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Previous or 'Assumed' Knowledge

Thermochemistry concerns the study of changes in 
energy which occur during chemical reactions. 

The First Law of Thermodynamics states that energy 
is conserved. 

Hess’s law states that the overall reaction enthalpy is the 
sum of the reaction enthalpies of each step of the reaction. 
This is an application of the First Law of Thermodynamics. 

A thermochemical cycle can be used to calculate an unknown 
enthalpy value.

The term ‘standard enthalpy change’ ( ∆Ho) refers to an enthalpy 
change for a reaction in which the reactants and products are 
considered to be in their standard states at a specified 
temperature. 

The standard state of a substance is the most stable state of the 
substance under standard conditions. 

Standard conditions refer to a pressure of one atmosphere and a 
specified temperature, usually 298K (25°C). 

The standard molar enthalpy of combustion refers to the enthalpy 
change which occurs when one mole of a substance is burned 
completely. 

Calorimetry is the term used to describe the quantitative determination 
of the change in heat energy which occurs during a chemical reaction. 

A calorimeter is used to measure the quantity of heat energy given 
out or taken in during a chemical reaction. 

Enthalpy of Combustion
Enthalpy of Solution

Enthalpy of Neutralisation
Bond Enthalpies

∆H= - c x m x ∆T
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Q1 Solid magnesium chloride exists in two forms: anhydrous(MgCl2) and     
 hydrated(MgCl2.6H2O).
 
 a) Calculate the enthalpy change for the process: 
   MgCl2(s) → Mg2+

(aq) + 2Cl–
(aq) 

  Use the following data: 
       Mg2+

(g) → Mg2+
(aq)   ΔH = –1920 kJ mol–1 

       Cl–
(g) → Cl–

(aq)    ΔH = –364 kJ mol–1 

 lattice enthalpy (anhydrous magnesium chloride)         =  2493 kJ mol–1       3

 b) Calculate the enthalpy change for converting anhydrous magnesium chloride 
  to hydrated magnesium chloride, given the following enthalpies of formation:
 
  ΔHθ

f (hydrated magnesium chloride) = –2500 kJ mol–1

   ΔHθ
f (anhydrous magnesium chloride) = –642 kJ mol–1 

  ΔHθ
f (water)      = –286 kJ mol–1       3

                  (6) 

Q2 Consider the following data:
 
 Compound Lattice-breaking enthalpy/kJ mol–1      Enthalpy of solution/kJ mol–1

  KF    801        – 17.7
  KCl    701        + 17.2
  KBr    670        + 20.0
 
 
 a) Why do the lattice-breaking enthalpies decrease down the series from 
  KF to KBr?                      1

 b) Calculate the enthalpy associated with the hydration of the ions in KCl.               1

 c) How would you expect the enthalpy associated with the hydration of the 
  ions in calcium chloride to compare with that in potassium chloride?  
  Explain your answer.            2
                  (4)

Optional 'Warm-Up' Questions
Whilst Thermochemistry questions should no longer feature in Advanced Higher exams, (but they may under 
the guise of 'Application' or 'Problem Solving), you may want to try a few questions at this level - particularly if 
you plan to continue you Chemistry studies beyond school level.
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Q3 Water gas is prepared by passing steam over white hot coke.  The equation for the 
 reaction is:
 
    C(s)  +  H2O(g) → CO(g)  +  H2(g)
 
 The products of the reaction may be used to prepare methanol industrially, using 
 chromium(III) oxide as a catalyst, a temperature of 300°C and a pressure of 300 
 atmospheres:
 
    CO(g)  +  2H2(g) → CH3OH(l)
 
 a) The enthalpy change for the reaction to produce water gas is 130 kJ mol–1.  

  Use this value, with information in the Data Booklet, to calculate the bond 
  enthalpy for the C–O bond in carbon monoxide.                3
 
 b) The mean bond enthalpy for C–O is 331 kJ mol–1 and for C=O is 724 kJ mol–1. 

  Use this information and your answer to a) to make a prediction about the 
  nature of the bond in carbon monoxide.          1

 c) State two possible hazards associated with the industrial production of 
  methanol.                       2
                  (6) 

Q4 a) By referring to the Data Booklet write down the equation and the value for:
 

    i) the enthalpy of formation of propane
 

   ii) the enthalpy of combustion of carbon
 

  iii) the enthalpy of combustion of hydrogen.       3

 b) Using the above data, calculate the enthalpy of combustion 
  of propane.                      2
                  (5)

Q5 a) Using bond enthalpy values from the Data Booklet, calculate the enthalpy 
  change for the following reaction.

    C2H2 (g)     +     2 H2 (g)  →  C2H6 (g)        3

 b) The enthalpy change for the reaction above can also be calculated using 
  standard enthalpies of combustion.

