
TOPIC 5: Energetics
Background information

Energetics is the study of the energy changes that happen during chemical reactions.
Energy = the ability or capacity of a system to do work or transfer heat; unit is joule. 

Work = transfer of energy that occurs when a force moves a body through a distance, e.g. pushes back the 

             surrounding atmosphere; unit is joule.

Heat  = an energy transfer that is the result of a difference in energy between a system and its surroundings; 

             unit is joule.
Important terms: 

In energetics, we divide the universe into 2 parts.
· system = all the chemicals that are involved (reactants and products) in a chemical reaction  (=reaction mixture).
· surroundings = anything else in the universe which is not the reacting mixture, this includes the apparatus (e.g. test tube, thermometer), the experimenter, the medium in which the reaction goes on e.g. water, the universe.

Every chemical reaction involves a transfer of energy between the reacting system (reactants and products) and the surroundings the system is in; this transfer occurs until the temperature of the system and the surroundings is equal again.

This is the case because during any reaction the internal energy of the reactants (or system at the start) is either smaller or greater than the internal energy of the products (system at the end). Heat is a form of energy and this is usually the form in which energy is transferred.
After a chemical reaction the reacting system has either:

· more internal energy (in that case it must have taken energy from the surroundings) or

· less internal energy ( in that case it must have given energy to the surroundings) 
The internal energy of a system at any time is made up by:
	Kinetic energy (or thermal energy of the particles)

Refers to the energy a particle has because of its motion; it is the total of the vibrational, rotational and translational energy of all particles in the system: the atoms, molecules or ions as well as the electrons and nuclear particles.   The greater the freedom of movement of a particle, the more kinetic energy it has; a free atom or electron has a large amount of kinetic energy, Ek. 

	Potential energy: 

· The potential energy of a particle is the stored energy.  It is the energy it has by virtue of its position relative to other particles.  Some of the stored energy is stored in chemical bonds; other in the nucleus.

· Potential energy exists as a result of attractive or repulsive force acting on the particles within a system. For instance, an electron has potential energy as a result of its position in relation to a nearby positive nucleus which attracts it.  At the same time, the nucleus also has potential energy as a result of it being repelled by another nucleus of an atom in the same molecule.

· Potential energy also exists as the gravitational energy of the system.

· During a reaction, some of this potential energy (or chemical energy) that atoms and molecules have can be released as heat or work or light or sound or electrical energy. 


Measurement of internal energy

Internal energy cannot be easily measured.  However, we can measure the change in amount of internal energy of a system as a result of a chemical reaction; we can measure the amount that is transferred (released or absorbed), (E, between the system and the surroundings. 

Einitial = internal energy of the system before the reaction      Efinal  = internal energy of the system after the     

                                                                                                                reaction    
(E = the difference between the internal energy of the system at the end and that at the start of the   

          reaction:

                                               (E   =   Efinal     -    Einitial
Stability and energetics

The more potential energy a system has, the less energetically stable it is!!  For instance, snow at the top of a mountain has more potential energy and is therefore less stable and more likely to be converted in more kinetic energy when it slides down than the snow in a valley.  The snow in a valley is more stable as it has less potential energy.

As a result, within our study, we will also be concerned with how the stability of one system compares with the stability of another system or how the stability of a system changes during a chemical reaction.  

An example to explain the above postulate:

 
C  +  ½O2


                       +  ½O2
                                                                 CO

                      - 393 kJ

                                                              +  ½O2

                                                               - 283 kJ

                                            CO2

The above sample shows that carbon dioxide is more stable than carbon monoxide as it has a lower potential energy content which is why the formation of carbon dioxide (which is what happens in sufficient oxygen) is favoured as opposed to the formation of carbon monoxide.  

Systems with a high potential energy are less stable and more likely to undergo changes by converting potential energy into kinetic energy that can do work on the surroundings or heat up the surroundings. 

First Law of Thermodynamics: total energy is preserved in chemical reactions.
When studying energy changes, we must always accept the First Law of Thermodynamics that states that energy may be exchanged between a system and its surroundings but the total energy of the system and its surroundings (= the Universe) stays the same. Total energy is conserved.
5. 1.  EXOTHERMIC AND ENDOTHERMIC REACTIONS

E.I.: The enthalpy changes from chemical reactions can be calculated from their effect on the temperature of their surroundings.
Nature of science: Fundamental principle—conservation of energy is a fundamental principle of science. (2.6)

Making careful observations—measurable energy transfers between systems and surroundings. (3.1)
	Understandings
· 5.1 U1 Heat is a form of energy.

· 5.1 U2 Temperature is a measure of the average kinetic energy of the particles.

· 5.1 U3 Total energy is conserved in chemical reactions.

· 5.1 U4 Chemical reactions that involve transfer of heat between the system and the surroundings are described as endothermic or exothermic.

· 5.1 U5 The enthalpy change (ΔH) for chemical reactions is indicated in kJ mol-1.

