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Part 1: Energy Transfer/Loss

Purpose:  The purpose of this experiment is to deduce the efficiency of transferring the input of electrical energy to the output of energy in the form of heat.  We are trying to see how much energy is wasted while heating up a pot of water on a hot plate.  We also tested the effect of putting a lid on the pot of water.

Procedure:  
We began by plugging the “Kill A Watt” monitor into an electrical outlet, and selecting the units in “watts”. We then poured 500 cc of water into a pot, and then the pot with the water.  Then we placed the pot on the hot plate.  We recorded the room temperature and the temperature of the water and then began the experiment by plugging the hotplate into the “Kill A Watt and turning on the hotplate”.  We recorded the watts, temperature, and time every 30 seconds until the water temperature reached about 90 degrees Celsius, and then we turned the hot plate off, and weighed the pot with the water.  We then repeated this experiment except with a lid on the pot.

Results / Analysis:  
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[image: image2.emf]Power vs. Time (With Lid)
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We found that that efficiency was horrible.  

	Without Lid

	Total Watts

	14084

	Total Energy

	422520 cal

	Temperature Increase

	66 Celsius

	Energy Increase

	33000 cal

	Efficiency

	0.078102812

	Energy Lost

	389520 cal

	With Lid

	Total Watts

	17708

	Total Energy

	531240 cal

	Temperature Increase

	65 Celsius

	Energy Increase

	32500 cal

	Efficiency

	0.061177622

	Energy Lost

	498740 cal



What we found is that most of the energy that is consumed does not actually go into the heating of the water.  In this experiment there were 4 places where energy could go.  Into the water in the form of heat.  Into the pot and lid also in the form of heat.  Lastly once again as heat, into the air.  We also discovered misleading information.  According to our measurements and calculations, a pot without a lid is more efficient at heating water.  This is not true and proven by other experiments.  The reason for this error is very simple.  For the pot of water with the lid on it, we measured the temperature of the water using an infrared thermometer, and we did not take the lid off the pot, we just aimed through it.  This was a mistake because the temperature of the lid was mistakenly measured.  This error throws off our numbers, and therefore throws off our calculations.  We did find that a pot of boiling water without a lid looses more weight than a pot with a lid and this is attributed to the fact that a lid holds in the evaporating water.  


There are two differences between the pot with a lid and the pot without a lid.  The pot with the lid lost less weight than the pot without the lid, and this is because the lid held in the evaporating liquids.  The second difference is that the lid absorbed some of the energy, and required more energy to be used.  


We believe that decreasing the size of the heating element, and decreasing the size the pot can increase efficiencies.  This is because the more surface area a heating element has the more energy it can release into the air.  Decreasing the size of the pot will also increase efficiency because it will reduce surface area, and therefore reduce the amount of metal that the energy can be dispersed to.  More specifically reducing the height of the pot will decrease surface area most effectively.  
Part 2: Paper Chromatography

Objective:  To determine the flow rates of certain chemical substances while being transported by a diffusing solvent. 

Procedure:


We conducted the chromatography experiment using three different solvents; water, 2-propanol, and methanol.  For each experiment we conducted three trials each requiring one 4cm X 10cm strip of filter paper.  Therefore, using standard filter paper, we cut out nine rectangles each 4cm X 10cm.  At the top of each strip we wrote with pencil a keyword to identify our lab group as well as the solvent going to be used on that particular strip.  On the bottom of each strip we drew a horizontal line across the paper 1 cm from the bottom to serve as a standard guide for the starting point of each ink.  Using three different color pens; orange, black, and brown, we drew lines along that horizontal pencil line approximately 0.75cm in length.  We ran each pen over its color ink several times to ensure that there would be enough ink to diffuse up through the paper.  


As the ink dried, we drew another horizontal pencil line across each strip at 6 cm from the first pencil line, to mark the end point of the experiment.  Additionally, as the ink dried, we pour our three solvents into three separate flasks, filling each flask with about 1 cm of solvent.  After the ink was dry, and the solvents prepared, we took straightened paper clips, and folded a strip of filter paper around each one.  Each strip was folded just enough so that the bottom of the strip just touched the solvent solution when the paper clip was laid across the top of each flask.  The use of the wire allowed us to suspend each strip of filter paper above the solvent, allowing the solvent to diffuse up the strip, along with the different inks.  After a paper clip with a strip of filter paper folded across it was laid across a flask, we covered the flasks with a piece of film paper to minimize evaporation of our solvents.  After the solvent reached the pencil line towards the top of the page, we removed each strip, measured the height of the solvent, and the height of each of the three inks.  We conducted three trials with each of the three solvents, each time using a new strip.   

