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SAFETY RULES IN CHEMICAL LABORATORY 

A. Rules Governing Personal Safety

You may be dismissed permanently from the laboratory for violating any of the following rules:
1. No eating, drinking or smoking in the laboratory. The smoking is also forbidden at the territory of University. Chemicals could accidentally be ingested with food or drink. In addition to promoting many kinds of cancer, smoking is hazardous because many chemicals are flammable. Do not bring any food and drinks into laboratory.
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No smoking in the whole University
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No food and drinks in laboratory


2. Do only authorized experiments. While working with chemicals and devices follow instructions precisely. Be careful while mixing chemicals. Don't mix them randomly otherwise it could result in serious consequences.

3. Use appropriate lab dress. Clothing that provides complete leg coverage (such as jeans or long skirts) is required. Some chemicals can damage clothes and can leave permanent stains. Wear shoes that provide complete foot coverage to protect your feet from both spilled chemicals and broken glassware. Note: should you come to lab in appropriately dressed, you will be dismissed from lab to change into appropriate attire.

4. Don't taste or sniff chemicals. For many chemicals, if you can smell them then you are exposing yourself to a dose that can harm you! If the safety information says that a chemical should only be used inside a fume hood, then don't use it anywhere else. This isn't cooking class – don't taste your experiments!

5.   Do not pipette by mouth. [image: image4.jpg]



6. Wash hands before leaving the lab.

B. Guidelines for Personal Safety Recommended

1. Keep your lab area and equipment clean. It prevents accidents. Your lab area includes your sink. Do not throw paper or other solid things into the sink. Proper disposal containers are available. Clean your equipment before laboratory exercise if needed because dirt or chemical residues in the equipment may interfere with your experimental reactions and make lab interpretation more difficult (if not impossible!).  Keeping the lab clean and safe is everyone's responsibility!
2. Avoid rubbing your eyes while in lab. You may accidentally transfer chemicals to your eyes and cause damage to them. (Eyesight is precious and damage is often permanent.) When goggles get foggy and/or your eyes need attention, wash your hands well before rub your eyes.
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3. Secure (tie back) long hair. Hair can catch fire, get caught in equipment, or be damaged by chemicals if not secured.
4.   Avoid any direct contact with the reagent chemicals – don't touch, smell or taste it. Contact may adversely affect you and your experimental results. Many chemicals will burn or irritate skin. If you spill a chemical on your skin, wash it with plenty of water immediately and then wash with soap and water. Treat all chemicals as potentially dangerous.
5.   Wash your hands before leaving lab. If you are a caregiver (moms, dads, and babysitters), you may inadvertently transfer chemical traces to your children by unwashed hands. The possibility also exists for contaminating other things you come in contact with after you leave lab (such as your food and drink, etc.). 
C. In the Case of an Accident

In the case of an accident or emergency, consider the following:
1. [image: image1.emf] 
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Immediately indicate the need for help whether you are the victim or the observer. A gasp, scream, or shout is appropriate. If you are a bystander, notify the instructor, laboratory assistant or stockroom personnel of the accident or emergency.

2. In order of eye injury, chemical spills or fire, know the location and use of: the eyewash, safety shower, the fire extinguishers, the fire blanket and first aid kit.

3. If a corrosive chemical gets on your skin, clothing or in your eyes, immediately wash the affected area with plenty of water. Use the eyewash or safety shower if the situation calls for it. Remove clothing if necessary in the case of either a spill or fire.

4. If you spill a chemical, clean it up as directed by your instructor, lab assistant or stockroom personnel. If it is a spill that might endanger your neighbors, alert them to the problem.

5. Small-contained fires can be extinguished by covering them with a beaker or even a wet towel. For an bigger fire, use the fire extinguisher. Be sure to point it at the base of the flame.

6. Clean up broken glassware immediately (not with your hands!). Obtain the broom and dustpan for the job. Place the broken glassware in the garbage can

7. No matter how small the injury or accident, please notify your instructor. An accident report must be filed for all injuries sustained in the laboratory.

8. If additional medical attention is necessary, report to your instructor who will accompany you to the Medical center.

D. Good Laboratory Practices

1. Treat all lab equipment as expensive and delicate (e.g., the scales), and often critical in obtaining easily interpreted results. Consult the techniques section or the common laboratory techniques section of the manual.

2. Read the reagent bottle twice before using the chemical from it to promote safety and to avoid errors which may require repeating the experiment.

3. Always clean glassware before and after using it. The glassware is shared among many students, so it is impolite to leave dirty glassware after you.

4. Never heat a closed system. Excess pressure grows up that could easily cause an explosion.

5. When heating a test tube, point the open end toward an unoccupied area, preferably at a wall. The same applies for corked test tubes.

6. Add reagents slowly and carefully. Pour concentrated solutions into water or less concentrated (dilute) solutions in order to avoid violent, uncontrolled reactions. For example, when acid and water are mixed, pour the acid into the water.

7. When determining the odor of chemicals, smell them indirectly by waving your hand over the top of the container and fanning the odor toward your nose.

8. Do reactions with smelly or dangerous chemicals in a fumehood.

9. Proper laboratory technique demands that you do not leave the laboratory without cleaning it. As a general rule, the lab should look as good if not better than when you walked in. This includes:

· cleaning your work area;

· straightening chemicals;

· correctly turning off scales and other equipment;

· putting paper and other refuse in the garbage.

NOTEBOOK  FORMAT AND RULES

You need to have notebook to write at lessons, do homework and laboratory exercises. 

Please write by pen with blue or black ink. Pencil is not convenient because you can't write fast enough by it, red and green ink are too bright and uneasy for eyes. Try to write neatly and clearly. It can be difficult to read unclear writing later, when you really need it.

You always have enough time to write all what you are asked at the laboratory. Never rewrite or add some text outside the lab – it doesn't give you any additional points. Asking other students can greatly decrease your points, because they can give your wrong answer.

During laboratory exercise, instructor write all necessary information at the blackboard. Write number of exercise, subject, aim and proper description. Include a complete description of the work performed, all reference materials consulted, and ideas that you have related to the work.  Please don't write on separate pieces of paper. Later you lose it somewhere and lose your points for this exercise. If you are asked to draw chart please use ruler and sharp pencil. Pen is not good for drawing. Also allowed if you print needed graphs or charts with printer and accurately glue it to the notebook with glue or adhesive tape. 

Write your name in English and group number on the first page of notebook. It is also a good idea to put contact information (e. g., your phone number or e-mail address) here, in case your notebook is lost to help return it.

If an error is made, just strike it once with thin horizontal line and continue writing. Don't use whiteout or extensive drawing.
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Good mistake fix
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Bad mistake fix


Do not copy any information from the notebooks of any other students. The only exception is when working in a group, and only one member of the group recorded the resulting data during the experiment.

In general, the notebook should be arranged in chronological order, so that when one experiment ends the next one begins. 

Each experiment's record includes the following sections: Title, Statement of Aim, Background, Procedural Outline, Results, Calculations, Conclusions and Error Analysis, and Summary of Results. The Title, Statement of Purpose, Background and Procedural Outline sections must be prepared before the laboratory period.

Essential statistics for medics

A brief glance through almost any recently published medical journal will show that statistical methods are playing an increasingly visible role in modern medical research. Most statistical work is based on the concept of a random variable. This is a quantity that, theoretically, may assume a wide variety of actual values, although in any particular realization we only observe a single value. A set of values x1 , x2 , ..., xn is called a sample from the population of all possible occurrences of X. 

In general, statistical procedures which use such a sample assume that it is a random sample from the population. 
1. Measure of central tendency

A measure of location for the distribution of a random variable, X, should tell us the value which is roughly central, in some sense, to the range of values where X is regularly observed to occur. The most common measure of location is the mean or expected value of X; this is denoted by the symbol µ. A natural estimate of the population mean is the sample mean. Symbolically, if xi represents the i-th observation in a sample of n values, so that x1 , x2 , ..., xn represent the entire sample, then the formula for, the estimator of the population mean µ and sample mean, is 
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2. Measures of Spread
The variability of data is commonly measured by three parameters: range, standard deviation, and variance

Range. The range, w, is the difference between the largest and smallest values in the data set.

Range = w = xlargest – xsmallest
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Variance. If we knew the value of µ, the mean of the distribution, a natural estimate of the population variance, σ2 , would be
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For reasons, which we cannot explain here, the use of 
[image: image8.wmf]x

 leads to the replacement of n by (n–1) in the divisor. The estimator of the population variance, s2, then becomes:
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Standard Deviation. The absolute standard deviation, s, describes the spread of individual measurements about the mean and is given as
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Frequently, the relative standard deviation, sr, is reported.
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3. Accuracy

Accuracy is a measure of how close a measure of central tendency is to the true, or expected value, µ. Accuracy is usually expressed as either an absolute error
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or a percent relative error, E%
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5. Populations and Samples
In the previous section we introduced the terms “population” and “sample” in the context of reporting the result of an experiment. Before continuing, we need to understand the difference between a population and a sample. A population is the set of all objects in the system being investigated. These objects, which also are members of the population, possess qualitative or quantitative characteristics, or values, that can be measured.

The shape of a normal distribution is determined by two parameters, the first of which is the population’s central, or true mean value, µ, (3)

.
(1)

 and variance 
6. Confidence Intervals for Samples

The next equation is used for the estimation of confidence intervals for population mean:
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(9)
Values for t at the 95% confidence level are shown in Table 1. Note that t becomes smaller as the degrees of freedom (n-1) increase, approaching z as n approaches infinity.

Table 1. Values of t for the 95% confidence interval

	Degrees of freedom
	t
	Degrees of freedom
	t

	1 
	12.71
	8 
	2.31

	2 
	4.30
	9 
	2.26

	3 
	3.18
	10 
	2.23

	4 
	2.78
	12 
	2.18

	5 
	2.57
	14 
	2.14

	6 
	2.45
	16 
	2.12

	7 
	2.36
	18 
	2.10


7. Significant figures

The significant figures (also called significant digits and abbreviated sig figs, sign.figs, sig digs or s.f.) of a number are those digits that carry meaning contributing to its precision. This includes all digits except:

1. leading zeros where they serve merely as placeholders to indicate the scale of the number.

2. spurious digits introduced, for example, by calculations carried out to greater accuracy than that of the original data, or measurements reported to a greater precision than the equipment supports.

The rules for identifying significant digits when writing or interpreting numbers are as follows:

1. All non-zero digits are considered significant. For example, 91 has two significant digits (9 and 1), while 123.45 has five significant digits (1, 2, 3, 4 and 5).

2. Zeros appearing anywhere between two non-zero digits are significant. Example: 101.12 has five significant digits: 1, 0, 1, 1 and 2.

3. Leading zeros are not significant. For example, 0.00052 has two significant digits: 5 and 2.

4. Trailing zeros in a number containing a decimal point are significant. For example, 12.2300 has six significant digits: 1, 2, 2, 3, 0 and 0. The number 0.000122300 still has only six significant digits (the zeros before the 1 are not significant). In addition, 120.00 has five significant digits. This convention clarifies the precision of such numbers; for example, if a result accurate to four decimal places is given as 12.23 then it might be understood that only two decimal places of accuracy are available. Stating the result as 12.2300 makes clear that it is accurate to four decimal places.