  Why might this value be different from the answer to a) ?    1
                 (4)
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Answers 
Q1 a) Find  MgCl2 (s) → Mg2+

(aq) + 2Cl–
(aq)  

      
  Given   (1) Mg2+

(g) → Mg2+
(aq)   ΔH1  – 1923

    (2) Cl–
(g)  → Cl–

(aq)   ΔH2  –   338
    (3) Mg2+

(g)+ 2Cl–
(g)→ Mg2+(Cl–)2 (s) ΔH3  – 2326

  ΔH  = – ΔH3 + ΔH1 + 2ΔH2         1
    = –(–2326) + (–1923) + 2(–338)       1 
    =  –273 kJ mol–1          1 

 b)   MgCl2(s)  +  6H2O(l)  →  MgCl2.6H2O(s)

    ΔH = ΣΔHproducts – ΣΔHreactants       1
     = –2500  – (–642)  + 6(–286)        1
     = –142 kJ mol–1         1
                  (6)

Q2  a) Ionic bonding becomes weaker going down the series.
  

 or   Halide ion increases in size going down the series (must mention ionic/ion).   1

 b) Enthalpy hydration = enthalpy solution – lattice enthalpy (breaking) 
      = 17.2 – 701 
      = –683.8 kJ mol–1         1

 c) The hydration enthalpy for Ca2+ will be more negative.  (1)

  Ca2+ has a  larger charge than K+ and therefore there is 
  stronger attraction between the Ca2+ and the water.   (1)   2
                 (4)

Q3. a) C(s) + H–O–H(g) → C~O(g) + H–H(g)   ΔH = 130 kJ mol–1 

  Bond breaking  C(s) → C(g)  =  715; 
     2 x O–H bonds  =  2 × 458 = 916; total = 1631 kJ (1)

  Bond making   C~O  = X
      H–H  =  –432;  total = –432 +  X kJ   (1)
  X = 130 –1631 + 432 =  –1069 kJ mol–1 
  Energy given out in forming one mole of C~O bonds  =  –1069 kJ  (1)
                 3
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Q3 contd

 b) C–O = 358; 

  C=O = 798;   therefore the bond in CO is   C–O + C=O, i.e. C≡O  1

 c) CO poisonous; H2 could be explosive; CH3OH is flammable 
  (any two correct = 1+1)             2
                 (6)

Q4  a)   i) 3C(s)  + 4H2(g) → C3H8(g)  – 140   (1)

   ii) C(s)  + O2(g)  →  CO2(g)  – 394   (1)

  iii) H2(g)  + ½O2(g) → H2O(g)  – 286   (1) 3

 b) Find  C3H8(g) + 5O2 (g) → 3CO2(g)

  ΔH =  ΔH(i) + 4 ΔH(ii) + 3ΔH(iii) 

   = – (–104) + (4 × –286) + (3 × –394)   (1)
   = –2222 kJ mol–1          (1) 2
                 (5)
 
Q5 a)  Bonds broken      Bonds Formed

            H  H
  H—C ≡ C—H   +   H—H      |   |
          H  — C — C — H
      H—H      |      |
            H  H    

  2 x H—H   =  2 x 432 = 864  1 x C—C  =  1 x -346  = -346
  1 x C ≡ C  =  1 x 835 = 835  6 x C—H  = 6  x -414   = -2484
  2 x C—H  =  2 x 414 = 828

   ΔH  =  2527    -   2830      = -303 kJ mol-1      3

 b) C ≡ C, C—C and C—H are mean (average) bond energies

 or Enthalpies of combustion can be measured directly 
  (wheras bond energies are calculated values).       1
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1.4.1 Introduction
     Thermodynamics is the branch of physics that deals with the relationships  
     between heat and other forms of energy. In particular, it describes how  
     thermal energy is converted to and from other forms of energy and how it  
     affects matter. 

     In Chemistry we, not surprisingly, concentrate on the 'how it affects 
     matter' aspects and use Thermodynamics as a tool to help answer some
     fundamentally important questions in Chemistry such as;

      What determines whether a particular reaction can take place?
      What conditions will determine when a reaction can take place?
      What determines the favoured reaction and position of equilibrium?

At one time we believed that the energy change,  Enthalpy H, 
held the key and 'spontaneous' reactions would always be 
exothermic - a decrease in the potential energy stored in the 
chemicals leading to an increase in stability. This was often 
compared to the natural spontaneous process by which 
objects 'roll downhill' but never roll up!

         Spontaneous endothermic processes can be  
         'normal' - melting ice, but most are quite  
         unusual and generally have certain things in
         common:

          solids → liquids → gases

          more products (moles) than reactants

         This has led to the idea of 'disorder' and the 
         observation that spontaneous endothermic 
         processes are always accompanied by an 
         increase in disorder.

1.4.2 Entropy, S
Entropy, S, is a measure of the amount of disorder in a system. 

Entropy increases as the system's temperature increases. 

At absolute zero 0 K (-273 °C), we would assume that particles have
minimal energy and would be solid. As the temperature increases, 
particles will vibrate more and slight gaps will open up, allowing
particles to possibly rotate - an increase in disorder.

