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Preface 

These investigations have performed with the financial support of the Swedish Nuclear 
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Summary 

In connection with the Swedish project for the final storage of spent fuel elements it was 

necessary to assess whether dissolved sulphate can corrode the copper canister without 

the intervention of sulphate-reducing bacteria. A simple reaction between copper and 

sulphate is thermodynamically impossible. On the other hand, copper can react to give 

copper sulphide if an additional electron donor such as iron(II) is available. Because 

little specific information is available about this subject the problem was extended to 

the much more general question of the reducibility of suIphur(VI) in dilute aqueous 

solution. 

It is a part of the general knowledge of chemistry, and there is also unanimity about 

it in the geochemical literature, that purely chemical reduction of sulphate does not 

take place in dilute solution at temperatures below 100°C. This fact is, however, poorly 

documented and it was therefore necessary to substantiate it by drawing on numerous 

individual findings from different areas of pure and applied chemistry. 

In experiments on the reduction of sulphates under hydrothermal conditions a reaction 

only takes place at temperatures above 275-300°C. In the case of the action of sulphuric 

acid on metals its oxidising action becomes perceptible only at acid concentrations over 

45-50%. 

From experiments on the cathodic reduction of 74% sulphuric acid it is found that the 

formation of hydrogen sulphide and elememtary sulphur starts, depending on the current 

density, at 5()-I3()f'C, and nolarographic measurements lead to the conclusion that the 

reducible species is not the hydrogen sulphate ion but molecular sulphuric acid. In 

dilute solutions the hitter's concentration is vanishingly small, however. 

From corrosion chemistry the resistance of copper to oxygen-free sulphuric acid up 

to a concentration of 60% is well-known. Copper is also used as a pipe material 

in the production of iron(II) sulphate; it is thus stable even in the presence of the 

electron donor iron(II). Although base metals such as iron and zinc can, according 

to the thermodynamics, reduce sulphate in aqueous solution, such cases are unknown 

despite the widespread use of these materials. 

Numerous processes in industrial electrochemistry take place in sulphuric acid or sul

phate electrolytes, such as the electrochemical extraction and refining of metals, electro

chemical deposition of metals and the anodic oxidation of aluminium. Cathodic sulphate 
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reduction would reduce the quality of the products of such processes and there would 

also be health and safety consequences because of the formation of hydrogen sulphide. 

The reversible metal/metal-sulphate electrodes of lead and cadmium are unstable relative 

to the corresponding metal sulphide. Nevertheless the reversible lead sulphate electrode 

functions in the starter-L ttery of 450 million vehicles and in stationary batteries without 

failing due to sulphide formation. In the Weston cell, which is used as a secondary 

standard for the electrical voltage, the cadmium sulphate electrode remains stable for 

decades, such that these cells can be calibrated. 

Finally, sulphuric acid and sulphate solutions are widely used in basic e'-ctrochemi-

cal research as inert supporting electrolytes. Their instability would make exact and 

reproducible measurements impossible. 

All these facts confirm that sulphur(VI) in dilute solution is completely inert towards 

chemical reducing agents and also to cathodic reduction. Thus corrosion of copper by 

sulphate under final-storage conditions and in the absence of sulphate reducing bacteria 

can be ruled out with a probability verging on certainty. 
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Zusammenfassung 

Im Zusammenhang mit dem schwedischen Projekt für die Endlagerung von abgebrann

ten Brennelementen war zu beurteilen, ob gelöste Sulfate ohne Mitwirkung sulfatre

duzierender Bakterien den Kupfeikanister korrodieren können. Eine einfache Reaktion 

zwischen Kupfer und Sulfat ist thermodynamisch nicht möglich. Dagegen kann Kupfer 

zu Kupfersulfid reagieren, wenn ein zusätzlicher Elektroncn-Donor wie Eisen(II) zur 

Verfügung steht. Weil spezifische Informationen zu dieser Themenstellung weitgehend 

fehlen, wurde die Problemstellung auf die viel allgemeinere Frage nach der Reduzier

barkeil von Schwefel(VI) in verdünnten wässrigen Lösungen ausgedehnt. 

Es gehört zum chemischen Allgemeinwissen, und auch in der geochemischen Literatur 

besteht Einigkeit darüber, dass eine rein chemische Sulfatreduktion in verdünnter Lösung 

und bei Temperaturen unter 100°C nicht abläuft. Dieses Wissen ist allerdings schlecht 

dokumentiert, und es musste deshalb durch den Beizug zahlreicher Einzelbefunde aus 

verschiedenen Gebieten der reinen und angewandten Chemie erhärtet werden. 

Bei gezielten Experimenten zur Reduktion von Sulfaten unter hydrothermalen Bedin

gungen erfolgt eine Reaktion erst bei Temperaturen über 275 bis 300°C. - Bei der 

Einwirkung von Schwefelsäure auf Metalle macht sich ihre oxidierende Wirkung erst 

bei Säurekonzentrationen über 45 bis 50% bemerkbar. 

Aus Versuchen zur kathodischen Reduktion von 74%-iger Schwefelsäure ergibt sich, 

dass die Bildung von Schwefelwasserstoff und elementarem Schwefel je nach Stromdichte 

erst bei 50 bis 130°C einsetzt, und polarographische Messungen führen zum Schluss, 

dass die reduzierbare Spezies nicht das Hydrogensulfat-Ion ist, sondern die moleku

lare Schwefelsäure. In verdünnten Lösungen ist ihre Konzentration aber verschwindend 

klein. 

Aus der Korrosionschemie ist die Beständigkeit des Kupfers gegenüber sauerstofffreier 

Schwefelsäure bis zu einer Konzentration von 60% bekannt. Kupfer wird auch als 

Werkstoff bei der Herstellung von Eisen(II)-Sulfat eingesetzt; es erweist sich somit auch 

in Gegenwart des Elektroncn-Doiiors Eisen(II) als stabil. - Obwohl unedle Gebrauchs

metalle wie Eisen txler Zink nach der Thermodynamik Sulfat in wässriger Lösung 

reduzieren können, sind solche Fälle trotz der breiten Anwendung dieser Werkstoffe 

nicht bekannt. 
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Zahlreiche Pro7.esse der technischen Elektrochemie laufen in Schwefelsäure- und oder 

Sulfatelektrolyten ab. so die elektrochemische Gewinnung und Raffination von Me

tallen, die galvanische Metallabscheidung oder die anodische Oxidation von Aluminium. 

Eine kathodische Sulfatreduktion würfe bei diesen Prozessen die Qualität der Produkte 

beeinträchtigen, und sie hätte wegen der Bildung von Schwefelwasserstoff auch arbeits

hygienische Konsequenzen. 