	Methanol
	
	
	
	
	
	

	
	Brown (cm)
	Flow Rate(D Ink/D Solvent)
	Black (cm)
	Flow Rate(D Ink/D Solvent)
	Orange (cm)
	Flow Rate (D Ink/ D Solvent)

	Trial 1
	5.2
	
	5.1
	
	4.8
	

	Trial 2
	5.5
	
	5.3
	
	5.2
	

	Trial 3
	5.5
	
	5.4
	
	5.3
	

	Avg
	5.4
	0.90
	5.3
	0.88
	5.1
	                   0.85

	Propanol
	
	
	
	
	
	

	
	Brown (cm)
	Flow Rate(D Ink/D Solvent)
	Black (cm)
	Flow Rate(D Ink/D Solvent)
	
	

	Trial 1
	3.2
	
	3.3
	
	3.2
	

	Trial 2
	4.3
	
	4.3
	
	4.2
	

	Trial 3
	4.2
	
	4.2
	
	4.1
	

	Avg
	3.9
	0.65
	3.9
	0.66
	3.8
	    0.64

	                                                                 Paper Chromatography

	Height of solvent = 6cm


Discussion/Analysis: In order for chromatography to work we need achieve different flow rates for each of the ink components. Thus, the concentrations of our substance (namely 2-propanol) in each solvent must be so that the components do not travel at the same rate and so that each chemical substance (or component) can be separated. Since we know the concentration of 2-propanol in each the methanol and propanol solvents and the relative flow rates of each of our chemical substances (or the different colored inks) we can estimate the methanol concentration in 2-propanol of the undesirable solvent, which gives us no separation between the substances of inks. After calculating we found that the methanol concentration in 2-propanol of this hypothetical and most undesirable solvent, for the sake of chromatography, is 68% with 32% 2-propanol in the solvent.

After placing the piece of absorbent paper in the developing tank the paper the solvent traveled up the surface of the paper. As it passed the ink line the ink dissolved in the solvent and was carried along with the solvent along the surface of the paper. Since the relative strength of the ink’s attraction for the paper and solvent varies between inks each ink had a different flow rate along the surface of the paper. To represent the relative flow rate of each ink we measured the distance the ink traveled up the paper. We set up a ratio of the distance between the two pencil drawn lines of 6 cm over the average distance traveled by each colored ink along the paper. We averaged out the distance traveled across the trials by each ink and then divided that value into 6 (the height of the second pencil line from the first pencil line). In order to create a consistent way to represent these values as flow rates we made every flow rates relative to the faster flow rate (or the greatest ratio). After the fastest flow rate we multiplied each following one by the fastest flow rate to acquire the flow rate of each of the other ink in terms of the faster flow rates. Next we plotted these relative flow rate values over the percent concentration of 2-propanol in each solvent used, namely methanol and propanol. As shown in the graph below, the x-axis starts at 0% (or 0) concentration of 2-propanol for methanol and increases to 100% (or 1 as represented by the graph) concentration of 2-propanol for propanol. Also as the plot shows three points fell along the y-axis for the methanol concentration of 0% and three points fell along y = 1 for the propanol concentration of 100% (or 1). Each point on the y-axis represented one of the three color inks and had a corresponding point along the y =1, i.e. there is a point for the color black on both the y-axis and y = 1 vertical line. Next we connected each point to its color correspondent on the other vertical line via a line.  Thus, we got three lines, one for each of the colors. But we decided to only use two since only two of them (Brown and Black) intersected at a point. The intersection of these lines would indicate the position along the x-axis or concentration in 2-propanol where the flow rates of the two color inks are the same. We had excel compute the equation for each of our lines (as shown in the graph). Using a graphing calculator we inputted both line equation into the y-window and graphed them. Then we had the calculator approximate the point of intersection for these lines. It found the intersection point to be (.32, .75). This means that at a concentration of 32% 2-propanol both color inks are moving at a relative flow rate of .75 cm. This situation would not bode well for the chemical process of chromatography producing a most undesirable solvent. Thus, the methanol concentration in this solvent would be 100%- 32%, or 68% with 32% 2-propanol content.
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Concentration (x-value) and Relative Flow Rate (y-value) of each Ink