5. The significance of trailing zeros in a number not containing a decimal point can be ambiguous. For example, it may not always be clear if a number like 1300 is accurate to the nearest unit (and just happens coincidentally to be an exact multiple of a hundred) or if it is only shown to the nearest hundred due to rounding or uncertainty.
PART 1. PHYSICAL CHEMISTRY
Laboratory exercise No. 1

DETERMINATION OF THE INTEGRAL HEAT OF A SALT SOLUTION
Aim of exercise: determination of the integral heat of solution of a salt.
Theoretical background
Thermochemistry is the study of the energy and heat associated with chemical reactions and/or physical transformations. A reaction may release or absorb energy, and a phase change may do the same, such as in melting and boiling. Thermochemistry focuses on these energy changes, particularly on the system's energy exchange with its surroundings. Thermochemistry is useful in predicting reactant and product quantities throughout the course of a given reaction. It is also used to predict whether a reaction is spontaneous or non-spontaneous, favorable or unfavorable. Endothermic reactions absorb heat. Exothermic reactions release heat. 
Several thermodynamic definitions are very useful in thermochemistry. A system is the specific portion of the universe that is being studied. Everything outside the system is considered the surrounding or environment. 
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	Fig. 1.1 The sample is the system of interest; the rest of the world is its surroundings. The surroundings are where observations are made on the system. They can often be modeled, as here, by a large water bath. The universe consists of the system and surroundings.



A system may be: an isolated system — when it cannot exchange energy or matter with the surroundings, as with an insulated bomb reactor; a closed system — when it can exchange energy but not matter with the surroundings, as with a steam radiator; an open system — when it can exchange both matter and energy with the surroundings, as with a pot of boiling water.
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	Fig. 1.2 A system is open if it can exchange energy and matter with its surroundings, closed if it can exchange energy but not matter, and isolated if it can exchange neither energy nor matter.


A system undergoes a process when one or more of its properties changes. A process relates to the change of state. An isothermal (same temperature) process occurs when temperature of the system remains constant. An isobaric (same pressure) process occurs when the pressure of the system remains constant. An adiabatic (no heat exchange) process occurs when no heat exchange occurs. Isobaric processes are more characteristic for a chemical practice.
Work and heat

Energy can be exchanged between a closed system and its surroundings by doing work or by the process called “heating.” A system does work when it causes motion against an opposing force. We can identify when a system does work by noting whether the process can be used to change the height of a weight somewhere in the surroundings. Heating is the process of transferring energy as a result of a temperature difference between the systems and its surroundings. To avoid a lot of awkward circumlocution, it is common to say that “energy is transferred as work” when the system does work and “energy is transferred as heat” when the system heats its surroundings (or vice versa). However, we should always remember that “work” and “heat” are modes of transfer of energy, not forms of energy.
As an example of these different ways of transferring energy, consider a chemical reaction that is a net producer of gas, such as the reaction between urea, and oxygen to yield carbon dioxide, water, and nitrogen:
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Suppose first that the reaction takes place inside a cylinder fitted with a piston, then the gas produced drives out the piston and raises a weight in the surroundings (Fig. 1.3). 
	[image: image18.png]CO2(9)
+
Na(g)

H:0()





	Fig. 1.3 When urea reacts with oxygen, the gases produced (carbon dioxide and nitrogen) must push back the surrounding atmosphere (represented by the weight resting on the piston) and hence must do work on its surroundings. This is an example of energy leaving a system as work.



In this case, energy has migrated to the surroundings as a result of the system doing work, because a weight has been raised in the surroundings: that weight can now do more work, so it possesses more energy. Some energy also migrates into the surroundings as heat. We can detect that transfer of energy by immersing the reaction vessel in an ice bath and noting how much ice melts. Alternatively, we could let the same reaction take place in a vessel with a piston locked in position. No work is done, because no weight is raised. However, because it is found that more ice melts than in the first experiment, we can conclude that more energy has migrated to the surroundings as heat. A process in a system that heats the surroundings (we commonly say “releases heat into the surroundings”) is called exothermic. A process in a system that is heated by the surroundings (we commonly say “absorbs heat from the surroundings”) is called endothermic.

Examples of exothermic reactions are all combustions, in which organic compounds are completely oxidized by O2 gas to CO gas and liquid H2O if the compounds contain C, H, and O, and also to N2 gas if N is present. 
Endothermic reactions are much less common. The endothermic dissolution of ammonium nitrate in water is the basis of the instant cold packs that are included in some first-aid kits. They consist of a plastic envelope containing water dyed blue (for psychological reasons) and a small tube of ammonium nitrate, which is broken when the pack is to be used. The clue to the molecular nature of work comes from thinking about the motion of a weight in terms of its component atoms. When a weight is raised, all its atoms move in the same direction. This observation suggests that work is the transfer of energy that achieves or utilizes uniform motion in the surroundings. Whenever we think of work, we can always think of it in terms of uniform motion of some kind. Electrical work, for instance, corresponds to electrons being pushed in the same direction through a circuit. Mechanical work corresponds to atoms being pushed in the same direction against an opposing force. 
Now consider the molecular nature of heating. When energy is transferred as heat to the surroundings, the atoms and molecules oscillate more rapidly around their positions or move from place to place more vigorously. The key point is that the motion stimulated by the arrival of energy from the system as heat is random, not uniform as in the case of doing work. This observation suggests that heat is the mode of transfer of energy that achieves or utilizes random motion in the surroundings. A fuel burning, for example, generates random molecular motion in its vicinity. An interesting historical point is that the molecular difference between work and heat correlates with the chronological order of their application. The release of energy when a fire burns is a relatively unsophisticated procedure because the energy emerges in a disordered fashion from the burning fuel. 
The first law of thermochemistry is an expression of the principle of conservation of energy. The law expresses that energy can be transformed, i.e. changed from one form to another, but cannot be created nor destroyed. It is usually formulated by stating that the change in the internal energy (U) of a system is equal to the amount of heat supplied to the system, minus the amount of work performed by the system on its surroundings (A).

ΔU = Q – A





(1.1)
Q = ΔU + A




(1.2)
In practice, we do not know and cannot measure the total energy of a sample, because it includes the kinetic and potential energies of all the electrons and all the components of the atomic nuclei. Nevertheless, there is no problem with dealing with the changes in internal energy, ΔU, because we can determine those changes by monitoring the energy supplied or lost as heat or as work. 

The useful measure of the total energy of a thermodynamic system is the enthalpy. According to the definition of enthalpy,

H = U + pV




      (1.3)
where H is the enthalpy of the system, U is the internal energy of the system, p is the pressure at the boundary of the system and its environment, and V is the volume of the system.

In the case of isobaric process the volume of the system may increase by ΔV resulting in work, which equals pΔV. Thus, the change of enthalpy equals: 
ΔH = ΔU + pΔV.





(1.4)
The increase in enthalpy of a system is exactly equal to the energy added through heat, provided that the system is under constant pressure and that the only work done on the system is expansion work:

QP = H2 – H1 = ΔH




(1.5)
So, the heat of reaction is the difference in the enthalpies of the reaction products and of the reactants, at constant pressure, and at a definite temperature, with every substance in a definite physical state. 
At constant volume the heat of process is equal internal energy change, Qv = ΔU.  From the value of QP (or ΔH) the value of Qv (or ΔU) can be determined if the volume change ΔV at the constant pressure p is known: Qp - Qv = pΔV. If the gases are assumed to behave ideally, pV is equal to nRT, and hence Qp -Qv = pΔV= = ΔngRT, where Δng –  the change in the amount of mole of gaseous substances in the reaction. 
Also, ΔH will always be negative for an exothermic reaction, because the products collectively have a smaller enthalpy than the reactants. For the burning of CH4, 
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,  ΔH0 =  – 889.5 kJ/mol
For an  endothermic reaction,  ΔH is positive. For example,
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If we had written the previous equation in the reverse order, the sign of ΔH  would  have  been  negative.  It is always the case that the enthalpy change of a reverse transition is the negative of the enthalpy change of the forward transition (under the same conditions of temperature and pressure):
ΔH (forward) = – ΔH (reverse)




(1.6)

The  positive  sign  means  that  it  takes  energy  to decompose HC1, and the negative sign means that energy is liberated when HC1 is formed from the elements,   H2 and Cl2: 
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, ΔH0 =  – 92.2 kJ/mol.
The heat of formation (ΔHf) of a compound is usually defined as the increase of enthalpy change when 1 mol of the substance is formed from the elements. The heat change accompanying of complete combustion of 1 mol of a compound is called the heat of combustion (ΔHc). The heat of formation of elementary substance equals to zero.
The important law of thermochemistry was discovered experimentally by G.H. Hess (a Swiss-born Russian chemist and physician); it is known as Hess's law or the law of constant heat summation (1840). 
Hess's law states that the energy change for any chemical or physical process is independent of the pathway or number of steps required to complete the process provided that the final and initial reaction conditions are the same. In other words, an energy change is path independent, only the initial and final states being of importance.
Hess's law can be used to determine the overall energy required for a chemical reaction, when it can be divided into synthetic steps that are individually easier to characterize.
The great practical significance of Hess's law lies in the fact that, as a consequence of this law, thermochemical equations can be added and subtracted like algebraic equations; as a result heats of reaction which cannot be determined by direct experiment can be calculated from other thermochemical data.

For example, CO2 may be made directly from the elements, or indirectly by first making CO which is subsequently burned to CO2:
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, ΔH = – 110.43 kJ/mol
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You can see that the sum of the first two reactions gives the third, just as the sum of the ΔH values for the first two gives the ΔH  for the third.

It follows from Hess's law that the heat of a reaction is equal to the difference between the heats of formation of all the substances on the right-hand side of the equation of the reaction and the heats of formation of all the substances on the left-hand side (each multiplied, of course, by the proper coefficient of the equation). Consider an arbitrary reaction of the type

aA + bB = cC + dD 



the heat of reaction will be
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          (1.7)
It follows from Hess's law that the heat of a reaction is equal to the difference between the heats of combustion of the reactants and the heats of combustion of the products (multiplied, of course, by the proper stoichiometric coefficient)
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(1.8)
Temperature dependence of enthalpy
When a solute is dissolved in a solvent to form a solution, there is frequently an evolution or absorption of heat. The increase of heat content per mol of solute when it dissolves to form a solution of a particular concentration is called the integral heat of solution at the given concentration.
The increase of the enthalpy change value when 1 mol of solute is dissolved in such a large volume of solvent, at a particular concentration, that there is no appreciable change in the concentration, is the differential heat of solution at the specified concentration.

The heat changes involved in chemical reactions are measured by carrying out the process in the suitable vessel surrounded by a definite amount of water; the whole apparatus is known as a calorimeter. If heat is liberated in the reaction the temperature of the water rises, but if heat is absorbed the temperature falls. The product of the rise or fall temperature and the heat capacity of the water and other parts of the calorimeter and its contents may be determined from the weights and specific heats of the various parts. A calorimeter constant (denoted K) is a constant that quantifies the heat capacity of a calorimeter. It may be calculated by applying a known amount of heat to the calorimeter and measuring the calorimeter's corresponding change in temperature. An alternative method is to place a heating coil in the calorimeter and to generate a definite amount of heat by the passage of an electric current. From corresponding rise in temperature of the water in the calorimeter the heat capacity can be evaluated.

