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Fig. 1. pH potential diagram for manganese compounds at 25°C. (Courtesy of Springer-
Veriag 9))



NEW: 9 July, 2010

Fundamentals.

Manganese is a transitional metal; its chemistry is also one of the most difficult to understand and because of this is one of the most interesting.  Its common oxidation states are from 0 to7, those of interest here being: 

0: metal; 
2: manganous, Mn(II), Mn2+ salts; pink when hydrated; MnO, MnS are green, insoluble in water.

3: manganic, Mn(III), Mn3+ salts; red; unstable in water
4: Mn(IV): MnO2 (black), MnF4(blue); insoluble if stable;

 5: manganate(V): hypomanganate, MnO43- anion; blue to greenish blue; very unstable in water
 6: manganate(VI): manganate, MnO42- anion: deep green; unstable in water
 7: Mn(VII): permanganate, manganate(VII), MnO4- anion; deep magenta. Relatively stable at most pH levels up to 14 in the presence of water.
The aim of this note to produce permanganate (via/and/or manganate(VI)), generally from MnO2; or from Mn2+ salts via MnO2. This requires raising the oxidation state from +2 or +4 to +7 or +6 by some means.

Absolutely necessary to the understanding of manganese chemistry is the series of disproportionations (written as oxidation states):
(a) 2Mn(III) ( Mn(IV) +   Mn(II) ; 

Example: 2Mn3+  + 2H2O ( MnO2 + Mn2+  + 4H+ in water, (at pH > -0.8 or 5N H2SO4):

Significance: Manganic salts are strong oxidants and very unstable in water and hence very difficult to produce.
(b) 2Mn(V)  (     Mn(IV)  +  Mn(VI);

Example: 2 MnO43-  + 2H2O (  MnO2 + MnO42-  + 4OH- , (at pH < ~15+, or 10+ N KOH): 

Significance: the hypomanganate ion is very unstable in the presence of a trace of water and hydrolyses to MnO2 and manganate. 

(c) 2Mn(VI) ( Mn(IV)  +  2Mn(VII);

Example: 3 MnO4 2-   +  2 H2O ( MnO2 + 2 MnO4 - +  4OH -  (at  pH< ~14, or N KOH): 

Significance: Manganate(VI)  is only stable in fairly strong alkaline solution (>2N); but permanganate is stable in solution over a wide pH range in the absence of reducing agents.

{The disproportionation of the various manganates in alkaline conditions can be written generally as

(5-n) MnO4n- + 2H2O ( (4-n) MnO4(n-1)-  +  MnO2  +  4OH-
where n is the charge on the manganate ion of oxidation state (8-n) , n = 1, 2, or 3. Since some authorities claim that n can even be 4 (often called manganite), it might work for that case as well:

MnO4---- +2H20  (  MnO2  + 4OH-  }
Here are a couple of Pourbaix or Eo/pH charts for manganese and water. The Y-axis is Eo in volts: the broad area above the lower Mn in the first should be labeled Mn++.
The first diagram shows extreme alkali condition (beyond practical limits even, perhaps!) and the second shows extreme acid conditions
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Fig. 1. pH potential diagram for manganese compounds at 25°C. (Courtesy of Springer-
Veriag 9))
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Case (a) above is of no direct interest here except to point out that soluble manganic salts always hydrolyze rapidly in water to manganous salts or MnO2, and that MnO2 is obviously a stable state, produced in all the disproportionations. Mn2O3 is also stable, and the first product of heating MnO2 to >500C.

Cases (b) and (c) are very important to us here. Suppose we can produce a hypomanganate by some means. To do so the pH must be greater than 15, or 10N hydroxide. This sort of concentration is about 50% KOH; however in fused KOH we have a concentration of around 36N and it is only then that hypomanganate can be readily produced.

(To appease the purists who say pH is not defined except in the range 0 to 14, we could say the pOH  < -1, defining pOH as mols of OH/liter and assuming all ionized. Put another way, the hydroxide must be greater than 10N or 560g/liter for KOH). 

So, for all practical purposes, hypomanganate cannot exist in aqueous environments (but see Brauer on this one! It can.)

Once we let the concentration of hydroxide drop to below about 1N both disproportionations occur and we get left with 1 mol permanganate for every 3 mols of hypomanganate and get back a lot of the MnO2 we started with. Thus, for all our efforts to produce the MnO4 moiety, we get only one third back as MnO4- ion. Pretty poor yield, but there are ways of increasing it. 
If instead we managed to produce manganate(VI), we would get back 2/3 or twice as much on disproportionation.  Manganate(VI) is much less liable to disproportionate in aqueous solution (@ pH< ~14, 1N) and I find it can be kept for a long time in >3N alkali (long enough to think what you are going to do with it! It still tends to oxidize in air – due to CO2 absorption.)

The difficulty I have had in producing measurable amounts of manganate(VI) by the methods indicated by 99% of text books was the motivation for directly producing permanganate by the wet method which started this off. 
Wet Methods.

The fundamental idea of wet methods is to oxidize MnO2, or Mn++  to MnO4- in solution with a cheap and available oxidant at moderate temperatures. From the above the pH should <13 to produce permanganate or else MnO42- will result.

 Research shows that the oxidants known to work are few, exotic or expensive:

(a)Sodium bismuthate, Na BiO3, insoluble; @ 25C in acidic Mn++  solution; 
(b)Potassium iodate KIO4 in acid solution; it is poorly soluble.
(c)PbO2 (insoluble) in dilute boiling HNO3 converts 100%. (I have confirmed this, except the 100% part.)

(d)Persulphates plus Ag+ catalyst in acid solution; without Ag+ it converts Mn++ only to MnO2. Boiling persulphate solutions destroys them.
(e)With Ozone; if you have an ozonizer! (Or can make one).
- forget all these!

Common oxidizers likely to be available to the amateur chemist: Chlorate and nitrate in solution are too weak either in acid or alkaline solution, according to the Eo values, if I did the calculations right. However, NaOCl ought to work, per this reaction, using MnO2:

 2MnO2(s) + 3ClO- + 2OH- ( 2MnO4- + 3Cl- + H2O      ...(1)

From the two half reactions in standard alkaline conditions (25C, 1N solutions):

ClO-  + H2O + 2e-  ( Cl-  + 2OH-           Eo =  0.89volt  …(2)

MnO2 + 4OH- ( MnO4- + 2H2O +3e-     Eo= -0.62volt   …(3)

I foolishly assumed that the driving potential would be 0.89 – 0.60 volts = 0.29 volt giving the equilibrium constant K >>1. (I hate to think how many times I have made this type of mistake!). I recently discovered this error: it easily explains the poor results obtained. 