Die reversiblen Metall/Metallsulfat-Elektroden von Blei und Cadmium sind bezüglich 

dem entsprechenden Metallsulfid thcrmodynamisch instabil. Dennoch funktioniert die 

reversible Bleisulfateiektrode in den Starterbatterien von 450 Millionen Kraftfahrzeugen 

und in stationären Batterien ohne Störung durch Sulfidbildung. - Im Weston-Element, 

das als sekundärer Standard für die elektrochemische Spannung Verwendung findet, 

bleibt die Cadmiumsultat-Elektrode während Jahrzehnten stabil, so dass diese Elemente 

eichfähig sind. 

Schliesslich werden Schwefelsäure- und Sulfatlösungen in der elektrochemischen Grund

lagenforschung allgemein als inerte Leitelektrolyte eingesetzt. Ihre Instabilität würde 

exakte und reproduzierbare Messungen verunmöglichen. 

All diese Befunde bestätigen, dass Schwefel(VI) in verdünnter wässriger Lösung gegen

über chemischen Reduktionsmitteln, aber auch gegen kathodische Reduktion, völlig inert 

ist. Somit ist auch eine Korrosion von Kupfer durch Sulfat unter Endlagerbedingungen 

mit an Sicherheit erenzender Wahrscheinlichkeit auszuschliessen. 
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1 Introduction 

In the Swedish project for the final storage of spent fuel elements it is planned to 

weld the used fuel «xis into a thick-walled copper canister. As part of the container 

evaluation the corrision behaviour of copper has been discussed exhaustively [65,66]. 

Under reducing conditions such as are to be expected in a final repository copper is 

thermodynamically stable' 

K'u + H>() = Cu20 + //, 
{A(;° = +!K).$:U\/: log Kp = -1").!)!) ( ' 

Cu + 2 //+ = Cu2+ + II2 (In) 
(A<7° = +65.-18 U; log Kp = -11.17) 

In sulphide-containing waters, however, corrosion takes place with the evolution of 

hydrogen: 

2 ('u + HS- + //+ = Cu2S + //, 
(AC0 = -!)S.L>S U ; log h'r = +17.22) (~' 

Here it is assumed that the rate of this reaction is determined by the rate of supply of 

the hydrogen sulphide |65j. 

Since sulphates are transformed into hydrogen sulphide by sulphate-reducing bacteria the 

possibility exists that a proportion of the sulphate present in the water or in the backfill 

can act indirectly as an oxidising agent [48;65, App C|. In this connection the question 

has been asked whether a purely chemical reduction of sulphate is also possible. The 

sulphate contents of groundwaters lie in the range 0.1-1 mmol/1 |63| and as the upper 

limit - except in the case of specific saline subterranean waters - saturation with gypsum 

(15 mmol/1) can be assumed. If corrosion reactions involving the direct participation of 

sulphate as oxidising agent were possible this would have serious consequences for the 

integrity of metallic canisters. 

It is in fact part of the chemist's elementary general knowledge that sulphates are 

not reducible in dilute aqueous solutions. This fact is, however, poorly documented 

'The siabilily of copper in oxygen-frec solutions is queried by Mullquisi cl al |33|. For ihis reason it 
is once more to prove that the laws or thermodynamics arc also valid for corrosion reactions [16, 62j. 
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and many chemical textbooks do not refer to it explicity - because it is assumed to 

be obvious. Chariot {II] emphasises in his textbook the redox-inactive behaviour of 

sulphate solutions, and Mahan [43] states: 

"Hot concentrated sulfuric acid is an oxidising agent, and will dissolve metals like 
copper. In diluted solutions, however, the oxidising properties associated with the 
sulfate group are virtually negligible". 

Schwarzenbach [61] writes: 

"Sulfationen sind auch keine Reduktionsmittel und üben keine nennenswerten oxi-
dierenden Wirkungen aus. Demgegenüber ist konzentrierte Schwefelsäure ein ziem
lich ausgeprägtes Oxidalionsmittei". 

AU these statements are vague and form a poor basis for reliable argumentation. 

2 Statement of the Problem and the Strategy for 
Solving it 

The task set is to clarify, on the basis of existing literature, whether the corrosion 

of copper in aqueous solution is possible by the reduction of sulphate without the 

involvement of sulphate-reducing bacteria. 

It is not to be expected that sufficient information exists to answer this very specific 

question. The subject must therfore be broadened. On the widest possible basis the 

question to be clarified is whether sulphuric acid and sulphate can be reduced purely 

chemically in dilute aqueous solution (eg < 1 M) at temperatures up to 100°C. 

The feasibility of such a reaction would be demonstrated by a single solid positive 

finding. By contrast, proof of the redox stability of aqueous sulphate solutions is in 

the strict sense impossible because it cannot be demonstrated using the fundamental 

arguments of thermodynamics. All negative results have only the status of observations 

whose validity can be overturned at any time by a contrary finding.2 

In order nevertheless to arrive at a high reliability of the conclusion it is necessary to 

support the argumentation broadly and to call upon findings from the largest possible 

•The observation "AD swans arc while" was confirmed by innumerable examples and was incontestable 
for ccniurics. Aficr the discovery of South America (and the black-necked swan living then;) its valily 
could be doubled. After ihc discovery of the Australian continent (and the black swan) it was falsified, 
(cf. (55|). 
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number and most widely different sub-fields of chemistry. 

Because kinetically inhibited redox reactions (eg reductions by hydrogen) can be cata

lysed by metal surfaces attention must above all be directed towards electrochemical 

reactions in sulphate electrolytes. The information about these is diverse; it comes 

from industrial electtochemistry, from the battery industry, from corrosion chemistry 

and finally from basic research in electrochemistry. 

In comparison with this extensive reservoir ot information, publications on experiments 

specifically concerned with the reduction of sulphuric acid and sulphates are relatively 

rare, and geocnemical findings about the behaviour of sulphate are, considered sepa

rately, not very persuasive. 

3 Thermodynamics of Corrosion by Sulphate 

The values of the Gibbs free energies of formation have been taken from the book by 

Brookins [9]; these are mainly data from the National Bureau of Standards. A few 

figures come from the compilation in [63]. 

In the potential-pH diagram of the sulphur/water redox system only HSO4/SO4-, S° and 

H2S/HS~/S2- have a stability region (Fig. 1). All the other species are metastable. The 

stability region of elementary sulphur becomes smaller with decreasing concentration 

of the sulphur species and disappears at [S],0( ~ 10~6. 

Fig. 1 shows that for base metals such as iron, nickel and zinc corrosion by sulphate is 

thermodynamically possible, so for example. 

