CHAPTER 6 – THERMOCHEMISTRY 

Learning goals:

· Learn that energy cannot be created nor destroyed, but can be transformed from one form to another; the total energy of the universe is constant.

· The First Law of Thermodynamics is expressed as: E = q + w;

· Calculate heat lost or gained by a substance using the equation, q = m.s.t;

· When a substance undergoes a change of state, heat is either absorbed or released;

· Know which of the physical processes (melting, freezing, vaporization, condensation, sublimation, and deposition) are exothermic and which are endothermic. 

· What is molar enthalpy of fusion (Hfus) and molar enthalpy of vaporization (Hvap)?

· What is a state function and what functions is state function? 

· What is the definition of standard enthalpy of formation of a substance (Hf);

· Using the Hess’s law of heat summation in thermo chemical calculations



Horxn =  Hof(products) - Hof(reactants)

Thermochemistry – the branch of thermodynamics that studies heat exchanges during chemical  reactions. 

6.1  The Nature of Energy

Energy is defined as the capacity to do work or to produce heat. This chapter focuses specifically on the production or absorption of heat that accompanies chemical reactions.

The law of the conservation of energy states that energy cannot be created nor destroyed, but it may be converted from one form to another. The total energy of the universe is constant. Energy can be classified as either potential or kinetic energy. 

Potential energy is energy of an object associated with its position in a force field (attraction and repulsion) or its chemical composition. For example, water on top of a waterfall has a higher potential energy compared to the one at sea level, because the one on the top of a waterfall (or mountain) is located farther away from the center of gravity. As this water cascades down the mountain, its potential energy decreases, but the kinetic energy increases as it falls with an increasing speed. If a dam is built across the waterfall some of the kinetic energy could be trapped to drive a turbine that eventually produces electricity. 

Chemical energy, which is the energy stored in the chemical bonds, is also a form of potential energy because it is associated with the attractive forces within the molecules. Similarly, nuclear energy is also a form of potential energy because it is associated with attractive force between the nuclear particles. 

The kinetic energy of an object is due to the motion of the object, which depends on the mass and velocity (speed) of the object: K.E. = ½mv2. As an object moves at a certain speed on a surface, the motion also creates a friction on the surface, and this frictional force causes the surface to heat up and the process is called frictional heating. Thus, part of the kinetic energy of the moving object is converted to heat and warms the surface through which the motion takes place. 

Heat is a form of energy that can flow between two objects having different temperature. Work is also a form of energy - it is defined as force acting over a distance. In a given process, if E signifies the internal energy of a system at a certain temperature, the total energy change (E) of the system is independent of the path or the manner the process occurs. However, the amount of heat transferred and work done on or by the system depends on how this process occurs.


The property of a system that depends only on its present state, and not on how it arrives at that state, is called a state function or state property. Thus, the change of the state function (property)  depends only on the initial and final states of the system, but not on the pathway the change occurs. The internal energy (E) and the change (E) of a system are state functions, whereas heat and work are not.

Energy Units 


A calorie (cal) is defined as the quantity of heat required raising the temperature of one gram of pure water by one degree Celsius.  The SI unit of energy is Joule (J), where 1 J = 1 kg.m2/s2, and 1 cal = 4.184 J.

Heat, Internal Energy, and Work

In the thermodynamic world, the universe is divided into two major components: the system and the surroundings. The system is the part of universe that is being studied and  the surroundings are everything else in the universe that is outside the system. For example, in a chemical reaction, the reactants and products are the system. While the surroundings consist of the reaction vessel and the solution in the vessel, the surrounding air in the reaction area, and everything else other than the reactants or products.


Most reactions are accompanied by energy changes - heat is either released (in exothermic reactions) or absorbed (in endothermic reactions). This is because reactants and products usually have different potential energy. In an exothermic reaction, the potential (chemical) energy of the system decreases and the excess energy flows into the surroundings. Whereas, in an endothermic reaction, the system absorbs energy from the surrounding and its potential energy increases. In either case, the energy of the universe remains constant – the law of conservation of energy or the First Law of Thermodynamics.  According to the first law of thermodynamics, the change in the internal energy (E) of the system can be represented by the expression:




E = q + W
where q is heat absorbed or given off, and w represents work done on or  by the system.