To get the reaction (1) above, one eliminates the electrons by taking 3 x (2) and adding 2 x (3). The driving potential is for a 5 electron transfer and the true difference in Eo should be (2/5)*0.89-(3/5)*0.62 = - 0.016volt. This gives K ~ 0.045 for reaction (1) at room temperature. Equilibrium for reaction (1) lies well to the left.

The instability of hypochlorite. This is not as dire as I originally thought. The reaction (1) does not usually occur to any extent without heating, and hypochlorite has a short half life (to 50% of start value) at elevated temperatures. I investigated this with the following results:

 Half life is inversely proportional to concentration and the temperature coefficient is about 3.5 times reduction for each 10C rise. pH values should be between 11.5 and 13 for best stability, and metal ions of Fe, Cu, Ni, Co absent. 

Temperature stability values obtained from varied sources are:- 

 About 2 hrs. @ 100C for 10% solution, and about 80 hrs @ 60C.
 Most available hypochlorite solutions will keep over a year in a refrigerator @ 7C. Freshly bought bleach like Clorox has a typical half life of 1 year @ 25C, contains about 6% NaOCl, 0.25% NaOH and around 1% NaCl. 
Pool hypochlorite can be obtained at 15% NaOCl with slightly larger amounts of NaOH and NaCl than bleach. Its half life is about 140 days @ 25C, and about 60 minutes at 100C. pH is usually 11.5 to 12. 

Writing out the assumed equilibrium equation for (1) above, [KMnO4] is proportional to the ratio of [NaClO]/[NaCl] to the 3/2 power. Hence new hypochlorite in which [NaCl] is lowest should give the best result.  

Provided the temperature is kept below about 70C and the time of reaction to a few hours, hypochlorite should not significantly degrade. The reaction found to work best was the following, where carbonate was used instead of hydroxide, at T around 60-70C: 

2MnO2 + 3NaClO + K2CO3 ( 2KMnO4 + 3NaCl + CO2;
The actual reaction is better done with KClO which can be made from bleaching powder and K2CO3. Na and K ions are difficult to separate. Up to 15% KClO can be made this way, with some KCl due to the CaCl2 content of the bleaching powder (or HTH).

The reaction is more probably due to hydroxide ions from the hydrolysis of the carbonate:
 2MnO2 + 3ClO- + 2OH- ( 2MnO4- + 3Cl- + H2O;
Carbonate solutions work faster but only have a pH of about 11.6 (NaCO3 can be used instead). The hydroxide concentration is rather low at pH 11.6 which changes the equilibrium from the 1N case above and reduces yield by a factor of ~16! Using hydroxide above 1N speeds the decomposition rate of NaOCl and may form both manganate and permanganate. You cannot win this one! However, the equilibrium expression for KMnO4 has [CO2] on the bottom so if the gas is expelled the equilibrium moves to the right.  15% NaOCl is about 2N in NaOCl which would increase yield by 3; but increasing temperature by 50C reduces yield by a factor of ~0.9 but speeds up the reaction rate very considerably. 

The best result ever gotten was ~ 1g per liter of KOCl. 1g of KMnO4 dissolved in 1 liter of water is surprisingly dark – one can easily be fooled by the intense color of mangante and permanganate solutions. Colorimetric measurement by comparing tint to a known solution of KMnO4 under dilute conditions is the easiest way to estimate roughly how much is produced. Anything more than about 40 mg/liter is too dark.
In this context, a few data on absorption (M in mols/dm3 or liter, per cm path) 

Manganate(vi) ions have a visible absorption maximum @ λmax = 606 nm of ε = 710 M−1 cm−1 ; another source says 1500 M-1cm-1 at 610 nm
Manganate(v) ion, MnO43−, or hypomanganate, is a bright blue species[14] with a visible absorption maximum @ λmax = 670 nm  of ε = 900 M−1 cm−1
Manganate(vii): Molar absorptivity of KMnO4 at 550 nm is quoted as ~ 3,000 M-1 cm-1
Conclusion: no useful wet method has been yet found. But I am glad to have tried, and finally, to understand why it does not work very well.

Manganese Dioxide

Since MnO2 is central to any process, a few words are in order. The first is, not all ‘manganese dioxides’ are equal. Most are not even pure MnO2 stoichiometrically, many made chemically are closer to MnO2. xH2O where X lies between 0 and 2 and at least one reference suggested xMnO2. yMn2O3. zH2O to account for the varying oxygen and water content found. Whole books, voluminous reports and many PhD theses are written on MnO2; one can make a career out of it due to its importance in batteries and organic chemistry.

Varieties named from α to ε, and ρ, exist as various forms of the crystalline structure. 

Mineral pyrolusite is β-MnO2, with general formula MnOx where 2> x >1.95 This is as close to stoichiometric composition as any. However, crude mineral is usually no more than 80% MnO2 and often contains iron and other impurities and some H2O, so is not very pure. It is also one of the least reactive forms with large (relatively) dense crystals. Other prepared forms of MnO2 tend to go to β under heating; it is obviously the most stable thermodynamic state for the crystal lattices.

γ-MnO2 is a more active type chemically. It is much used in battery production and many ways of producing γ MnO2 can be found in the literature. The apparent (bulk) density is low due to the structure which looks random and chain-like under the microscope at small magnification.

The rubbish in spent batteries is not MnO2!
 – at least not much. References state that new cells contain 15% - 40% of carbon in the initial mix (but in my experience around 20% or less seems to be about the maximum). 
A used cell of the old Leclanché type will have NH4Cl, ZnCl2, MnO(OH), Mn2O3, etc as well as some MnO2. The aim of an efficient cell is to use up all the MnO2! 
Modern used Zn/alkali cells are much cleaner, having mainly KOH and ZnO as contaminant, along with various oxides and hydroxides of Mn. 
To extract the Mn from this mess requires care and to produce MnO2 of decent purity a bit more. 
Do not expect unrefined battery crud to perform any of the reactions above or any below.
The product from a fresh unused alkaline battery is little contaminated, except for KOH and C; generally the carbon only makes a mess and obscures some demonstrations since it is the same color as MnO2. However, in fusion reactions it may interfere significantly due to higher temperatures and must be avoided.
Pottery store pyrolusite can be used but it often has Fe impurities and silicates. Silicates dissolve in concentrated or molten alkali. If gritty, it is relatively low in reactivity being large crystal β MnO2 and should be ground to about 200 mesh to increase surface area, the key parameter for reaction rate. The surface areas of good ‘activated’ MnO2 are in the order of 60m^2/g or higher.
BATTERY CRUD as a source of Mn compounds must first be converted to something approaching reagent purity and then re-oxidized to MnO2. 
Process (A) is the same for Zn/C and alkaline cells. 