SOl' + 4 /'> + 8 / / + - FrS + 3 Fr2+ + 4 H20 
{AG° = -541.37 U; log K = +94.81) ( ' ' 

Fig. 2 shows the potential-pH diagram for the system Cu/S/H20 with the inclusion of 

carbon dioxide. The stability region of elementary copper is much smaller than it is in 

the diagram for the system Cu/H20 (Fig. 3), and Fig. 2 shows that copper(O) can be 

formed both by reduction of the oxide and by the oxidation of chalcocite (Cu2S). 
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Potential-pH diagram for the system sulphur/water. [S](0, = 10"3 M 
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Figure 2 

Potential-pH diagram for the system Cu/S/C/H20. 

[Cu2+] = 10-6 M; [S]tot = 10-3 M; \C\lol = 0.1 or 10"3 M [9]. 
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Figure 3 

Potential-pH diagram for the system copper/water. fCu2+] = 10"6 M 

The direct oxidation of copper by sulphate in accordance with 

SO2,- + 8 Cu + 2/7+ ^ Cu2S + 3 C^O + H20 
(AG0 = -17.91 U; log K = +3.M) 

is impossible in the pH range of natural waters: at pH 7 we have [SO2-] = 
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In the presence of additional electron-donors such as iron(II), however, the formation 

of chalcocite is in principle possible, if the solid phase of iron(III) is assumed to be 

hematite: 

SO%- + 2 Cu + 6 Fe2+ + 5 H20 - Cu2S + 3 Fc203 + 10 H+ 

(AG° = +91.17 U; log K = -15.97) l ' 

For pH = 7 and [Fe2+] = 10~5 [SO2-] becomes lO"24. 

If, however, one assumes that the system is saturated with amorphous iron(III) hydroxide 

(or that this compound occurs as the primary reaction product) one arrives at a different 

conclusion: 

SO\~ + 2 Cu + 6 Fe2+ + 14 H20 - Cu2S + 6 Fe(OH)3 + 10 //+ 
(AG*° = +273.42 kJ; log K = -47.90) ( ' 

With the same assumptions as above [SO^ ] now becomes 1079. At pH 8, however, 

[SO2,-1 = 10-2-1. 

The large stoichiometric coefficients are responsible for the fact that the calculated 

equilibrium concentration shifts drastically for trivial changes in pH. 

4 Geochemical Information about the Redox Stability of 
Sulphate 

In the geochemical literature there appears to be unanimity about the fact that sulphate 

reduction in the hydrosphere and in sediments takes place exclusively bacterially and 

that an inorganic reaction is no' possible. This is not always formulated explicitly, 

however. Nevertheless we have found the following statements: 

"There is no known purely chemical mechanism for the reduction of sulfate by 
organic matter at normal earth temperatures and pressures, so that microorganisms 
are completely responsible for this process".f85] 

"The rates of nonbiological reduction of SO2- to H2S by geologically reasonable 
reducing agents at room temperature are immeasurably slow". [71 
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''Under inorganic conditions many ions, notably sulfate, may persist metastably du
ring long periods of time, but the presence of organic material and the accompanying 
bacteria almost guarantees approach to equilibrium, as denoted by the measured 
potentials". [17] 

An unequivocal, sound proof of such statements based on geochemical findings would 

probably be difficult because frequently the boundary conditions are not sufficiently 

well-known or because a bacterial reduction of sulphate can never be ruled out with 

certainty. Therefore we shall draw no conclusion here from the well-documented situ

ation of native copper [451. 

In [29] the stability of siderite in sulphate-containing anaerobic waters is discussed: 

SO2,' + 9 FcCO* + 8 H20 - FeS + 4 Fe203 + 9 HC Ol + 7 //+ 
(Ar/0 = +292.09/-./; log K = -51.17) ( ' ' 

For typicai hydrogen carbonate concentrations (1 mM) and pHs (7) of natural waters, 

equilbrium concentrations of sulphate are extremely low - of the order of 10"25. One 

would thus expect siderite to be unstable in practically all waters and that the transfor

mation products iron sulphide, pyrite and hematite would be found on siderite. 

If it is assumed that the primary reaction-product is amorphous iron(IH) hydroxide, 

which is cnly dehydrated in a subsequent reaction, then contrary conclusions emerge: 

.s'Oij- + 9 FrCCh + 20ll20 - FcS + 8 /'V(0//), + 9 UCO, - + 7 //+ 
(Af,'° = +53.r>.0!) k./; loq K = -93.75) 

(8) 

For the concentration conditions stated above the equilibrium concentration of sulphate 

now becomes, at 1018 M, unrealistically high. 

This example shows with complete clarity that it is extremely hazardous to assess 

stability conditions in the geosphere solely on the basis of formal thermodynamic con

siderations. 
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5 Experiments on the Reducibility of Sulphuric Acid 
and Sulphate 

5.1 Hydrothermal experiments 

Experiments on the reduction of solutions of zinc sulphate with hydrogen in autoclaves 

showed that the formation of detectable amounts of zinc sulphide begins, at hydrogen 

pressures of 8-190 bar, only at temperatures of 275CC [44]. The experiments lasted 

48-140 hours. 

Toland [67] reported on experiments on the ox;<'.ation of organic compounds in aqueous 

solutions of sulphate (ca 0,5 M) in the temperature range 315-350°C. The major part of 

compounds such as methane, cyciohexane and xylenes reacted over a period of about an 

hour when the reaction system also contained hydrogen sulphide. The catalytic action 

of the hydrogen sulphide is mentioned particularly and it is also stated: "Below about 

300°C sulfate reduction becomes extremely slow". 

Oxidation experiments with sulphate solutions without hydrogen sulphide are not de

scribed in detail. From the context, however, it emerges that up to 350°C no reaction 

took place. 

5.2 The oxidising action of sulphuric acid on metals 

Dilute sulphuric acid behaves towards the common industrial metals as a non-oxidising 

acid. The temperature and concentration conditions under which an oxidising action 

begins to take place have not been precisely determined. The older literature contains 

the following individual results: 

Copper: The oxidising effect of the acid becomes appreciable at concentrations over 

12,5 M (74%) [22]. In concentrated acid (96-98%) the copper reacts slowly even at 

0°C to give copper sulphate and copper(I) sulphide, sulphur dioxide also being formed. 

Iron: The reduction of sulphuric acid by iron starts to take place according to two 

different sources at acid concentrations of 7.1 and 9.4 M (50 and 62% respectively) 

(21!-
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77«: At room temperature a slight evolution of hydrogen sulphide and deposition of 

sulphur are observed at concentrations above 10.3 M (65%). I;i the temperature ringe 

110-130°C the acid begins to decompose at concentrations of 6-7 M (44-50%) [20]. 

Lead is used as a corrosion-resistant material in the sulphuric acid industry up to acid 

concentrations of 13.5 M (78%) and at temperatures: up to 110°C [72]. 