The heat change associated with any process, physical or chemical, usually varies with temperature. Effect of temperature on heat of reaction may be written as
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(1.9)
where ΔCP is the difference in the heat capacities at constant pressure of the final and initial states, e.g., products and reactants in a chemical change.  The heat capacity, C, is defined as 
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This expression (8) is generally referred to as the Kirchhoff equation. In order to make practical use of this expression it is integrated between the temperature limits of T1, and T2, with the result
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where  ΔH1 and ΔH2 are the heats of reaction, at constant pressure, at the tem​peratures T1 and T2, respectively.

The first law of thermodynamics suggests that in any processes the energy does not appear and does not disappear, the energy balance of a chemical process can be calculated. But it does not answer very important questions: 1) if spontaneous (without the effect of external forces) process at the given conditions is possible, 2) in what direction it will go on.
For a long time it was believed that only the processes accompanied by reduction in the system energy (exothermic) are spontaneous. But we known a lot of endothermic processes (e.g. dissolution of some salts, decomposition of carbonic acid) in which the heat is absorbed.
At low temperatures, chiefly exothermic reactions take place spontaneously:
H2(g) + O2(g) = H2O(g) + 241.8 kJ
But at high temperatures, this reaction goes in the opposite direction: water decomposes into hydrogen and oxygen. Moreover, the principle of inner process direction to minimum of internal energy excludes the possibility of reversible reactions, but in fact these reactions take place.
What is the cause of a definite direction of chemical processes? What factors determine the state of chemical equilibrium?
It is known that in mechanical systems a stable state corresponds to the minimum of potential energy. That is why we know water to flow down (not upward). At the same time the molecules of the substances composing the air are distributed around the Earth as the atmosphere but that do not fall on the Earth though minimum of potential energy corresponds to the lowest position. This phenomenon is an example of the principle of the process direction to the side of the most probable state corresponding maximum disorderliness of the particle distribution. Thus, the tendency to minimum of potential energy makes the molecules of the air fall on the Earth, and the tendency to maximum probability makes them distribute disorderly in the space. This results in some balance in molecule distribution characterized by higher concentration near the Earth surface and higher rarefaction at a distance.
In the system salt-water, the energy minimum corresponds the crystalline state of the salt. But more probable state is reached at disorderly distrubution of the salt in the water. Due to the same principle atoms try to form molecules which have less energy (composition reaction). But most probable are the reactions yielding in increase in the number of particles (decomposition reactions).
Thus, spontaneous processes taking place without the changes in energy states take place only in the direction in which the chaos in the system increases and it transits to the most probable state.
Entropy (S) is a measure of disagreement in order or probability of the system, this is a function of the state and, consequently, the changes depend only on the initial and final state of the system. This is measured in J/mol·K. Entropy S is associated with the number of microstates with equal probability (W) which can realize the microstate of the system using the equation:
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(1.11)
where R is a molar gas constant, N – Avogadro's number.

An ideal crystalline substance at the absolute zero has the lowest entropy. Entropy increases on heating the substance. It also increases at transition from the crystalline state to the liquid and further gaseous state. At chemical processes entropy sharply changes in case of reactions taking place with the change in the number of gas molecules: when the number of gas molecules increases; entropy also increases and decreases with the reduction.
The essence of the second law of thermodynamics: different kinds of energy try to turn into heat; heat, in turn, tries to disseminate, that is heat cannot be transformed into work completely. Or: every spontaneous process in an isolated system takes place with entropy increase.
Is it possible to turn a spontaneous process in a reverse direction? The second law of thermodynamics states that this is possible by means of creation an equivalent or even more disagreement in order in another place. This can be illustrated by photosynthesis. Carbon dioxide, water and other nutrients are absorbed by plants to make up complex molecules of carbohydrates. This process is accompanied by entropy reduction. Photosynthesis is impossible without sunlight, which gives energy for these processes. 
Many important biochemical processes also take place with entropy reduction, e.g. biopolymer formation (protein, nucleic acids, etc.), active transport of ions through cellular membranes, etc. But a living organism is an open system, entropy in it can either increase, or does not change or reduce depending on the amount of entropy produced inside the system, its inflow inwards or outflow outwards.
Our Universe is not an isolated system as well, therefore "heat death" - the state of maximum entropy – does not threaten it.
Stability of any isolated system is determined by correlation of enthalpy and entropy factors. The first one characterizes the tendency of the system to the order because this process is accompanied by reduction in the inner energy, the latter reflects the tendency to disorder, as this state is most probable. Thus, if during the process ΔS = 0, the degree of disorder does not change, the process goes on to enthalpy reduction. If energy changes do not take place (ΔH = 0), the process goes in the direction of entropy increase, that is ΔS > 0.
A new function of state, which considers the both factors, has been introduced as a criterion of spontaneity in a nonisolated systems. This function of state for isobaric processes is termed Gibbs energy (after an American physicist J.W. Gibbs) or isobaric-isothermic potential, G:
ΔG = ΔH – TΔS




(1.12)
                         ΔS = S2 – S1




              (1.13)
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At a constant temperature and pressure, only the process for which changes in Gibbs (Helmholtz) energy is negative, may take place. This is one of the formulas of second law of thermodynamics.
Using reference standards for the above functions (enthalpy, entropy, and Gibbs energy based on Hess's law) it is possible to make bioenergetic calculations for a large number of biochemical reactions and to predict their course.
Experimental and calculation 
In this study Dewar vessel is used as a calorimeter, so as to minimize the loss of heat radiation. The constant of calorimeter K is known.

Fig. 1.4 Beckman thermometer
[image: image150.jpg]


1. Take a weighed sample of a salt (KCl, NH4C1) 5 gram. Fill appropriate volume of water (msolution = 200 g) in the Dewar vessel and locate Beckman thermometer (Fig. 1.4) in the calorimeter. A Beckmann thermometer is a device used to measure small differences of temperature, but not absolute temperature values. A Beckmann thermometer's length is usually 40-50 cm. The temperature scale typically covers about 5°C and it is divided into hundredths of a degree. The peculiarity of Beckmann's thermometer design is a reservoir R at the upper end of the tube (see Fig. 1), by means of which the quantity of mercury in the bulb can be increased or diminished so that the instrument can be set to measure temperature differences at either high or low temperature values. In contrast, the range of a typical mercury-in-glass thermometer is fixed, being set by the calibration marks etched on the glass or the marks on the printed scale. In setting the Beckmann thermometer, a sufficient amount of mercury must be left in the bulb and stem to give readings between the required temperatures. First, the thermometer is inverted and gently tapped so that the mercury in the reservoir lodges in the bend B at the end of the stem. Next, the bulb is heated until the mercury in the stem joins the mercury in the reservoir. The thermometer then is placed in a bath one or two degrees above the upper limit of temperatures to be measured. If now the upper end of the tube is gently tapped with the finger, or the entire instrument gently tapped on the palm of the hand, the mercury suspended in the upper part of the reservoir will be jarred down, thus separating it from the thread at the bend B. The thermometer will then be set for readings between the required temperatures. Dissolution of a salt in this study is an endothermic process, therefore the thermometer is set for readings between 3.5 - 5°C.

2.  Initial period is passed during 4-5 minutes and for this time change of temperature is practically constant. Write the thermometer reading every 15 seconds. After that the weighed sample of a salt is poured out in the calorimeter and main period will be started. Dissolution of a salt passes during 1-3 minutes. During this time the temperature will be dramatically changed.

3.  Final period is started when all salt will be dissolved. The temperature is
slightly changed with time. Write the thermometer reading every 15 seconds
during 4-5 minutes.

4.  Draw a graph of temperature vs time dependence with following scale on
X-axis – 1 minute = 1 cm and on Y-axis – 0.1° = 1 cm. Find ΔT value (true
temperature changes for the reaction) using this graph (Fig. 1.5).
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Fig 1.5. Graphic finding of true temperature changes for the reaction
5.  The integral heat of solution is calculated using following equation:
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where K - the constant of calorimeter, kJ/K; g – a weighed sample of a salt, gram; M - molar weight of salt, g/mol.

Reference data for integral heat of salt solution in water at 25 °C:

NH4Cl: ΔH = 14.7kJ/mol;

KCl: ΔH = 17.6kJ/mol.

Comprehension chek

1. The first law of thermodynamics: statements and mathematical expression.

2.  Explain why heat changes at constant pressure and constant volume have definite values. 

3.  Explain the terms exothermic, endothermic and heat of reaction.

4.  Define integral and differential heats of solution. 

5.  Define the heat of formation of a compound and heats of combustion.

6.  State the Hess's law. Illustrate the use of this law.

7.  Derive an expression for the influence of temperature on heat of reaction.

8.  What is the Gibbs free energy and  how it is useful for prediction of the possibility of a process?

9.  Calculate the heat effect of the following reactions:
	a) CaCO3 → CaO + CO2

ΔH0f (CaCO3) = –1207 kJ/mol

ΔH0f (CaO) = – 635.5 kJ/mol

ΔH0f (CO2) = – 393.5 kJ/mol

	b) 4NO2 + 2H2O + O2 → 4HNO3
ΔH0f (NO2) = +33.9 kJ/mol

ΔH0f (H2O) = – 285.8kJ/mol

ΔH0f (HNO3) = – 173.2 kJ/mol



	c) C6H12O6 → 2 C2H5OH + 2 CO2

ΔH0c (C6H12O6) = – 2815 kJ/mol

ΔH0c (C2H5OH) = – 1367 kJ/mol


10. Calcite and aragonite are both forms of calcium carbonate, CaCO3. Calcite converts to form aragonite. If  ΔH0f (calcite) = −1206.92 kJ/mol and ΔH0f (aragonite) = −1207.13 kJ/mol, calculate the value of ΔHr for the transition process:

CaCO3(s, calcite) → CaCO3(s, aragonite). 
11. When 6.0 g of water are formed according to the equation, how much heat was involved? 

H2(g) + O2(g) → H2O(g)  ΔH = – 242 kJ

12. Predict whether the following reaction is spontaneous in the forward direction under standard conditions:

a) NH4NO3 → N2O + 2H2O

b) N2O + 3/2O2 → 2NO2

c) 4NO2 + 2H2O + O2 → 4HNO3
	Compound
	ΔS0 (298 К),

J/(mol·К)
	ΔH0f,
kJ/mol
	Compound
	ΔS0 (298 К),

J/(mol·К)
	ΔH0f ,
kJ/mol

	O2(g)
	205.0
	0
	HNO3(l)
	155.6
	–173.2

	NO2(g)
	240.2
	+33.9
	NH4NO3(l)
	151.0
	–365.1

	N2O(g)
	219.9
	+82.1
	H2O(l)
	70.1
	–285.8


13.  If the chemical reaction took place between 0.50 grams of Mg placed in 40.0 mL of an HCl solution. Calculate ΔH in kJ/mol for this reaction based on this quantity of Magnesium metal.