	Concentration 
	Flow Rate
	Color Ink

	0
	0.90
	Brown 

	0
	0.79
	Black

	1
	0.66
	Black

	1
	0.43
	Brown 


Conclusion: Throughout the calculations part of this lab we had to make some decisions in order to come up with a nice value for the methanol concentration in that most undesirable hypothetical solvent. The main decision was deciding to ignore one of the color inks, orange, completely because it did not intersect nicely with the other two color inks. Another was making everything relative to the ratio of the height of the second pencil line over the greatest excursion of each ink. Although these decisions may make our answer tangible and “nice,” they do not necessarily give us the most accurate answer. There are several possibilities of error in our process. For one, the color lines drawn on the first pencil were drawn more than a cm long each leaving hardly any space between each color mark. Thus, as the solvent made its way up the surface of the paper [taking the inks along with it] the inks could have mixed and affected the flow rates. This was seen as the bar shaped excursions of each ink mark did not level out at the top but varied in height across the top. To remedy this situation we just needed to be more careful in drawing the ink mark. Another possibility of error, the factor which got us our final answer, was making everything relative to a height, the height of the second pencil line from the first. For a more accurate result, since we are concerned about the flow rate of each ink and rates are comparable in time, we could have added the dimension of time. More specifically, we could have allowed the chemicals to react over a consistent set time and plot the relative flow rates with respect to time over the concentrations in 2-propanol. 
Part 3: Distillation

Purpose: 

To obtain an increased concentration of ethanol from a former mixture of ethanol and water through using the filtration process of distillation.

Procedure: 


We measured 800-mL a water/ethanol solution using a1000-mL volumetric flask.  The ethanol solution used was 10% ethanol.  We measured out a 40-mL sample of the ethanol solution in order to measure the specific gravity and the temperature of the mixture.  Using a mercury thermometer and a device to measure specific gravity we recorded these measurements as our original measurements for the ethanol/water solution.  The 40-mL was then poured back into our 1000-mL flask.  We then turned on the heat of the hot plate beneath the 1000-mL flask in order to begin the condensing process.  It is because ethanol has a lower boiling point than water, that the ethanol in the solution turned to vapor before the liquid water turned into water vapor.  As the ethanol vapor rose in our flask, the vapor entered the water cooled condenser where the ethanol vapor was converted back into a liquid of higher ethanol concentration.  After our distillate bottle was filled, we poured the distillate into a graduated cylinder in order to measure the distillates volume, temperature and specific gravity.  For our final flask mixture we measured the temperature, specific gravity, and mass fraction of ethanol.  
Data/Analysis:


After conducting our distillation experiment we recorded our results and measurements into the following chart.  

	
	Volume (mL)
	Temperature (Celsius)
	Specific Gravity
	Mass Fraction of Ethanol

	Initial Flask Mixture
	800
	28
	.982
	10%

	1st Distillate Sample
	44
	29
	.914
	?

	Final Flask Mixture
	780
	36
	.980
	?



The mass fraction of ethanol was an unknown and had to be calculated using linear interpolation and the use of the measured temperatures and specific gravities.  We did not have to use linear interpolation to calculate the mass fraction of ethanol in our original flask mixture because it was given to us on the bottle of ethanol solution.  To calculate the mass fraction of ethanol of our 1st Distillate sample we used a chart of the densities of ethyl alcohol at different percents by mass and at different temperatures.  We used the following equation to linearly interpolate the mass fractions of ethanol.

Y = Y1 + (X – X1)/(X2 – X1) * (Y2 – Y1)

For the 1st Distillate Sample, we needed to find the mass percent of ethanol in our sample at 29 degrees Celsius and with a density of .914 g/mL.  We knew that the density was .914 g/mL because our measured specific gravity was this number.  Specific gravity is simply the density of our sample over the density of water.  Since the density of water is 1 g/mL, the measured specific gravity is simply our sample’s density divided by one – giving us the density of our 1st Distillate sample.  Since we now knew the density of our sample and its temperature we used the above equation and our chart of ethanol densities to linearly interpolate the mass fraction of ethanol in our sample.  After repeating this process for the mass fraction of ethanol in our Final Flask Mixture we were able to fill in the question marks in our charts.  