If one summarizes these individual findings it is seen that the oxidising action of sul

phuric acid on metals starts at concentrations above 6-7 M (45-50%). 

5.3 Experiments on the cathodic reduction of sulphuric acid and 
sulphate 

Bancroft and Magoffin [3] have electrolysed 12.5 M (74%) sulphuric acid at various 

temperatures and identified the cathodic reaction products. The original paper does not 

give data on current densities or state the methods used to identify the products. At a 

platinised platinum wire (presumably at a relatively high current density) only hydrogen 

is generated up to 50°C; at 80°C hydrogen sulphide is also formed. At a platinum foil 

(presumably at a lower current density) reduction of the sulphuric acid started only at 

130°C. Without stating the experimental details the same authors state in a later paper: 

"Sodium sulfate and ammonium sulfate cannot be reduced at any concentrations and 

temperatures that can be reached in open vessels" [4]. Nor could dissolved sodium 

sulphate be reduced by hydrogen in the presence of platinum [3]. The mixture had, 

over 6 months, been fused into glass. 

Gehrke [181 succeeded with an unusual experimental set-up in producing hydrogen 

sulphide and elementary sulphur from ca 3 M sulphuric acid at a platinum cathode. The 

cell voltage was 110 V (!) and the wire cathode, in the form of a point electrode, was 

only wetted to a very small extent. In addition to the high voltage and the unmonitorcd 

high current density it is possible that a local rise in temperature also contributed to the 

phenomena observed. When the acid concentration was reduced to 0.7 M no sulphate 

reduction was observed even over several days. 
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5.4 Polarographic investigations of the cathodic behaviour of sul
phuric acid 

Beck |6] has investigated the cathodic behaviour of sulphuric acid in the concentration 

range from 50 to 100% polarographically at the dropping mercury electrode. Fig. 4 

shows the current/potential curves. If the acid concentration is raised from 50% to 85% 

the steep rise in the current shifts only slowly to more positive potentials. In 90% acid 

a iTansition is observed and at an acid concentration of 95% the rise in the current takes 

place at a considerably higher potential. 

H2S0t 

0,25 0 5 075 10 125 -Uu.M 

Figure 4 

Polarographic current/potentiaI curves in 50-97% sulphuric acid (reference-

saturated calomel electrode) (6). 

This effect is attributed to the fact that the reduction of the sulphuric acid molecule 

takes place more easily than the liberation of hydrogen from the hydrogen ion. An acid 

concentration of 84.5% corresponds to the monohydrate which formally dissociates in 

accordance with the reaction 

H,SO, H,0 ^ H,0+ + HSO, 
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At higher acid concentrations too littie water is available for this protolysis and the 

amount of molecular sulphuric acid thus rises with increasing concentration. 

If the water content of the acid is below about 8% a further reduction step is observed 

in the -150 mV potential region (25°C) which greatly increases with decreasing water 

content and with increasing temperature. It is ascribed to the reduction of solvated 

sulphur trioxide which is in equilibrium with molecular sulphuric acid [40]. 

Hv!SO, =± SO,(solv) + H.O(solv) 

Beck's investigations |6] therefore iead to the interesting results that the reduction of 

hexavalent sulphur only begins when the sulphuric acid is present in molecular form; 

it is reduced preferentially over the hydrogen ions. With a still smaller overvoltage the 

solvated sulphur trioxide is reduced, through it is present in significant concentrations 

only in highly concentrated acid (>97%). 

6 The Corrosion Behaviour of Metals in Sulphuric Acid 
and Sulphate Solutions 

6.1 The behaviour of copper 

Copper is resistant to dilute sulphuric acid when air is excluded [14]. As the limit of 

use an acid concentration of 60% (9 M) at temperatures below 100°C is quoted [83]. 

Watts [81] reports that polished copper wires sealed into glass ampoules in de-aerated 

0.5 M sulphuric acid did not change in appearance over 11 years, and that during this 

time the acid did not discolour either. This results is to be expected on the basis of 

the Gibbs free energy of Reaction (la). With the admission of air the metal dissolved 

completely in this time. 

Otsuka and Uda [51] have observed that in the case of the cathodic evolution of hydrogen 

at copper in 0.5 M sulphuric acid copper(I) oxide is formed. This phenomenon of 

"cathodic corrosion" is not connected with the sulphuric acid. Under the conditions of 

the experiment copper hydride is formed as an intermediate and racts to give copper(I) 

oxide and hydrogen. (The hydride CuH is a well-known compound |26|.) The cathodic 

corrosion of copper is not an isolated case. On lead, too, an unstable hydride can form 

in water in the case of cathodic polarisation and therfore the rate of corrosion of lead 
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increases again at low potentials [2]. This type of corrosion occurs, however, only at 

strongly negative potentials outside the stability range of water and can thus be ruled 

out for the situation in the final repository. 

In Sec 3 it was pointed out that a reaction between copper and sulphate is thermo-

dynamically possible if iron(II) is available as a further electron-donor (Reaction (5)). 

From the corrosion literature |14] one also finds that copper and its alloys are resistant 

to iron(II) sulphate solutions at pHs of 2-3 if air is excluded. Copper can be used as 

a pipe material in iron sulphate production-plants up to 80°C. Corrosion in accordance 

witn Reaction (5) thus seems to be ruled out under milder conditions. 

The formerly common practice in the commercial production of copper of cementing 

copper ions from sulphuric acid solutions with iron [68] also tells against the formation 

of copper sulphides in the presence of iron. 

6.2 The behaviour of lead 

Lead was used on a large scale as a corrosion-resistant material in the manufacture 

of sulphuric acid. The limits of use lie at an acid concentration of 13.5 (78%) and 

a temperature of 110°C [72|. The fact that for this application lead has largely been 

displaced by other metals and plastics is not related to its corrosion behaviour but to its 

low mechanical strength and high installation costs. 

In oxygen-free solutions the following .wo corrosion reactions are thermodynamically 

possible: 

Ph + //+ + / /> '0; = PhS04 + ll2 

(Af,'° = -57.2 W-./: log Kr = +10.0:1) ( ' ' 

Pb + //+ + USD; =± 0.25PbS + 0.75 PhS04 + ll20 
(Ai7° = -115.81 U; log K = +20.29) ( ' 

The onset of Reaction (10) limits the application of lead in sulphuric acid production. 

In 90% sulphuric acid Reactions (9) and (10) proceed in parallel in the temperature range 

50-90°C f23).Lead sulphide has been identified by X-ray diffraction and by electron 

microscopy. For this purpose a special method of preparation was developed to image 

the back of the lead sulphate layers. Lead sulphide forms preferentially at the crystal 
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boundaries of the lead sulphate. In the case of the action of 50% (7 M) acid at 50°C 

lead sulphide could no longer be detected even electron-optically |23]. 