ΔH0f (HCl) = -92.3 kJ/mol
ΔH0f (MgCl2) = -641.8 kJ/mol

14. For a certain change, the value of ΔH is –28.9 kJ, and the value of ΔS is +0.355 kJ/K. Assuming, that the temperature is 305 K, calculate the value of ΔG.  Is the change spontaneous? Explain why or why not.
15. Given the thermochemical equations for the combustions of glucose and lactic acid: 
C6H12O6(s) + 6O2(g) → 6CO2(g) + 6H2O(l),  ΔH = – 2808 kJ/mol
CH3CH(OH)COOH(s) + 3O2(g) → 3CO2(g) + 3H2O(l), ΔH = – 1344 kJ/mol.
Calculate the standard enthalpy for glycolysis: C6H12O6(s) → 2CH3CH(OH)COOH(s).

16. In a particular biological reaction taking place in the body at 37°C, the change in enthalpy was –125 kJ/mol and the change in entropy was – 126 J·K/mol. Calculate the change in Gibbs energy. Is the reaction spontaneous?

17. Calculate the mean for following results of integral heat of salt solution:
NH4Cl: ΔH1 = 14.55 kJ/mol; ΔH2 = 14.62 kJ/mol; ΔH3 = 14.58 kJ/mol; 



ΔH4 = 14.65 kJ/mol.

18. Determine systematic error present or not in following data of integral heat of salt solution: ΔH1 = 14.55 kJ/mol; ΔH2 = 14.62 kJ/mol; 
ΔH3 = 14.58 kJ/mol;  ΔH4 = 14.65 kJ/mol.

NH4Cl: ΔH = 14.7kJ/mol – true value.
Laboratory exercise No.2
DETERMINATION OF THE pH VALUE OF SOLUTIONS BY MEASUREMENTS OF ELECTROMOTIVE FORCE OF GALVANIC CELL

Aim of exercise: determination of the pH value of solutions by measurements of electromotive force of galvanic cell including glass electrode.

Theoretical background
Electrode, galvanic cell, electrolysis cell

All materials, compounds and chemical systems can be classified as conductors and insulators. Conductors correspondingly allow electric current to run and insulators prevent this process. Electric current is a process of electric charges moving through electric circuit. There are two possible to conduct electricity. Moving charges can be electrons or ions. Electrons act as moving charges in metals, ions – in water solutions, some liquid compounds such as acids and in melted salts.

An electronic conductor (charge carriers are electrons), the electrode metal and an ionic conductor, electrolyte solution form an interface at which the electrode process takes place. This two or more phase system is called electrode. An electrochemical cell contains two electrodes anode and cathode. In general, a liquid-liquid junction separates the two electrodes. Electrodes can be bathed in the same liquid or in the different. Liquid junction prevent their mixing but doesn't block electric current.

The anode is the electrode where oxidation occurs.

The cathode is the electrode where reduction occurs. 

Electrical circuit should be closed, so charge carriers can circulate in it.

The anode is the electrode at which electrons leave the cell and oxidation occurs, and the cathode as the electrode at which electrons enter the cell and reduction occurs.
In an actual cell, the identity of the electrodes depends on the direction in which the net cell reaction is occurring. Table (2.1) shows most common types of electrodes. The  sign | means phase surface. In this case it just divide electrode and electrode solution or different solid components of electrode.

Table 2.1. Types of electrodes

	Electrode type
	 Example
	Description
	Electrode reaction (in reduction direction)

	Metal metal-ion electrode
	Cu(s)│Cu2+(aq)
	Metal bathed in electrolyte containing its own ions.
	Cu2+(aq)+2e→Cu(s)

	Ion – ion (redox) electrode
	Pt(s)│Fe3+,Fe2+(aq)
	Noble metal in contact with solution of a redox couple
	Fe3+(aq)+e→Fe2+(aq)

	Metal insoluble salt electrode
	Ag(s)│AgCl(s) │KCl(aq)
	Metal in contact with its insoluble salt (i.s.) and a solution containing a soluble anion of the i.s.
	AgCl(s)+1e→Ag+Cl-

	Gas electrode
	Pt(s)│H2(g) │H+(aq)
	Noble metal in contact with a saturated solution for a gas and contains the reduced or oxidized form of the gas
	H+(aq)+e→1/2H2(g)


Liquid liquid junction
Serves as a galvanic contact between the electrodes. Liquid liquid junction can be a porous membrane or a salt bridge. Salt bridge is an intermediate compartment filled e.g. saturated solution of KCl and fitted with porous barrier at each end. Salt bridge minimizes the diffusion potential (liquid junction potential), that develops when any two phases (like the two solutions) are in contact. This potential, a non-thermodynamic quantity adds to the cell voltage and introduces a degree of uncertainity of cell voltage measurements. With the salt bridge, we create two liquid junction potentials , but they tend to cancel each other out.

Galvanic cell

A galvanic cell contains two electrodes which are separated by a llj., therefore the electrode reactions are also separated. In a galvanic cell the electrochemical reaction proceeds spontaneously. That can be used as energy sources. Work is done by the system.

Electrolytic cell

Non-spontaneous reaction is driven by an external source of current, e.g. a battery is charged. Work is done on the system. In contrast, a battery or Galvanic cell, converts chemical energy into electrical energy, by using spontaneous chemical reactions that take place at the electrodes.
Example of galvanic cell
The Daniell cell contains zinc immersed in Zn2+ solution and copper immersed in Cu2+ solution. The two electrodes are in galvanic contact e.g. by a salt bridge, which prevents Zn2+ and Cu2+ ions to penetrate to the other compartment causing chemical reaction.

The spontaneous processes in Daniell cell when the two ion concentrations are almost the same

Zn(s) → Zn2+(aq) + 2e-
Cu2+(aq) + 2e → Cu(s)

Zinc ions enter the aqueous phase leaving two electrons behind, so the process is oxidation and the polarity of anode is negative.

Copper ions deposit to the copper taking up two electrons from metal, so the process is reduction polarity of cathode is positive.
The cell diagram, sign convention

The cell diagram involves instructions for setting the cell and should be in conform with the cell reaction. The sign of cell reaction potential, Ecell should always be positive. Cell diagram is constructed to show the cell reaction running in spontaneous direction, i.e. the positive ion drifts from left to right.

If electrons flow from the left electrode (Zn/Zn2+) to the right electrode (Cu/Cu2+) in metal leads when the cell operates in its spontaneous direction, the potential of electrode on the right will be higher than that of the left.


Zn(s) │ ZnSO4(aq) ¦ CuSO4(aq) │ Cu(s)

In the cell diagram components are marked with their phases, vertical bars simbolizes the phase boundaries. 

Dashed vertical line ¦ for liquid junction means that diffusion potential is not eliminated.

Zn(s) │ ZnSO4(aq) ║ CuSO4(aq) │ Cu(s)

Double vertical line for liquid junction: ║, means that diffusion potential has been eliminated.

Adding the two processes up the result is the cell reaction.

Zn + Cu2+ → Cu + Zn2+
Using the sign convention the potential difference 
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In general, the electrode placed on the right in the cell diagram should be the cathode, than subtraction
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will give positive result. The real spontaneous direction depends on the actual concentration/activity values in the cell. The cell reaction can change its direction and consequently Ecell its sign. The proper sign can be determined by polarity measurement, by using high input resistance voltmeter.

The Nernst equation

Reaction Gibbs free energy for cell reaction:
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where 
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Q reaction quotient.
Dividing both sides by –zF
F = 96500 C mol-1; z reaction charge number. ( z(Daniell cell) = 2)).

[image: image39.wmf])

ln(

0

Q

zF

RT

zF

G

E

r

cell

-

D

-

=

, 




(2.3)


[image: image40.wmf]0

0

cell

r

E

zF

G

=

D

-

 –  the standard cell reaction potential.





[image: image41.wmf])

ln(

0

cell,1

Q

zF

RT

E

E

cell

-

=





(2.4)

For the cell reaction Zn + Cu2+ → Cu + Zn2+ in Daniell cell can be given,
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for pure and homogeneous phases aCu = constant and  aZn = constant, thus they are involved in standard term:
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At conditions dT = 0 and dp = 0 the Nernst equation gives the relationship between Ecell and the activity ratio of electroactive components.

When activity values in a galvanic cell are set as Q = 1, than 
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Ecell can be given as the difference of electrode potentials: 
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(2.8)
Electrode potential is the difference between potential in the metal and the bulk of solution. Individual electrode potentials can not be measured, owing to formation of double layer at the interface.

In general the Nernst equation could be presented as:
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(2.9)
R – universal gas constant, 8.31 J/(mol·K); T - absolute temperature, K; F — Faraday num​ber, 96485 coulomb/mol; a(Ox) – the activity of oxidated form and a(Red) – the activity of reduced form.
Electrolyte concentration cells

We set a cell from two identical metal electrode (Me) and an electrolyte from a soluble salt of this metal (Me+n). The Me+n activities of compartments are different, a1 and a2.

Me │ Me+n(aq), a1 ║ Me+n(aq), a2 │ Me

When inequality a2 > a1 holds, Me+n in the right side electrode has a greater tendency to reduce, the spontaneous processes are:

Reduction (cathodic) 

Me+n(a2) + ne → Me

Oxidation (anodic) 

Me → Me+n(a1) + ne 

Cell reaction: 


Me+n(a2) → Me+n(a1) 

Nernst equation: 
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         (2.10)
The standard cell reaction potential is zero.

If a1 =  a2 than 
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, there is no driving force of the process, and system is in chemical equilibrium: Ecell = 0.

From Nernst equation 
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and Ecell > 0 as it should be.

Metal metal-ion electrode
Example: Ag(s)/AgNO3 electrode
The electrochemical process which determines the electrode potential


Ag+ + e- → Ag

The activity dependence of electrode potential (Nernst equation)
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(2.11)
where the activity of a single component solid Ag phase is unity, thus
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(2.11)
At constant temperature electrode potential depends on the silver ion activity.

For example: A silver electrode is immersed into a dilute solution of silver nitrate, [AgNO3] = 10−3 mol/l. What is the electrode potential EAg+,Ag at 298 K? Take EOAg+,Ag= 0.799 V.

Solution

For simplicity, we assume that the concentration and activity of silver nitrate are the same, i.e. a (Ag+)= 10−3 mol/l. We also assume that the silver is pure, so its activity is unity.
Use the Nernst equation for silver electrode (2.11-2.12). RT/F is equals 0.059 for 298 K and 1 electron:
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Metal insoluble salt electrodes 

Composition:

solid or liquid metal e.g. Hg, 

an insoluble salt of metal e.g. Hg2Cl2, 

a c concentration electrolyte of well soluble salt of the anion e.g. KCl.

Often, the metal is covered by its insoluble salt.