	
	Volume (mL)
	Temperature (Celsius)
	Specific Gravity
	Mass Fraction of Ethanol

	Initial Flask Mixture
	800.
	28.0
	.982
	10.0%

	1st Distillate Sample
	44.
	29.0
	.914
	46.8%

	Final Flask Mixture
	780.
	36.0
	.980
	7.81%


Now knowing the mass fractions of ethanol in our different samples, we were able to calculate the moles of ethanol in each sample in order to carry out a mole balance.  We wanted to conduct a mole balance to ensure that all of our material in our experiment was accounted for.  For our initial flask mixture we had a solution with a volume of 800 mL.   Knowing the mass fraction of ethanol, we knew that there was 800 * .1 or 80 mL of ethanol in our flask.  In order to obtain the mass of the ethanol we manipulated the equation:

Density = Mass/Volume into Mass = Volume * Density

Knowing both the volume of the mixture (80mL) and it’s density (.982g/mL) – we multiplied the two to obtain that the mass of the ethanol in the initial flask mixture was 79. grams.  Following this same procedure of multiplying the volume by the density of the solution we were able to create the following chart illustrating the amount by mass of ethanol in each sample mixture.  Additionally, the second column of this graph, the number of moles of ethanol in each mixture was obtained simply by dividing the mass of ethanol by the molar mass of ethanol, which is 46.07 g/mol.  

	
	Mass of Ethanol (g)
	Number of Moles

	Initial Flask Mixture
	79.
	1.7

	1st Distillate Sample
	19.
	0.41

	Final Flask Mixture
	57.
	1.2


For our mole balance of ethanol the number of moles of ethanol in our Initial Flask Mixture should equal the number of moles in our 1st Distillate + the number of moles in our final flask mixture.  This equation should be

1.7 = 0.41 + 1.2 however, 0.41 + 1.2 = 1.6

There is a discrepancy in our mole balance and it seems that 0.1 moles of ethanol was lost.  This loss or discrepancy in our data could be accounted for because of evaporation of ethanol from our collection bottle.  There also could have been a leak in the gasket, which had been responsible for containing the ethanol gas until it entered the condenser.  It is very possible that vapor escaped at this location resulting in a loss of 0.1 moles of ethanol.   

We also conducted a quick mole balance for water.  For each of our samples we knew the volume of ethanol.  So if this number was subtracted from the total volume of the solution, the volume of water was obtained.  Additionally, since the density of water is 1 g/mL -  we knew that whatever the volume of water multiplied by 1 was the mass of water in grams.  To convert into moles we divided each of these three masses by the molar mass of water (18.016) to obtain the number of moles – see chart below.

	
	Mass of Water (g)
	Moles of Water

	Initial Flask Mixture
	720.
	40.0

	1st Distillate Sample
	23.
	1.3

	Final Flask Mixture
	719.
	39.9


For our mass balance of water we had:

40.0 =? 1.3 + 39.9 however, 1.3 + 39.9 = 41.2

Our mass balance revealed that we ended up with more water than with which we began.  This could be attributed to the fact that there is a lot of water in the air which could have condensed into our bottles and flasks.  Additionally, the main source of this error is most likely the fact that the volumes of the initial flask mixture and final flask mixtures were estimated.  Since they were not measured exactly, it is very possible that there was less water at the end of the experiment in that final flask mixture than was calculated in the analysis of this experiment.  

Conclusion:


This lab served as an excellent means to use the filtration process of distillation to separate ethanol from water, and obtain a distillate solution of ethanol with a higher concentration of alcohol than the original mixture.  However, this lab experiment was not without its faults.  One of the main sources of error in this experiment was that the volume of ethanol/water solution in our initial and final flask mixtures was not exactly measured; rather it was estimated using the few markings on the flask.  This number played a significant role throughout the course of our experiment serving as the basis for the calculated mass of ethanol in each sample.  This error could have been reduced by using a more exact flask or by having had the amount of ethanol dispersed into the flask regulated while we were measuring out the solution needed for the experiment.  Another source of error in this experiment was the apparatus itself used for the distillation of the ethanol.  The gaskets on the flask and the condenser could have leaked throughout the course of the experiment leaking either water or more likely ethanol vapor out of the apparatus and into the air.  This possible loss of vapor could have contributed to the loss of approximately 0.1 moles of ethanol throughout the experiment.  This error could not have really been reduced; however, securing the gaskets or enclosing the apparatus could have helped.  Additionally, through a better regulation of the temperature of the initial ethanol solution, a temperature close to only the boiling point of ethanol could have been maintained reducing the amount of water vapor that traveled with the ethanol vapor into the condenser and then into our collection bottle.  If we were to conduct this experiment again, the error in our experiment could have been reduced and truer results could have been obtained.       