· 5.1 U6 ΔH values are usually expressed under standard conditions, given by ΔH°, including standard states.

	Applications and skills

· 5.1 AS1 Calculation of the heat change when the temperature of a pure substance is changed using 
𝑞 =𝑚Δ𝑇.

· 5.1 AS2 A calorimetry experiment for an enthalpy of reaction should be covered and the results evaluated.


Enthalpy and enthalpy change

The energy changes during chemical reactions we are interested in are the changes in the potential energy of the system as they are the result of changes in chemical bonding in the system as a result of the reaction. 

If we only want to measure the changes in potential energy which accompany a chemical reaction, we need to:

· Eliminate the kinetic energy changes.  We do this by considering both reactants and products at the same level of kinetic energy i.e. the same temperature.  This works because temperature is a measure of the average amount of kinetic energy of the atoms, molecules or ions in a system. 
· Ensure that no energy is transferred as work; this means that there should be no volume change of the system during the reaction and no change in atmospheric pressure acting on the system. In reactions where there is no volume change and which are carried out at constant atmospheric pressure, potential energy is always released or absorbed as heat only which we can easily measure unlike work.

In the conditions described above, we call a heat transfer or heat change an enthalpy change, or (H.  

Enthalpy change is the change in the heat content (or enthalpy) of a system during a reaction carried out at constant pressure (e.g. in the lab, no volume change caused by change in pressure)(or if a gas is produced it should be carried out in a bomb calorimeter in which the outside pressure does not have an impact and so no work is done by the system), with the reactants and products at the same temperature. 
If there is to be a change in enthalpy, then there must be an enthalpy. 
Enthalpy  (H) = is the heat content of a system. It is the total amount of potential energy in the bonds and intermolecular forces of the substances in the system.  The absolute enthalpy content, H, just like internal energy, cannot be measured as stated earlier.

Enthalpy change, (H, can be also expressed mathematically:

	(H =  (enthalpy of the system at the end of the process) - (enthalpy of system at the start)



	                     or
	(H =   Hproducts   -      Hreactants


Using enthalpy change to distinguish between endothermic and exothermic reaction

Whether a reaction is endothermic or exothermic depends on the sign of (H.

· if using the above expressions, (H = negative:  the reaction is exothermic; the heat content or enthalpy of the system has decreased; the final state (products) is more stable as it has a lower energy content; the lower the enthalpy content the more stable so energy (which was stored in reactants as potential energy)  must have been released so that the system went to a more stable level.  The system has a lower H value; the temperature of the surroundings (e.g. water) increases as it receives the released energy as kinetic energy.  Energy must be released in going to a more stable system. The products are energetically more stable.  Neutralization and combustion reactions are exothermic - a temperature increase in the surroundings is observed.
· if (H = positive: the reaction is endothermic;  the products are less stable relative to the reactants; kinetic energy will have been removed from the surroundings (and converted into potential energy in the system) which why it has a lower temperature than the system.  The products are energetically less stable.  A temperature decrease in the surroundings is observed.
When considering the sign you should always consider it from the system’s point of view.  A negative sign indicates the system’s energy has decreased; the reaction was exothermic. 

Standard enthalpy change: a few rules!!!!

There is a need to always measure, calculate or state (H in the same conditions so we can:

· compare meaningfully the difference in enthalpy between reactants and products as a result of the difference in potential energy; this means that if products are at a higher temperature than the reactants they need to be cooled down (or vice versa).  By doing so they heat up the surroundings which is the rise that we measure (e.g. occurs during combustion);

· compare enthalpy changes of different reactions; enthalpy changes are measured and calculated for the same conditions as enthalpy changes with pressure, temperature, concentration and the state of the reactants and products. 
	These same conditions we use are:


	· 298 K

· 1 atmosphere pressure (101 kPa)

· 1 mol dm-3 for solutions


· We refer to these conditions as the standard conditions and we indicate this by using the symbol (; so 
      (H ( means that the enthalpy change has been measured in the standard conditions stated above.

· The best way of showing the (H( of a reaction is by writing a balanced chemical equation with the (H( written alongside it – a thermochemical equation.  You have to make sure you include the state symbols as different states have different enthalpy changes. 
Example:      S (s)  +  1 ½ O2  (g)   ((  SO3  (g)     (Hθ = -395 kJ mol-1
· As the amount of enthalpy change is directly proportional to the quantities of materials used, enthalpies changes are usually expressed per mole (=molar enthalpy) with reference to the substance that has reacted or is in excess.

Why does (and must) the potential energy of a system change during a chemical reaction? 

In any chemical reaction particles are re-arranged and this can only be done if existing bonds are broken and new ones are made. 

The following idea is important:

	breaking of chemical bonds needs energy/is an endothermic process 
making new bonds releases energy/is an exothermic process (kinetic energy is lost)


A chemical reaction results in a change in enthalpy because during any chemical reaction old bonds are broken and new bonds of different strengths are being made.  