As vibrations increase and gaps open, the solid will melt and
there will be a dramatic increase in disorder (entropy). 

The change liquid → gas has an even more dramatic rise.

1.4  Reaction Feasibility
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            The ways that energy can interact with matter
             (Thermodynamics) are many and complex and
             can be split into Kinetic, Ek  and Potential, Ep .

Vibrations can be simple, for example a pair of atoms are mainly stretching vibrations while more complex 
molecules can be wagging, scissoring, rocking etc.

Entropy increases as the modes of vibration increase (molecules become more complex). 

Entropy increases when many substances dissolve to form solutions. 

Dissolving can be harder to predict as there will
probably be a decrease in disorder as far as the
water molecules are concerned - as they cluster
around an ion to form a cage, for example.

However, the increase in disorder experienced
by the solute - particularly if it starts as a very 
ordered ionic lattice - will ensure that there is
an overall increase in Entropy.

Solutions can also be considered as 'mixtures'
and, as such, have a higher entropy than the
starting 'pure' substances. (See later).

NO
 NO
2


N
2

O
4


Fewer 
Vibrations


Less Entropy


More 
Vibrations


More Entropy


More 
Vibrations


More Entropy


Less Randomness
 More Randomness


Less Entropy
 More Entropy
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Entropy increases when a mixture is formed. 

The main implication of this will come 
later when we consider reversible reactions 
where a mixture of products and reactants 
in an equilibrium mixture is inevitable.

It can also explain what 'drives' certain 
processes such as diffusion where there is
no change in the enthalpy of the chemicals
involved but the process is spontaneous due to
the increase in entropy.

Entropy increases with increased number of moles. 

The example of an endothermic 
spontaneous reaction mentioned earlier can
be used to illustrate this.

Ba(OH)2.8H2O(s)   +  2 NH4NO3 (s)    (3 moles)

	 	 		⇓
Ba(NO3)2(aq) + 2NH3 (g)  + 10H2O (g)    (13 moles)

Notice also that the mixture contains a solution,
a liquid and a gas which have higher entropies 
than the original solids.

     Questions

     1. Which of the following is likely to have the lowest entropy value at 100 °C?
  A   Neon B   Mercury C   Sulphur D   Phosphorus

     2. Which of the following reactions results in a decrease in entropy?
  A  N2O4(g)   →    2NO2(g)   B  N2(g) +  3H2(g)  →   2NH3(g)

  C  CaCO3(s) →   CaO(s)  +  CO2(g)  D  C(s)  +   H2O(g) →   CO(g) + H2(g)

     3. When water evaporates from a puddle which of the following applies?

  A  ΔH positive and ΔS positive  B  ΔH positive and ΔS negative

  C  ΔH negative and ΔS positive  D  ΔH negative and ΔS negative

     4. Which of the following alcohols would have the greatest entropy at 90 ºC?

  A  Propan-1-ol    B  Propan-2-ol

  C  Butan-1-ol    D  Butan-2-ol

     5. In which of the following changes will there be an increase in entropy?

  A  CO2(g) → CO2(s)   B  Combustion of ethanol

  C  Hydrogenation of ethene  D  Phenylethene → poly(phenylethene)

Less Randomness
 More Randomness


Less Entropy
 More Entropy


Less Randomness
 More Randomness


Less Entropy
 More Entropy
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1.4.3 Entropy Values
The 'Rules of Thumb' outlined in the previous pages have been formalised and quantified to provide a 
numerical value for many common substances. The Third Law of Thermodynamics defines a 'pefect crystal at 
0 K' as having maximum order and an Entropy value of zero.

Thereafter, values are calculated depending on factors such as structure, molecular formula, modes of vibration 
etc and are, of course, temperature dependent. The values below are standard molar entropies - refer to one 
mole at 25°C (298 K).

Notice that the Unit for Entropy is in Joules - an energy term, 
which is not surprising since the degree of disorder depends on
so many factors such as movement (translation), vibration and
rotation which all have a Kinetic Energy component and a
Potential Energy component.

Per mole as it also depends on the number of particles present
and per Kelvin due to the dependence on Temperature.

 Entropy, S - J mol-1 K-1

1.4.4	 Calculating		∆S
This simply requires the use of the formula below along with the balanced equation and access to Standard 
Entropy values in, for example, a Data Booklet (or within the question in an exam).

      

      ∆S  = ( (192) + (4 x 70) + (81) ) —  ( (336) )

       = ( 553 ) — (336)  =   217 J mol-1 K-1

∆So = ∑ So
products - ∑ So

reactants 
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     Questions - for each of the questions below, calculate the ∆S of the reaction.

     1.

     2.

 
     3.

     4. 

     5. 
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1.4.5 Entropy or Enthalpy?

A reaction is more likely to be spontaneous if it is exothermic, ∆H = -ve, but endothermic reactions can still be 
spontaneous.

A reaction is more likely to be spontaneous if there is an increase in entropy, ∆S = +ve, but reactions that 
decrease disorder can still be spontaneous.