(A) Strip off all separators, white crap etc and break down lumps to as fine a powder as possible. Boil this in H2O for about an hour. While hot pour off H2O and wash with cold water, or in a stream to perhaps float off some of the carbon. For a spent alkaline cell, there is no need to dry. 

{For an unused alkaline cell, unless the carbon is likely to be a problem, you can use it as MnO2 after washing out the KOH; (wasteful, just buy pyrolusite for less). Allow to dry.}
(B1) For Zn/C cells only: put in a tin can and heat to bright red heat. All MnO2 will convert to Mn2O3 @ 700C+ and the carbon should burn off; also zinc/ammonia complexes will drive off ammonium chloride as white clouds and worry the neighbors. Cool, treat with cold dilute acid (N/10 or less) to get rid of any ZnO. Pour off acid, and wash. Complex but unless carried out the product will be polluted. Resultant should be mainly Mn2O3: go to step (C)

(B2) For used alkaline cells: Treat product from (A) with dilute acid (N/10 or less) to get rid of ZnO, Zn(OH)2, and residual KOH. Wash with H2O. Various Mn oxides, Carbon and hydroxides remain. No need to dry.

(C) React the product from (B1) or (B2) with fairly conc. H2SO4 (>40%), or HCl (>12%), (for nitrate only, HNO3; but HNO3 will not react easily with any remaining MnO2). HCl gives off Cl2 gas so be prepared to use or deal with it. H2SO4 is best but has to be fairly concentrated to dissolve all oxides; some O2 is given off.

Acid can be used in excess with HCl; HCl is easily driven off by modest heat. For H2SO4 it is better to have the mixed oxides in excess and heat to drive off the water to complete the reaction. This avoids acid residue and makes crystallization of the product easier after leaching out with water. The sulphate is the best product if you want to keep a stable manganous salt (as MnSO4.H2O, which is surprisingly white); all MnCl2 hydrates (pink) are deliquescent and become acidic in time. Filter off any unreacted Mn compounds and the carbon at this stage. Chloride is best converted to carbonate (light pink) or used rapidly. Carbonate keeps well if dried at 100C and kept sealed up; it can be used to make any soluble Mn++ salt whose acid is available.

MnSO4 solution crystallizes as MnSO4.4H2O if allowed to evaporate slowly at 25C; this hydrate is slightly pink; @ 100C white monohydrate is formed. The tetrahydrate effloresces to the monohydrate in time.

On a single recrystallization you will have fairly pure Manganese(II) sulphate - or buy it at fertilizer outlets and recrystallize with a lot less trouble but less chemical insight.
{Caution note: do not use Zn/C cell crud to produce chlorine : it contains ammonium salts which may react to produce nitrogen chloride. I used to do this frequently as a cheap way to get the gas, but quit after experiencing a sudden pressure surge which blew off the cork of the flask and caused sudden frothing of the mix and boil over. Not an explosion but a rapid decomposition, possibly caused by NCl3. So-called ‘heavy duty’ Zn/C cells may use ZnCl2 instead of ammonium chloride and may be safer, but don’t bet on it. Wash spent ‘dioxide’ from alkaline cells with water first to get rid of KOH and they can then be safely used for this purpose.}

All you need to make MnO2 (or a reasonable facsimile of it) is dilute bleach plus a dilute solution of Mn(II) salt. Again the sulphate is best; solutions of MnCl2 tend to produce chlorine. A slight acidity is needed to avoid initial precipitation of Mn(OH)2 which is the quasistable form of Mn(II) in alkaline solution (but oxidizes with time to MnO(OH)).

Mn++  +    OCl -   +  3H2O  (  MnO2,2H2O  + Cl-  + 2H+
It is best to drop 6% NaOCl slowly into a quite dilute and slightly acidic Mn++ salt solution until no more dark precipitate is seen; the dilution is to avoid a fall in pH sufficient to produce chlorine from the NaOCl. The precipitate is usually dark brown due to hydration, as shown in the equation. It is very flocculent and will not settle into a powder due to its structure. Decant and wash several times and then dry slowly, either at room temperature in moving air (takes days or weeks and produces what I call ‘MnO2 mud’) or in an oven at around 100C. Heating much above 100C seems to destroy the activity. Most of the H2O is lost and it becomes blacker and denser as the crystal structure breaks down.
Other quoted methods of making MnO2:
(a)Heat manganese nitrate to about 150C:  Mn(NO3)2 ( MnO2 +2 NO2    -  not a good method in view of the noxious NO2 produced.

(b)It is said that heating the carbonate in air to 450C will produce MnO2 but this is so close to the decomposition temperature of MnO2 (~500C) that it certainly is not practical for the amateur without a well controlled furnace and an accurate thermometer. Further, if air is excluded, MnO is produced, so the air is a required oxidant.
(c)Finally, Mn2O3 treated with hot sulfuric acid is quoted as disproportionating to a highly active γ-MnO2 and MnSO4: Mn2O3+H2SO4  (  MnO2+MnSO4+H2O which might be worth a try with Mn2O3 produced from Zn/C cells as above.
{‘Activated’ MnO2 is rather interestingly produced by oxidation of Mn++ ions in acidic solution by permanganate: 2MnO4+  +  3Mn2+ + 2H2O ( 5 MnO2 (s) + 4H+

2Mn(VII)    +    3 Mn(II)        (       5 Mn(IV)

Of no use to us in our current quest since we are trying to do the opposite! - but another example of the many disproportionation reactions of Mn. It does tell us that Mn++ ions and MnO4- are incompatible in acid conditions. The result is the brown crud plague!}
 All hydrated MnO2 types lose water content if allowed to dry, even at 25C. Heating to 150–250C will remove most but not all held water (and de-activate). MnO2 starts breaking down to Mn2O3 above 500C; Mn2O3 is stable to around 900C.
Electrolytic manganese dioxide can be made by anodic oxidation of Mn++ salts, usually MnSO4, in acid solution (Mn++ only exists in acid solution, for future reference – alkaline conditions precipitate Mn(OH)2  but air turns it slowly into MnO(OH) – see the Pourbaix diagrams.  MnO2 is the most stable state, produced in the presence of oxidants, even air); 
At anode:   Mn++ +2H2O  (  MnO2 +  4H+ +2e-

It is said to typically contain 2–5% lower valency manganese oxides and 3–5% chemically bound water. Ti anodes are used typically; the MnO2 has to be scraped off. I haven’t tried this.

Activation.