When we change the bonds within a system, we are changing the way atoms and electrons interact with each other, we change the way in which they are attracted and repelled to each other. This is why each bond has its own strength and energy content because it involves different forces of attraction and repulsion.  
The energy content of each bond is part of the total heat content of the system so as a result we must also be changing the energy content of the system.

Whether a reaction is endothermic or exothermic now depends on how the amounts of energy needed for the breaking of bonds and the amount released for the making of new bonds compare:

Exothermic reaction:  

	Energy needed for breaking old bonds      (       energy released when new bonds are made.


More energy is released than needed.  This excess energy goes to the surroundings. This happens because the bonds within the reactant particles are weaker (at a higher energy level i.e. at a less negative potential energy level) than the bonds within the products.  Less energy is needed to make free atoms or ions than what is released making the new bonds (=new attractions between these atoms or ions);

Endothermic reaction: 

	Energy needed for breaking old bonds     (       energy released when new bonds are made.


The difference in energy that the system needs is absorbed from the surroundings. The bonds within the reactant particles were stronger than those within the products.

The heat exchanged during a chemical reaction can be calculated using 𝑞 =𝑚cΔT

The above expression can be used when the reaction changes the temperature of a pure substance.
	amount of heat transferred (q) =  mass (m)    x      specific heat capacity (c)  x   (T (in Kelvin) 


(T (in Kelvin) in the above expression = the difference between the highest (or lowest) temperature and room temperature.

Experimental procedures: how can we obtain (T (in Kelvin)?

1. Coffee-cup calorimeter: Used for reactions in aqueous solutions, for example copper sulphate and ammonium chloride reactions (constant pressure); heat evolved/absorbed is used to raise/lower the temperature of the calorimeter which is the cup, the aqueous solution, the lid, the thermometer. For our calculations, we only measure the heat transferred to the aqueous solution. 

2. Bomb calorimeter: used to measure the enthalpy change for reaction between a substance (e.g. foods and fuels) and oxygen i.e. combustion reactions; within the “bomb’ the system does not do any work as the volume remains constant!       

Problem in bomb calorimeters is the heat capacity of the bomb calorimeter itself.  To use the temperature rise of the water only to calculate the enthalpy change is inaccurate as some of the heat released is also used to heat up the calorimeter that would not be considered when calculating the enthalpy change.  

To solve this problem, the experiment is repeated with an electric heater connected to a joule meter.  The heater is switched on until it achieves the same temperature rise of the water.  The number of joules needed to achieve this (and the equivalent increase in temperature of the calorimeter) is read from the joule meter and used to calculate the enthalpy change.

Working out of (T from raw data
The graphical method used to work out the difference in temperature is shown below.  This method allows us to compensate for the heat loss to some degree.  Heat loss to the environment is the greatest at the start.
How?  A plot of temperature against time is drawn and by extrapolating the graph the temperature rise that would have taken place had the reaction been instantaneous can be calculated as shown below.  (image obtained from http://www.creative-chemistry.org.uk/alevel/module2/documents/N-ch2-11.pdf on 28 Feb 2010) 

[image: image1.emf]
The above graph has a positive slope up to point X followed by a negative slope.  The positive slope is caused by the system giving out energy at a faster rate than the rate at which the energy is transferred to the rest of the surroundings.  The negative slope shows the system is releasing energy at a rate lower than the rate at which the energy is transferred to the rest of the surroundings.

At point X, the rate at which energy given out by the reaction is the same as the rate at which energy is being transferred to rest of the surroundings.    

(T is found by extrapolating the curve to the time of mixing (=tm); by doing so we allow for heat loss and assume the heat loss is constant.

Data processing and evaluation:  
It is important to note the following when reading about enthalpies and looking at their values:

· The “standard enthalpy of reaction” refers to the heat change which occurs when a reaction happens according to its stoichiometric chemical equation i.e. involving the number moles as stated in the balanced equation, and is expressed in kJ.  So this could be for 0.025 moles, 1 mole or for 10 moles of reactant.

· If the standard enthalpy change is expressed in kJ mol-1 than the enthalpy change is referred to as the molar enthalpy of reaction as it indicates the amount of energy transferred per mole of either reactant (the limiting reagent!!!!) or product.  Some commonly used enthalpy changes are given special names and these are usually expressed in kJ mol-1 as they are for 1 mole. So look out for this.

      However, at all times the values should be for standard conditions if the term standard is used!!!

· In these calculations we use the specific heat capacity of pure substances, mostly water, but often our experiment involve aqueous solutions. These usually have a similar specific heat capacity to water but not equal. In addition, we also use the density of water to convert volume into a mass value, again the density of the aqueous solutions will be different.