6.3 The behaviour of steel and iron 

Iron(II) sulphate is produced industrially by dissolving iron in hot dilute sulphuric acid 

[69|. Nothing seems to be known about sulphate reduction (Reaction (3)) as a side-

reaction. 

In pratical situations unalloyed steels and cast iron come into contact with sulphate-

containing soils or waters. Although iron sulphides are well-known as corrosion prod

ucts [251 their formation cannot be related to a purely chemical reduction of sulphate. 

High purity standards are set for drinking water and sulphate reduction by iron (and 

also by the galvanised pipes in the domestic installation) would impair the taste of the 

water. The corrosion of pipe materials by drinking water has been investigated inten

sively over the decades without any support being found for the reduction of sulphate. 

Papers about this are to be found in the corrosion journals. 

Butler and Beynon [101 have investigated the corrosion of unalloyed steel in, among 

other things, boiling sulphate solutions (up to 1 M) and identified the corrosion products 

formed. There were no indications of the presence of iron sulphides. 

7 Industrial Electrochemical Processes in Sulphuric Acid 
and Sulphate Solutions 

7.1 Electrowinning and electrochemical refining of metals 

Around 10% of copper and 50% of zinc are obtained by cathodic deposition from 

sulphate electrolyes [54,74] (world production in 1985: copper 8.4 Mt, zinc 6.8 Mt 

[27|). Quantitatively smaller are electrolytic refining processes. Because, however, 

in this case high purity-standards are set for the end-product it can be assumed that 

side-reactions such as the reduction of sulphate would attract particular attention here. 

Cadium [76], cobalt |77|, iron [78j and nickel [71] are refined electrochemically on a 

large scale. Deposition mainly takes place from sulphate baths. There are no indications 

of a side-reaction of the sulphate. 
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7.2 Electrodeposition of metals 

In the electroplating industry the base metals iron, nickel tin and zinc (among others) 

are deposited from sulphate electrolytes [28,42,70]. The sulphate contents of such 

baths are of the order of 1-2 moles/litre and the working temperature varies from room 

temperature to about 70°C. In these processes the deposition potential lies below the 

value of the hydrogen electrode (and thus also below the value for S(VI)/S(-II)). Yet 

nothing is known about perturbations by sulphide formation. 

As an example we shall take nickel plating which is often used for decorative purposes 

so that high quality-standards are set for it. Optically perfect coatings are produced in 

special bright-nickel baths. Such a bath has approximately the following composition 

[28]: 

NiSO, 6H20; 330 g/1 
NiCl26H20: 45 g/1 
Boric acid: 37 g/1 
organic additives 

The pH is 3-4, the operating temperature is 60°C and the current density 50 mA/cm2. 

The current efficiency is ca 95%. 

If, in the deposition of bright nickel, sulphate were also reduced then the result would be 

the formation of black nickel sulphide. The aimed-for mirror-brightness of the coating 

would presumably be so strongly impaired as a result of this that the product would be 

unsaleable. 

7.3 Anodic oxidation of aluminium 

It is estimated that 5-10% of the aluminium produced (1985: 15.4 Mt [270 is for decora

tive reasons or as a corrosion protection coated with an anodically produced oxide layer 

[54]. Such layers can be produced in various electrolytes; most frequently, however, 

sulphuric acid is used at a concentration of about 20% (2.3 M). The current densities 

lie in the range 100-250 A/m2 and the cathodes are generally made of aluminium or 

lead [28,32,751. The open electrolysis baths stand in large sheds. 

Obviously the sulphuric acid is not reduced cathodically in this process. At aluminium 

cathodes gaseous hydrogen sulphide would have to be liberated because aluminium does 
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not form a stable sulphide in aqueous solution. The odour nuisance would be very great 

and the maximum permissible concentration in air of 10 ppm (15 mg/m3) [73] would 

soon be exceeded. 

8 Reversible Sulphate Electrodes 

8.1 The lead/acid battery 

The world consumption of lead in 1985 was 5.6 Mt and more than 55% of the demand 

was for the production of lead/acid batteries (starter and traction batteries, stationary 

installations) [27]. 

In the charged state the sulphuric acid concentration of the lead/acid battery is about 

4.5 moles/litre [82]. Because of the extraordinarily low e.r 'angc current density (of 

the order of 10~12 A/cm2) for the H+/H2 reaction the negativa pole acts as a reversible 

lead/lead-sulphate electrode. This electrode is metastable; the lead ought in accordance 

with Reaction (10) to corrode irreversibly to a mixture of Ir:«i sulphide and lead sulphate, 

which is obviously not the case. 

Because of the great economic importance of the lead/acid battery there is an extensive 

literature in book form (eg [8,82]) and innumerable individual papers in electrochemical 

journals are concerned with the investigation of specific aspects. In addition to electro

chemical investigation methods, electron-optical and X-Ray diffraction (XRD) methods 

in particular are used. The factors which limit the life of the batteries have also been 

investigated intensively (literature in [82]); there are no indications of the formation of 

lead sulphide. 

In the potential-pH diagrams for lead in sulphuric acid in the context of the lead ac

cumulator, the formation of lead sulphide is always left out of consideration (eg [60]). 

Nor do the XRD analyses of the solids on the lead electrodes find any indications of 

the formation of lead sulphide [52,60]. Stimulated by the results on lead in hot con

centrated sulphuric acid (Para 6.2) a specific search was made for lead sulphide on lead 

electrodes kept in I M acid at various potentials [24]. The backs of the lead sulphate 

layers were once more investigated electron-optically for this purpose. All the findings 

both at open-circuit voltage and with cathodic polarisation were unequivocally negative. 
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There is thus no support for the formation of lead sulphide on the negative plate of the 

accumulator. Presumably such a reaction would have destructive consequences. 

8.2 The Weston cell 

The Weston cell is used as a secondary voltage standard ([30] and electrochemical 

textbooks). The cell is represented by the following scheme: 

+ Hg/Hg2SO4(s)/CdS0, 8/3H20(s), H20/Cd amalgam (10%) -

The negative pole is the reversible cadmium/cadmium-sulphate electrode. The Weston 

ceil was developed in 1892 [ 1 ] and because of its low temperature-coefficient it quickly 

displaced other standard cells which had previously been used. Commercially manu

factured Weston cells were on request supplied with a calibration certificate from the 

Physikalisch-Technische Reichsanstalt [151. 

Weston cells are still in use and with careful treatment perform their task for decades. 

