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 16) HOW MUCH DO REACTIONS HAPPEN?  
 

So far, we've used the idea of atomic weights to calculate the amounts of chemicals used or 

produced in reactions - if they happen. For example, if H2 + ½ O2  H2O, then 10g of H2 (5 moles of 
H2) will need 2.5 moles (80g) of O2 and will make 5 moles 90g of H2O.   

 
And we’ve used bond energies to explain the amounts of energy that reactions absorb or 

evolve - if they happen. if H2 + ½ O2  H2O, then we need to break 1 mole of H-H bonds (requiring 
432kJ) and ½ mole of O=O bonds (requiring ½ x 498 = 249kJ) and we’d form 2 moles of O-H bonds 
(releasing 2 x 467 = 934kJ). This would me a net release of 934 – 249 – 432 = 253 kJ of energy.  

 

And we’ve talked about describing how fast reactions happen – if they happen. For example, 
the rate law for the reaction of H2 + ½ O2  H2O is rate = 1.7x1013e-23890/T[H2][O2] – with [ ]s in 
molecules/cm3.  
 

But, so far, we've just used some vague “because they increase the disorder of the universe” 
talk to dance around the question of why reactions do or don't happen. We’ve said that spontaneous 
reactions “increase the disorder of the universe.” And we’ve talked about how you have to worry both 
about how much the reactants become disordered as they change into products and about how 
much the surroundings become disordered as they are heated or cooled by the process. Now it’s 
time to put this all together and talk about how to talk about when reactions happen and when they 
don’t... 
 

1) You have to specify conditions (P, T, and concentrations of reactants and products) under 

which you want to know if a reaction will happen spontaneously or not.  
 

Most people probably think that iron spontaneously reacts with oxygen to form rust: 4Fe + 3O2 
 2Fe2O3. But, at really, really low O2 concentrations, or at really high temperatures, this 
reaction will actually go the other direction: rust will actually spontaneously decompose to form 
iron and oxygen: 2Fe2O3  4Fe + 3O2. 

       
This should make it obvious that it's improper to ask if a reaction "does" or "doesn't" happen. 

What one should really ask is "Under what conditions does a reaction happen, or not 

happen?" You can always find some conditions that will make any reaction spontaneous. 
What people usually mean by "spontaneous" is "spontaneous under conditions commonly 
found at the surface of the earth." These conditions usually include "ambient" concentrations 
of reactants and products, as well as "normal" values of temperature and pressure. Thus, iron 
exposed to oxygen at atmospheric pressure will rust, and rust will not decompose to iron- but, 
if we were to put a piece of rust under extremely high vacuum (a very low concentration of 
oxygen), or at a very low temperature, it would, spontaneously decompose to iron and oxygen. 
So now our question becomes : "What determines the conditions under which a given change 
is spontaneous?"  
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2) Reactions happen as long as they increase the disorder of the universe, and reactions stop 

happening when any further reaction would start to decrease the disorder of the universe 
 

While mixing chemicals is a lot like inviting people to a party, the explanations of why some 
chemicals react while others show no interest in each other are much simpler than with 
people. Iron does not readily react with oxygen because it needs someone to talk to and 
oxygen is a good listener, or because oxygen reminds the iron of its mom or dad. Gold is not 
inert with respect to oxygen because gold's a loner or is busy with other things. At least for 
now, the accepted answer to the question of why chemicals react with each other is that 
changes which increase disorder occur and those which do not increase disorder do not occur. 
Reactions happen as long as they increase the disorder of the universe, and stop happening 
when any further reaction would start to decrease the disorder of the universe.  

