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Enthalpy Change:
I’ll probably die making this, but what the heck...  
Background Information:
Basic GCSE Recap: 
A chemical reaction either releases energy or absorbs energy.  This can be recognised by what type of reaction it is. 
An endothermic reaction will absorb energy however an exothermic reaction will release energy. 
If the reactants are at HIGHER energy than the products, the reactants will therefore LOSE energy to form products. This type of reaction is one where energy is RELEASED so the reaction is EXOTHERMIC. 
If the reactants are at LOWER energy than the products, the reactants will therefore GAIN energy to form products. This type of reaction is one where energy is ABSORBED so the reaction is ENDOTHERMIC
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Right now you don’t have to worry about what activation energy when you’re looking at enthalpy change. Activation energy is simply the energy required for a reaction to happen. 
  

Enthalpy Change ΔH:
The unit for ΔH is kJ per mol (kJ mol-1) which kind of tells us that ΔH refers to energy change per mole. 
If a reaction is ENDOTHERMIC, where there is a temperature INCREASE, ΔH (enthalpy change) is POSITIVE (+ΔH)
If a reaction is EXOTHERMIC, where there is a temperature DECREASE, ΔH (enthalpy change) is NEGATIVE (-ΔH)
Calorimetric Method – one way to calculate ΔH 
Calorimetry is a basic method to calculate ΔH.  You need to familiarise yourself with the method and calculation for this particular method. 
General Method: 
· Wash the equipment and then dry after washing. 
· Put the polystyrene cup in a beaker for insulation and support
· Clamp the thermometer into place making sure the thermometer bulb is immersed in liquid
· Measure the initial temperatures of the solution(s)
· Transfer reagents to the cup. 
· When solid reagents are used, add the solution to the cup first and then add the solid weighed out on a balance
· In combustion reactions, you’ll use a flame to burn the solid
· Stir the mixture 
· Measure the final temperature of the solution(s)
Errors in Calorimetry: 
You need to become aware of potential errors in calorimetry. Sometimes, they will differ dependent on the situation.
· Lack of Insulation (a massive one, generally you should include this ANY calorimetric method)
· Specific Heat Capacity (this will be classed as a problem in terms of accuracy)
· Incomplete Combustion (this will ONLY be applicable for reactions involving combustion)
· Evaporation of fuel (another heat loss problem)
You should be aware of at least 3 errors and the ones selected are pretty much the easiest of all to learns

Calculations: 
Q = m x cp x ΔT:
This particular reaction will calculate the energy change of a reaction.  NOT the enthalpy change!! I’ve explained the units and more jargon below 
Energy Change = Mass of Solution x Heat Capacity of Solution x Temperature Change
Q = m x cp x ΔT
Note that the mass of solution is used in the calculation NOT the mass of the solid. This value should be converted to grams 
Q refers to energy change. This value will ALWAYS be joules or kilojoules. You may be asked to convert the value from joules to kilojoules. This can be done by dividing the value by 1000. For example; 100000J/1000 = 100kJ.
cp refers to the specific heat capacity of solution. You’ll usually be given this value but if you’re not, you should assume that the value is 4.18 Jg-1K-1
 ΔT is the temperature change. You can calculate this by subtracting the final temperature from the initial temperature of solution. 
Molar Calculations:
Often you’ll be expected to calculate the number of moles in a reaction which you’ll use later alongside Q (energy change)
This will either be one of the following:
Moles = Mass/Mr
OR
Moles = concentration x volume
ΔH = q/n: 
Now, you need to calculate ΔH from using the previous two calculations. 
You use the calculation q/n where the energy change is divided by the number of moles in order to find the ΔH
An easy way to recall is that the units for ΔH is kJ mol-1 so the ΔH is therefore energy change per mole. 