Thermodynamic quantities, such as E, q, and w, are always presented with a plus “+” or minus “-“ sign in front of the numerical values. This “sign” indicates the direction that heat flows with respect to the system: a plus (+) sign implies that heat flows into the system, while a minus (-) sign implies heat flows out of the system. Thus:

· E < 0 (a negative value) ( the internal energy of the system decreases;

· E > 0 (a positive value) ( the internal energy of the system increases;

· q > 0 (a positive value) ( heat flows into the system (from the surroundings);

· q < 0 (a negative value) ( heat flows out of the system (into the surroundings);

· W < 0 (a negative value) ( work is done by the system (and on the surrounding)

· W > 0 (a positive value) ( work is done on the system (by the surrounding)

Work due to Gas Expansion and Compression

A common type of work that accompanies a chemical process is the work associated with the expansion or compression of gaseous substances.


Work = Force x distance = F x h;
   (Force = Pressure x Area =  P x A);


Work = Pressure x Area x h = P x A x h;
(A x h = V)


Work = PV  

( work associated with a gas expansion or compression against a constant pressure.

[Note that, when a gas expands, V is a positive quantity (volume increases) and work is done by the system on the surrounding. Since work flows out of the system, w is given a negative (-) sign. Therefore, V and w must have opposite signs, that is,



W = -PV  
When a gas is compressed, V is a negative quantity (volume decreases), which makes W a positive quantity (work is done on the system).

Exercise-1:
1.
A system absorbs 15.6 kJ of heat and 1.4 kJ of work is also done on the system. What is the internal energy change (E) of the system?

2.
A gas absorbs 1.0 kJ of heat and expands against an external pressure of 2.0 atm. If its volume increases by 2.3 L, what is the change in internal energy (E) of the system?  

(1 L.atm = 101.3 J). 

___________________________________________________________________________

Heat and Temperature

· Heat is also called thermal energy - a form of energy that can flow from one body to another when there are differences in temperature. 

· Heat flows from a hotter body to a colder one; heat flows until both objects come to an equilibrium temperature; the amount of energy lost by one object is equal to that gained by the other object.  

· 
qgained = - qlost
· This is the implication of the law of conservation of energy, that the total energy of the universe is constant.

· Temperature measures the degree of hotness of an object; it measures the relative average molecular kinetic energy of the substance.  

Heat Gained or Lost:

For a substance of mass m and specific heat s, when it undergoes a temperature change of t, the amount of heat gained or lost is given by the expression: q = m.s.t;

Specific heat (or specific heat capacity), S, is the quantity of heat that is required to raise the temperature of a gram of a substance by one degree in the Celsius or Kelvin scales.  The unit for specific heat is  cal/g.oC or J/(g . K)

The specific heat of a substance is determined with a calorimeter.  For metals that do not react with water, their specific heats are determined by measuring the amount of heat transferred when the hot metal of known mass is added to a sample of water in a calorimeter. From the amount of water used, the specific heat of water, and the temperature change of the water (in Celsius or Kelvin), the total heat gained by water can be calculated:



qwater = (mwater)(swater)(Twater)

Since heat gained by water is the same as heat lost by the metal: qmetal = - qwater 

The specific heat of metal can be calculated:  smetal =  qmetal/(mmetal x Tmetal);

Heat capacity is defined as the quantity of heat required to raise the temperature of a given quantity of the substance by one degree Kelvin; 

Heat capacity = mass x specific heat; Ch = m x s,   and
 q = ChT;

Exercise-2:

1.
How much heat (in kJ) is needed to raise the temperature of 10.0 gallons of water from 20.0 oC to 55.0 oC?  (Assume 1 gall = 3.78 kg) 

2.
A 55.0-g piece of metal was heated in boiling water to 99.8 oC and then added to 42.0 g of water in a Styrofoam cup calorimeter. The initial temperature of water and calorimeter was 21.0 oC and the final temperature of water calorimeter, and metal was 30.4 oC.  If the specific heat of water is 4.184 J/(g.oC) and heat capacity of calorimeter is 7.0 J/oC, calculate the specific heat of the metal.