 

3)The  change in disorder of the chemicals (Schemicals) in a reaction (at standard conditions) is 

found by looking up the standard entropies of the chemicals involved 
 

Tables are available which give the entropies of materials under standard conditions  
(T=298K, P= 1 atm).  (NIST’s web-book is a good online source) For example, in J/molK 
(g=gas, l = liquid, s = solid):  

 
       substance  entropy      substance  entropy substance  entropy 
         N2(g)          191.5         CH4(g)       186.2  C(graphite) 5.7 
         O2(g)         205.0       CH3Cl(g)     234.18 C(diamond) 2.4 
         NO(g)         210.65       CHCl3(l)     201.69 CO2(g) 213.7 
         NO2(g)          239.9        CCl4(l)      214.4  CO(g)  197.5 
        H2O(g)         188.7         CH3OH(l)     126.8  CH3COOH(l) 160  
         H2O(l)         69.96         C2H5OH(l)    160.7   
 
       some salts     

Cl-    Br-    OH-    NO3
-   SO4

-2  CO3
-2 

Na+       72.3 83.7 64.0 116.3 149.7 136 
K+          82.8 96.6  133.0 175.7  
Ca+2      113.8  76.1 193.3 106.7 92.9 
Fe+2      117.9  87.9  107.5 92.9 
Zn+2      111.2    119.7 82.4 
 

ACTIVITY 16.1 
 
Which of the above substances is the most ordered? Does this seem reasonable? 

 
 Which has the greater entropy: solid H2O or liquid H2O? Does this seem reasonable? 
 
 Which has the greater entropy: CH3OH or C2H5OH? Does this seem reasonable?  
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The entropy changes of chemicals during a reaction (with reactants and products at standard 
can be determined by using such tables to compare the entropies of reactants and products. 
For example, you can find the entropy change (at standard conditions, where the handbooks 
tabulate data) when:       

 
                  N2   +   O2   2NO           compared to   2N2        + O2    NO2  

 
Just look up these entropies for each chemical:  

 
         So =    191.5    205.0    210.65/2      191.5/2       205.0       239.9  J/K  
 
     And subtract the entropies of the starting materials from the products to get: 

 
 ΔSo = 105.32-(191.5+205) = -291 J/K  ΔSo = 239.9-(95.75+205) = -60.85 J/K 

 
Both reactions result in a decrease in disorder. (This makes sense, since they decrease the # 
of particles, and there are fewer ways to arrange fewer particles.) You should predict that, if all 
that mattered was the disorder of the chemicals, then neither would occur (at standard 
conditions). 

 

ACTIVITY 16.2 
 

Use the data above to calculate Schemicals
o for the oxidation of ethanol (CH3CH2OH) to vinegar 

(acetic acid = CH3-COOH):  
 
  C2H5OH(l) + O2(g)  CH3COOH(l) + H2O(l) 
 
Does the entropy of the chemicals increase or decrease in this reaction? 
 
Does that make sense?  
 

 

4) The entropy change of a reaction’s surroundings is (the heat they absorb) / (their Kelvin 

temperature).  
  

Since reactions usually absorb or give off energy, you also need to consider what happens to 
the surroundings of a reaction when you calculate the total entropy change during a reaction. 
Fortunately, if the surroundings are large enough that their temperature stays (essentially) 
constant, and if all that the surroundings do is absorb/release thermal energy, their entropy 
change is given by:  

 
                     ΔS = Q / T      where Q = thermal energy absorbed and T = Kelvin temperature.     
 

The heat (Q) released by a reaction depends on how the reaction is carried. (More heat will 
appear for reactions carried out at constant volume where no work can be done and all energy 
appears as heat than will appear when a reaction is carried out at constant pressure (the usual 
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case) where some energy goes into pushing back the atmosphere.) However, at constant 
pressure, such as in an open container on a lab bench, there is no ambiguity in what Q is for a 

reaction, and its given the name “the enthalpy change of the reaction”, H.  So, at constant P,  
 
                    ΔS = -ΔH / T         where ΔH = the enthalpy change of reaction 
  

While the enthalpy change for any reaction could be estimated by looking at the energies of 
the bonds that are broken and formed in the reaction, it is more usual to obtain ΔH from what 
are called the "enthalpies of formation" of the reaction's reactants and products.  