The electrochemical process which determines the electrode potential of 

calomel electrode (Hg(s)│Hg2Cl2(s) │c(KCl)aq)

Hg2Cl2 + 2e = 2Hg + 2 Cl-
The concentration dependence of electrode potential (Nernst equation) for calomel electrode, 
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where the activity of solid Hg and Hg2Cl2phases are unity, thus
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Metal insoluble salt electrodes are used as reference electrodes because they can not be polarized easily. A current flowing through the electrode causes no change in activity of electroactive components. The solubility equilibrium of insoluble salt of metal stabilizes activities. E.g. for Ag/AgCl/KCl electrode the value of solubility product constant, Ksp=[Ag+][Cl-]=1.8 x 10-10. The chloride activity is maintained either by dissolution or deposition of AgCl when polarization would consume or produce excess amount of Ag+ ions.

pH of solutions

Quantitative representation of acidity of solutions, i.e. the content of hy​drogen ions in solution, is the pH value, that equals to the negative decimal loga​rithm of hydrogen ions activity.

pH = – lgaH+ = –lg(cH+·γ±)



(2.15)
In a dilute solution activities are close to concentrations (γ± ≈ 1), so it is possible to set the pH value of solution equal to analytical concentration of hydrogen ion:

pH = – lgcH+





(2.16)
In liquid water solution autoionization process H2O ↔ H+ + OH– takes place. It can be characterized by equilibrium constant: 
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The degree of water dissociation is very small, so the aH;|O value is constant and equation (3) can be represented as follows:

[image: image59.wmf]+

-HO

2

H

OH

w

KaaaK

=×=×






(2.18)
Constant Kw is known as ionic product of water. At 25 °C the Kw value is equal 1.008·10-14. Usually this constant is represented as the negative decimal logarithm:
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If the contents of hydrogen and hydroxyl ions in a solution are equal, 
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, then pH=pOH=7, such media is called neutral. In acidic solutions 
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The pH value is the theoretical quantitative characteristic of solution be​cause it is experimentally impossible to determine activity of a single ion. Ex​perimentally determined value of pH is called as "instrumental" pH value. In the most practical cases we can use pH value calculated according to equation (2.16).
Buffer solutions are solutions with ability to keep constant the pH value at dilution or addition of small amounts of a strong acid or base. Usually buffer solution consists of a weak acid (weak base) and salt of this acid (base) which is strong electrolyte, for example, CH3COOH + CH3COONa; NH4OH + NH4C1, etc. In general form it is possible to say, that the buffer solution consists from conjugated acid and base. The pH value of a buffer solution may be calculated using quantities of its components, for example, for acid buffer: 
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where pK - negative decimal logarithm of the acid dissociation;  
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  – initial concentrations of the acid and its salt in the solution. Equation (19) is known as Henderson-Hasselbalch equation.
Ability of buffer solutions to keep the pH value at addition of a strong acid or base is called buffer action. As a measure of buffer action the buffer capacity, β, is used. Buffer capacity is an added amount of strong acid or base, which ad​dition to one liter of a buffer solution changes the pH value to unity. The buffer capacity can be determined as a derivative:
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(2.21)

where db is an infinitesimal amount of added base and dpH is the resulting infinitesimal change in pH caused by base addition. Note that addition of db moles of acid will change pH by exactly the same value, but in opposite direction.
The pH value may be determined by the electro-metric method based on measurement of electromo​tive force (EMF) of a galvanic cell. Glass electrode is often used as an indicator electrode, because its poten​tial depends on activity of hydrogen ions in solution. Glass electrode represents a glass tube with thin-walled glass ball (glass membrane) on the end (Fig. 2.l. a). 
[image: image67.emf]



a                       b                    c

Fig. 2.1. Glass Electrode (a) and references electrode (b).

The inner part of glass electrode is an auxiliary electrode. It is immersed in solution with constant pH value, containing ion to which the auxiliary electrode is reversible. As an internal electrode silver-silver chloride or calomel electrodes are usually used, so hydrochloric acid or potas​sium chloride solution is used as internal solution. Auxiliary electrode is sup plied by shunt. The principle of glass electrode work is based on an exchange of alkaline metals ions (M+), contained in structure of a glass, with hydrogen ions in solution. This process may be represented by equilibrium equation


H+(solution) + M+(glass) ↔ H+(glass) + M+(solution)

Schematically glass electrode may be written as follows:
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The potential of a glass electrode in the field of reversibility to H+ is given by the Nernst equation:
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(2.22)
where E° - standard potential of glass electrode; 
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 (R – universal gas constant, 8.31 J/(mol·K); T - absolute temperature, K; F — Faraday number, 96485 coulomb/mol).
The standard potential of a glass electrode and its temperature change are defined by the type of internal electrode, internal solution, and a grade of glass.
If internal and external surfaces of glass electrode were completely identi​cal, the potential of electrode would be defined only by difference of pH value of solutions from both sides of glass membrane. However, in a cell in which so​lutions from the external and internal sides of glass ball are identical, and elec​trode of comparison is the same, as internal, the EMF is not equal to zero:
Ag | AgCl, KCl |investigated solution | glass membrane | Ag | AgCl, 0.1 M HCl
Usually the EMF value of this cell is near ± 1 -2 mV. This small potential differ​ence refers as asymmetry potential of glass electrode. The asymmetry potential is caused by small distinction in structure of internal and external surfaces of glass membrane.
The potential of glass electrode linearly depends on pH value within range from 1 up to 11. This gives the possibility to use the cell including glass elec​trode for determination of pH value of solutions.

Experimental and calculation
1. Calibration of the cell including glass electrode. The calibration of the cell includes:
a)  measurements of the electromotive force (EMF) of the cell with standard
buffer solutions of known pH values (1.68, 4.01, 6.86, 9.01);
b)  drawing of plot of determined EMF values as a function of the pH of
buffer solutions.
The electrochemical cell (element) consists of glass electrode (indicator electrode) and silver-silver chloride electrode (comparison electrode):
Ag | AgCl, KCl |buffer solution | glass membrane | Ag | AgCl, 0.1 M HCl
Calibration of the cell is carried out by its EMF measurements for 4 buffer solu​tions with known pH values. The necessity of the cell calibration before its using for pH determinations is dictated by facts, that parameters of equation (7) – Е0 – standard potential of glass electrode, and θ – slope of calibration plot – depend from electrode glass type, and can not be calculated precisely theoretically.
la. Measurements of the electromotive force of the cell. Rinse the elec​trodes and the vessel by small portions of an investigated buffer solution before the EMF measurements. Then fill this solution to the vessel and immerse the electrodes to the solution. The working part of glass electrode (ball) should be completely imbedded to the solution and do not touch a bottom and walls of the vessel. Wait 3-5 minutes for the equilibrating of the electrodes potentials. Measure the EMF value of the galvanic cell by using pH meter-millivoltmeter. Make 2-3 fillings and EMF measurements for each buffer solution. Calculate average EMF values for these solutions.
1b. Drawing the plot of EMF val​ues as a function of the pH of buffer solutions (Fig. 2.2.). 
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	Fig. 2.2. Dependence of the EMF on pH


Build the calibration plot of the experimental EMF data obtained versus pH values of the buffer solutions taken for calibration. Draw plot as a straight line lies as it is possible closer to the majority of points. Deter​mine the angular coefficient of the line (tgα.) as the ratio of ΔE to the corresponding ΔpH (tgα = ΔE/ΔpH, Fig.2.2) and compare it with  theoretical value θ = 0.059.
1c. Also  we can calculate the angular coefficient (θ) and E( – the parameters in Nernst equation for glass electrode (2.22):
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where E1, E2 – EMFs which correspond to standard buffer solutions with pHs1 and pHs2.
2a. Determination of the pH value of solutions. For the determination of an unknown pH value of a solution fill this solution to the vessel, immerse elec​trodes and measure the EMF of the cell, do it 2 times for each solution. Calcu​late average EMF value for 2 measurements and use it for determination of the pH value of the solution by using plot on which find the EMF value (Ex on Fig. 2.2.), draw horizontal line to the intersection with calibration line and find pH value which corresponds to the measured EMF value of the solution (pHx on Fig.2.2.).

2b. Using perameters which are obtained in part 2c we can calculate pH of solution:
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Comprehension check
1.  Explain the meaning of terms: pH, pOH and Kw. How are these quantities related?
2.  How may (a) neutral, (b) acidic, and (c) alkaline aqueous solutions be
defined in terms of concentrations of hydrogen and hydroxyl ions and the pH?
3.  Calculate pH of the solutions:

a) HCl, c=0.01 mol/l

b) HNO3, c=0.005 mol/l

c) NaOH, c=0.001 mol/l

4.  What are buffer solution and buffer capacity? Describe how a buffer solution may be prepared and how its pH value may be calculated?
5.  Calculate the pH in solution which contain acetic acid and sodium acetate: c(CH3COOH) = 0.1 mol/l, c(CH3COONa) = 0.15 mol/l, pKCH3COOH = 4.76.
6.  Calculate the pH in solution which contain KH2PO4 and K2HPO4:      c(KH2PO4) = 0.2 mol/l, c(K2HPO4) = 0.3 mol/l, 
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7.  Nernst equation.
8.  Describe, with examples, type of electrodes and state the reactions occurring in each case and Nernst equations:
a) Glass electrode
b)Ag/Ag Cl electrode

c)Ox/Red electrode
9.  Describe the structure of glass electrode and its application for the pH determination. 
10.  Write schematically the galvanic cell used for measurements and equation for the EMF of the cell.

11.  Calculate the electromotive force, which appear in element consisting from iron and silver electrodes.
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12.  Calculate the potential of oxidation-reduction electrode in which following reation take place: Mg2+ +2e =Mg;  c(Mg2+) = 0.01 mol/l; 
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13.  Calculate the EMF of galvanic cell composed of the following electrodes: 
Ti | Ti2+ (0.01 mol/l) || Ni2+ (1 mol/l) | Ni. 
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14.  Write down the scheme of galvanic cell composed of the following electrodes:
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. What processes take place on each electrode? 
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15.  A wire of pure copper is immersed into a solution of copper nitrate. If 
[image: image85.wmf]V

E

Cu

Cu

34

.

0

/

0

2

=

+

and E=0.24 V, what is the concentration of Cu2+? Assume that c(Cu2+)is the same as [Cu2+].
16.  Calculate the mean for following results of tgα of pH calibration plot: 59.55 mV; 58.55 mV; 59.05 mV; 59.35 mV.

17.  Determine systematic error present or not in following data of tgα of pH calibration plot: experimental data 59.55 mV; 58.55 mV; 59.05 mV; 59.35 mV.

True value equals 59.16 mV.

Laboratory exercise No.3

STUDY OF CHEMICAL REACTION KINETICS
Aim of exercise: to investigate the influence of sodium thiosulfate concentration on the rate of thiosulfuric aci decomposition.
Theoretical background
Main concepts of chemical kinetics
The metabolic processes are a number of biochemical reactions taking place at coordinated rates. The same reaction takes place at different rates depending on the conditions. Thus, glucose burns slowly in the organism in the process of biological oxidation, is not oxidized in the air and explodes with liquid oxygen when minute amounts of some salts (catalysts) are added.

Chemical thermodynamics allows to determine the energy of the reactions (including biochemical ones), to predict if the process can be spontaneous depending on the conditions, in case we know Gibbs energy changes. But thermodynamics does not answer the question about the rate of the predicted chemical reaction. For this we should know the mechanism of the reaction. It is chemical kinetics that deals with the study of chemical reactions and determining their rates.

The laws of chemical kinetics are universal for all phenomena, erythrocyte sedimentation, drug digestion, fermentation.

Chemical reaction rate (v) is the change of the amount of substance during a unit of time per a unit of volume for homogeneous reactions and per a unit of surface for heterogeneous reactions:


[image: image86.wmf]V

n

v

×

D

D

±

=

t

, mol/(m3·s ) – homogeneous reaction


[image: image87.wmf]s

n

v

×

D

D

±

=

t

, mol/(m2·s ) – heterogeneous reactions.