Temperature is also crucial in determining whether a reaction is spontaneous.

Somehow, there has to be a way of incorporating all 3 terms that will allow a single value that will determine 
whether a reaction will be spontaneous or not at a certain temperature. The key is to look beyond the reacting 
chemicals (System) and to include a consideration of what the consequences are for the Surroundings.

         An exothermic reaction releases energy  An endothermic reaction takes in energy
       to the surroundings and causes the entropy from the surroundings and the entropy of
       of the surroundings to increase, ∆S = +ve the surroundings decreases, ∆S = -ve

In reality, therefore, we have two entropy changes - ∆Ssystem and ∆Ssurroundings  - and if the overall 
entropy increases then the reaction will be spontaneous.

The Second Law of Thermodynamics says, in simple terms, that entropy always increases which we translate as 
to be spontaneous, a reaction must lead to an increase in entropy.


∆So
total =  ∆So

syst
+ 
 ∆So
surr
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At first sight, calculating ∆Ssurroundings would appear to be an impossible task:

     Where do the surroundings start & finish? 

      What is the entropy of air? Glass? etc. 

     How many moles of ‘surroundings’ are there?

Fortunately, it is much easier than that because ∆Ssurroundings is determined by the ∆Hsystem and by 
temperature.  
  In fact,

  and

Given that we have methods of calculating ∆S and ∆H, this formula would provide us with a working tool for 
predicting whether a reaction is spontaneous. However, we actually use a modified version of this equation which 
introduces Gibbs (Free) Energy, ∆G.

Gibbs Energy is a useful quantity as it represents the energy of a reaction that is available 'to do work' - the excess 
energy available beyond that needed to just make the reaction spontaneous (∆Stotal = 0 as it changes from -ve to 
+ve). It turns out that this 'Free Energy' is given by:

If we multiply both sides of our previous equation by -T, we get:

And, finally, combining these two equations gives us the equation that we will use in our calculations;

Whilst effectively the Second Law of Thermodynamics 
states that Entropy must increase (∆Stotal > 0) 

our working version means that Gibbs Energy must 
decrease (∆G < 0) since ∆G = -T ∆S.

∆So
surr = -∆Ho

syst 


 
 
 
 
T


∆So

total =
 ∆So
syst   -∆Ho

syst 


 
 
 
 
T


∆Go
   =  -T∆So

total 


-T∆So
total =  ∆Ho

syst -T∆So
syst  


∆Go
   =   ∆Ho

syst  - T∆So
syst 
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Reaction ∆H / kJ mol-1 ∆S / J K-1  mol-1 Reaction Feasibility

N2 (g) + 3H2 (g) ⇀ 2NH3 (g) –100 –198
spontaneous at all temperatures
non-spontaneous at all temperatures
temperature dependent

N2O4 (g) ⇀   2NO2 (g) +58 +175
spontaneous at all temperatures
non-spontaneous at all temperatures
temperature dependent

H2 (g) + CO2 (g) ⇀   H2O(g) + CO(g) +40 +39.2
spontaneous at all temperatures
non-spontaneous at all temperatures
temperature dependent

2SO2 (g) + O2 (g) ⇀   2SO3 (g) -197 -187
spontaneous at all temperatures
non-spontaneous at all temperatures
temperature dependent

H2 (g) + I2 ( g) ⇀   2HI(g) +27 -239
spontaneous at all temperatures
non-spontaneous at all temperatures
temperature dependent

CaO(s) + CO2 (g) ⇀   CaCO3 (s) -178 -161
spontaneous at all temperatures
non-spontaneous at all temperatures
temperature dependent

To begin with, you can tell a lot about a reaction 
without even having to formally calculate the 
numerical value of ∆G.

Question 1 -  For each of the reactions below, considering the signs of ∆H and ∆S, decide whether the 
  reaction would be spontaneous at all temperatures , non-spontaneous at all temperatures or 
  temperature dependent. (Remember ∆G must be negative for a reaction to be spontaneous.)

Question 2 -  For each of the reactions that you identified as temperature dependent, determine whether they
  would be only spontaneous at high temperatures or only spontaneous at low temperatures.
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1.4.6 Enthalpy of Formation
In previous courses you will have used Hess's Law to 
manipulate equations to derive the overall enthalpy 
of a reaction. Enthalpies of Formation are the most 
useful equations to use.

 The standard enthalpy of formation is the energy change when 1 mole of a compound is formed 
 from its constituent elements in their standard states. 

This can be represented by an equation of formation, for example, the standard enthalpy of formation of sulphuric 
acid:
    H2 (g)    +    S(s)    +    2O2 (g)     H2SO4 (l)  ΔHf = -900 kJ mol-1

Standard conditions are defined as a temperature of 298K and an atmospheric pressure of 101.3 kPa. The standard 
state of a substance is its state under standard conditions.

By definition, the enthalpy of formation of an
element is zero.

If the ΔHf  of a compound is negative then we
know the formation of the compound increases
stability.