 
Something's "enthalpy of formation" is the enthalpy change in the reaction in which it is made 
from its elements, each of them being in their standard state. For example, the enthalpy of 
formation of glucose would be the enthalpy change of the reaction:   

 

6C + 6H2 + 3O2  C6H12O6 
         

While such reactions hardly ever actually occur, they are a useful way of tabulating 
thermodynamic data because any arbitrary reaction can be written as a combination of such 
basic reactions. For example, say you're interested in ΔH of: 

 

 CH3OH  + O3 CO2 + 2H2O 
 

You can consider this as the sum of the following reactions, whose ΔH's can all be written in 
terms of heats of formations::  

 
CH3OH      C + 2 H2 + 2O2  -ΔHf, CH3OH  

O3   1.5 O2    -ΔHf, O3 

C + O2       CO2    ΔHf, CO2 

2H2 + O2   2H2O    2ΔHf, H2O 
 

So the overall ΔH = 2ΔHf, H2O + ΔHf, CO2 -ΔHf, O3-ΔHf, CH3OH.  
 

But this is just the sum of the ΔHf's of the products (each multiplied by the number of moles 

you're using), minus the sum of the ΔHf's of the reactants (each multiplied by the number of 
moles you're using). In shorthand:  

 

ΔHreaction =  ΔHf's of the products -  ΔHf's of the reactants 
 

You can use this formula to determine ΔS of the surroundings for: 

 
                   N2  + O2  =2 NO       2N2  + O2  = NO2 

 
          ΔHf

o    0 0    21.6/2 0    0    8.09 kcal/mole 

          ΔHo                        10.8 - 0 = 10.8        8.09 - 0 = 8.09 

          ΔSo= -ΔHo/(T=298)     -36.2         -27.1   cal/K        
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Notice that these are negative: the disorder of the surrounding decreases, because both 
reactions absorb energy (positive ΔH's), cooling off their surroundings, decreasing their 
disorder. 

 

 
ACTIVITY 16.3 

 

Use the data above to calculate Ho for ethanol’s oxidation to vinegar (acetic acid):  
 
  C2H5OH(l) + O2(g)  CH3COOH(l) + H2O(l) 
 
Use these heats of formation (J/mol): 
 

             Hf
o C2H5OH = -277.6 Hf

o O2 Hf
o CH3COOH Hf

o H2O= -285.8 
 

Now estimate H by using these average bond energies (kJ/mol): 
 
 C-H = 413 C-O = 358 O-H = 467 C=O = 745 O=O = 498 
 
 
 
 
 
  
    

 

5) In most processes, the # of arrangements of matter AND energy both change, and so both 

must be considered when calculating the entropy change of the process.   
 

The total entropy change is calculated as  
 
           ΔS   =  ΔSsystem     +    ΔSsurroundings =  ΔSsystem     +    Qsurroundings/T 
 
                =  ΔSsystem     -    Qsystem /T  
 

If P=constant so Q=H, this becomes  
               
               =  ΔSsystem      -    ΔHsystem/T   (ΔH=enthalpy) 
 

For our reactions: 
 

N2  + O2  =2 NO       2N2  + O2  = NO2 

 
ΔSsystem

o =          -69.53    -14.3   cal/K 

ΔSsurroundings  =    -36.2    -27.1   cal/K 

ΔStotal =      -105.7    -41.4   cal/K 
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Were either to happen (at standard conditions), the disorder of the universe would decrease, 
so neither should happen spontaneously (at standard conditions). 
 

6) Another example:  
 

Does methane burn spontaneously at standard conditions? 
 

OK, first, write and balance the reaction:CH4 + 2 O2 = CO2 + 2 H2O  
 

Next look up ΔHf
o=s and So=s of all the chemicals: 

 
              substance   ΔHf

o              So 
                  CH4    -17.89kc/mole  44.50cal/molK 
                  O2       0.00          49.00 
                  CO2    -94.05          51.06 
                  H2O    -57.8           45.11 
 

So  ΔSo = 45.11 + 51.06 - [44.50 + 2(49.00)]= -46.33cal/molK (structurally more ordered) 
 

and ΔHo = -57.8 + -94.05 - (-17.89 + 0.00) = - 133.9kcal/mole 
 

so    ΔStotal = -46.33  - (-133,900)/298 =  - 46.33 + 449.32 = +403 
 

Therefore, this reaction is spontaneous (under standard conditions). 
 