“Active” MnO2 refers to treated dioxide that reacts faster than ‘inactive’ β-MnO2, like pyrolusite. The final equilibrium is not affected – the effect is merely kinetic, due to much increased area of the crystal structure, probably due to etching, and possibly removal (or addition!) of contaminates that modify the action. I ‘activate’ by steeping in dilute acid (c N/10), either HCl or H2SO4, usually just prior to use, then wash with H2O. Careful drying at low temperature preserves this activation for some time. For all the experiments above it is a very good idea; whether it really makes any difference in the high temperature fusion processes I cannot say.

“Active” γMnO2 is much used by organic chemists for mild oxidations and essential for battery purposes. The literature abounds in references, q.v. if interested.
Other non-fusion ways of directly producing permanganates.
(a)Anodic oxidation of Mn metal (or 80/20 Mn/Fe) in relatively dilute alkali (~1N?) at room temperature:

Anode:          2 Mn +16 OH-   (  2 MnO4- + 8H2O + 14e- 

It is said current efficiency is low and passivation a problem: but Mn metal or the alloy is needed.

(b) The process in the German BASF patents mentioned in the thread. 
This is essentially an extreme version of the wet process described above, using Cl2 gas as the oxidant bubbled into a slurry of MnO2 in hot (~100C) 30% alkali solution. This might be expected to produce hypochlorite locally and react quickly – but also produce chlorate.
The extra touch is the use of CuSO4 as a catalyst to improve yield; it forms a Cu(OH)2 ppt. immediately on solution. Cu is known to accelerate the destruction of hypochlorite and this may account for the catalytic action.

I have tried this on a very small exploratory scale and it rapidly produced both green and red colorations local to the chlorine entry, suggesting MnO4- - and MnO4- ions. But the mechanical and safety problems in providing a steady flow of chlorine into a nearly boiling strong caustic alkali without suck back or gas escape render it too difficult and risky, except for the really accomplished amateur with a fume hood and lots of good apparatus and sense...
Part II – Fusion Methods.

 Every elementary text book and most encyclopedias suggest that the equation
2MnO2 + 4KOH  + O2  ( K2MnO4 + 2H2O occurs at a dull red heat (or red heat) and state the O2 can come from air or chlorate or nitrate.

Assuming this ‘red’ heat is ~500C and mixing 1Mol dioxide to 2Mol  alkali, many try this with very poor results, especially using air as oxidant. It doesn’t work worth a damn.
The following is abstracted from an old (1920) M.Sc. thesis which is well worth reading as it addresses this very problem using O2 from air. These oxidations were done with dried, CO2 freed air at 500C in a furnace; this temperature produced the maximum yield, at least for Na. At 400C, the yield was only 80% of that at 500C.
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Table V. Showing the influamce of

fn0, 1in ore
Molecular ratio
a0 19 1.54 2 3058 3471 3497 4031

o,

Aia Mn0, Trace 3.5 8.0 2 320 34,0 34,0 33.0 33.03L37
4 vield Trace 4.3 10.5 5408 5943 61.3 6246 60.8 59,28

In sbove table row 1 is self explanatory, representing the percentage of msnganese

aioxide in the ore. Row 2 represents the ratio of moles of sodiun hydroxide to the moles of

mengenese dioxides. If oquation (1) represented the form of the resction the ratio 1.99 should

correspond to a yield approximating 100 per cemt; the smsll yield of 10.5 per cent indicates that

equation (1) does not represent the farm of the resction. Row 3 represeats the percentage of

nengenate in the mix after roasting (see ealysis page 8). The last row represents the
calonlsted yield which, 88 expleined above, 18 probably in slight excess. By mslyeis of the
mix for manganate and totsl menganese, an accurste calculstion of yleld could be made, or by
snalysis of the totel mix for menganste an accurate result could be obtaineds The latter
suggestion is not practicsble under most comditions, and the former mekes the work much more

extensive. The approximation made geve results close enough to the sccurate for our purposes
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determined under similar working concitions as those used in the
] case of souiume Contrery to expectations the two alkalies, caustic

and potash, were found to be dissimilar in the reaction for the

formation of manganate. A yi of 6u per 1t of the sodium salt

was found to be the maximum sttainable, while by the roasting of
potassium hydroxide and mangenese dioxide in the proper moleculsr
ratio, a yield of 100 per cent of manganate was obtained. Schlesinger,
Mullinix and Popoff worked with the potassium salt end obtained &
yield approximating the theoretical of 100 per cent, showing that the
reaction progressed sccording to the following equation =

(6) & KOH + 2Mn0Op + O, = 2K Mn0, + 2Hz0

Table Vile Showing the influence of variable molecular ratios of

e and manganese dioxide on the yield of

in ore 7648 . 7642 - 7648 7.8 77.8 7648 7648

der ratio
la <67 1.39  1.85 2,16 2430 2443 2477 346
N Trace 34e3 5844 6445 71.0 7547 5902 41.2

===== 3445 6742 80.6 9244 100.8 8244 5848





The manganate produced was estimated as permanganate after disproportionation. The discrepancy between Na and K is very marked, especially at low Mol ratios.  Unfortunately this author did not perform any experiments with oxidants other than air.
The key fact is that for Na the NaOH/MnO2 ratio has to be about 4 and even then the ‘manganate’ produced was only 2/3 of ‘theoretical’. This was well known by 1920. Even with K salts, the maximum yield of manganate required at least 2.5 instead of 2 for this ratio.
The amateur is very likely to perform this experiment at some temperature unknown without weighing out quantities, using very impure MnO2 and NaOH which may be old and partially carbonate. Hardly surprising that the product is only a few % mangante! In my experience using oxidants, the mixture turns very pasty at low hydroxide/MnO2 ratio and swells if heated to low red heat and then goes to a lumpy black mess. This produces a vague green color when leached out with water. Using KOH and KNO3, e,g, is noticeably better but still often disappointing.
The true explanation for this difference between Na and K had to wait until hypomanganate, Mn(v), was ‘officially’ recognized as an ion in 1940. What happens is that at 400-500C Na manganate(vi) decomposes to Manganate(v) while the K salt tends to remain as manganate(vi), and then only if there is excess KOH in the mix.
The apparent maximum yield using Na is thus 2/3 of that using K. The pure dry manganate(v) K and Na salts are also remarkably stable with temperature to >1000C; pure K manganate(vi) is quoted as thermally stable to about 600C in the presence of excess hydroxide. 

Consider also the following, found by someone in the Sciencemadness thread (apologies to whomever for the omission of credit!):
<< The effect of reaction parameters on the formation of potassium manganate(VI) from manganese dioxide and potassium hydroxide
Teske, Klaus; Lehmann, Hans Albert

In the system MnO2-KOH-O2, K3MnO4 alone is only formed at a K/Mn ratio of >3 and temps, of >500°.