3.
When 50.0 grams of iron at 150 oC is added to 50.0 g of water at 20 oC, what is the final temperature of iron and water if the specific heat of iron is 0.450 J/(g.K)? The specific heat of water is 4.184 J/(g.K).

__________________________________________________________________________

6.2  Enthalpy and Calorimetry
Chemical Energy

Chemical reactions are either exothermic (produce heat) or endothermic (absorb heat). The combustion of methane gas is an example of exothermic reaction:



CH4(g)  +  2 O2(g)  (  CO2(g) + 2 H2O(g)  +  energy (802 kJ)

The formation of nitrogen monoxide (NO) from nitrogen and oxygen is an endothermic reaction:



N2(g) +  O2(g) + energy (180 kJ)  (  2 NO(g) 

How much heat is produced or absorbed in a reaction will depend on the difference between the potential energy of the reactants and products. 

Enthalpy

Enthalpy is heat of reaction measured at constant pressure. Like internal energy (E), enthalpy (H) is a state function. The enthalpy value (H) depends only on the initial and final state and not on how the change occurs. 

Enthalpy, H, is defined as 
H = E + PV;

and enthalpy change, H = E + PV + VP.

If the process occurs at constant pressure (P = 0), VP = 0, and 

 H = E + PV
From the expression of the first law of thermodynamics, if a process occurs at constant pressure,  

E = qp + W;
(  qp = E – W;

Since W = -PV, (  qp = E + PV;
   (  H = qp.

Thus, for a process at constant pressure, the enthalpy change (H) for system is equal to the energy flow as heat. Thus, for a reaction studied under constant pressure, the quantity of heat produced or absorbed by the system (the reaction) is the enthalpy change for the reaction. 

For a process at constant volume, V = 0,  W =  -PV = 0, and  E = q.  That is, E is the energy change for a process occurring at constant volume. 

Exercise-3:

1.
For the reaction:  CH4(g)  +  2 O2(g)  (  CO2(g)  +  2 H2O(l);

Ho = -891 kJ.

Calculate H for a reaction in which 4.50 g of CH4 is burned at constant pressure.

2.
If the amount of heat produced from burning carbon is 393.5 kJ/mol carbon, how many grams of carbon must be burned to provide enough heat to raise the temperature of  3.17 gallon of water from 21 oC to 45 oC? 

(density of water = 1.00 g/mL; specific heat = 4.184 J/g.oC; 1 gall = 3.7854 L) 

___________________________________________________________________________ 

Calorimetry

A calorimeter is a devise used for determining the heat of reaction. The simple “Styrofoam coffee-cup calorimeter” is often used in laboratories to measure the heat of reaction in aqueous solution, which occurs at constant pressure. This type of calorimeter measures the enthalpy change (H) of a reaction. The heat produced by the reaction is absorbed by the solution (the reaction’s surrounding), which can be calculated from the mass, its specific heat, and the temperature change of the solution using the expression: qsoln = m x s x t
For example, suppose we mix 50.0 mL of 1.0 M HCl and 50.0 mL of 1.0 M NaOH in a coffee-cup calorimeter and both solution were initially at 22.0 oC. After mixing, the temperature of the solution rises to 29.0 oC. Assuming the density of the solution as 1.0 g/mL and the specific heat of the solution as 4.02 J/g.oC, the amount of heat absorbed by the solution is calculated as follows:


qsoln =  100.0 g x (4.02 J/g.oC) x 7.0 oC  =  2814 J = 2.8 x 103 J 

If the heat capacity of the calorimeter is known, let say Ccal = 10.J/oC, we can also calculate the heat absorbed by the calorimeter, which is,


qcal = (10. J/oC) x 7.0 oC = 70. J

The total heat produced by the reaction (qrxn) is equal to the sum of the above heat absorbed by the solution and calorimeter:


qrxn = -(qsoln + qcal)  = -(2814 J + 70 J) = -2884 J = -2.9 kJ

The reaction is:  HCl(aq) + NaOH(aq) (  H2O(l) + NaCl(aq),

and the ionic equation is:
H+(aq)  +  OH-(aq)  (  H2O(l)
The number of mole of H+ reacted = 0.0500 L x 1.0 mol/L  = 0.0500 mol