· Most significant systematic errors are heat loss to the environment and calorimeter.
5.2  Hess’ Law 

E.I.: In chemical transformations energy can neither be created nor destroyed.
Nature of science: Hypotheses – based on the conservation of energy and atomic theory, scientists can test the hypothesis that if the same products are formed from the same initial reactants than the energy change should be the same regardless of the number of steps (2.4)
	Understandings
5.2 U1 The enthalpy change for a reaction that is carried out in a series of steps is equal to the sum of the enthalpy changes for the individual steps.

	Applications and skills

•   5.2 AS1 Application of Hess’s Law to calculate enthalpy changes.

•   5.2 AS2 Calculation of Δ𝐻 reactions using ΔHf° data.
•   5.2 AS3 Determination of the enthalpy change of a reaction that is the sum of multiple reactions with known  

     enthalpy changes.


For some reactions the enthalpy change of reaction cannot be measured directly using any type of calorimeter.  This can be because maybe the compound cannot be directly synthesised from its elements or the reaction is too difficult to carry out or to isolate e.g. carbon monoxide formation.

We can still find the enthalpy change but we need to calculate it using related enthalpy changes from reactions for which we have enthalpy values.  In these calculations we rely on the First Law of Thermodynamics which is what Hess did. 
Hess’s Law = If the reaction is the sum of two or more reactions, then (H for the overall reaction is the sum of the (H’s of the individual reactions. 

Another way of stating Hess’s Law is that the enthalpy change of chemical change of reactants A and B into X and Y is the same regardless of the reaction pathway provided the initial and final states are the same.

Hess’ Law can be applied in 3 ways:

1. Vertical addition of the individual equations for which the following rules need to be obeyed:

· substances on either side of the overall equation or sum are cancelled as this is the aim of the addition: all species that appear on both sides are eliminated so that they do not appear in the overall equation which might require changing some of the equations in the following way; 

· when reversing an equation you also need to reverse the enthalpy sign;

· when halving or doubling the coefficients you also need to half or double the enthalpy value;

· when dividing or multiplying your final equation; again do the same to the enthalpy value.

2. Drawing an energy cycle with the individual reactions; 
Example 1:  using enthalpies of formation, (H(f – more on this later
	(H(reaction

    reactants                                                                   products

  (H(f (reactants)                                                                              (H(f (products)

elements


       Example 2:  using enthalpies of combustion, (H(c 
	                                                          (H(reaction

    reactants                                                                  products


(H(c(reactants)                                                                     (H(c (products)

                                           combustion products




    When using these cycles, usually:

· the equation for which the enthalpy change is calculated usually goes on the top;

· all equations should be balanced;

· usually, the chemical alongside the arrows going up and down are the same and have the same coefficients; 

3. Using enthalpy diagrams:  from the energy cycles enthalpy diagrams can be drawn: 
                            C  +  ½O2


                                                         -110 kJ

                       +  ½O2
                                                                 CO

                      - 393 kJ

                                               + ½ O2       - 283 kJ

                                            CO2


The last two methods give a clear relationship between the equations used.  However, the drawing of cycles becomes very difficult when more than 2 equations are involved.  The vertical addition of equations is the best method although you could still be asked to draw enthalpy/energy cycle diagrams.
Exercises
	1. From the information below, calculate the enthalpy change, (H(, for the reaction 

                            S (s)  +   O2  (g)   ((   SO2  (g) 

               S (s)  +  3/2 O2  (g)   ((  SO3  (g)     θ                   (Hθ = -395 kJ

               SO2 (g)  +   ½O2  (g)   ((   SO3  (g)                       (Hθ = -98.3 kJ

	

	2. From the information below, calculate the enthalpy change, (H(, for the reaction 

                                   Fe2 O3 (s)  +  3CO  (g)   ((  2Fe (s)  +  3CO2  (g)  
               Fe2 O3 (s)  +  CO  (g)   ((  2FeO (s)  +  CO2  (g)                (Hθ = - 2.9 kJ

               Fe (s)  +  CO2  (g)   ((  FeO (s)  +  CO  (g)                         (Hθ = + 11.3 kJ

	

	3.  Sulfur dioxide, SO2, may be catalytically oxidised to sulfur trioxide, SO3, as shown in reaction I below.  
      I.   SO2 (g)  +   ½O2  (g) (  SO3  (g)                          (Hθ =
     II    S (s)  +  O2  (g) (  SO2  (g)                                  (Hθ = -298.2 kJ

    III    S (s)  +   1½O2  (g) (  SO3  (g)                            (Hθ = -399.4 kJ


	

	4. Given the data:  
                             2 H2S (g)  +   3 O2  (g) (( 2 SO2 (g)  +  2 H2O (l) (g)                    (Hθ = - 1124.6 kJ

                                    S (s)  +  O2  (g)   (( SO2  (g)                                              (Hθ = - 298.2 kJ

                                     H2 (g)  +   ½O2  (g) (( H2O (l)                                           (Hθ = - 266.9 kJ

     Calculate (H( in kJ for the reaction: H2 (g)  +   S (s) (( H2S (g)