 At lower temps. and K/Mn ratios, some K2MnO4 always formed. 

K3MnO4 was oxidized at 100-300° for 4 hrs. in O and a P(H2O) of 23 mm. (PH2O = pressure of H2O vapor). From ∼ zero at 100° the conversion to K2MnO4 was practically complete at 150-200°, and almost completely reversed at 300°. 

In air, the range of max. conversion was narrowed (175-200°), but increased (175-300°) by raising the PH2O to 107 mm. With increasing PH2O at 250° for 4 hrs., the conversion was almost complete at PH2O of 82 mm., and raised only slightly at PH2O of 150 mm. 

Addn. of an equimolar amt. of KOH lowered the initiation of the thermal decompn. of K2MnO4 from 500 to 200°, and caused almost complete decompn. at 250°. 

The addn. of more KOH caused only a slight further lowering of the decompn. temp. In the presence of moist O and KOH, K2MnO4 decompd. at 200-75°. 

The results may be partially explained by the equil.: 2K3MnO4 + H2O + 1/2O2  ( 2K2MnO4 + 2KOH.>> 

Some useful data. The general properties of  some hypomanganates are:

lithium manganate(V), Li3MnO4,  dec>125,  sol in 3% LiOH at 0C 

sodium manganate(V) , Na3MnO4, bluish dark green microscopic crystals, orthorhombic, dec 1250C,  or in water.
potassium manganate(V), K3MnO4 , turquoise blue microscopic crystals,  dec 800–1100C,  only stable in 40%  KOH at -15C.
Comment: The remarkable thing about pure hypomangantes is their unusual thermal stability. No other manganates have this property (unless K4MnO4 actually exists and does). But, as noted before, they disproportionate in the presence of very small amounts of water. The consequence is that high temp. operations (> 500C) lead to manganate(v) but we cannot keep it under aqueous conditions, it disproportionates to manganate(vi) losing one half of the Mn as MnO2.
Of Manganates:
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Comment: from this we see that the only way to catch a manganate on the fly is to convert it to the Ba++ salt, because it is insoluble. (This is a standard trick with many compounds: an insoluble compound is stable in water where soluble ones may not be). Hence precipitate any manganate produced with a barium salt to preserve the ion for the future.  Otherwise face disproportionation to permanganate with the loss of 1/3 of the Mn as MnO2.
As anyone knows who has experimented, all roads lead to MnO2, at least in alkaline conditions. Call this the brown crud plague. Brown crud is an indeterminate mixture of something like (K2O)x(MnO2)y(H2O)z with x small. Na can replace K.
One might think from the above that Na manganate(vi) was more stable than the K salt but read the first quote above. The presence of hydroxide changes things. 
For permanganates:
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When pure, KMnO4 decomposes @ around 250C. The figure shown for sodium refers to the hydrate, not the dry solid. Decomposition temperature for dry pure NaMnO4 is probably similar, but it’s damn hard to get dry! One can conclude:
No heating/fusion process with oxidants can produce permanganate directly. 
Where is all this leading? The salient fact is that Na methods are inferior to K methods because, with some care, K methods can produce the manganate(vi) whereas Na methods nearly always result in the formation of manganate(v). Manganate(v) methods suffer because the disproportionation 
2 MnO4- - -  + 2H2O ((  MnO2 + MnO4- -  + 4OH-
loses half the MnO4 moiety and this cannot be overcome because under all conditions the equilibrium lies way over to the right.

For manganate(vi), however, we have a more favorable case:

3 MnO4 - -   +  2 H2O  < - - ->  MnO2 + 2MnO4 - +  4OH -  
and only 1/3 of the hard won MnO4 moiety is lost back to the primeval crud MnO2. 
And even this can be overcome, so that all is preserved (in theory, at least – all these operations produce some MnO2 in practice, at least in mine!) Nature says relentlessly and unequivocally that MnO2 is the only stable form of Mn oxidation in alkaline solution and Mn++ in acid.

A look at commercial practice.
Industry always uses air as the oxidant; it’s slower to react but free. Two distinct processes dominate. One is called roasting and other the liquid method. The liquid is actually a melt.
In both cases a mix of hydroxide and MnO2 is heated in air. It is claimed in one reference:

<<Oxidation of manganese dioxide to higher valence states takes place in the fusion process of MnO2 and KOH. A tetravalent manganese salt identiﬁed as K2MnO3 which disproportionates spontaneously is formed.

2 K2MnO3  (          KMnO2 +K3MnO4

Both of these manganates can be further oxidized. K2MnO3 is black and has a density of 3.071 g/cm3.>>
Also take note of this, especially the underlined: 
<<In the early days of KMnO4 manufacture, the yield was only two-thirds of the theoretical; the yield of NaMnO4 never exceeded one-half theoretical. It is now known that the formation of manganate(VI) from MnO2 passes through a manganate(V) step.

2 MnO2 +6 KOH +1/2 O2 ( 2 K3MnO4 + 3H2O 

2 K3MnO4 +H2O ( 2 K2MnO4 +2 KOH 

MnO2 +2 KOH + 1/2 O2  ( K2MnO4 + H2O

The reaction conditions favoring the formation of manganate(V) do not favor the oxidation of K3MnO4 to K2MnO4. This latter requires a lower temperature, lower KOH concentration, and higher H2O concentration. 
Although sodium manganate(V) can be made from NaOH and MnO2 in an oxidizing melt, it is not possible to oxidize Na3MnO4 to Na2MnO4 using oxygen. Extracting a Na3MnO4 melt with water results in disproportionation to Na2MnO4 and manganese dioxide. >>
The roasting method is essentially a 2-stage process: Quote:
First Roast:              KOH  +  O2(air) + MnO2 ( K3MnO4;
Quote: <<In a typical procedure, a slurry of 50% potassium hydroxide solution and ﬁnely ground manganese dioxide ore (MnO2:KOH = 1:2.3–2.7) is sprayed into an atmosphere of preheated (390–420C) air contained in a rotary kiln or a spray chamber. Formation of K3MnO4 occurs almost instantly, ie, within one melt. >>

Second  roast             K3MnO4  +  O2(air) +  H2O  ( K2MnO4
Quote: <<The material is ground in a ball mill and then transferred to another rotary kiln or a ﬂuidized-bed reactor kept at 180–220C. Controlled amounts of water are added in a ﬁne spray bringing the average water content of the air to about 300 g/m3. The retention time in the secondary reactor may be up to 3–4 h for preground roast, and probably on the order of 20 h for unground material. Conversion of the MnO2 in the ore to K2MnO4 ranges from 85–90%. >>

This is not the simple process put forth in the elementary textbooks but a sophisticated product of chemical engineering that we cannot hope to emulate. Note again the use of water in the (unbalanced) equations (assumedly to encourage disproportionation). Note also in the following:
Quote: The liquid phase method blows air through a molten mix:
liquid-phase oxidation: KOH + (O2)air + H2O + MnO2 ( K2MnO4;
Quote: << Liquid-Phase Oxidation. In the early 1960s, both Carus Chemical Co. (La Salle, Illinois) and a plant in the Soviet Union started to operate modernized liquid-phase oxidation processes.

