

oxidation products of arabinose or xylose. No standards of acids and lactones 

of these compounds were available nor were results contained in the NIH/EPA 

mass spectra library. However, the samples clearly contained smaller mass 

compounds that appeared at retention times commensurate with the arabinose and 

xylose. These signalS'- are believed to be the five carbon sugar acids or 

lactones. 
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Considerable effort was expended trying to quantitate the amounts of the 

materials present, but the determination of detector response factors from 

standards,varied widely depending on derivatization. Consequently, not even a 

rough quantitation could be made. 

These results do show that the electrooxidation of glucose under·the con­

ditions used does not exhibit great specificity. In fact, oxidative attack 

appears to occur at several sights. These sights include the carbon No. 1, 

which yields gluconic acid and lactones, and carbon No. 6, which yields 

glucuronic acid and lactones. In addition, chain degradation results. 

Greater formation of gluconic acid appeared to'occur at the higher 

electrolysis potential of +950 mV versus SCE (Electrolysis No. 12), while 

greater chain degradation seemed to result at the lower electrolysis potential 

of +450 mV versus SCE (Electrolysis Nos. 5 and 10). 

Lead Ruthenate Anode 

The Teflon-bonded lead ruthenate electrode described in Task 2 was 

employed for this electrolysis experiment. The preliminary electrolysis was 

performed with the lead ruthenate electrode to see whether the gas evolverl 

contained co2• It was thought that co2 may be evolving because rapid gas 

evolution occurred at what was considered to be a rather negative electrode 

potential for o2 evolution. To detect the presence of co2, the N2 purge gas 

was run through trap of 0.5M NaOH saturated with Ba(OH) 2• The electrolyte 

composition was 0.50M H2so4 /1.00M glucose maintained at room temperature. 

With the electrode at 1100 mV versus SCE, a current of ~10 mA was maintained, 

which evolved gas. After only a few minutes, a strong positive test. for co2 
was detected by the precipitation of Baco3• Thus, the lead ruthenate elec­

trode is capable of oxidizing the glucose at least partially to co2 at 

significant rates. Continued gas evolution caused blistering of the Teflon­

bonded electrode, indicating that if co2 is to be ~volved a different 

electrode design will be required. 

Electrooxidation of Lignosulfonic Acid 

Limited chronopotentiometry was performed with P&B lignosulfonic acid, Na 

salt (100 g/L) in 1.00M H2so4 on shiny Pt (1.3 cm2) at 24°C. Current 

densities of 0.77 and 7.69 mA/cm2 we~e investigated in stirred electrolytes. ,. 
Electrolyzing at the 7.69 mA/cm2 rate, the initial depolarization detected at 

1000 mV versus SCE was lost in approximately 2 minutes, at which time the 
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potential had reached the value of 1420 mV versus SCE characteristic of the 

steady-state value obtained in the absence of the lignosulfonic acid. 

Continued electrolysis of the lignin solution past 2 minutes resulted in even 

more positive electrode potentials and 1680 mV versus SCE was attained within 

10 minutes, indicating a passivation of the electrode. At the lower rate of 

0.77 mA/cm2, greater depolarization occurred with an initial potential of 600 

mV versus SCE than ,with 1400 mV when lignosulfonic acid was not present. 

However, this depolarizing effect also did not continue for very long as the 

potential increased steadily to 1420 mV versus SCE in only 72 minutes. These 

results and the cyclic voltammetry results that showed the requirement of an 

organic cleaning of the electrode suggest that under the conditions studied an 

organic passivating film is produced on the Pt electrode when the lignin is 

electrooxidized in aqueous electrolyte. 
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TASKS 4 AND 5 

Task 4. Selection of Separation and Purification Techniques for Oxidized 
Reaction Products 

Tasks 2 and 3 did not progress far enough to proceed to Task 4. 

Task 5. Determination of Technical and Economic Viability for Pulp and 
Paper Industry 

Data from Tasks 2 and 3 were insufficient to make a determination of 

economic viability. 

2H/RPE/bio-elec2 
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SUMMARY 

The biomass-derivable materials selected for investigation were chosen 

from the most abundant carbohydrates and lignins. In particular, glucose, its 

derivatives, and its polymers were considered to be representative of the 

carbohydrate group and were explored. Lignins selected were those derived 

from the two principal pulping processes, sulfite and kraft. 

A major task, and that on which the greatest effort was expended was the 

identification of experimental conditions under which the selected biomass 

materials exhibited anodic electrochemical activity along with the potentials 

and reaction rates (current densities) of the electrooxidations that 

occurred. Cyclic voltammetry was the principal survey method used, although 

steady-state current-voltage curves were also utilized when necessary. The 

experimental parameters varied were electrolyte (pH), anode material, and 

temperature. 