If the ΔHf  of a compound is positive then we
know the formation of the compound decreases
stability.

We can also use the ΔHf  values of compounds to
compare relative stability. For example,

 C(graphite)   more stable than    C(diamond)

   CO2      more stable than    CO

More useful, however, is the fact that the Enthalpy of any reaction can be calculated from Enthalpies of 
Formation alone. For example, 
     CH4 (g)    +    2 O2 (g)          CO2 (g)  +    2 H2 O (l)

 can be calculated from the ΔHf  values of CH4 , CO2 and H2O (ΔHf  O2 = 0) but would require 
   the CH4 (reactant) equation to be reversed whilst the product equations are left as written.

  reversed  CH4 (g)             C (s)  +    2 H2 (g) - ΔHf    = - (-74.9)
     
  left as written  2 H2 (g)    +    O2 (g)           2 H2 O (l) 2 x ΔHf    = 2 x (-285.8)
  

left as written
      C (s)      +    O2 (g)            CO2 (g)         ΔHf    =  (-393.5)

This is represented by the following formula:

    CH4 (g)    +    2 O2 (g)          CO2 (g)  +    2 H2 O (l)

    ( (-393.5) + (2 x -285.8) ) — ( (-74.9) + ( 0 ) ) = -890.2 kJ

∆H = ∑ ∆Hf
 
products - ∑ ∆Hf

  
reactants 
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     Questions - for each of the questions below, calculate the ∆H of the reaction.

     1.

     2.

 
     
     3.

     4. 

     5. 
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1.4.7	 Calculating	Gibbs	Energy,	ΔG
Calculating Giggs Energy is quite straightforward, 
though you must avoid two 'pitfalls' :

 1.  remember temperature must be in Kelvin (add 273 to °C)

 2. remember to convert ∆H to Joules as ∆S values are usually in Joules

     Questions - for each of the questions below, calculate the ∆G° of the reaction. (Standard = 25°C)

     1.

 

    2.

     3.

     4. 

     5. 
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1.4.8	 Effect	of	Temperature	on	ΔG
Reactions that are exothermic ( ∆H = -ve ) and have an
increase in entropy ( ∆S = +ve ) should be spontaneous
at all temperatures.

Reactions that are endothermic ( ∆H = +ve ) and have a
decrease in entropy ( ∆S = -ve ) should be 
non-spontaneous at all temperatures.

All other reactions will have a 'turning point' where they
change from non-spontaneous ( ∆G = +ve ) to spontaneous ( ∆G = -ve ) and the temperature of this 'turning point' 
will be when	∆G	=	0 .

0 = ∆ H - T∆ S
T∆ S = ∆ H 1.  remember to convert ∆H to Joules as ∆S 

     values are usually in Joules.

2. remember temperature will be in Kelvin so
    subtract 273 to convert to °C if necessary.

     Questions - for each of the questions below,  a) calculate the temperature at which the reaction 
        becomes feasible.

       b) state if temperature needs to be higher or lower.

     1.

     2.

     3.
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1.4.9 Graphical Method
Rather than recalculate ∆G values at different 
temperatures, there is the option of plotting a graph of 
∆G	against	T . This graph can be used for a number of 
purposes including the determination of the 'turning point' 
at which a reaction becomes feasible - changes from 
non-spontaneous to spontaneous. This will be the point
at which the graph cuts the x-axis.

∆ G = -∆ ST +∆ H 
y = mx + c 

This graph represents a reaction that would be
spontaneous at all temperatures.

The gradient ( m = -∆S ) is negative so ∆S	must	
be positive (increase in entropy).

The intercept ( c = ∆H ) is negative so ∆H	must	
be negative (exothermic).

This graph represents a reaction that would be
spontaneous below 350K. At lower temperatures.

The gradient ( m = -∆S ) is positive so ∆S	must	
be negative (decrease in entropy).

The intercept ( c = ∆H ) is negative so ∆H	must	
be negative (exothermic).

This graph represents a reaction that would be
spontaneous above 230K. At higher temperatures.

The gradient ( m = -∆S ) is negative so ∆S	must	
be positive (increase in entropy).

The intercept ( c = ∆H ) is positive so ∆H	must	
be positive (endothermic).

This graph represents a reaction that would be
non-spontaneous at all temperatures. 

The gradient ( m = -∆S ) is positive so ∆S	must	
be negative (decrease in entropy).

The intercept ( c = ∆H ) is positive so ∆H	must	
be positive (endothermic).
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1.4.10	 Combining	∆G values

We can use exactly the same formula to caculate the overall ∆G of a reaction from the Gibbs Energy of Formation 
of the individual reactants and products.

Again, the more negative the ΔGf the more stable the compound formed.

Another way of combining ∆G values is to combine graphs 
in what is often called an Ellingham Diagram.

Traditionally, they have used in the context of extracting metals.
For example, chromium could be extracted from its oxide in the
following reduction reaction:

 2 Cr2O3 (g)               4 Cr (s)    +    3 O2 (g)  

The graphs drawn, however, are always drawn as oxidations and
for 1 mole of oxygen. This is done for all reactions to allow 
equivalent values to be added together.