Draw enthalpy cycles for all 4 questions. 
Standard enthalpy change of formation= (Hθf 

The standard enthalpy of formation =  the enthalpy change of the reaction in which one mole of a substance is formed from its elements with all chemicals in their standard states.  As it is molar it is in kJ mol-1.
Examples:

                     H2 (g)    +    ½ O2  (g)   ((         H2O (l)                      (Hθf  of water  =  - 285.8 kJ mol -1

                    ¼P4 (s)    +    1 ½ Cl2  (g)   ((        PCl3 (l)                 (Hθf of PCl3 =  - 319.7 kJ mol -1

The above 2 equations tell us that in both reactions the products, i.e. the compounds, are more stable than the reactants, i.e. the elements, as they are at a lower enthalpy level. 

Reference point: 

As the absolute enthalpies of chemicals cannot be measured and a reference point on the vertical axis of a energy level diagram is needed, it has been decided to give the absolute enthalpy content of an element in its standard state (which is their most stable state) the relative value of zero enthalpy. It is the standard against which the other enthalpies and energetic stability are measured. 

Standard enthalpy changes of formation of elements = zero!!
The standard enthalpy change of formation of elements in their standard states is zero as no formation reaction is needed.   The formation of an element from its elements is not considered a reaction as no new substance is formed so therefore it cannot have an enthalpy change. 

Examples of standard enthalpy changes of formation for some compounds – also table 12 in IB data booklet
	reaction
	   (Hθf in kJ mol -1

	Ca (s)  +  ½O2  (g) ((CaO (s)


	-635.5



	Na (s)  +  ½Cl2  (g) ((NaCl (s)


	-411.0



	C  (s)  +  O2  (g) (( CO2 (g)


	-393.5



	H2 (g)  +  ½O2  (g) ((H2O(l)


	-285.9



	H2 (g)  +  ½O2  (g) ((H2O(g)
	-241.8



	C (s)  +  3H2 (g)  +  ½O2  (g) (( C2H5OH (l)
	-277.7



	½H2 (g)  +  ½F2  (g) ((HF (g)


	-271.1



	8C (s)  +  4H2 (g) (( C8H8 (l)


	-224.4



	2H2 (g)  + N2  (g) (( N2H4 (l)


	+  50.6



	1 ½ H2 (g)  + ½N2  (g) (( NH3 (l)


	-  46.0


Using standard enthalpy changes of formation to find enthalpy change of reaction

In any reaction, the reactants and the products are made form the same elements in their standard states.


                     (H(reaction  =   ( (a (Hθf  (products))    -       ( (b (Hθf  (reactants))
The above mathematical expression means that to get the enthalpy change of a reaction simply add up the enthalpies of formation of the products (multiplied by their respective coefficients symbolised by a) and subtract from this the sum of the enthalpies of formation of the reactants (multiplied by their respective coefficients, b).  

The sum of the enthalpies changes of formation of the reactants is the energy released or absorbed when the reactants are decomposed; by subtracting this from the sum of the products we are reversing the sign of the individual enthalpies of formation of the reactants. This makes sense as during the decomposition of the reactants the formation reaction is reversed.  

	Worked example 1:  

Using enthalpies changes of formation, calculate the enthalpy change of combustion of benzene as shown by the equation below. (find the values in table 12 in your IB data booklet or in the table on the previous page in this handout)                                

                                          C6H6 (l)    +      7½O2 (g)  (((   6CO2 (g)    +    3H2O (l)

(Hθreaction  =   ((a (Hθf  (products))    -       ((b (Hθf  (reactants) ) 

                = [6 (Hθf (CO2 (g)) +  3(Hθf  (H2O (l))]  -  [7½ (Hθf  (O2 (g))  +  1(Hθf  (C6H6 (l)) ]
                = [6 mol (-393.5 kJ mol-1) + 3 mol (-285.8 kJ mol-1)]  -  [7½mol (+0 kJ mol-1) +1mol (+49 kJ mol-1)]

                = - 3267 kJ (it could be expressed as kJ mol-1 as it is for one mole of C6H6.


	

	Worked example 2:  Calculate the standard enthalpy for the combustion of 1 mole of propane.

                                         C3H8  (l)     +   5O2 (g)  (((   3 CO2 (g)    +    4H2O (l)
(Hr ( =   [3 (Hθf (CO2 (g)) +  4 (Hθf  (H2O (l))]  -  [5 (Hθf  (O2 (g))  +  1 (Hθf  (C3H8 (l)) ]

        =   [3 mol (-393.5 kJ mol-1) + 4 mol (-285.9 kJ mol-1)]  -  [ 5 mol (+0 kJ mol-1) + 1 mol (-105 kJ mol-1)]

        =   - 2324.1 kJ  -  (- 105 kJ )    =  - 2219.1 kJ (mol-1


We can also consider the above example 2 from the perspective of an enthalpy profile diagram. 