Concentration changes have a positive sign for the reaction products and negative – for the initial reagents. In addition to molar concentration (mol/l), mg/100 ml are used for biochemical investigations. 

Dependence of the chemical reaction rate on the concentration Molecularity and the reaction order 
Main factors which influence the rate of chemical reactions are concentration, temperature, nature of the reacting substances and catalyst presence.

The concentration effect is described by the mass action law, formulated in 1867 by Norwegians K. Guldberg and P.Waage: at a constant temperature the rate of the chemical reaction at each moment is directly proportional to the concentration of the reacting substances in the degrees, which equals to stoichiometric coefficients. 
For reaction:
nA + mB → products

dependence of a homogeneous reaction rate on the concentration of reacting substances can be represented as:

v = k[A]n[B]m,





(3.1)
where k - is reaction rate constant, which equals the rate of the chemical reaction when the concentrations of all reaction substances equals 1, e.g. 1 mol/1. M and n are reaction coefficients. 
This equation is called kinetic. It is necessary to bare in mind that in kinetic equations only concentrations of substances in gaseous or liquid form are written, because concentrations of solid substances are constant, thus, are included in the reaction rate constant. E.g. for reactions:

C + O2 → CO2

2CO + O2 → 2CO2

kinetic equations are following:
v = k[O2] – because of solid state of Carbon

v = k[CO]2[O2].

The above kinetic reactions being an analytical expression of the law of mass action are applicable only to ideal systems, in which the stoichiometric equation reflects the reaction mechanism. When the law of mass action is applied to real systems, it is necessary to use activities (not concentrations), the exponents of power in the equation are found experimentally. The values of rates cannot be used for comparison of chemical reactions, because they change with the time. The reactions taking place in the same conditions can be compared using only their fundamental parameter, rate constant.

In practice the stoichiometric equation does not reflect the reaction mechanism. Only a few chemical reactions are accomplished in one stage. The majority are accomplished in several elementary stages, in which one, two, three molecules may take place. The number of molecules which react simultaneously at the moment of collision accomplishing the act of chemical interaction is called the reaction molecularity:
  CH3-CHO → CH4 + CO – monomolecular

H2 + I2 → 2HI – bimolecular

2NO + O2 → 2NO2 – trimolecular.

The probability of simultaneous collision of three molecules is 1000 times less than collision of two molecules. Elementary stages of any chemical reaction can be presented as mono- or bimolecular interactions. The rate of multi-stage reactions is mediated by the rate of its slowest stage. Thus the observed rate of the reaction:

2H2 + O2 = H2O
does not correspond to the rate predicted by the equation:

v = k[H2]2[O2]
Experiments have shown that this reaction is rather complicated, is accomplished in several stages following the chain mechanism.

The exponents of power in a kinetic equation are determined using special methods, they are called reaction order for the respective substance. General order of the reaction equals the sum of power exponents in the equation of chemical reaction rate.

It should be noted that the notion of order and molecularity do not always coincide. Thus, in one-stage processes, which are accomplished in a gaseous form, the reaction order coincides with molecularity, as a rule. In the majority of the cases this is not true. The order of complicated reactions changes from 0 to 3, in some cases being a integral value, in some - a fraction, that is when the conditions change, the order of the reaction may change. Reaction molecularity remains constant in all conditions and is never a fraction.

Bimolecular reactions frequently follow the kinetics of first-order reactions when they are accomplished with an abundant amount of one reagent. In this case the reaction rate depends on the concentration of that kind of molecules which amount is the lowest, because diminishing the number of the molecules of the second kind does not change considerably their concentration, and consequently, the reaction rate. These are reactions of hydrolysis, final stages of enzyme processes, reactions of antigens with antibodies, etc.

The rate of many reactions does not depend of the concentration of the reacting substances and is constant when all active centers of the enzymes are saturated, that is the reaction is zero-order.

The reactions of biochemical processes cannot be higher than second order.

Let us consider how to determine main kinetic characteristics of the reactions using experimental data.

First-order reactions. The rate equation of a first-order reaction has the following differential expression:
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its integral expression is:
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(3.3)
Differential equation let us to know speed at the some exact moment. Integral equation give dependency of starting concentration of substance, final concentration of product and reaction rate constant.

Together with the rate constant, a value called half-transformation time (τ1/2) is used to characterize the reaction. This is the time during which a half of the initial amount of the substance reacts.

Half-transformation time for first-order reactions is: τ1/2 = 0.69/k1.
The physical sense of the reaction rate constant for first-order reaction is that equal portions of the taken primary substance react within equal intervals of time. First-order reactions are characterized by a liner dependence of concentration logarithm on the time (Fig. 3.l a).

Second order reactions. The equation of dependence of concentration on the time for second-order reactions are considered only for the simplest cases, when the concentrations of reacting substances are equal:
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(3.4)
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(3.5)
Half-transformation time for second order reactions is: τ1/2 = 0.69/k2c0.
Linear dependence for second-order reactions with equal initial concentrations of the reacting substances is observed for the value of reverse concentration on time (Fig. 3.1 b).

Zero-order reactions. In zero-order reactions the rate of chemical reactions does not depend on the concentration of the reacting substances. They are mainly catalyst refractions when the surface of the catalyst is completely covered with the molecules of the reacting substances. The further increase in the reagent concentration would not change the reaction rate, because it is located on the surface of the catalyst. E.g. many photochemical reactions (production of HCl from H2 and Cl2), ammonium decomposition of platinum:

2NH3 → N2 + 3H2 
In general: v = k0 or c = c0 – k0τ
Hence, k = (c0 – c)/ τ 
where c0 - initial molar concentration, c - concentration at time τ, constant of rate of zero-order is measured in mol/1·s, hence in zero-order reactions the concentration diminishes linearly with the time. The graph is shown on Fig 3.1 c.
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Fig 3.1. Linear dependence lgc – τ, 1/c = τ  and  (c0 – c) – τ for  a) first-, b) second-, c) zero-order reactions.

For zero-order reactions the time of half-transformation is proportional to the initial concentration: τ 1/2 = c0/2k0.
The practical value of the above equations and graphs is in their application to determining the true order of any investigated reaction. For this it is necessary to make a graph of dependence of the value c0-c or lgc or 1/c on the time using experimental data and to find in which case this dependence will look like a straight line. Only in this case, when the graph is straight, we can conclude that the studied reaction is zero-, first- or second-order one, respectively.

Using the experimental data and the values of concentration in different moments of time we calculate constant of reaction rate - k. The equation which gives a constant k value corresponds to the type of the investigated reaction.

For example, saponification of methyl acetic ester at 298 K has the following equation:

CH3COOCH3 + NaOH = CH3COONa + CH3OH
The following experimental data were obtained (Table 3.1):
Table 3.1. The experimental data for reaction of saponification of methyl acetic ester

	 τ, sec
	180
	300
	420
	600
	900
	1500

	c, 10-3, mol/l
	7.40
	6.34
	5.50
	4.64
	6.63
	2.54


co(NaOH) = co(CH3COOCH3) = 0.01mol/l

Solution: In turns put the experimental data to the equation of first and second order, we understand that nil order reaction can be only a catalyst process. The investigated reaction is not a catalyst process.

If the studying reaction is the first-order reaction, kinetic equation will be the next:
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If the studying reaction is the second-order reaction, kinetic equation will be the next:
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The rate constant should be reproducible from experiment to experiment. In the first case we don’t observe this in contrast to the second case. So, we can make a conclusion that the investigating reaction is the second-order reaction.
Besides the above analytical method, we can use a graphic method. In this case we draw a graph of dependence of lgc or 1/c on the time and look for the case when the graph is a direct line. Thus for saponification reaction for methylacetic ester lgc are calculated (Table 3.2).
	Table 3.2. Calculated values of the lgc for saponification reaction for methylacetic ester 

τ, sec
	180
	300
	420
	...
	1500

	lgc
	-2.1308
	-2.1974
	-2.2596
	
	-2.5952

	1/c
	135.1
	157.7
	181.8
	
	393.2


Now let us draw the graphs (Fig. 3.2.).
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	Fig. 3.2. Experimental dependencies of lgc –  τ and 1/c – τ.
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We can conclude that methyl acetic ester saponification is a second-order reaction.

Dependence of the reaction rate on the temperature. Temperature elevation increases considerably the rate of chemical reactions. This can be explained by increased chaotic movement of the molecules which causes increase in the collision number. In 1879 Van't-Hoff formulated an empirical rule: with temperature elevation by 10 degrees the rate of the chemical reaction increases 2-4 times:
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(3.6)
where ( - temperature coefficient showing how many times the rate increases at temperature elevation by 10 degrees.

Most reactions in the human organisms take place with the participation of catalysts, enzymes, within a very narrow range (optimum) of temperature 36-42 degrees. Therefore, the temperature influence in biochemical processes is more considerable and, as a consequence, y values are equal 7-10 and are taken for a more narrow temperature range - 2, 3, 5 degrees.

With temperature increase not every collision results in a chemical reaction. To accomplish it the molecules must have some energy reserve which is sufficient to loosen the bonds which will be reconstructed during the reaction, or they must be able to overcome the energy threshold.

Activation energy (Ea) is an abundant (when compared with the mean molecule energy) energy necessary for the substances to react on collision. Usually Ea is from 40 to 200 kJ/mol.

Mathematical dependence of the reaction rate on the temperature follows from theory of active collisions, the reaction being considered bimolecular taking place in a gaseous form. The number of the molecules which have the necessary Ea is determined by heat distribution of Maxwell-Boltzmann (exponential dependence). Hence, the following (Arrhenius equation) is true:

k=A·e-Ea/RT





(3.7)
where k –reaction rate constant, A – pre-exponential multiplier reflecting the amount of active collisions, it ranges from 0 to 1, Ea – activation energy, J/mol, R – molar gas constant, 8.314 J/mol K, T – absolute temperature, e – natural logarithm base.

The values of activation energy can be determined by measurement of the rate constant for the given reaction at two different temperatures using the equation:
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Or using a graph (Fig. 3.3.), preliminary having found the logarithm of Arrhenius equation.
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	Fig. 3.3. Dependency lgK – 1/T

lgk = lgA – Ea/2.3RT;


Ea = –2.3tgφ




Chemical equilibrium. Le Chateliers principle. All chemical reactions are reversible. As its was mentioned above, in any chemical reaction, collision of the particles, as a rule, results in formation of an activated complex, which can turn to reaction products but also can decay to the initial products. Each stage of a reverse reaction is a reversible process of the respective stage of the chemical reaction.

It is possible to create such conditions at which any reversible reaction can proceed only in one direction and, hence, will be irreversible. But it happened that the reactions which can proceed only in one direction were called irreversible, those proceeding in two opposite directions – reversible.

Let's discuss the state of chemical equilibrium using the reaction:

H2 + I2 → 2HI.
Two reactions, reverse and direct take place simultaneously in the mixture of H2, J2» HJ. The rates of the direct and reverse reactions is described by the equations:

vdir.= k1[H2][I2];      vrev. = k2[HI]2
When the system reaches the state of chemical equilibrium, at which the rate of the reverse and direct reactions are equal, the following is true:

k1[H2][I2]  = k2[HI]2
It does not mean that there are different amounts of reagents and products in the system. The latter, like thermodynamic equilibrium, is true but in contrast to it is not static but dynamic. It is necessary to bare in mind that there is nothing in common between a reversible reaction and a thermodynamically reversible process. All real processes, including reversible chemical reactions, are thermodynamically irreversible.