That is, 2.9 kJ of heat is produced when 0.0500 mol H+ ions is reacted. The molar enthalpy for the reaction is -2.9 kJ/(0.0500 mol)  = -58 kJ/mol

A "bomb-calorimeter" is a type of calorimeter used to measure the amount of heat produced in a combustion reaction. It measures the heat of reaction carried out at constant volume. The amount of heat produced is calculated by measuring the heat absorbed by the calorimeter, which is


     qcomb. = - qcal;
  and  qcal. = Ccal x t;  (Ccal = heat capacity of the calorimeter)

Exercise-4:
1.
0.255 g of magnesium strip is added to 100.0 mL of 1.00 M HCl at 22.0 oC in a coffee-cup calorimeter. When the reaction is completed, the temperature of the solution is found to increase to 33.7 oC. Assuming that the density of the solution is 1.00 g/mL and its specific heat is 4.02 J/g.oC, and the heat capacity of the calorimeter is 12 J/oC. (a) Calculate the total quantity of heat absorbed by the solution and calorimeter, respectively. (b) Calculate the enthalpy change (Hrxn) for the reaction: 





  Mg(s)  +  2 HCl(aq)  (  MgCl2(aq) + H2(g)
2.
Burning 1.00 g of sucrose (C12H22O11) is found to raise the temperature of the calorimeter by 2.35 oC. If the overall heat capacity of the calorimeter is 7.12 kJ/oC, calculate the molar enthalpy of combustion for sucrose.




C12H22O11(s)  +  12 O2(g)  (  12CO2(g)  +  11H2O(g) 

___________________________________________________________________________

6.3  Hess’s Law
Since enthalpy is a state function, the change in enthalpy in going from some initial state to some final state is independent of the pathway. Hess’s law state that the change in enthalpy (H) in going from a particular set of reactants to a particular set of products is the same regardless of the number of steps the reactions take.

For example, when nitrogen gas is completely burned to NO2, Ho = 68 kJ/mol nitrogen.


1.
N2(g)  +  2 O2(g)  (  2 NO2(g);

Ho(1) = 68 kJ

If nitrogen is converted to NO and the nitrogen monoxide is then converted to NO2, the total amount of heat absorbed is also equal to 68 kJ:


2.
N2(g)  +  O2(g)  (  2NO(g);

Ho(2) = 180 kJ


3.
2NO(g) + O2(g)  (  2NO2(g);

Ho(3) = -112 kJ

————————————————————————————————————

Net reaction:
 N2(g)  +  2 O2(g)  (  2 NO2(g);
Honet = Ho(2) + Ho(3) = 68 kJ

————————————————————————————————————————————

Thus, if reaction(1) + reaction(2) = reaction(3), then H(1) + H(2) = H(3); where H(1), H(2) and H(3) are enthalpy changes for reaction(1), reaction(2), and reaction(3), respectively.

According to the Hess’s law, if two or more reactions can be combined to produce an overall reaction, then the enthalpy of the overall reaction is equal to the sum of the enthalpy of individual reactions.

Hess’s law can be used to calculate the enthalpy of a particular reaction in a series of reactions for which the enthalpy of the net reaction and those of the other reactions in the series are known. Hess’s Law is useful for calculating the enthalpy of reactions, which cannot be measured directly. For instance, the enthalpy of formation of carbon monoxide, CO, cannot be obtained experimentally because when carbon is burned in a limited oxygen supply, the product will always be a mixture of CO and CO2. On the other hand, the enthalpy for the complete combustion of carbon to CO2 and for the reaction to convert CO to CO2 can be experimentally measured with a bomb-calorimeter. For example:


1.
C(s)   +  O2(g)  (  CO2(g);

Ho(1) = -394 kJ


2.
CO(g)  +  ½ O2(g)  (  CO2(g);

Ho(2) = -283 kJ

If we subtract equation (1) with equation (2), we obtain equation(3) and its enthalpy change:


3.
C(s)  +   ½ O2(g)  (  CO(g);

Ho(3) = -111 kJ

Ho(3) = Ho(1) - Ho(2) = -394 kJ – (-283 kJ) = -111 kJ)

Note that:

1.
If the reaction is reverse, the sign of H is also reversed (“+” ( “-“; “-“ ( “+”)

2.
The magnitude of H is directly proportional to the quantity of reactants and products. If the coefficients in a balanced equation are multiplied by an integer, the numerical value of H is also multiplied by the same factor.

3.
In a given reaction, the quantity of heat produced or absorbed is proportional to the molar amount of the limiting reactant.

For example:
H2(g)  +  ½O2(g)  (  H2O(l);

Ho = -286 kJ



2 H2(g) +  O2(g)  (  2 H2O(l);

Ho = 2(-286 kJ) = -572 kJ



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

Ho = -394 kJ



2C(s) + 2 O2(g) (  2CO2(g);

Ho = 2(-394 kJ) = 788 kJ 

Exercise-5:

1.
The enthalpy changes for the combustion of ethane (C2H6), carbon, and hydrogen are given below:


(1)  C2H6(g)  +  7/2 O2(g)  (  2 CO2(g)  +  3 H2O(l);
Ho(1) = -1560 kJ


(2) 
C(s)  +  O2(g)  (  CO2(g);


Ho(2) = -394 kJ


(3)     H2(g) +  ½ O2(g)  (  H2O(l);


Ho(3) = -286 kJ

Calculate the enthalpy change for the formation of ethane (C2H6) according to the equation below:




2 C(s)  +  3 H2(g)  (  C2H6(g);

Hf = ?

2.
Calculate H for the synthesis of diborane (B2H6) from its elements, according to the equation:




    2B(s)  +  3 H2(g)  (  B2H6(g)

using the following data:


(1)  2B(s)  +  3/2 O2(g)  (  B2O3(s);


H(1) = -1273 kJ;


(2)  B2H6(g) + 3 O2(g)  ( B2O3(s) + 3H2O(g);

H(2) = -2035 kJ;


(3)   H2(g)  +  ½ O2(g)  (  H2O(g);


H(3) = -242 kJ

___________________________________________________________________________

6.4  Standard Enthalpies of Formation

H values are temperature and pressure dependent. It is necessary to specify both conditions when a table of enthalpy data is made.  The standard state of an element or a compound is the form in which the substance is most stable under standard condition, which is 1 atm and 25 oC.  For example, at 1 atm and 25 oC, the most stable form of oxygen is the gas containing diatomic molecules, O2, and for carbon is the solid graphite.


When a reaction occurs with all reactants and products in their standard states under standard conditions, the enthalpy change is known as the standard enthalpy change, Ho, where the superscript “o” indicates standard conditions.

The Standard enthalpy of formation (Hof) is defined as the change in enthalpy that accompanies the formation of one mole of a compound from its elements with all substances in their standard state in its standard state. For example,



H2(g)  +  ½ O2(g)  (  H2O(l);

Hof = -286 kJ/mol;



   C(s,gr) + O2(g) ( CO2(g);

Hof = -394 kJ/mol;

    2C(s,gr) + 2H2(g) + ½ O2(g) (  CH3OH(l);

Hof = -239 kJ/mol;

The following expression represents Hess’s law that applies to the calculation of enthalpy of a reaction when the standard enthalpy of formations of various reactants and products are known. 

     Horxn =  [npHof (products)] -  [nrHof (reactants)]

The enthalpy of formation of all pure elements in their standard state is assigned zero value. 

Exercise-6

1.
Use the standard enthalpies for formation for water, carbon dioxide gas and methanol to calculate the enthalpy change for the combustion of methanol according to the equation:




CH3OH(l) + 3/2 O2(g)  (  CO2(g)  +  2H2O(l);

Horxn = ?