When reading the graph, therefore, you have to think 'in reverse' - the 
reaction drawn has a -ve ∆G at all temperatures which means our reduction would have +ve ∆G - it would be
non-sponataneous at all temperatures.

Of course, we rarely try and extract a metal without the help of a
reducing agent. One option is to use a more reactive metal such as
zinc (displacement).

The oxidation of zinc is -ve ∆G at all temperatures, but not 
enough to ensure an overall -ve ∆G.

Therefore, zinc cannot be used to help extract chromium from
chromium (III) oxide.

Notice the change in gradient (m = -∆S ) in the    
          2 Zn(s)+ O2 (g)   2 ZnO (s)

                line at about 1000 K.

This will normally be because of a change in state in one of the chemicals (Zinc melting), which alters ∆S.

∆Go = ∑ ∆Gf
o products - ∑ ∆Gf

o reactants 
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A better option is to use an  even more reactive metal such as
aluminium (displacement).

The oxidation of aluminium is also -ve ∆G at all temperatures, 
and is enough to ensure an overall -ve ∆G.

Effectively we are reversing the chromium reaction and adding
to the aluminium equation - Hess's Law again.

 ⅔ Cr2O3 (s)               4⁄3 Cr (s)    +    O2 (g)

 
4⁄3 Al (s)    +    O2 (g)               ⅔ Al2O3(s)

overall      ⅔ Cr2O3 (s)   +    4⁄3 Al (s)               4⁄3 Cr (s)    +    ⅔ Al2O3(s)

As a general rule:
   the reaction underneath (most negative) will go as written while

   the reaction above (less negative) will be reversed

     Question - Part of an Ellingham diagram is shown below.

     
  a)  What is significant about the point where two lines meet and cross?

  b)  Using the Ellingham diagram give the temperature range over which magnesium will 
   reduce titanium dioxide to titanium.

  c)  Suggest why the line labelled   2C  +  O2    2CO slopes downward.

  d)  Suggest why the gradient of the line labelled   2Mg  +   O2    2MgO changes at 
   approximately 1360 K.
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1.4.11 Reversible Reactions
If ∆G is negative for one direction, it must be 
positive for the reverse.

This implies that only one reaction can proceed 
(spontaneously) under a given set of conditions.

However, ∆S calculations are based on 
100% Reactant & 100% Product.

In reality, mixtures exist, so larger ∆S values 
can be obtained than those calculated.

Favoured (spontaneous) reaction proceeds to
mixture as it involves a bigger decrease in ∆G
than 'complete' reaction.

Similarly, the reverse reaction should be non-spontaneous, but it can proceed spontaneously to the equilibrium 
mixture, but no further as this would then require an increase in ∆G.

So, does it matter which reaction is ∆G -ve ?

In fact, the ∆G	value holds the key to the final 
equilbrium mixture formed (the equilibrium position). 
There is a mathematical relationship:

In essence, the more negative the ∆G, the more positive 
the K value, the further to the right the equilibrium.

∆Go
   =   - RT ln K


Thermodynamics provides us with some powerful tools 
when considering chemical reactions:

 Thermodynamics can predict whether a 
 reaction is feasible or not.

 Thermodynamics can predict the conditions   
 necessary for a reaction to be feasible.

 Thermodynamics can predict the position of 
 equilibrium

However, thermodynamics is limited by the fact that 
it only looks at the reactants and products - it takes no 
account of reaction pathways, activated complexes, 
activation energy and the role of catalysts.

 Thermodynamics cannot predict how fast a   
 reaction might be.

 Thermodynamics gives us little information   
 about the reaction mechanism - the series of
 steps by which reactants eventually become
 products.

 We need Reaction Kinetics (next Topic).
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THERMODYNAMICS (Reaction Feasibility)
Entropy
The entropy (S) of a system is the degree of disorder of the system.  The greater the  disorder, the greater the 
entropy.

Entropy increases as temperature increases.

Changes of state involve changes in entropy. Melting and evaporation are  accompanied by increases in 
entropy.

One version of the Third Law of Thermodynamics states that the entropy of a perfect crystal at O K is zero.

The standard entropy of a substance is the entropy value for the standard state of the substance.

The change in standard entropy for a reaction system can be calculated from the standard entropy values for 
the reactants and products.

Gibbs Energy

One version of the Second Law of Thermodynamics states that the total entropy of a  reaction system and its 
surroundings always increases for a spontaneous process.

Heat energy released by the reaction system into the surroundings increases the  entropy of the surroundings, 
whereas heat absorbed by the reaction system from the  surroundings decreases the entropy of the surroundings.

The change in entropy of the surroundings that occurs as a result of a chemical  reaction can be calculated 
from the temperature and from the enthalpy change for the reaction system.

The total entropy change is normally expressed in terms of Gibbs free energy (G).  The direction of 
spontaneous change is in the  direction of decreasing free energy.