 

ACTIVITY 16.4 
 

Use your answers from 16.2 and 16.3 the data above to calculate Suniverse
o for ethanol’s oxidation to 

vinegar (acetic acid) at standard conditions:  
 
  C2H5OH(l) + O2(g)  CH3COOH(l) + H2O(l) 
 

  
 

7) The more “usual” way to assess the spontaneity of a reaction is to calculate its "Gibbs Free 

Energy" ΔG=ΔH-TΔS. If ΔG < 0, the reaction is spontaneous 
 

The “Gibbs free energy change” for a process "ΔG" is defined as ΔH-TΔS. 
 

There are a couple of ways of looking at this:  
 
I) If you start with the definition ΔG = ΔH-TΔS and divide both sides by -T, you get: 

-ΔG/T = -ΔH/T + ΔS 
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But  -ΔH/T is just the entropy change of the surroundings, and +ΔS is the entropy change of 
the system, so  

 

-ΔG/T = is the total entropy change of the universe when a process occurs.  
 

Since T refers to Kelvin temperatures which are always >0,  
 

whenever ΔSuniverse is > 0, ΔG is <0; that is, spontaneous processes have ΔG <0 

whenever ΔSuniverse is > 0, ΔG is >0; that is, non-spontaneous processes have ΔG >0 
 

II) ΔG is also useful because it gives the maximum useful work that can be gotten from a 
reaction, or the minimum work needed to make a non-spontaneous reaction happen. This is 
because ΔH = the actual heat evolved/absorbed while  T*ΔS is the minimum heat that must be 

evolved.  So ΔG = ΔH – TΔS = the difference between actual heat & minimum heat = energy 

available for work.  
 

Just as there are tables of So and ΔHf
o of different materials, so too are there tables of ΔGf

o for 

materials. So you can look them up and then calculate ΔGo for the reaction. For the example 
above,  

 
   substance:   CH4        O2         CO2          H2O 
       ΔGf

o      -12.14     0.00     -94.26       -54.64  kcal/mole 
 
          so   ΔGo =  -94.26 - 2(54.64) - ( -12.14 + 2 (0)) 
 
                =  -191.36 < 0 so the reaction occurs spontaneous under standard conditions. 
 

(You get the same answer if you calculate Ho and So for the reaction and then compute Go 

= Ho – TSo)  
  

ACTIVITY 16.5 
 

Use your answers from earlier problems to calculate Go for ethanol’s oxidation to vinegar (acetic 
acid):  
 
  C2H5OH(l) + O2(g)  CH3COOH(l) + H2O(l) 
 
Does your value confirm the spontaneous-ness of the reaction that you figured out earlier? 
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8) While standard entropies, enthalpies and free energies can tell you if a reaction will occur 

at standard conditions (reactants and products at P=1atm, [ ] = 1M, T = 298, etc), it’s a little bit 

harder to know if a reaction will be spontaneous under other conditions.  
 

You know how to predict if a reaction occurs spontaneously under standard conditions. BIG 
DEAL - usually, we do not attempt reactions under standard conditions (P=1 atm, [ ]= 1 M, 
T=298K). For example, when your wine sits out in air, it’s not exposed to P=1atm of O2 but to 
PO2 ~ .2atm). So while it’s nice to know if C2H5OH(l) + O2(g)  CH3COOH(l) + H2O(l) when PO2 
= 1atm, it’s not really relevant to what happens to your wine.  What about assessing the 
spontaneity of reactions under different conditions?  

 
A) WHAT IF YOU”RE NOT AT STANDARD TEMPERATURE? 

 
ΔG under non-standard temperature is usually calculated by assuming that 

 
a) ΔS is ~independent of temperature. This assumes that while S of the reactants and 
products probably increase with T, they change by about the same amount, so their difference 
doesn’t change. This isn’t exactly true, but isn’t too bad of an approximation.  
  
b) ΔH is ~independent of temperature. This is equivalent to saying that the heat capacities of 
reactants and products are equal. Again, this is only an approximation.  
 