Example: Calculate the enthalpy change of combustion for the reaction where 0.65g of propan-1-ol as completely combusted and used to heat up 150g of water from 20.1 to 45.5
Step 1: Calculate the energy change for the amount of reactants in the test tube. 
ΔT = 45.5 – 20.1 = 25.4
Q = m x cp x ΔT
Q = 150 x 4.18 x 25.4
You use the mass of the water in the calorimeter here not the mass of the mass of the alcohol
Q = 15925.8J
Step 2: Calculate the number of moles of the alcohol combusted
Moles of propan-1-ol = mass/Mr
Moles = 0.65/60 (you’ll need to calculate the Mr yourself)
Moles = 0.01083 mol
Step 3: Calculate the ΔH per mole.
ΔH = q/n
ΔH = 15925.8 /0.01083
= 1470073 J mol-1
= 1470000 kJ mol-1
= 14700 kJ mol-1 to 3sf
Remember to the correct sign, this reaction is EXOTHERMIC as the temperature RISES so the sign will be negative
= -14700 kJ mol-1 to 3sf





Hess’s Law:
= Pure evil 
Definitions: 
Before you begin, you NEED to learn the definitions of certain terms. I’ve tabularised these to help make it simple  
	Standard Enthalpy Change of Formation
	The enthalpy change when one mole of a substance is formed from its elements under their standard states under standard conditions 

	Standard Enthalpy Change of Combustion
	The enthalpy change when one mole of substance is completely combusted in oxygen under standard states under standard conditions

	Standard Enthalpy Change of Neutralisation
	The enthalpy change when one mole of water is produced from H+ and OH- ions under standard states under standard conditions

	Standard Enthalpy Change of Reaction
	The enthalpy change when the number of moles of reactants in a balanced equation react together under standard states under standard conditions



You may have recognised that standard states and standard conditions have been repeated quite often. 
Standard states refer to the physical state of the reactants and products at 298K (about 25oC)
Standard conditions refer to 298 K and 1atm (or 100kPa)







The Law: 
“The enthalpy charge for a reaction is independent to the route taken”
 (
Direct
 Route
) (
A         B
C
)According to the law;

 (
Indirect Route
)

You can go from A to B which would equal going from A to C to B so the direct route equals the indirect route 
Since the direct route = indirect route. 
If A to B (the direct route) = ΔHr
And A to C = ΔH1
And C to B = ΔH2
ΔHr = ΔH1 + ΔH2
According to the law, this is the rule. 












Enthalpy Change of Formation: 
This will drain your soul bit by bit. 
Now, before you begin, you need to understand the above concept, so if you don’t, read now or be doomed forever 
If you’ve read that and understand it all, ensure you can relate it to the following;
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Now, please don’t die. I know it looks bad but it isn’t as bad as you think though. 
Let’s begin by looking back at the definition; 
“The enthalpy change when one mole of a substance is formed from its elements under their standard states under standard conditions”
Here you are trying to form a substance from its constituent elements correct? 
Notice that in the bottom box, you have “ELEMENTS”. This is because you’re producing the product from the raw elements!
As both arrows go up, this cycle says that we can calculate ΔHr by reacting the elements to form the reactants and then calculating the ΔHf[reactants] and then reacting the elements to form the products this time, and calculating the ΔHf[products]. After having done so, you can add the two together to calculate ΔHr
So ΔHf[reactants] can be calculated by measuring the energy change when reacting the raw elements to form the reactants and ΔHf[products] can be calculated by measuring the energy change when reacting the raw elements to form the products (as weird as it sounds, it’s possible)
Now, you might question, why can’t you just calculate the ΔHr without this really lengthy procedure...  Well sometimes you can’t calculate it immediately because of the conditions. Sometimes, it might be due to the fact some of the reactants don’t react or the reactants form other products. 
Now you need to compare this particular cycle to the previous cycle. You may realise that the arrows are all in the correct directions except one...The arrow going from the elements to the reactants...I’ve explained why this is the case but how are we meant to calculate ΔHr now though? 
So you make the value ΔHf[reactants] negative to counter that problem
The equation is such;
ΔHr  - ΔHf[reactants] + ΔHf[products]
Typically you’ll be given the values for both ΔHf[reactants] and ΔHf[products] in the actual exam question so don’t fright. 
THE ONLY THING YOU REALLY NEED TO UNDERSTAND IS THE EQUATION 
Please don’t cry if you don’t understand still, just ensure that you’ve read it enough times to understand 