Enthalpy profile diagram

(energy in kJ mol-1)

                                                                             3C   (s)  +   4H 2 (g)   +   5 O2  (g)

            0   -


                                                               (Hθf (reactants) = - 105 kJ   = (H1
                     C3 H8  (g)   +   5 O2  (g)


                                                                                                                     (Hθf (products) = -2324.1 kJ =  (H2
                                                     (H(reaction = - 2219.1 kJ 

                                                                  3CO2  (g)     +     4H2O (g)  


(Hθreaction   =    (H2    -       (H1   =  (Hθf (products)  -  (Hθf (reactants)  =    - 2324.1 kJ  -  (- 105 kJ )    =  - 2219.1 kJ

We can also represent the above calculations using an enthalpy cycle

	C3 H8  (g)  +   5O2 (g)
	                  (Hreaction
	3CO2    (g)    +     4H2O (l)

	
                                  (H2
	
                             (H1


	
	    3C   (s)  +   4H 2 (g)   +  5O2 (g)
	

	(Hθreaction   =    (H1    -       (H2   =    -2324.1 kJ  -  (- 105 kJ )    =  - 2219.1 kJ


General enthalpy cycle

	                              reactants
	                  (Hreaction


	    products

	
 (H2  = enthalpies formation reactants
	
                        (H1  = enthalpies of formation products



	                           elements in standard states of both reactants and products

	(Hθreaction   =    (H1    -       (H2   = products - reactants


Exercises 
Use enthalpies changes of formation values in your IB data booklet table 12 and the table below to complete the following calculations using the expression on page 2.  No need to draw cycles and profile diagrams.

                                                                            (Hθf in kJ mol-1 for

	CH4 (g)
	-74.8
	
	NaHCO3 (s)
	-948

	O3 (g)
	+143
	
	Na2CO3 (s)
	-1131

	CO2 (g)
	-394
	
	N2O (g)
	+81.6

	H2O (l)
	-286
	
	SO2 (g)
	-296.9

	C6H6 (l
	+ 49
	
	H2O (g)
	- 242

	CaBr2 (s)
	-682.8
	
	Ca2+ (g)
	+1925.9

	Br-  (g)
	-233.9
	
	CuO (s)
	-157.3


1. Using standards heats or enthalpies of formation, calculate (H( in kJ for the reaction below

                    3CH4 (g)  +  4O3 (g)   ((    3CO2 (g)     +  6H2O (l) 

2.   The combustion of benzene may be written as

                   2C6H6 (l)  +  15O2 (g)   ((    12CO2 (g)     +  6H2O (l)

      Using (H(f calculate the standard enthalpy change of combustion for benzene, kJ mol-1. 

3.   Using the enthalpies of formation and the equation below, calculate (Hθf of hydrazine, N2H4 (l).

                        N2O (g)  +  3H2 (g)   ((   N2H4 (l)     +  H2O (l)            (H( = -317.0 kJ

4.   Given the following information    

                               2CH3OH (l) +  3O2 (g)   ((  2CO2 (g)  +  4H2O (l)         (Hθreaction = -1454.0 kJ

      calculate the standard enthalpy change of formation of methanol, CH3OH(l).

5.   Given the enthalpies of formation, what is the value of (H( in kJ for the reaction below?

                           CaBr2 (s)  ((  Ca2+ (g)  +  2Br-  (g)

6.  Given the thermochemical equation:       2Cu2O (s)  +  O2 (g)   ((    4CuO (s)             (Hθreaction = -292.0 kJ

     calculate (H(f in kJ mol-1 for Cu2O (s)

7.   Nitroglycerine  ((H(f (C3H5 (NO3 )3 ) = – 364 kJ mol-1 ) decomposes violently when it is detonated    

      according to the equation:

                   2C3H5 (NO3 )3  (l)    ((  ½O2 (g) +   6CO2 (g) + 3N2 (g)   +  5H2O (l) 

      What is the enthalpy change for the decomposition of 2 moles of nitroglycerine? 

8. Use the standard enthalpies of formation, calculate the enthalpy for the reaction

                    2NaHCO3  (s)    ((  Na2CO3 (s)  +  CO2 (g)   +  H2O (l) 

Using standard enthalpy of combustion to find enthalpy change of a reaction
(H(c   =  standard enthalpy change of combustion for 1 mole of the substance.

This is the amount of energy released when 1 mole of a substance is combusted in sufficient supply of oxygen in standard conditions. This method only works if all substances in the reaction can be combusted.

The equation below is the equation describing the standard enthalpy of formation of water but it is also the standard enthalpy of combustion of hydrogen!!

                                                         H2 (g)  +    ½ O2  (g)   ((    H2O (l)     (Hc( (H2(g))  =  - 285.8 kJ mol –1
The same relationship applies to carbon and carbon dioxide i.e. standard enthalpy of formation of carbon dioxide is equal to the standard enthalpy of combustion of carbon.