The state of chemical equilibrium is characterized by equilibrium constant K equal to the ratio of the constant of direct reaction rate to the constant of indirect reaction rate, that is the ratio of concentration product to the product of concentrations of the reacting substances in the power which equals their stoichiometric coefficients. For the above reaction of HJ production:
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(3.9)
Example: What is equilibrium constant for the reaction:

CO + Cl2 = COCl2
if co(CO) = 0.28 mol/1; co(Cl2) = 0.09 mol/1; [CO] = 0.2 mol/1

Solution: 
[image: image103.wmf]]

Cl

][

CO

[

]

COCl

[

2

2

=

K


Reacted CO: 0.28 – 0.2 = 0.08 mol/l, the amount of Cl2 and COC12 was the similar (according to the reaction equation). Thus, [Cl2] = 0.09 – 0.08 = 0.01 mol/l, [COCl2] = 0.08 mol/l.
K = 0.08/(0.08·0.01) = 100

Equilibrium constant, being the function of temperature only, can change within a wide range, but K(0 and K((, as at chemical equilibrium partial pressure of any substance cannot be equal either 0 or (.

If K does not differ greatly from 1 (e.g. 10~2 <K< 102), the reaction is reversible. In this case we can create the initial concentrations of the reacting substances which will promote the direction of the reaction. If chemical equilibrium constant differs from 1 greatly, it is impossible to create the initial concentrations of the reacting substances, with which the reaction can go from right to left at K<<l or from left to right at K>>l. In this case the reaction is irreversible. Keq shows how much the reaction has advanced after equilibrium state had been achieved.

It is necessary to remember that equilibrium constant at a constant temperature depends only on the value of standard free process energy, which is thermodynamic function of the state. Hence, equilibrium constant is also a thermodynamic function depending only on the nature of the reacting substances and can be calculated using reference thermodynamic data:

InK = –ΔG0/RT




(3.10)
Introduction or deleting one of the reagents at a constant temperature changes the concentration of the reacting substances in such a way that chemical equilibrium constant remains unchanged.

For example, for reaction HHb + O2 = HHbO2 equilibrium constant at 310 K equals 1300, that is the equilibrium shifts to the right. It is known that hemoglobin can bind with CO producing carboxyhemoglobin (HHbCO). Therefore, addition of CO to the system reduces hemoglobin concentration which results in destruction of oxyhemoglobin. The equilibrium of reaction of hemoglobin with oxygen will shift to the left. Thus, the changes in the concentration of any substance in an equilibrium system will cause the changes in all the rest.

Summary influence of the conditions (concentration, pressure, temperature) on the chemical equilibrium is expressed by Le Chatelier's principle: if an equilibrium system is influenced from outside, the process weakening this interaction will take place in the system.
Thus, the changes of pressure influence the equilibrium of the reactions accompanied by changes in the volume. For gas reactions, changes of pressure is equivalent to the changes in the concentration. During the process of ammonia synthesis N2 + 3H2 = 2NH3 which takes place with volume reduction, pressure increase will increase the concentration of the initial substances in greater extend than that of the products. The reaction will shift to the reaction products, that is to smaller volume.

At heating the system equilibrium will shift to the side of the endothermic process, at cooling – exothermic.

Catalysts do not shift chemical equilibrium as they accelerate both direct and reverse reactions. In this case equilibrium will be achieved faster.

Experimental and calculation
Sulfuric acid reacts with sodium thiosulfate with formation of thiosulfuric acid according following steps:



Na2S2O3 + H2SO4 → H2S2O3 + Na2SO4 (fast)




H2S2O3 → S( + SO2 + H2O (slow)
According to the chemical kinetics, in case of multi-step reactions, each step will occur at its own distinctive rate. If one step takes place much more slowly than all other steps, it will definetly control overall reaction rate. The slowest step is called rate determining step. Sulfuric acid concentration remains constant in all experiments, so estimation of conditional reaction rate should be done according to the change in sodium thiosulfate concentration.

Fill three clean burettes with solutions of sodium thiosulfate, sulfuric acid, water.
 Take two test tubes; pour sodium thiosulfate and water from burettes into one test tube, and sulfuric acid into another one.  Then pour together the contents of the test tubes and note the time when the turbidity arises (formation of opelescent of sulfur) by means of the stopwatch. This procedure shoul be done five times varying the volumes of reagents according to the table:
	  №
	Volume, ml
	c(Na2S2O3), 
mol/l                                                    
	Time of turbidity arising (τ), sec
	v = 1/ τ

	
	H2SO4
	H2O
	Na2S2O3
	
	
	

	1
	2.5
	2.0
	0.5
	
	
	

	2
	2.5
	1.5
	1.0
	
	
	

	3
	2.5
	1.0
	1.5
	
	
	

	4
	2.5
	0.5
	2.0
	
	
	

	5
	2.5
	0.0
	2.5
	
	
	


The initial concentration (c0) of Na2S2O3 is 0.19 mol/l. 

The conditional reaction rate (v)  is proportional to the value 1/τ.

1. Calculate concentration of Na2S2O3 after delution (c) using the following formula: c =  c0(Na2S2O3)·V0(Na2S2O3)/5 mol/l

2. Calculate values of conditional reaction rates (v), results should be noted in the table.

3. Plot the graph v = f(c(Na2S2O3)). Make a conclusion about dependence obtaned.

Comprehension check

1. Chemical reaction rate (v). Give definition and write mathematical expression. 

2. Molecularity and the reaction order. What the difference between them?

3. Reaction rate constant. Write kinetic equation for some reaction and shortly comment all used terms.

4. Calculate half life period of:

a) First-order reaction, if k = 0.05 1/sec.

b) Second-order reaction, if c = 0.1 mol/l, k = 0.05 l/mol·sec.

c) Zero-order reaction, if c = 0.01 mol/l, k = 0.005 mol/l·sec.

5. The integral expression of rate constant:
a) For zero-order reaction

b) For first-order reaction

c) For second-order reaction
6. Analyse the following rate equations, and determine the orders of reaction:
a) v = k·[Cu2+]·[NH3]
b) v = k·[OH-]
c) v = k·[NO]2·[O2]
7. Write the rate expressions for forward reactions and write the expression for equation constant:

a) N2 (g) + O2 (g)  2NO(g)
b) H2 + S → H2S

c) H2 + CO2 → C + H2O

d) Cl2 + H2O → HClO + HCl

e) 2MnO + O2 → 2 MnO2
f) 3MnO+ 2Al → 3 Mn + Al2O3
8.  Activation energy (Ea), Arrhenius equation.

9. Chemical equilibrium. Le Chateliers principle. 

10. Calculate the equilibrium constant for the reaction:

2SO2 + O2 → 2SO3, if co(SO2) = 0.4 mol/1; co(O2) = 0.2 mol/1; [SO2] = 0.2 mol/1.
11. Calculate the equilibrium constant for the reaction:

2H2 + O2 → 2H2O,  if co(H2) = 0.15 mol/1; co(O2) = 0.075 mol/1; [O2] = 0.025 mol/1.
12. How much faster will a reaction be at 500C than at 200C when its activation energy is:
a) 80 kJ/mol

b) 120 kJ/mol

c) 150 kJ/mol

13. Values of the rate constant were obtained for reaction:
CO + NO2 = CO2 + NO

t, 0C

276

319

365

402

454

k, 1/mol/s
0.0016
0.021

0.12

0.63

2.70

Calculate energy of activation and write kinetic equation for the reaction.
14. Values of the rate constant were obtained for reaction:
NO2 = NO + 0.5 O2

t, 0C

319

330

354

379

383

k, 1/mol/s
0.552

0.755

1.70

4.02

5.03

Calculate energy of activation and write kinetic equation for the reaction.
15. In solution, the cerium(IV) ion reacts with aqueous hydrogen peroxide with a 1:1 stoichiometry. The reaction has a rate constant of 1.09·10-6 dm3·mol −1·s−1. How fast is the reaction that occurs between Ce(IV) and H2O2, if [Ce(IV)] = 10−4 mol·dm−3 and [H2O2] = 10−3mol·dm−3?
PART 2. COLLOID CHEMISTRY
Laboratory exercise No.4
INVESTIGATION OF ACETIC ACID ADSORPTION FROM WATER SOLUTION USING CHARCOAL 

Aim of exercise: determination of the acid content in the solution after adsorption and amount of the adsorbed acid, building of the isotherm of adsorption.
Theoretical background

Before discuss adsorption more exactly we need to consider the one specific phenomenon – surface tension.
Surface tension
It is common experience that fluid systems consisting of two phases try to minimize their interfacial area. For instance, if the one phase is present as a blob, it tends to assume a spherical shape, which is the smallest surface area possible for a given volume (Fig. 4.1). An obvious example is a rain drop in air. If two of such drops collide, they generally coalesce into one bigger drop, thereby lowering total surface area. 
	[image: image104.png]



	Fig. 4.1 The drive to reduce the surface area to a minimum produces the observed tendency of liquids to form spherical drops (in the absence of gravity) — the geometry of minimum surface area for a given volume of material.


This is also commonly observed for fairly large oil drops in (pure) water. Since any system tries to minimize its free energy, it follows that at an interface between two phases free energy is accumulated. 
This is called surface or interfacial free energy. For a homogeneous interface, it is logical to assume that the amount of surface free energy is proportional to surface or interfacial area. Consequently, the surface (or interface) is characterized by its specific surface free energy. It can be expressed in units of energy per unit area, i.e., J·m2 in the SI system, the surface tension has the same dimension as the specific surface free energy. 
Surface tension is a property of the surface of a liquid that allows it to resist an external force. It is revealed, for example, in floating of some objects on the surface of water, even though they are denser than water, and in the ability of some insects (e.g. water striders) and even reptiles (basilisk) to run on the water surface.
The surface tension equals specific free energy of the surface. As, according to the second law of thermodynamics, free energy of any system aspire to minimum, the substances at dissolving of which surface tension diminishes will accumulate in the surface layer, that is adsorbed positively (Γ > 0). Such substances are called surface active (SAS). The substances increasing the surface tension and tending to go inside the fluid are called surface inactive. Many organic substances are surface active with water (alcohols, carboxylic acids, and amines); inorganic electrolytes are surface inactive (acids, bases, salts).

Common for all SAS is their dipolar character, that is presence of a polar group in the molecule (-OH, -COOH, -NH2), etc., hydrated at dissolving in water and a hydrocarbon radical lacking water shell (Fig. 4.2). Dipolar molecules are marked by symbol -O, where O corresponds to the polar group, a dash to hydrocarbon radical.
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Fig. 4.2. Polar molecules in solution will, when possible, orient themselves at surfaces and interfaces in order to minimize the overall interfacial energy of the system. In aqueous solutions containing organic solutes that usually results in the nonpolar portion of the molecule ‘‘pointing’’ away from the aqueous phase, or at least lying along the surface.