2.
Given:  Hof[H2O(g)] = -242 kJ/mol,  Ho[CO2] = -394 kJ/mol,  Ho[CH4] = -75 kJ/mol, calculate the enthalpy change for the combustion of methane gas:




CH4(g)  +  2 O2(g)  (  CO2(g) + 2 H2O(g).

3.
Given the following enthalpy changes:



C3H8(g) + 5 O2(g) ( 3CO2(g) + 4H2O(l);
Horxn = -2.22 x 103 kJ;


  H2(g)  +  ½ O2(g)  (  H2O(l);

   
Hof = -286 kJ/mol;



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

   
Hof = -394 kJ/mol;


Calculate the molar enthalpy of formation for C3H8:




3C(s)  +  4H2(g)  (  C3H8(g)
_________________________________________________________________________

Enthalpy Changes of Ionic Reactions in Aqueous Solutions


In neutralization reaction:  H+(aq) + OH-(aq) ( H2O(l);  Hn = -56 kJ/mol H2O. 

In solution under standard condition (i.e., 1 M solution and at 25oC), Hof[H3O+(aq)] = 0;  

Then Hof[OH-(aq)] is calculated as follows:


Hf[OH-(aq)] =  Hn - Hf[H2O(l)] - Hf[H3O+(aq)] 


-56 kJ = -286 kJ - 0 - Hf[OH-(aq)] 


Hf[OH-(aq)] = -286 kJ – 0 + 56 kJ = -230.0 kJ/mol

Exercise-7:

1.
Given that Hof[BaSO4] = -1473 kJ/mol, Hof[Ba2+(aq)] = -537.6 kJ/mol, Hof[SO42-(aq)] = - 909.3 kJ/mol, calculate the enthalpy change for the following net ionic reaction for the formation of barium sulfate?




Ba2+(aq)  +  SO42-(aq)  (  BaSO4(s)
2.
Using the following enthalpies of reactions:



(1) Ca(s) + ½ O2(g) (  CaO(s);
Ho(1) = -635 kJ/mol;



(2) H2(g)  +  ½ O2(g) ( H2O(l);
Ho(2) = -286 kJ;



(3) CaO(s) + H2O(l) ( Ca(OH)2(s); 
Ho(3) = -66 kJ;

Calculate the enthalpy of formation (Ho) for Ca(OH)2(s) according to the following equation:




   Ca(s) + H2(g) + O2(g)  (  Ca(OH)2(s)
3.
Given: 
     (1)  Mg(s) + ½ O2(g) (  MgO(s);

Ho(1) = -602 kJ/mol;




      (2) H2(g)  + ½ O2(g) ( H2O(l);

Ho(2) = -286 kJ/mol;



  
(3) Mg(s) + H2(g) + O2(g) (  Mg(OH)2(s);  
Ho(3) = -925 kJ/mol;


Calculate the enthalpy change for the reaction:




MgO(s)  +  H2O(l)  (  Mg(OH)2(s);

Horxn = ?

___________________________________________________________________________

6.5   Global Energy Resources
· Biomass, mainly woods, is one of the major energy sources in many developing countries.

· Coal, once the major source of energy in U.S.A. and industrialized European nations.

· Petroleum and natural gas replace coal in the middle of this century as the major sources of energy for power plants and transportation.

· Hydroelectric power and nuclear energy are also used in some developed countries.  Geothermal and solar energy are used as secondary sources of energy.

· Hydrogen gas is most efficient and clean fuel, the source of hydrogen is plentiful, but the production of H2 gas is still quite costly. Electrolysis of water to produce hydrogen and oxygen gas consumes about 400 kJ/mol. Research is going on to develop a cheaper way to produce this gas from water. 

Energy produced by the Combustion of Fuel

—————————————————————

Substances

    Energy  (kJ/g fuel)

———————————————————
Hydrogen gas (H2)

 120

Natural gas (CH4)

  50

Gasoline 

 
  48

Crude petroleum
 
  43

Animal fat
 

  38

Coal
 


  29

Charcoal
 

  29

Paper
 


  20

Dry biomass
 

  16

Air-dried wood
 
  15

———————————————————
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