Given approximations (a) and (b), the only variation in G with T is from the T in ΔG = ΔH - 

TΔS. This is equivalent to saying that the only effect of changing temperature is to change the 

impact that the reaction's ΔH has on its surroundings.   
 

ACTIVITY 16.6 

Use your answers from earlier problems to calculate Go for ethanol’s oxidation to vinegar (acetic 

acid) at 50oC:  
 
  C2H5OH(l) + O2(g)  CH3COOH(l) + H2O(l) 
 
Is the reaction “more” or “less” spontaneous at 50C compared to at 25C? 
 

 
B) WHAT IF YOU”RE NOT AT STANDARD PRESSURES OR CONCENTRATIONS? 

 

ΔG at P ≠1atm or at [ ] ≠1 mol/L may be calculated by thinking of the reaction under non-
standard conditions as the sum of  

a) the reactions to bring each reactant to standard conditions,  
b) the reaction at standard conditions, and  
c) the reactions needed to return each product to standard conditions:  
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               aA + bB cC + dD 
                             non-standard         
                                                           
               aA + bB cC + dD 
                              standard 
 

 

This approach is helpful, because there is a simple formula for the change in free energy 

as 1 mole of something is taken from an initial concentration [ ]i (or pressure Pi) to a 

final concentration [ ]f (or pressure Pf): 
                       

                        ΔG = RT ln ([ ]f/[ ]i) or  = RT ln (Pf/Pi)  
 

This should make some sense. If [ ] <1 (or P <1), ln [ ] (or ln(P)) is <0 and, since Kelvin 
T’s are always >0, ΔG will be < 0 - meaning the change from standard condition ([ ] = 1 
or P = 1) to the more diluted state is spontaneous - which it should be.  

 
So, for the non-standard reaction, 

 

ΔG =  {get A and B to std states from actual [ ]s} +  ΔG at standard states  
+ {getting C and D to final state from standard} 

 

 Which, using the above ΔG = RT ln ([ ]f/[ ]i), becomes:  
 

ΔG = {-aRTln([A]) - bRTln([B])}  +  ΔGo + {cRTln([C]) + dRTln([D])} 
 

or, combining the log terms: 
 

 ΔGany conditions = ΔGo + RT ln {([C]c[D]d)/([A]a[B]b)} 

 

This is an important result, it gives you something related to the total disorder 

change of the universe when “a” moles of A react with “b” moles of B to produce 

“c” moles of C and “d” moles of D. (more reactants or products would appear 
similarly) 

 
Thus, for example, if we burned methane (CH4 + 2O2 = CO2   + 2H2O) at these conditions: 

 
          gas:      CH4        O2         CO2    H2O 
     
  pressure:      .2    .2       .15     .45 
 

Then ΔGthese conditions = ΔGo + RT ln {[P(CO2)*P(H2O)2] / [P(CH4)*P(O2)2]} 
 
            =     -191.36  + .002(298)ln (.15*.452/.2*.22) = -191.36 + -.795 = -192.15 kcal 
        

Since ΔG < 0, the reaction will occur spontaneously under these conditions.  
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ACTIVITY 16.7 
 

Use your answers from earlier problems to calculate Go for ethanol’s oxidation to vinegar (acetic 
acid) if PO2 = .2 atm: 
  
  C2H5OH(l) + O2(g)  CH3COOH(l) + H2O(l) 
 
Is the reaction “more” or “less” spontaneous compared to when PO2 = 1 atm? 
 
Does this make sense? (Is less concentrated O2 more or less disordered than a more concentrated 
O2? Would you expect a less concentrated O2 to “want” to react more or less than a more 
concentrated O2?) 
 

 

9) The same sort of reasoning can predict when a spontaneous reaction will stop happening. 
 

We've now shown that we can predict if a reaction happens or not under arbitrary conditions - 
but how much will it happen? As the CH4 + 2 O2 = CO2 + 2 H2O reaction occurs, [CH4] and 
[O2] will drop, as the [CO2] and [H2O] increase. If you look at the above equation:  

 
ΔGany conditions = ΔGo + RT ln {([CO2][H2O]2)/([CH4][O2]2)} 

 
you'll see that this makes the quotient get larger and larger. At some point, it will become as 

large as ΔGo is negative. At this point, ΔG will = 0 and the no net reaction will occur: you 

will have reached equilibrium.  
 