Vosburgh and Bates [791 measured an average voltage deviation of 0.03 mV for five cells 

which were still in use after 26 years. This may seem surprising when it is considered 

that the cadmium sulphate electrode is metastable. Thermody.«imica!ly a reduction of 

sulphate by cadmium would be favoured: 

SOl- + Cd + 2 //+ = 0.25 CdS + 0.75 CdSO* + \W 
(Af;° = —1-17.85 A-7; log K = +25.90) ( ' 

The fact that Weston cells can be calibrated and remain stable for decades is an indication 

of the fact the corrosion reaction (11) is completely inhibited. The small voltage-drift 

of the Weston cell is ascribed to changes in the mercury sulphate electrode [30|. 
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9 Sulphuric Acid and Sulphate Solutions as Inert Elec
trolytes in Basic Electrochemical Research 

In basic electrochemical research sulphuric acid and sulphate solutions are widely used 

as supporting electroytes and as such they prove to be redox-inert. Side-reactions of the 

sulphate would put the reproducibility of electrochemical measurements - for example 

in connection with the mechanism of iron dissolution [41] - seriously in doubt. Such 

interfering effects are unknown, however. 

Particular weight must be attached to investigations in which electrochemical measure

ments were combined with characterisation of the sample-surfaces by surface-analysis 

techniques (eg [37,53]). Sulphide formation could be detected here with great sensitiv

ity. 

In this connection the experiments of Summers and Frese [64] on the reduction of 

carbon dioxide at ruthenium electrodes must be mentioned. While the carbon dioxide 

is reduced to methane the sodium sulphate used as background electrolyte remains 

unchanged. The authors have used high-sensitivity detection methods to analyse the 

gas phase (using gas chromatography), the electrode surface (Auger spectroscopy) and 

the solution (cyclic vol'̂ .mmetry) without finding any reduction products of sulphate. 

One of the most invest ±a ;d reactions in corrosion chemistry is the evolution of hy

drogen at metals - especially at iron and steels. Of particular interest in relation to 

this is the uptake of atomic hydrogen by steel. This process is of great technical and 

scientific importance as regards embrittlement of the material and hydrogen-induced 

stress-corrosion. In this connection, in particular, the effect of different substances as 

embrittlement promoters and inhibitors is being investigated [19,34,57]. 

In these electrochemical investigations sulphuric acid and acidic to alkaline sulphate 

solutions are among the normal inert electrolytes [36,46,49,50,56,58,84]. Although in 

such experiments the potential of the metal is below the H+/H2 potential nothing is 

known about sulphate reduction; this also applies to an experimental temperature of 

95°C [50]. 

Kato et al [35] have investigated the hydrogen-permeation behaviour of iron-copper 

alloys in 0.5 M sulphuric acid with and without hydrogen sulphide and supplemented the 

electrochemical measurements with surface-analysis investigations. Using photoelectron 
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and Auger spectroscopy, sulphides could only be detected on the surfaces if the samples 

were in contact with a solution containing hydrogen sulphide. On the samples from 

solutions without hydrogen sulphide small quantities of sulphur were also found; this, 

however, was sulphur(VI) and not sulphur(-H). In view of the high detection-sensitivity 

of these methods and their sensitivity to the oxidation number of an element it is thus 

possible to rule out sulphide formation in the pure sulphuric acid. 

Naturally, when evaluating missing data caution is required. In this case, however, it is 

necessary to take specifically into account that hydrogen sulphide promotes the uptake of 

hydrogen by steel even at trace concentrations. Thus a hydrogen sulphide concentration 

of 0.2 mM increases hydrogen permeation through a steel foil by factor of 10 [49] (see 

also [35]). Accordingly one would expect that even a very slight reduction of sulphate at 

the steel surface would draw attention to itself via permeation i^tes which increased with 

time. One would, moreover, have to expect poorly reproducible and scattered invidual 

experiments. This would probably have the result that other supporting electrolytes 

would be chosen. 

10 The Redox Stability of other Oxoanions 

The redox stability of the oxoanions clearly follows no simple systematics. While 

sulphate behaves inertly the analogous Chromate can easily be reduced so that redox 

titrations are possible with Chromate. The situation is similar for Perchlorate (which can 

be reduced in aqueous solution only with difficulty) and the analogous permanganate, 

which because of its easy reducibility is also used in titrimetry. 

We shall not enter here into an exhaustive discussion of redox stability. Rather, we 

shall briefly discuss the behaviour of those oxoanions which occur in the environment 

and which in principle can participate as oxidising agents in corrosion reaction. 

Near surface groundwater in areas used intensively for agriculture can contain nitrate 

concentrations of the order of 1 mmol/litre. The nitrate in such waters has a higher 

oxidation capacity than the dissolved oxygen (ca. 0.25 mmol 0 2 per litre) and its 

involvement in corrosion reactions must therefore be taken into account. 

The corrosive effect of sulphur dioxide and hydrogen sulphite play an important role 

in polluted atmospheres. For the final-storage situation this corroding agent is irrele

vant. Because, however, among other things copper undergoes an interesting corrosion 
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reaction with sulphur dioxide the reducibility of sulphur(IV) will be discussed here. 

A further oxoanion which is also present in natural waters is hydrogen carbonate. Like 

sulphate it is redox inert. We shall briefly show how the reducibility of hydrogen 

carbonate woulc1 affect the corrosion of metals. 

10.1 Corrosion of metals by nitrates 

Nitrate is reducible to ammonia in aqueous solutions by base metals such as zinc. In 

classic qualitative analysis a specific test for nitrate is based on this reaction. 

In natural waters (or equivalent model solutions) nitrate has a corrosion effect on unal

loyed steel and on zinc when the dissolved oxygen has previously been consumed by 

a corrosion reaction [38,39]. Nitrite, nitrogen and ammonium ions were identified as 

reaction products. 

Similar experiments with copper are not known. By analogy with the above-mentioned 

findings, however, nitrate reduction at copper cannot be ruled out a priori [65, App B]. 

From the older corrosion literature [5] one learns that copper is attacked even by very 

dilute nitric acid (0.1-0.5% HN03). 

In the pH and concentration range of natural waters the following corrosion reactions 

are thermodynamically possible, for example: 

Ar03 + 2 Cu - NO; + Cu20 
(AG*0 = -74.81 Jfc.7; log K = +13.11) ( ' 

NO* + 8 Cu + 2 //+ + IW - NUt + 4 Cu20 
(AG0 = -318.82 U; log A = +55.86) l ' 

It is therefore to be expected that copper, too, is attacked by oxygen-free nitrate-

containing water. 

10.2 The reduction of sulphur(IV) 

Sulphites and sulphur dioxide are commonly used as reducing agents in chemistry. 