The change in standard free energy for a reaction is related to the standard enthalpy  and entropy changes by:

        ∆G°  =  ∆H°  -   T∆S

The standard free energy change of a reaction can be calculated from the standard  enthalpy and standard 
entropy changes for the reaction.

The standard free energy change of a reaction can be calculated from the standard  free energies of formation 
of the reactants and products.

A reaction is feasible under standard conditions if the change in standard free energy  between reactants and 
products is negative.  This means that the equilibrium  composition favours the products over the reactants.

Under non-standard conditions any reaction is feasible if ∆G is negative.

At equilibrium ∆G = O.

A reaction will proceed spontaneously in the forward direction until the composition  is reached where ∆G = O

The feasibility of a chemical reaction under standard conditions can be predicted  from the calculated value of 
the change in standard free energy (∆G°).

The temperature at which the reaction becomes feasible can be calculated for a  reaction for which both ∆H° 
and ∆S° have positive values.
     T  =  ∆H / ∆S
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Q1 1,2-dichloroethane has been used as a solvent for lacquers and oils.  One proposed   
 method of production is the addition of hydrogen chloride to ethyne:
 
    C2H2  +  2HCl  →  CH2ClCH2Cl

 
   Compound  Sθ/J K–1 mol–1  ΔHθ

f /kJ mol–1

  C2H2     201    227

  HCl     187           –92.3

  CH2ClCH2Cl   208         –166

 a) Using the data given in the table above, 

   i) calculate the standard entropy change, in J K mol–1, for the reaction.   1

  ii) calculate the standard enthalpy change, in kJ mol–1, for the reaction.  1

 b) The reaction is thermodynamically feasible at room temperature.   
  Above which temperature will this reaction no longer be feasible?   2
                  (4) 

Q2 Consider the following reactions and their values for ΔGθ and ΔHθ at 298K:

 
    Reaction      ΔGθ/kJ mol–1  ΔHθ/kJ mol–1

   i)   ½H2(g)  +  ½Cl2(g) → HCl(g)    –95    –92

  ii)   2Al(s)  +  11⁄2O2(g) → Al2O3(s)       –1576       –1669

 iii)   NH4Cl(s) → NH4
+

(aq)  +  Cl–
(aq)      –7          +16

 a) Reaction ii) has the greatest difference in the values of ΔGθ and ΔHθ. 

  Suggest a reason for this difference.         1
               
 b) From the values given for reaction iii), it can be concluded that ammonium 
  chloride dissolves spontaneously in water under standard conditions with a 
  drop in temperature.                           

  Why can we come to these two conclusions?                 2

 c) Calculate the entropy change for reaction i) at 298K.      2
                  (5) 

Questions
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 Q3 In a catalytic reformer, straight-chain alkanes are converted to branched chains, 
 cycloalkanes and aromatic hydrocarbons.  Consider the sequence shown below.

 a) Use the data in the table below to calculate ΔSθ for the conversion of octane 
  to o-xylene and hydrogen at 298K.          
 
      Compound   Sθ/J K–1  mol–1

       Octane     463

      o-xylene     352
 

      Hydrogen     131
 
                  3
 b) Calculate the minimum temperature at which the conversion in a) becomes 
  thermodynamically feasible, given that 

          ΔΗθ = 227 kJ mol–1.            3

 c) Explain why the conversion in a) can be achieved at or above the temperature
  calculated in b), despite the fact that the equilibrium constant for reaction A 
  is very much less than 1 at this temperature.  
                  1
                  (7) 
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 Q4 The apparatus shown in the diagram below can be used to find the decomposition    
 temperature of sodium hydrogencarbonate.

 

 The equation for the decomposition is:
 

   2NaHCO3(s) → Na2CO3(s) + H2O(g) + CO2(g)     ΔHθ = +129 kJ mol–1

 
     Substance   Sθ/J K–1 mol–1

     NaHCO3(s)    102.1

     Na2CO3(s)     136.0

     H2O(g)     188.7

     CO2(g)     213.6

 
 a) Calculate ΔSθ for the reaction.           2

 b) Calculate the temperature at which the decomposition becomes 
  thermodynamically feasible.            3

 c) As the temperature of the oil bath is increased, the volume of gas in the 
  syringe increases. Sketch the shape of the graph you would expect to obtain 
  if the volume of gas is plotted against temperature.  Graph paper is not required.   
  Start at room temperature and mark clearly the decomposition temperature on    
  your graph.                  2  
                  (7)
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Q5 Burning magnesium continues to burn when placed in a gas jar of carbon dioxide 
 according to the equation 

       2Mg(s) + CO2 (g) → 2MgO(s) + C(s)

 
 a) Using the values from the table above, calculate ∆S° for the reaction.            1

 b) Using the information below and your answer to a), calculate ∆G° for the 
  burning of magnesium in carbon dioxide.