General enthalpy cycle

	                              reactants
	                  (Hreaction


	    products

	
 (H2  = enthalpies combustion reactants
	
                     (H1  = enthalpies of combustion products



	                           combustion products of both reactants and products



	(H(reaction   =    (a (H(2 (reactants)  -    (b (H(1  (products) 


Worked example:  Calculate the enthalpy change for hydrogenation of propene using enthalpy changes of combustion only. You will find enthalpy of combustions in your data booklet and propene = -2058 kJ mol-1. This only works if all species are flammable.
                                                         C3H6    (g)  +   H 2 (g)     ((  C3 H8  (g)

We can also represent the above calculations using an enthalpy cycle

	                      C3H6    (g)  +   H 2 (g)     


	                  (Hreaction
	C3 H8  (g)

	(H2

Enthalpies combustion C and H

                                             + 5 O2(g)
	
                           (H1  enthalpy combustion product

               + 5 O2  (g)



	
	            3CO2  (g)     +     4H2O (l)


	

	(Hhydrogenation   =  (H(c (reactants)  -  (H(c (product)  =    (-2058 + -286 kJ)  -  (- 2219 kJ )    =  - 125 kJ




Exercise

Calculate the enthalpy of hydrogenation of ethane first using enthalpies of formation and then using enthalpy of combustion.  In each case draw enthalpy cycles and add equations.  

Using enthalpy changes of combustion and enthalpy changes of formation in Hess Law

Worked example 1

Construct a simple enthalpy cycle and calculate the value of (Hθf (C2 H5OH(l)) given the following data:

	compound
	(Hθf in kJ mol-1
	(Hθcombustion in kJ mol-1

	H2O (l)
	-286
	

	CO2  (g)
	-394
	

	C2 H5OH (l)
	
	-1371


Answer:   The equation for the enthalpy of formation for ethanol is:

	2C   (s)  +   4H 2 (g)  +  ½ O2 (g)   ((  C2 H5OH  (l)



	        2C (s)  +   4H 2 (g)  +  ½ O2 (g)
	(Hθf


	C2 H5OH  (l)

	
                           (Hθf (CO2 and H20)

	
                         (Hθcombustion

	                                                                     2CO2  (g)     +     4H2O (l)

	(Hθf (C2H5OH )   =  (Hθf  -  (Hθcombustion=    - 1645 kJ  -  (- 1371 kJ )    =  - 274 kJ


5. 3.  Bond enthalpies 

E.I.: Energy is absorbed when bonds are broken and is released when bonds are formed.
Nature of science: Models and theories – measured energy changes can be explained based on the model of bonds formed. Since these explanations are based on a model, agreement with empirical data depends on the sophistication of the model and data obtained can be used to modify theories where appropriate (2.2).
	Understandings
· 5.3 U1 Bond forming releases energy and bond breaking requires energy.
· 5.3 U2 Average bond enthalpy is the energy needed to break one mol of a bond in a gaseous molecule averaged over similar compounds.

	Applications and skills

•   5.3 AS1 Calculation of the enthalpy change from known bond enthalpy values and comparison of these to  

    experimentally measured values.
•   5.3 AS2 Sketching and evaluation of potential energy profiles in determining whether reactants or products 

    are more stable and if the reaction is exothermic or endothermic.
•   5.3 AS3 Discussion of the bond strength in ozone relative to oxygen in its importance to the atmosphere.


Why does (and must) the potential energy of a system change during a chemical reaction? 

In any chemical reaction particles are re-arranged (to make new substances) and this can only be done if existing bonds are broken and new ones are made. 

The following idea is important:

	breaking of chemical bonds needs energy/is an endothermic process 
making new bonds releases energy/is an exothermic process 


When we change the bonds within a system, we are changing the way atoms and electrons interact with each other, we change the way in which they are attracted and repelled to each other. This is why each bond has its own strength and energy content because it involves different forces of attraction and repulsion.  

The energy content of each bond is part of the total heat content of the system so as a result we must also be changing the energy or heat content of the system.

Whether a reaction is endothermic or exothermic now depends on how the amounts of energy needed for the breaking of bonds and the amount released for the making of new bonds compare:

Exothermic reaction:  

	Energy needed for breaking old bonds      (       energy released when new bonds are made.


More energy is released than needed.  This excess energy goes to the surroundings. This happens because the bonds within the reactant particles are weaker than the bonds within the products.  Less energy is needed to make free atoms or ions than what is released making the new bonds (=new attractions between these atoms or ions).
Endothermic reaction: 

	Energy needed for breaking old bonds     (       energy released when new bonds are made.


The difference in energy that the system needs is absorbed from the surroundings. The bonds within the reactant particles are stronger than those within the products.

We now have another method that we can use to determine the enthalpy change of a reaction. For this we to know how much energy is needed to break the bonds in the reactant and how much energy is released making new bonds. It is then just a matter of:  
       (H =  amount of energy needed to break the bonds – amount of energy released when making bonds

We can find these amounts of energy by using values called bond enthalpies.  