These compounds are, however, redox-amphoteric and can also act oxidatively. In 

corrosion chemistry the reducibility of sulphur dioxide to sulphide or elementary sulphur 
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is well-known [47,59]. Copper also is oxidised in moist air in the presence of sulphur 

dioxide [12]: 

S02{g) + 6 CM ^ Cu2S + 2 Cu20 
(AG0 = -78.70 kj; log Kp = +13.79) 

(14) 

The corrosion products arising in this reaction have been characterised in detail by 

surface-analysis methods ([12] and the literature cited therein). 

10.3 Corrosion by hydrogen carbonate? 

In dilute aqueous solutions hydrogen carbonate is inert towards reducing agents, al

though reduction to carbon or methane is thermodynamically possible (Fig. 5). The 

potential-pH diagram of carbon is similar to that of sulphur (Fig. 1). 
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0.6 
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HjCO, 

HCOi" 

Figure 5 

Potential-pH diagram for the system carbon/water.[C](0( = 10 -3 M [9]. 
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There is no lack of experiments on the reduction of carbon(IV) in aqueous solutions. 

At ruthenium electrodes carbon dioxide can be reduced to methane in hydrogen car

bonate solutions at 40-90°C with a low over-voltage and with current efficiencies of 

3-40% [64]. The reducible species is carbon dioxide and not hydrogen carbonate. The 

reduction takes place only at ruthenium and not at other electrode materials (11 metals 

and semiconductors were investigated). 

At other metals, and thus also at copper, carbon dioxide is only reduced at overvoltages 

of more than one volt with a very low current efficiency [80]. The main product is 

hydrogen and by mass spectrometry it was possible, using a special experimental set

up, to detect the reaction products methane and ethene. Here, too. the redox-active 

substance is carbon dioxide and not hydrogen carbonate. 

If it is nevertheless assumed that hydrogen carbonate is also reducible then in natural 

waters the following corrosion reactions, for example, would occur: 

5 //CO.; + 1 Fc + 5 //+ ^ CII4{g) + 4 FcC03 + 3 ll20 
(A6'° = -495.22 it J; log I\p = +86.76) ^ ' 

HCOi + 3/<'c + U20 + //+ ^ CIU(g) + Fc304 

(A<7° = -242.21 kJ; log Kv = +42.43) [ ' 

The reaction of zinc analogous to Reaction (15) has AG0 = -754.96 kJ; log Kp = +132.3. 

Large-scale pratical experience over decades exists concerning the corrosion of cast 

iron and steel and also of galvanised pipes in drinking water supply. In the corrosion 

literature there are, nowever, also extremely numerous fundamental investigations of 

corrosion in natural waters and model solutions. In all the abundance of these experi

ments there are no indications of the participation of hydrogen carbonate as an oxidising 

agent. 

There is obviously no need to establish in corrosion chemistry a new field of research 

dealing with the oxidative action of hydrogen carbonate. It is true that hydrocarbons 

are also formed in the corrosion of carbon steels in acids [31], but they are formed from 

the carbon in the steel. 
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11 Summary and Discussion 

The question to be cleared up was whether corrosion of copper by sulphate as the 

oxidising agent without the involvement of sulphate-reducing bacteria is possible. In 

order to arrive at firm conclusions it was necessary to extend the scope of the problem 

to the general question as to whether and under what conditions sulphuric acid and 

sulphates are chemically or electrochemically reducible. 

The evidence presented is multifarious and comes from various fields of chemistry. 

Apart from a few direct reduction experiments and geochemicai findings the main 

evidence comes from applications of sulphate electrolytes in industrial and scientific 

electrochemistry and from corrosion reactions. 

11.1 The thermodynamics of sulphate corrosion 

Thermodynamic considerations show that corrosion reactions of base metals such as 

iron and zinc by sulphate are in principle possible under the concentration conditions 

in natural waters. Thermodynamically impossible, however, is the direct reaction of 

copper and sulphate to give copper(I) sulphide and copper(I) oxide (Reaction (4)).3 

Reaction of copper is only possible if an additional electron-donor such as iron(II) is 

available (Reaction (5)). 

11.2 Geochemicai evidence for the stability of sulphate 

In geochemistry, as in inorganic chemistry, it is taken for granted that sulphate is not 

chemically reducible under the conditions at the earth's surface. Because, however, 

the involvement of sulphate-reducing bacteria, for example in anaerobic sediments, can 

never be ruled out with certainty, no decisive importance is attached to the geochemicai 

findings here. 
3Providcd the validity of thermodynamics for corrosion reactions is not called in question once more 

this statement can be regarded as definite (cf Fn. 1). 
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11.3 Experiments on the reduction of sulphuric acid and sulphate 

The experiments specifically concerned with the reduction of solutions of sulphuric acid 

and sulphates can be divided into three groups. 

In the case of hydrothermal experiments on the reduction of zinc sulphate by hydrogen in 

autoclaves the formation of zinc sulphide can be detected only at 275°C. The oxidation 

of simple organic compounds such as xylene proceeds only at temperatures above 300°C 

if the reaction mixture contains hydrogen sulphide as well as sulphate. Without this 

additive the oxidation of hydrocarbons is even more strongly inhibited. (The role of 

sulphides in the reduction of sulphate is not discussed in this paper because they oxidise 

copper directly with the evolution of hydrogen - see Reaction (2)). 

The reaction of various metals with sulphuric acid at different concentrations leads to 

the conclusion that the oxidising effect of the acid starts only at concentrations above 

45-50% (6-7 M). 

From experiments on the cathodic reduction of sulphuric acid at platinum it is found 

that the reduction of 12.5 M acid starts, depending on the current density, at 50 to 

130°C. There is a further isolated finding that under extreme conditions (110 V cell 

voltage, point cathode) acids at a concentration around 3 M are still reducible, but not 

a 0.7 M acid. 

Polarographie investigations of sulphuric acid in the concentration range 50-100% lead 

to the conclusion that the reducible species is not the hydrogen sulphate ion but the 

undissociated sulphuric acid molecule. 

The first dissociation constant of sulphuric acid in water is Ka ~ 10+3. The concentration 

of the reducible molecular sulphuric acid is thus very small in dilute acids and negligible 

in neutral sulphate solutions. 

11.4 Corrosion of metals in solutions of sulphuric acid and sulphate 

For economic reason great attention is paid to the corrosion behaviour of metals in the 

chemical industry and also, for example, in the public water supply industry. This is not 

just because of the po; ible damage to materials but also because of the contamination 

of chemical products or drinking water by corrosion products. 
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Copper is resistant to oxygen-free sulphuric acid up to concentrations of 9 M (60%), 

and also to concentrated solutions of iron sulphate. The therrr.odynamically possible 

corrosion reaction (5) thus appears extremely improbable. 

Lead is used industrially up to acid concentrations 13.5 M (78%) as a corrosion-resistant 

material. At higher concentrations the formation of lead sulphide has been detected 

experimentally. At an acid concentration of 7 M (50%) this compound was sought 

but not found. From these experiments too it is thus found that sulphuric acid has an 

oxidising effect only at a concentration above 7 M. 