   Mg(s)   +   ½O2 (g)  →    MgO(s)   ∆H° = – 493 kJ mol–1     
  
   C(s)   +     O2 (g)  →    CO2 (g)   ∆H° = –394 kJ mol–1    3
                  (4)
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Q6 Examine the Ellingham diagram below and answer the questions that follow.

 

 a) At what temperature does the thermal decomposition of zinc oxide become 
  thermodynamically feasible?                   1

 b) Write the balanced chemical equation for the reduction of zinc oxide using 
  hydrogen.                       1

 c) At what temperature does it become thermodynamically feasible to reduce 
  zinc oxide using hydrogen?                   1

 d) The melting point of zinc is approximately 700K.
     

  Explain, in terms of entropy, why the gradient of the graph changes at 
  point A.               2

 e) From the graph, it is thermodynamically feasible to use hydrogen to reduce 
  silver(I) oxide at all temperatures shown.  

  Suggest why this reaction does not occur at room temperature.     1
                  (6) 
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Q7 The standard free energy change for a chemical reaction is given by the expression.

        ΔGo = ΔHo – TΔSo

  The expression can be rearranged to give  ΔGo = – ΔSo T  +  ΔHo 

 Plotting values of ΔGº against T will therefore produce a straight line with gradient 
 equal to –ΔSº.

 The graph shows how ΔGº varies with temperature for a particular chemical reaction.

 Use the graph to

 a) deduce the temperature at which the reaction just becomes feasible under 
  standard conditions                     1

 b) estimate the value of ΔHº, in kJ mol–1, for the reaction              1

 c) calculate the value of ΔSº, in JK–1mol–1.                 2
                  (4) 
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Answers 
Q1 a)  i) ΔS = ΣSp – ΣSr = 208 – (201 + 2(187)) 

    = – 367 J K–1 mol–1           1

  ii) ΔH = ΣΔHp –  ΣΔHr = (–166 – (227 + 2(–92.3))) 

    = – 209.4 kJ mol–1           1

 b) T = ΔH/ΔS = 209.4/0.367        (1)

   = 570.6K           (1)   2
                 (4)

Q2  a) Large entropy change or gas to solid         1

 b) Spontaneous  ΔGθ –ve          (1)

  ΔHθ +ve  or endothermic, therefore drop in temperature   (1)   2
 
 c) ΔG = ΔH – TΔS ➟ ΔS = (ΔH – ΔG)/T = (–92 – (–95))/298  (1)

   = 10 J K–1 mol–1            (1) 2
                 (5)

Q3. a) C8H18  →  C8H10  +  4H2        (1)

  ΔS = ΣSp – ΣSr = (352 + 4(131)) – 463    (1)

   = 413 J K–1 mol–1       (1)   3

 b)  At this temperature  ΔG = 0

  T = ΔH/ΔS          (1)

   = 227/0.413         (1)

   = 550 K          (1)   3

 c) A small quantity of 2,3-dimethylhexane will form even if 
  K << 1.  Removal of 2,3-dimethylhexane in reaction B 
  disturbs the equilibrium in reaction A, promoting the forward reaction.  1
                 (7)
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Q4 a) ΔS = ΣSp – ΣSr = (136 + 188.7 + 2213.8) – 2(102.1) (1)

   = 334.1 J K–1 mol–1       (1)   2

 b) T = ΔH/ΔS          (1)

   = 129/0.3341         (1)

   = 386.1K          (1)   3

 c)

 Volume of  gas/cm3         labels    (1) 

           shape at correct point   (1)

           290     390     490 
         Temperature/K     2    (7)
 
Q5 a) –220·3 J K–1 mol–1      1

 b) ΔHo = –592 kJ mol–1      1

  ΔGo = ΔHo – TΔSo  
     

  ΔGo  = -592,000   - (298 x -220.3)   correct values used  1

   = –526·35 kJ mol–1 (–526 kJ mol–1)    1    (4)

Q6 a) At temperatures above 2250 K             1

 b) ZnO + H2 → Zn + H2O            1

 c) 1400 K  (above)             1

 d) Below A  solid + gas → solid
  Above A  liquid + gas → solid      (1)
  therefore there is a greater decrease in entropy, 
  i.e. ΔS –ve.          (1)

  (As gradient is –ΔS then an increase in gradient means 
  that ΔS is more –ve. )              2

 e) Although the reaction is feasible at room temperature it 
  does not occur in practice because the activation energy
  for the reaction is too high.  

 or  The rate of the reaction at room temperature is too slow 
  for the reaction to occur at a measurable rate.       1 (6)



CfE Advanced Higher Unit 1- Inorganic & Physical Chemistry

Reaction FeasibilityKHS Chemistry Sept 2015 page 33

Q7 a) T = 300 K → 310 K               1

 b) ΔH° = (+) 380 → 420 (kJ mol-1)          1

 c) Gradient of line = -1·3 (kJ K-1 mol-1) or

  ΔSº = 1.22 to 1.40 kJ K-1 mol-1          1

  ΔS° = (+) 1220 to 1400 (J K-1 mol-1)        1
                 (4)
 