	Bond enthalpy is the average amount of energy needed to break 1 mole of covalent bonds (=endothermic process) to give individual gaseous atoms from a gaseous molecule.  The average is obtained from the energy values from the same bond in similar compounds.


Bond enthalpy is always a positive value as breaking bonds is an endothermic process.

The equations below represents the bond enthalpy for a  H – Cl bond and a I – I bond, all species should be in the gaseous state:

· HCl (g)    ((   Cl (g)   +    H (g)    
· I2  (g)    ((   2I (g)    (I2 should be (g) and not (s)   
Applying the First Law of thermodynamics, bond enthalpy also refers to the amount of energy released when 1 mole of the same bond is formed.  

Which equation represents the bond enthalpy for the H-F bond?
A. HF (g)   (  H (g)  +  F (g) 

B. HF (g)   ((  ½ H2  (g) + ½ F2 (g)

C. HF (aq)   (  H+ (aq)  +  F- (aq) 

D. HF (g)   (  H+ (g)  +  F- (g) 

*It is important to appreciate that the bond enthalpy is an average value e.g. the bond enthalpy for C-H is the average bond enthalpy for all C-H bonds in any compound; it is the average of all bond dissociation enthalpies which refer to the specific bond energy of a bond in a specific compound.  

Evaluation of using bond enthalpies: 
· Average values: the actual amount of energy needed to break a particular bond in a particular compound depends on the surrounding atoms and differs in different compounds e.g. the amount of energy needed to break a C-H in an alkane molecule differs from the amount needed to break a C-H bond in an alcohol molecule. 
· Values are only valid in gases (see the definition): these values assume that no other forces such as intermolecular forces (which act on covalently bonded atoms in liquids and solids) have an effect on the energy transferred when making and breaking bonds.
Bond enthalpies can only be used in reactions involving molecular substances; they are an indication of the strength of the forces holding together atoms in a covalently bonded molecule.

Example 1:  Using bond enthalpies and Hess Law to calculate an enthalpy change of combustion of methane:

                                                                 (H1
                                                                 


      (H2  breaking bonds                                                                 (H3   making bonds

We can use the above energy cycle to work out enthalpy of combustion, (H(1, like this:

(H2 = enthalpy change when bonds are broken  =  4 x BE(C-H)  +  2 x BE(O=O)  =  + 2640 kJ mol-1 .

(H3 = enthalpy change when bonds are made    =  2 x BE(C=O)  +  4 x BE(H-O)  =  - 3338 kJ mol-1 .

Using Hess Law: (H(1  =   (H(2   +   (H(3                =  + 2640 kJ mol-1    -   3338 kJ mol-1  =  -698 kJ mol-1   

Example 2:  Using bond enthalpies to calculate same enthalpy change of combustion of methane.


        (H  of reaction =  ( bond enthalpies of reactants   -   (  bond enthalpies of products

(H  of reaction = (4 x BE(C-H)  +  2 x BE(O=O))  -   (2 x BE(C=O)  +  4 x BE(H-O))

                        =  [4 mol (413 kJ mol-1) + 2 mol (498 kJ mol-1)]  -[2 mol (746 kJ mol-1) + 4 mol (464kJ mol-1)]

                        =  2648 kJ   -  3348 kJ    =  - 700 kJ  

Bond enthalpy values are stated for 298K as they are different at other temperatures.  See table 10 in your data booklet.   The (H from example 1 is different from the (Hcombustion in example 2 as the calculation in example 2 uses average values; (Hcombustion  is the more accurate value as it is based on more experimental data.   

Check also that in both examples the ‘mol’ is cancelled.

Uses of bond enthalpy:

· comparing covalent bond strengths between different elements;

· understanding structure and bonding e.g. benzene (see later) and resonance structures (HL);

· estimating heat of reactions e.g. see example above involving methane.

Significance on bond strength: dissociation of ozone
Because of the delocalization or resonance in the ozone molecule, the bond enthalpy of the oxygen-oxygen bond (1 ½ bond) in the ozone molecule is less than the bond enthalpy of the oxygen-oxygen bond on an oxygen molecule.

O3   +  uv    ((  O2   +     O(         (Hθ = -399 kJ mol-1
O2   +  uv    ((  O(    +     O(        (Hθ = -498 kJ  mol-1
It is this lower bond enthalpy in the ozone molecule that allows ozone to absorb harmful ultraviolet radiation that results in its dissociation into molecular oxygen and a free oxygen atom. 

Harmful ultraviolet radiation transfers insufficient energy to break the oxygen-oxygen double bond in an oxygen molecule. The UV radiation that can break the oxygen-oxygen double bond is of a higher frequency but this radiation rarely reaches the Earth’s surface.
point X





CO2  (g)  +  2H2O (g)





CH4  (g)  +  2O2  (g)





C(g)  +  4H (g) + 4O (g)
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