The USSR process (118–120) is discontinuous, uses turbine-agitated, low pressure reactors having a volume of 4 m3 each, and processes 2000–2500 L/ batch. Preconcentrated molten potassium hydroxide (70–80%) is added to the reactor with a quantity of 78–80% MnO2 ore (<0.1mm particle size) resulting in a 1:5 molar ratio of MnO2: KOH. Air, or O2, is introduced below the liquid level by a sparging device at such a rate that a positive pressure of 186 – 216 kPa (1.9 – 2.2 atm) is maintained. The temperature is kept at 250 – 320C for the duration of the reaction, which requires approximately 4–6 h for completion. The reaction mixture, which reportedly remains ﬂuid during the entire time, is then emptied through a siphon. 

Conversion of MnO2 to K2MnO4 ranges from 87–94%. To isolate the potassium manganate from the melt, recycle KOH of 10 – 12% concentration is added until the overall caustic potash concentration is about 450 – 550 g/L. Upon cooling to 30–40C, the K2MnO4 settles and is separated by centrifugation for use in the preparation of the electrolyte. This process is reported to work well, even with high (up to 11%) silica ores. 

The Carus (US) liquid-phase oxidation process is similar in principle; however, it is operated continuously, its oxidation reaction vessels are of a much larger scale, and the separation of the manganate intermediate from the caustic melt is accomplished without dilution by means of ﬁltration (qv) (121–123).>> 

 Then (in either process) anodic oxidation is used to convert manganate to permanganate:

MnO4--  ( MnO4-  + e- 

Anode can be SS, Ni, Fe; cathode usually Fe.
***

There are a good number of clues in the above, although we cannot emulate the processes themselves. Air, unless sparged through a molten solution and maybe under pressure, will take forever to oxidize anything. Sparging through molten KOH is a process beyond most amateurs. An oxidant is required to speed the process.  This addition of unwanted ions complicates things and raises the grim spectre of the brown crud plague, as I shall comment later.
Oxidants likely to be available and known to be effective are nitrates and chlorates. Chlorate is reduced to chloride (and perhaps perchlorate at lower temps) and nitrates to nitrites.
The Japanese patent (US #3986941)
This fascinating document provided the spur to further experimentation by several of the contributors to the thread, notably Xenoid who demonstrated actual KMnO4 production. (On re-reading his posts carefully, I believe he was the only member to really understand the patent!) The yield was disappointing but far higher than I had managed to achieve earlier by wet methods.
The patent is well worth reading carefully in toto. One must bear in mind that it is a patent, however; these are legal documents in which far-reaching claims are made and actual methods obscured as far as possible. Hence one should read between the lines very carefully. It is of vital importance because it treats the use of oxidants, in melts and at relatively low temperatures.

The preamble makes the following comment which seems quite in accord with what is reviewed above:

[image: image9.emf]
Note the comment about NaOH. The patent goes on to state: 
[image: image10.emf]
My comment here is that, according to the evidence presented earlier, temperatures above 500C virtually guarantee a large amount of hypomanganate! And this, on disproportionation, gives half the amount of manganate(vi). The industrial aim is usually to produce (vi) and avoid (v).
[image: image11.emf] i.e. the BASF patent.
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{Xenoid initially tried this without success, but at what concentration I am not sure.  I have tried it with SS and Ni anodes in 19% NaOH heated to 80C (but not yet at 40% alkali) in divided and undivided cells with no better result than a transient green coloration. There is a patent on this, ?Patent No 3986 941 US. If it were viable it would be a known manufacturing method, I think.}
[image: image13.emf]
This is certainly true and universally used industrially. I have done it successfully with SS and Ni anodes in divided and undivided cells. I will return to this later. There are some caveats!
The patent continues with the following statement which, in view of the evidence presented above in this report, seems misleading or simply inaccurate:
 [image: image14.emf]
The reason for thinking it is misleading or inaccurate:  (1) although the conversion of MnO2 to manganate(vii) by electrolysis as described does work, the conditions seem to require the presence of adequate amounts of manganate(vi); not (v); (2) Manganate(v) will certainly be disproportioned to manganate(vi) in 10-20% alkali solution losing half the MnO4 moiety as above. The electrolytic oxidation to Manganate(vii) will then take place without further loss of MnO4. Unless the electrolytic process of MnO2 to KMnO4 can be made to work, this is like any method that produces manganate(vi). 
 The Patent goes on to describe ways to generate K3MnO4 by fusion with KOH and nitrate (and hints at Na3MnO4).

{A bit more data here for reference:

KOH melts at 406C; KNO3 @ 337C, starts to decompose at 400C; KClO3 @ 368C with decomp.; and KClO4 at 525C, decomp. >600C.  NaOH melts @ 323C, NaNO3 @ 307C, NaClO3 @ 248C, decomp >300C.
A 2: 1 (approx) KOH/KNO3 mix forms a eutectic as low as 220C. In the patent levels are about 5:1 KOH/KNO3 which melts at ~300C. For the Na mix, about 260C.
But note that as little as 6% of water in KOH will cause the melting point to drop to 200C.} 
In the light of the previous quoted information, it seems quite reasonable that the Na mixes would produce Na3MnO4 as the patent claims, but K mixes might be expected to favor some manganate(vi) formation. The temperatures (300C) are fairly low which favors the formation of K2MnO4. 
From the colors presented by Xenoid in the thread, it looks as if hypomanganate was made; on the other hand, Paddywhacker’s photograph has more the appearance of managnate(vi). (I have trouble with blue/green vision so comment on color may be biased.).
The results of a series of fusions of this type that I performed can be summarized as follows:

Conditions: All used ratios of 1mol Nitrate to 5mol hydroxide. 
I did not premix these but fused the hydroxide first, then added the nitrate to the mix, to test mutual solubility and fluidity.  
The MnO2 was added in small quantities to observe the effect of the reaction, the final amount equaling the 1mol ratio to 5 mol hydroxide. 
Temperature control was poor and no thermometers used. I merely made sure the melt was fused and cranked up the heat on any sign of solidification. 
The reaction was carried out in a SS bowl, with occasional stirring. If kept melted, convection seems to move the particles of MnO2 around, possibly due to uneven heating from a ring burner.  
The heating was carried out for 2 Hrs. approx. after the last MnO2 was added.
Quantity used was about 25g of hydroxide and corresponding amounts of dioxide and nitrate.