The industrial production of iron(II) sulphate from iron and hot dilute sulphuric acid 

can be included among the corrosion processes. Formation of sulphide in accordance 

with Reaction (3) appears not to occur. 

Cast iron and unalloyed and galvanised steei are the normal materials for drinking-water 

pipes. Although practically all waters also contain sulphate there is no evidence despite 

decades of technical use of any sulphate reduction. From a taste point of view the 

drinking water would be impaired as a result of this reaction so that such cases would 

certainly become known. 

It would be possible to add numerous further examples about the corrosion of metals 

in sulphate solutions and sulphuric acid with the same conclusion. 

11.5 Industrial electrochemical processes 

Numerous processes in industrial electrochemistry are carried out in sulphuric acid or 

sulphate electrolytes, for example the electrolytic extraction and refining of metals, elec

troplating and the anodic oxidation of aluminium. The reduction of sulphate would in 

these processes impair the purity of the products or the optical properties of electrode-

posited coatings. Formation of hydrogen sulphide would for health and safety reasons 

prohibit the carrying-out of open processes and necessitate expensive purification of 

exhaust air. Experience shows that this is not necessary. 

Perturbations by reduction products of sulphate would necessitate a switch to sulphate-

free variants of the processes (some of which are well-known and also customary) or a 

switch of production (eg in metal refining) to non-electrochemical processes. 
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11.6 Reversible sulphate electrodes 

The negative plate of the lead/acid cell is the reversible lead/lead-sulphate electrode, 

despite the fact that thermodynamic ally the formation of lead sulphide is favoured. 

Starter batteries have a life of about 5 years and the life of ones in stationary applications 

is several decades. The formation of lead sulphide at the negative plate would certainly 

impair the functioning of the accumulator and it would not have been able tc achieve 

success, despite its low energy-density, against other systems. If the negative plate 

were not stable the Edison cell (nickel-iron alkaline) would probably be used for starter 

batteries. 

The Weston standard cell contains the cadmium/cadmium-sulphate electrode which is 

unstable relative to cadmium sulphide. The possibility of calibrating these cells and the 

well-documented high voltage-stability over decades makes it possible to rule out the 

formation of cadmium sulphide with a high degree of certainty. 

11.7 Sulphate solutions as supporting electrolytes 

In electrochemical research sulphate solutions and dilute sulphuric acid are used as a 

matter of course as inert supporting electrolytes. In the clarification of electrochemical 

reaction mechanisms, especially at cathodic potentials, disturbing factors which would 

make reproducible precision-measurements impossible would have to become apparent 

in an unstable supporting electrolyte. In textbooks and handbooks of electrochemistry 

the use of such electrolytes would be warned against. This is obviously not the case. 

12 Conclusions 

In Sec 2 it was mentioned that strict proof of the redox stability of sulphate in dilute 

aqueous solution is impossible. From numerous individual pieces of information from 

various areas of inorganic and industrial chemistry it is, however, possible to define a 

stability limit with very high certainty. The pieces of evidence presented for the stability 

of sulphate are of varying quality and evidential value. Particular weight must be placed 

on those applications where sulphate reduction puts the precision of measurements in 

question (Weston cell, basic electrochemical research). The fault-free operation of the 

negative plate of the lead/acid battery is demonstrated less by precision measurements 
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than by the fact that it carries out its task, every day in ca. 450 million vehicles [27]. 

The arguments derived from industrial electrochemistry are stronger the higher are the 

purity standards required for the product: the tonnage is only a secondary assessment 

criterion. Possible health-and-safety consequences of the reduction of sulphate in large-

scale processes can be included in the arguments. 

The final assessment leads to confirmation of the poorly documented chemical teaching 

(Sec 1) that dilute sulphuric acid and sulphate solutions are not oxidising agents. The 

probability that the reduction of sulphate has been overlooked in the wide use of sulphate 

electrolytes in science and technology must be regarded as extremely small. 

With a large margin of safety the limit of the redox stability of sulphuric acid can be 

set at a concentration of ca 4 M (acid concentration in the lead/acid battery). Slightly 

acidic to alkaline sulphate solutions, on the other hand, are completely redox-inert in 

concentration and temperature ranges which can be achieved in open vessels in the 

laboratory. 

It is nevertheless difficult to give a numerical limit for the reaction rate of sulphate 

reduction because there are no systematic kinetic measurements at high temperatures 

and so the activation energies needed for extrapolation are not known. From the work 

of Kato et al |35| (cf Sec 9) it is nevertheless possible to derive a limit for the current 

efficiency for sulphuric acid reduction. 

These authors developed hydrogen for 24 hours at iron/copper alloys using a current 

density of 5 mA/cm2. The surfaces of the samples were then analysed using photo-

electron and Auger spectroscopy and no sulphide sulphur was detected. Photoelectron 

spectroscopy provides evidence of the oxidation number of the elements present. The 

detection limit of this method is 0.1 ng/cm2, which corresponds to around 1 % of a mono

layer f 13| The detection sensitivity of Auger spectroscopy is 1-3 orders of magnitude 

better. 

The results were as follows. During the experiment a total charge of 432 coulombs/cm2 

(4.5 x 10" l faradays) flowed and 2.25 x 10"' mols of hydrogen were produced. During 

the same period less than 0.1 ng (3.1 x I0~12 mol) of sulphide per cm2 was deposited. 

To reduce the corresponding amount of sulphate 2.5 x 10"" faradays would have been 

required. It is thus possible to calculate for sulphate reduction a limit for the faraday 

efficiency (current efficiency): 
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VF < 5.6 x 10~9 

The molar yield (S(-II)/H2) is 

7 m o l < 1.4 x lO-9 

These values apply to an acidic solution and strong cathodic polarisation: they are 

thus in no way representative of a corrosion reaction at a low sulphate concentration in 

neutral solution and considerably higher electrode potentials. For these milder reaction 

contitions the limits stated above can be regarded as extremely conservative. 

If we arbitrarily assume a sulphate reduction of 3 x 10~12 mol/cm2- day dien purely 

mathematically one obtains for corrosion of copper to Cu2S an induced material loss of 

0.15 nm/year or 150 //m in 106 years. 

Thus corrosion of copper by sulphate under final-storage conditions in the absence of 

sulphate reducing bacterias can be ruled out with a probability verging on certainity 

especially because the reaction would also require an additional electron-donor. Also, 

from the wide field of corrosion chemistry no case is known where sulphate in di

lute solution acts as an oxidising agent. Any contrary finding would be the chemical 

equivalent of discovering a new continent (see Fn. 2). 
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