Enthalpy Change of Combustion: 
Another Hess’ cycle you need to learn, just one more 
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The Enthalpy Change of Combustion is pretty much the opposite of the Enthalpy Change of Formation. Like said previously, let’s recall the definition;
“The enthalpy change when one mole of substance is completely combusted in oxygen under standard states under standard conditions”
Unlike previously, here you are rather completing burning (or combusting) the substance to calculate the enthalpy change. 
Notice that it mentions “COMBUSTION PRODUCTS” rather than “ELEMENTS”. 
Now, this particular says that you can calculate ΔHr by calculating the ΔHcom[reactants] and the ΔHcom[products]. These individual values can be calculated by measuring the energy change when combusting the reactants and later when combusting the products. 
So, ΔHcom[reactants] can be calculated by combusting the reactants in oxygen and ΔHcom[products] can be calculated by combusting the products in oxygen. 
This explains why the arrows go down from the REACTANTS/PRODUCTS to the COMBUSTION PRODUCTS. 
Again, you might question why follow such a long length procedure to calculate a simple value? Well, again, the same answer applies. You can’t always calculate the ΔHr from a combustion reaction because of the conditions present. Sometimes you have problems like the reactants forming different products or it being too difficult to measure energy change in such a reaction

Like previously, you need to compare this particular Hess’ cycle to the first original cycle. You may realise that all the arrows are pretty much identical to the first one expect one...this time though, it’s the arrow which goes from the PRODUCTS to the COMBUSTION PRODUCTS. Like previously in the other cycle, we just make this value (i.e. ΔHcom[products]) negative so it becomes - ΔHcom[products].
The new equation therefore becomes;
ΔHr  ΔHcom[reactants] - ΔHcom[products]
Again, it’s very unlikely you’ll be expected to calculate these values in the actual exam (well...you might but it’s usually a simple calorimetric calculation, but that’s very rare though)  
THE ONLY THING YOU REALLY NEED TO UNDERSTAND IS THE EQUATION 
Again, just saying please don’t cry if you don’t understand still, just ensure that you’ve read it enough times to understand  
The Arrows...
This will probably save your life in the exam. A lot of students seem to get confused about what arrows go are inverted, (and I don’t blame you, I do too) however I’ve found a good way to remember what arrows are inverted (although it sounds really stupid.. )
“COMBUST YOUR POOP PROVIDES ENERGY. POOP GOES DOWN!”
“BUILDING BLOCKS GO UP SO FORMATION GOES UP”









Mean Bond Enthalpy: 
Now, this particular equation isn’t as difficult as the Hess’ Cycle equations...
Let’s begin off with the definition:
“The Enthalpy Change needed to break the covalent bond into gaseous atoms, averaged over different molecules”
Now, the mean bond enthalpy refers to breaking down molecules (hence only covalent bonds) into their gaseous atoms. Not any old compound, just molecules...
You might question why is “averaged over different molecules” though? You see every single bond in a compound has a slightly different bond energy. If you break down something like methane, you have four C-H bonds correct? Each of these will have different bond energy when being broken. Breaking down the first C-H bond might just be easier than breaking down the second C-H bond and so on and so forth.
So thus, we use an averaged value for the C-H bond for all hydrocarbons (of course, the bond energy of each C-H bond of each known hydrocarbons is probably measured and then averaged out)
Before we carry on and discuss the equation, you need to understand what the mean bond enthalpy of C-H is...
A common exam question asks what is the mean bond enthalpy of the C-H bond in methane, you need to memorise this particular equation...
¼ CH4(g)  C(g) + H(g) 
The above equations shows that the mean bond enthalpy for the C-H involving splitting ¼ of methane to form a carbon and a hydrogen atom. Reason as to why it is ¼ is because methane has 4 C-H bonds and so the mean is ¼ of 4 C-H bonds. 
If you don’t completely understand that, just memorise the equation 
Now, the calculation...
In general;
ΔH = – 
So it’s literally break – make 
So you add up all the bonds being broken (hence the sum) and then subtract them from the bonds being made. This value WILL ALWAYS pretty much be POSITIVE as energy is required to break bonds. 
THE END 
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