The NaOH used was damp and no doubt contaminated with carbonate due to age. 
The KOH flakes were in better condition. 
The nitrates were quite pure, although the KNO3 may have contained <1% NaNO3 (because I made it from that).  
The MnO2 used was chemically made and refined, dried as described above.
Hydroxide used          Nitrate used                                  Comments.
NaOH


NaNO3            Fused easily and nitrate reduced freezing temp.





Product dark grn. with slight bluish tint.

NaOH


KNO3 

Required about same fusion temp. Product somewhat 





more blue/turquoise than Na/Na case.
KOH


KNO3             Considerably higher temp needed to fuse KOH. 






Addition of nitrate reduced this considerably.






Final color seemed more distinctly blue.

The blue coloration in all cases suggests hypomanganate ion Mn - - - .  Whether manganate(vi) was also produced was difficult to say but Green color seemed to be predominant in all melts. 
Steam should be seen. I found that when the MnO2 is added, it fizzles immediately, then becomes quiescent. I think this is more probably due to water content of the MnO2 than instant reaction, however.
The fused products were quite hard and difficult to remove from the SS fusion bowl. The bowl showed slight signs of oxidation. The addition of a small qty. of water in all cases produced intense dark green Mn(vi) solutions. These could be kept for up to a week without noticeable degradation, in a sealed container. I used them to test out various electrolytic processes. I do not know what the resulting OH- concentration was. Unreacted MnO2 was always present.
I could have estimated the relative and total amounts of MnO4- - - and MnO4 - - by total disproportionation to MnO4- by using slightly acidic water and comparing tints at the same dilution against known KMnO4 concentration. This would also give overall efficiency. Hindsight is great! But alas! I did not.

If the reaction went as the Japanese patent (JP) states:  

  [image: image15.emf]
then 2 mols MOH would remain in the melt and 1 Mol nitrite. If manganate(vi) is produced,

MnO2 + 2KOH  + KNO3  ( K2MnO4 + KNO2 + H2O, 

3 mols hydroxide remain in the melt after reaction ideally. And if some MnO2 remains unreacted, >3 mols. 
{In the JP the resultant was dissolved to a volume of one liter. Hence the hydroxide would be >2N if water were used. This is about 10% KOH (2N NaOH is 8%).  For the electrolytic step JP used 12.7% KOH, or around 2.3N. Using 30% (>6N) produced no KMnO4, but 20% KOH (>4N) produced ~ 100% KMnO4.}
IMPORTANT NOTE: the disproportionation
 3K2MnO4 + 2H2O (( MnO2 + 2KMnO4 + 4KOH       is reversible. 
The transition occurs at about pH 14, 1N hydroxide. At this point light transmitted through the solution looks dark blue due to absorption in both green and red areas of the spectrum (not to be confused with the light blue of hypomanganate). In acidic or mildly basic solutions (pH< 13) the reaction is 
3MnO42-  + 4H+  (( 2 MnO4-  + MnO2(s) + 2H2O;   …(1)
For this reaction the equilibrium constant K is about 1058 so the equilibrium is far over to the right in acidic conditions. Also, [KMnO4] varies as [H+]2 and rapidly gets larger under more acidic conditions. With such a large K this equation holds to a high pH well into the alkaline region, up to pH of 13.
When ph>13, the first equation holds; [H+] <10-13 is low enough for the effects of the first to be manifest. 
3 MnO4 - -  +  2H2O (( MnO2 + 2 MnO4 - +  4OH -  (at  pH ~14, or N KOH):   …(2)
In plain English, eqn. (1) says if you add enough acid to a solution of manganate(vi) in alkaline water, it converts to permanganate and MnO2; and (2) says, if you then increase the alkalinity sufficiently, permanganate, in the presence of MnO2, will revert to manganate. The reaction is sensitive to pH in the region of 14, or 1N OH-.

But it is found that KMnO4 is soluble without change in very strong KOH solutions: for instance, 
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{The temperatures, cut off here, are as follows as far as I can make out: , 0, 10, 20, 30,40, 50, 60 C then in 5C incs., except as shown.}
Also, for comparison:

K2MnO4: Solubility (20 °C) in 2N potassium hydroxide, 224.7 g./liter, in 10N potassium hydroxide 3.15 g./liter (poorly soluble).
So:Permanganate only changes back to manganate(vi) if both MnO2 and KOH are present.
This is easy to show experimentally. Dissolve enough KMnO4 in say 4N KOH to produce the usual deep magenta tint. Divide into two test tubes. On adding MnO2, preferably activated, to one of these a green coloration will result in a short time. It may require a little heat. The other tube will not change. If acid is added slowly to reduce pH, the color will revert to magenta and the MnO2 will be re-precipitated.
{A very striking experiment is to take a permanganate solution as above, and pour in a little ethanol or isopropanol. A dark green layer immediately forms due to the reduction Mn(vii) to Mn(vi) manganate. In time this changes to a plague of the brown crud.}
This result is vitally important; it validates the claim of the JP: 
In the presence of MnO2 , KMnO4 in solution of  ~ >2N KOH will produce K2MnO4.  On electrolysis of K2MnO4 ,  KMnO4 is produced; in the bulk solution it is destroyed (reduced) by any MnO2 still present, producing  K2MnO4, until all MnO2 is consumed. Then, and only then, the electrolysis stably produces KMnO4. 
So it does not matter which Manganate is produced in the fusion; in solution manganate(v) will give manganate(vi) and MnO2. It does not matter if all MnO2 is not reacted; the electrolysis will use it up and it should be added to the starting electrolyte and not filtered off or discarded; electrolysis will just take longer. 
Notice that in the reverse reaction above 3mols K2MnO4 are produced from 2 mols. KMnO4 and 1 mol MnO2 plus 1 mol KOH; and for every mol K2MnO4 electrolyzed one of KMnO4 is produced. The electrolysis converts MnO2 to KMnO4 ultimately, using up KOH. It is vitally necessary that there is enough KOH present to allow the reaction to take place as it is consumed. The alkali concentration drops during electrolysis.
Electrolytic production of permanganate.
The electrolysis of manganate(v) is simply the anode half reaction
MnO4 --   (  MnO4 -   +  e- ;                               Eo = -0.568 v.
At the cathode, 2H2O + 2e-   (  H2   +   2OH- :  Eo = -0.83v      
hydrogen is liberated at the cathode so the overall reaction in the cell is calculated as     
2K2MnO4 + 2H2O  (  2KMnO4   + 2KOH  +  H2   ΔEo  =  0.98v
Industrial Practice.
It is always worth looking at industrial methods because they work. The following is a quote:
<< The operating temperature of permanganate cells is 40–60C and cell voltage is between 2.3 and 3.0 V. For undivided cells, anode current densities range from 50–1500 A/m2and cathode current densities are 500–5000 A/m2or higher. Current efficiencies are in the range of 60–80%. 