This variation in experimental conditions resulted in a great diversity 

of electrochemical behavior for the biomass materials selected, making 

generalizations difficult. However, all the biomass materials examined showed 

some anodic activity under some set of experimental conditions at potentials 

prior to oxygen evolution. In fact, only a very few conditions showed no 

activity at all. The electrooxidations observed were always very 

irreversible. 

Glucose was the material investigated most extensively. Glucose current­

potential data were collected from experimental conditions derived from 7 

electrolytes covering pH's from strong acid to strong base, 10 anode 

materials, and 2 temperatures. This variation of experimental parameters 

yielded an enormous qualitative and quantitative diversity in electrochemical 

behavior of glucose. Under many conditions, more than one electrooxidative 

reaction was signified in the data, indicating parallel and/or consecutive 

reactions of glucose. For example, as many as 6 anodic peaks were identified 

on platinum anodes. The electrooxidations of glucose observed under varying 

experimental conditions appeared over a large potential range from +200 to 

+1200 mV versus RHE and exhibited current densities from a few-mircoamperes to 

several hundred milliamperes per square centimeter. The general order of 

increased glucose electrooxidative activity relating to electrolyte pH was 

alkaline ) acid ) neutral. This order of reactivity parallels the chemical 
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reactivity of glucose in these electrolytes. Significant current increases 

were detected upon increasing the temperature from 23° to 65°C; this increase 

was from 3 to 10 times the ambient temperature current. 

The largest rates of glucose electrooxidation were found with Pd, Ni, and 

lead ruthenate anodes, which gave current densities for glucose electro­

oxidation near 100 mA/cm2 while various forms of Pt, Pb, vitreous carbon, Rh, 

and ruthenized T gave lesser current densities. Roughening the Pt electrode 

by platinizing _was effective in increasing current densities per electrode 

area to acceptable levels and the underpotential deposition of Pb, Tr, and Bi 

increased real current densities on Pt by an order of magnitude. 

This voltammetry work clearly showed that electrooxidative activity of 

glucose abounds at potentials more negative than oxygen evolution and could, 

in principal, be·used as a depolarization agent for the generation of H2 • The 

experimental factor exhibiting the greatest control over the glucose electro­

oxidation parameters of potential and current appears to be the anode material 

which highlights the fact that a highly catalytic reaction is involved.­

Several anode materials exhibited short-term reaction rates of appreciable 

magnitude; as mentioned above, but further work is required in order to 

establish longet term stability of the currents. The data suggest that cells 

generating H2 that were depolarized with glucose.and presumably other 

carbohydrates could operate in the range of 600 to 1000 mV. 

The diversity of results in the voltammetry data point to the possibility 

of achieving reaction specificity based on anode material. 

Investigation of glucose electrooxidation on the Pt anode was found to be 

highly dependent upon anode pretreatment, which determines the anode's initial 

surface condition. Thus, any,comparison of glucose voltammetry data requires 

a rather exact knowledge of the Pt anode's prior history. 

Electrooxidation of glucose beyond the gluconic acid stage in the DL 

region (+300 to +800 mV versus RHE) was shown to occur. Evidence of this was 

the ability to electrooxidize the partially oxidized glucose derivatives 

gluconic acid, glucuronic acid, a~d glucaric acid. In addition, gas was 

observed to evolve in this region, and bulk electrolysis showed the gas to be 

co2 , indicating oxidative carbon-~arbon bond cleavage. co2 evolution was also 

detected with the lead ruthenate anode, suggesting that complete electro-
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Chromatographic analysis of electrolyzed glucose solutions on Pt 

indicated that the electrooxidation on this anode was very non~pecific. 

Numerous anticipated electrooxidation products were identified. Further 

constant current and constant potential electrolyses indicated that poisoning 

of the Pt electrode occurred. Substantial regeneration of anode activity was 

possible by employing potential changes. 

The heterogeneous carbohydrate mixture, dextrin, exhibited very nearly 

the same behavior as glucose under the conditions investigated, suggesting 

that hydrolyzed carbohydrate mixtures also provide an anodically active media. 

Lignin electrooxidation was explored principally on the Pt anode. All 

the lignins exhibited some electrooxidation at any of the pH's investigated 

although, like glucose, acid or alkaline showed greater activity than neutral 

electrolyte. Real current densities on Pt were larger for the lignins than 

for glucose, typically on the order of a few milliamperes per SQuare 

centimeter, and appeared at only potentials in the Pt-0 region ()800 mV versus 

RHE). Unlike the carbohydrates, roughening (platinized) or heating had only 

minor effects on the lignin currents detected. 

Two potential problems relating to lignin electrooxidation were 

identified. 

1. The large molecular weight of the lignin fragments makes electrochemical 
accessibility of the major portion of lignin difficult and may, therefore, 
keep currents small. 

2. The aromatic nature of the lignin may stabilize free radicals that may 
cause unwanted polymerization of the material. 
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