What this means is that the reaction will proceed until the [ ]s become such that  
 

ΔGo =-  RT ln {([CO2][H2O]2)/([CH4][O2]2)} 
 

Or    ([CO2][H2O]2) / ([CH4][O2]2) = e-ΔGo/RT  
 

This ratio of concentrations (products over reactants, each raised to powers equal their 

coefficients in the balanced equation) is called the reaction quotient, Q, of the reaction. 

Reactions continue until their reaction quotients become equal to e-ΔGo/RT for the reaction. 

This numerical value is called the equilibrium constant of the reaction and is symbolized by a 

capital K.  
 

To summarize: Any reaction with ΔG < 0 (under the 

conditions of the reaction) will happen and will continue to 

happen until the value of its reaction quotient, Q, becomes 

equal to the value of the reaction's equilibrium constant,  

K =  e-ΔGo/RT 
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For our reaction, CH4 + 2O2 = CO2   + 2H2O, we've shown that ΔG < 0 under the following 
conditions 
 

gas:      CH4        O2         CO2    H2O 
     pressure:      0.2    0.2       0.15     0.45. 
 

This means that the reaction is spontaneous. We've also shown that ΔGo = -191.36 kcal/mole, 
so that K = e-(-191.36/(.002*298)) = e+321 = 2.75x10139. This means that the reaction will continue until 
Q= K or 

 
([CO2][H2O]2) / ([CH4][O2]2) = 2.75x10139 

 
This is a huge number, which Q can only reach if its numerator (top) is much, much, much 
larger than its denominator (bottom). But this is equivalent to saying that when the reaction 
ceases, there must be lots and lots of product and very little reactant: the reaction happens "a 
lot." For our reaction,  

CH4 + 2O2 = CO2   + 2H2O 
initial pressure:      .2   .2      .15    .45 
 

O2 is the limiting reagent (to use up all .2 CH4 we'd need .4 O2 and we only have .2 O2). So if 
the reaction" went to completion, we'd have: 

 
CH4 + 2O2 = CO2   + 2H2O 

final pressure:       .1   0        .25        .65 
 

But this would make Q be infinite and not equal to K, so a little bit of O2 must remain. Call x 
the amount of O2 that remains: 

 
CH4 + 2 O2 = CO2     + 2 H2O 

initial pressure:      .1+.5x      x      .25-.5x      .65-x 
 

Now Q = (.65-x)2 (.25-.5x) / (.1+.5x) (x)2 and the reaction stops when this = K. That is, the 
reaction stops when it has occurred enough to drop O2 to a level x which satisfies:  

 
 (.65-x)2 (.25-.5x) / (.1+.5x) (x)2  =  2.75x10139 

 
It is easy to solve for x because we're assuming it is very small. This means that, at least for 
now, we can approximate: 

    .65-x = .65  .25-.5x = .25  .1+.5x = .1 
 

 
So we're after a value of x that, approximately, makes: 

 
    (.65)2 (.25) / (.1) (x)2  =  2.75x10139 

or   (.65)2 (.25) / (.1)  (2.75x10139) = (x)2   
or   3.84x10-140 = x2  or 2x10-70 = x. 
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The reaction will continue until the pressure of O2 has dropped to 2x10-70 atm. (Pretty close to 
0 eh?). Yep, this reaction “happens a lot! 

 
This example was both easy and hard. Conceptually, it is easy, because the reaction has such 
a large, negative ΔG, that it is "very spontaneous" and will have a huge equilibrium constant, 
so it will essentially go 'to completion." It was difficult because the math dealt with very large 
and very small numbers. Other examples are both harder and easier: dealing with less 
spontaneous reactions which do not go nearly as far, but with numbers that are not nearly so 
large or small.  
 

 
ACTIVITY 16.8 

 
I need to add one here about finding the [ ]s of things for some reaction at equilibrium - but I haven’t 
gotten around to it yet…. 
 
 