Manganate(VI) formed in the initial oxidation process must ﬁrst be dissolved in a dilute solution of potassium hydroxide. The concentrations depend on the type of electrolytic cell employed. For example, the continuous Carus cell uses 120–150 g/L KOH and 50–60 g/L K2MnO4; the batch-operated Bitterfeld cell starts out with KOH concentrations of 150 – 160 g/L KOH and 200 – 220 g/ L K2MnO4. These concentration parameters minimize the disproportionation of the K2MnO4 and control the solubility of the KMnO4 formed in the course of electrolysis.>> 

These concentrations are around 2.5N KOH and 0.3 to 1M K2 MnO4. Current densities are 5 to 150 ma/cm2 at the anode.  Cathode current densities are extremely high, 0.5 to 1.5 A/cm2, to avoid cathodic reduction. A ratio of 1:10 is recommended.

Some experiments on electrolysis
(1) A slurry of MnO2 in 19% NaOH (c. 6N) heated to about 70C was electrolyzed against a carbon anode with stirring in an undivided cell. No sign of either manganate or permanganate was seen. Adding a small amount of permanganate to ‘catalyze’ merely caused instant decolorization.
Comment:

I took this to disprove the contention of the JP. In retrospect, almost all conditions of this effort were wrong! (a) Carbon is not a good anode choice; Ni or SS is better. (b)The real error is that 20% NaOH is ~6N while the JP used KOH, which at 20% w/w is nearer 4N in OH-, due to difference in MW. NaOH should be about 14% for the JP conditions, and a few mg of KMnO4 is not sufficient to give the reactions enough boost to start up. JP suggests 0.02M/L or about 3g/L, enough to produce a very dark solution. (c)Lastly, cathodic reduction would occur since I used about the same Fe cathode area as the anode.

This needs to be retried with a 10:1 anode/cathode area, SS anode, Fe cathode, with NaOH @ 14% or KOH at 20% and a fair amount of permanganate for initiation. If it proves viable, then the fusion need only be done for obtaining an initial quantity of ‘catalytic’ KMnO4. Notice that KOH is consumed; additional KOH needs to be added when the % drops much below 10%, if the JP is correct.
(2) Using the same conditions as (1) the experiment was repeated using a divided cell. In this case (c) above did not apply but the rest of the conditions still hold. Result: no immediate signs of permanganate production. (As electrolysis proceeds, KOH is transferred to the cathode compartment and the % in solution drops. Had I bothered to continue, I might have seen a sign of permanganate but I suspect a carbon anode is a very poor choice indeed.) 
(3) The melt products produced as above were dissolved in a small amount of water. Since all the MnO2 was not consumed excess hydroxide was certainly present. Approximately 100ml water was used in each case. If 50% of the MnO2 reacted, I estimate the solutions were ~5N in NaOH and ~4N in KOH. All these solutions were intensely green. (Na/Na refers to NaOH/NaNO3 fusion; similarly the others are denoted as Na/K and K/K.) 
(A) Na/Na case: electrolyzed with remanant MnO2 in undivided cell, SS strip anode, small cylindrical Fe cathode, 4:1 anode/cathode area, cathode current density ~500 ma/cms2 at RT.

 Initially some red was seen where the anode strip touched the glass; obviously mangnate(vi) was being converted to mangante(vii). But a brown coloration was seen around the cathode. On returning after some time, the liquid was clear and brown crud lined the bottom of the cell. The SS anode was unaffected. Total failure! Deduction: probable culprit, cathodic reduction, inadequate anode area, too high OH- concentration.
(B) Na/K case:  electrolyzed filtered, solution made up to 200 ml, without remnant MnO2, in divided cell, SS strip anode, large SS cathode (anode/cathode area immaterial), anode current density ~200 ma/cms2 at RT.
Result: smooth uniform conversion to permanganate, tested by chromatography on filter paper (red and green areas separate). 

On further electrolysis, SS was attacked and oxidized to a rusty surface. The latter is probably due to depletion of NaOH and possibly also all K+ ions, electrolysis of remaining nitrite, anodically oxidized to nitrate, forming nitric acid and also due to permanganic acid, a very strong oxidizing acid. Hence care is needed or pH measurements must be taken in a divided cell.
A small quantity of KMnO4 was finally extracted using additional KCl, evaporation and crystallization. 
(C) K/K case: solution diluted to 150ml, electrolyzed with remnant MnO2 in undivided cell, SS strip anode, very small cylindrical Fe wire cathode, ~10:1 anode/cathode area, cathode current density ~1A /cms2, cell maintained at 70-80C and stirred.

I still saw brown coloration around the cathode which bubbled furiously at this extreme current density. Anode and cathode unaffected  (Fe cathode slightly blackened). However, permanganate was finally produced but I cannot be sure how much MnO2 was actually converted, if any. Net yield as solid KMnO4 after crystallization, based on original input, about 27%.
Comment: The cell conditions are very critical. As far as possible, the cathode should be remote from the anode and of very small area. Obviously cathodic reduction will and does take place. (I am not sure whether the chromate used in chlorate electrolyses would help here or not). My original conversion to hypomanganate (or manganate) was not too good; perhaps done at too low a temperature. The whole process needs a lot of care and attention to details. Slapdash methods are unlikely to succeed.
I have not yet managed to show, to my satisfaction, that the electrolytic process of converting MnO2 to permanganate in KOH at 70C really works. If it does, then this method should ultimately produce very good results, except possibly in current efficiency but that does not bother an amateur.

The conversion of managante(vi) to permanganate using divided cell electrolysis is easy, straightforward and efficient but if nitrate is present (or even if not) the electrolysis must be watched for acid production. Depletion of hydroxide also makes the KMnO4 crystallization less effective; in 2N KOH it is only 1/5 as soluble as in water, a mere 0.5g/100g (0C). A good design for this might be to have the cathode cell inside and make up the hydroxide from the cathode product.

 Overall conclusions.

 To produce measurable quantities of permanganate, only one method is really worthwhile. Forget all sodium based processes; and forget all wet processes. Use only the liquid melt process (as defined above) with potassium salts only.
However: if you want to merely investigate all the manganates in solution, by all means use the Na salts but don’t expect to extract and purify the product. It takes the patience of Job.