Depending on the sign of the charge of the particle possessing surface activity, anion, cation and nonionic SAS are distinguished. An example of anionic SAS is soap, salt of higher fatty acids, cationic – amines and organic ammonium derivatives, nonionic - alcohols, saccharose esters, and oxyetilated compounds. With the increasing of the length of hydrocarbon radical of the SAS by -CH2- group (homologous difference) surface activity increases approximately threefold (Traube's rule). 
SAS molecule orientation at a phase interface. 
	[image: image106.jpg]



	When the fluid surface is filled with SAS molecules they are located in such a way that polar groups of dipolar molecules to be hydrated will be sunk into the water. Hydrocarbon radicals are located over the water forming a so-called monomolecular paling (Langmuir's paling) (Fig. 4.2)
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	After filling in the surface layer (at concentrations 10-5 – 10-3 mol/l) surface active substances will accumulate in the inner layers of the solution forming aggregates (SAS micelle), the inner portion of which consists of hydrophobic hydrocarbons chains, hydrophilic groups of the molecules are located on the external surface of the micelle.
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	Phospholipid molecules in the cellular membrane have the same orientation. Hydrophilic groups of phospholipid molecules are phosphoric acid residues and amino alcohols, hydrophobic are hydrocarbon radicals of fatty acids.

There are two layers of phospholipid molecules in the membrane. Their hydrophilic groups are oriented outside and hydrophobic inside the molecule. Proteins and polysaccharides are adsorbed on the polar groups of phospholipids. Besides, proteins are built in the lipid base in such a way that their hydrophobic portions are in the inner cavity of the membrane and polar groups of amino acids are on its surface.
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	If surface active substances are added to water - oil emulsion, their hydrophilic groups will be in the water and hydrophobic - in the oil phase.


As a result, joining the drops in the emulsion will be difficult, its stability will increase. In the process of digestion fat emulsion is formed in the intestine. It is stabilized by the salts of bile acids present in the bile.

Solutions of bile acid salts have a very low surface tension. Spontaneous fat crushing takes place without a prior mechanical breaking. This determines the importance of bile for digestion and absorption of fats in the gastrointestinal tract.

Adsorption, concept and terms
Adsorption is accumulation of one substance on the surface of the other. The substance on the surface of which adsorption takes place is called adsorbent, solute (dissolved substance) which accumulates on the adsorbent is called adsorbtive,  the adsorbed substance is called adsorbate, Both molecules and ions can be adsorbed, thus molecular and ion adsorption are distinguished. Adsorption accompanied by chemical interaction of the adsorbent with adsorptive is called chemosorption.

Adsorption is a reversible process. Reverse adsorption is termed desorption.

Qualitatively adsorption is expressed as difference of mmol in the adsorbate in the volume of surface layer with the area of 1 cm2 and the number of its mol in the same volume inside the adsorbent (Г = mmol/cm2).

Adsorption can be most simply defined as the preferential concentration (i.e., location) of one component of a system at an interface, where the local (i.e., interfacial) concentration of one or more components of one or both phases is different from those in the bulk phases. ‘‘Adsorption’’ should be clearly differentiated from ‘‘absorption,’’ in which physical penetration of one phase into another is involved, although the two may operate concurrently. Adsorption can occur at any type of interface (gas – liquid, gas – solid, liquid – solid), although the distinct characteristics of solid versus liquid interfaces make the analysis of each case somewhat different. For that reason, the discussion of each situation is best presented in the context of specific interfaces. In many practical systems, all four of the principle interfaces may be present, leading to complex situations that make complete analysis very difficult or impossible.

Where the interfacial concentration of the adsorbed species is greater than that in the bulk phase(s), one can refer to ‘‘positive’’ adsorption, although the positive aspect is usually assumed. It is possible, however, for negative adsorption to occur. In such a situation, the concentration of a system component in the region of the interface will be less than that in one or both bulk phases. The result of negative adsorption can be to increase the interfacial energy of a system relative to a defined standard state. While such situations are less frequently encountered, the possibility should not be discarded where experimental evidence cannot be explained by other means.

Interfaces containing only liquids and vapors generally exhibit simpler adsorption characteristics (in principle, at least) than those containing solid surfaces, because in liquid surfaces, the complications arising due to specific structures and surface heterogeneities can be ignored. In addition, multilayer adsorption (see below) can usually be ruled out. The adsorption characteristics of solid surfaces, on the other hand, can be very much history dependent and the possibility of such ‘‘historical’’ differences should always be kept in mind.

Under the general topic of adsorption phenomena, there are a few terms that must be kept clearly in mind to avoid confusion, particularly when solid surfaces are involved. When adsorption occurs on a solid, the solid is referred to as the adsorbent and the adsorbed material the adsorbate. In some cases absorption may also occur. It can be difficult to separate the effects of the two phenomena if they occur together. In fact, it is likely that one will affect the other and produce a situation even more difficult to analyze than that produced by one alone.

In the consideration of adsorption processes, there are two aspects that must be addressed: (1) thermodynamics—the effect of the adsorption process on the final equilibrium interfacial energy of the system, and (2) kinetics—the rate at which the adsorption process occurs. 

Adsorption on the surface liquid-gas, solid-liquid. Gibbs equation
Before beginning a discussion of specific adsorption phenomena, it will be useful to introduce one of the concepts fundamental to ‘‘classical’’ adsorption theory — the Gibbs dividing surface and the Gibbs adsorption isotherm. While the following introduction is very superficial (excuse the pun), the concepts involved, once clearly understood, provide a good basis for understanding more complex models and approaches.

Dependence between adsorption (Γ), concentration of substance in the solution and the changes of superficial tension is expressed using Gibbs equation:
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 where 
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– is the changes of surface tension per a unit of concentration and is called surface activity; c –  concentration of substance in solution after sorption; R – universal gas constant; T – temperature. The “–”  before the equation points: adsorption is positive if substance decreases of surface tension. So, the motive force of adsorption is the intention of a system to decrease the surface tension.
The adsorption from the limit-diluted solutions is obeys to the Henry’s Law:
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– the Henry’s constant; c – concentration of adsorptive in solution.
Adsorption on the surface of solid substances. Langmuir's theory
Gases as well as molecules and ions of the dissolved substances may be absorbed on the surface of solid bodies. Main ideas of monomolecular adsorption theory were formulated by an American scientist Langmuir in 1915. 
They are as follows:

1. Adsorption is caused by the forces of residual chemical valence. The particles (atoms, molecules, ions) of solid substances located on the surface combine with smaller number of the particles of this substance then the particles in the inner layers. Interaction with adsorptive molecule is possible due to the unrealized bonds.
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2. Adsorption takes place in active centers which are always available on the adsorbent surface. These centers are bulges which are present on any (even very smooth) surface. Thus, a finely polished surface of a mirror has bulges up to 3·10-3 cm.
3. Every active center can bind only one molecule of the adsorbate. That is why the theory was called theory of monomolecular adsorption. The adsorbed molecules  are not interact with each other.

4. The adsorbed molecules are kept by the active centers only for a definite period, after that they are desorbed and replaced by new particles. This results in dynamic equilibrium between free and adsorbed particles.

Adsorption value depends on the chemical and physical nature of the adsorbent and adsorbate, temperature, concentration of the adsorbed substance.

As the surface of a solid adsorbent is, as a rule, unknown, Γ is expressed as the amount of adsorptive in mol per unit of mass or area of adsorbent.

Based on the above ideas Langmuir deduced the equation of adsorption isotherm:
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– maximum adsorption, when all active centers of the adsorbent are taken by the adsorbed substance; c – adsorbtive concentration in water solution; K – adsorption constant.

The values of Gibbs adsorption (Γ) and adsorption (A) are in correlation:
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c – component concentration in solution; Γ – Gibbs adsorption; δ – thickness of the surface layer. A ≈ Γ in the case of intense adsorption:
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where Γ (Gibbs adsorption) – amount of adsorbed substance (mol/g of adsorbent); Γmax – maximum adsorption; c – concentration of solute substance in solution; K – adsorption constant.

Dependence of the amount of adsorbed substance on its concentration in the solution at a constant temperature is called adsorption isotherm (Fig. 4.3. (a)). A graph of a usual isotherm looks like (Fig. 4.3. (a)):
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Fig 4.3. Langmuir’s adsorption isotherm: (a) in the coordinates A – c; (b) the linear form in coordinates 1/A – 1/c.
The parameter 
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of equation 3 can be found using graph 4.3. (a), after that parameter K can be calculated from equation 3 according to experimental data.
If experimental dependency do not allow to find parameter 
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 will use linear form (Fig. 4.3. (b)):
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In this case 
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 – intercept on an ordinate axis;  
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 – slope of dependency (tgα) .

The degree of the monolayer occupation (θ) is an important parameter in the adsorption describing. It is the ratio of the quantity of occupied of adsorbtive places to the total number of places on the surface:
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If 
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, θ = 1 (the horizontal line on figure 4.3. (a)).

Using Langmuir’s equation the specific surface of adsorbents can be calculated:
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(4.9)

NA –  Avogadro’s constant,  6.02·1023 mol-1; sM  – the area occupied by one molecule of adsopbate.

In the case of SAS sorption the area occupied by one molecule can be calculated:
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NA –  Avogadro’s constant,  6.02·1023 mol-1; 
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– maximum (limiting) adsorption.

For example: Calculate the area occupied by one molecule of pentanoic acid on the water surface, if limiting adsorption (
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) equals 8.3·10-5 mol/m2.
Solution:
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Investigation of adsorption phenomena has shown that so-called S-like adsorption systems occur very frequently (Fig. 4.4.):
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Fig. 4.4. The illustration of the polymolecular adsorption. In multilayer adsorption on a solid surface the first adsorbed layer may be physically adsorbed or chemisorbed. Subsequent layers will be physically adsorbed.

It is evident that absorbent binding of the adsorbed substance is not over after monomolecular layer formation. It goes on, that is polymolecular adsorption takes place. Adsorption forces act at comparatively long distances, we can suggest existence of adsorption volume formed by the molecules of adsorptive on the surface of the adsorbent. The action of adsorption forces decreases with the distance from the surface and becomes zero at a definite distance.

Experimental and calculation

Take 4 weighted samples of charcoal (0.5g) and place into the flasks. Add to the flasks prepared solutions of acetic acid: volume 25 ml, concentrations is 0.30 mol/l, 0.20 mol/l, 0.10 mol/l, 0.05 mol/l. Place flasks in the shaker on 30 min. After sorption, solutions should be filtered through the filter paper. The concentration of acetic acid should be determined by titration with NaOH (c(NaOH) = 0.1 mol/l) using phenolphthalein as indicator. Aliquot of acetic acid is 10 ml.

A clean burette should be rinsed with alkaline solution and after that filled the same solution. Using clear pipette take 10 ml of investigated solution and transfer it to the titration flask. Then add two drops of indicator and rinse the flask’s walls with distilled water. The solution is titrated with NaOH solution by adding NaOH solution from the burette drop by drop until the solution become pink. Each solution should be titrated 3 times in order to obtain the average value. 

	The data should be noted down to the table:

№
	c0(CH3COOH), mol/l
	V (NaOH), ml
	ceq(CH3COOH),
mol/l
	A, mol/g
	A, mmol/g

	1
	0.30 
	
	
	
	

	2
	0.20
	
	
	
	

	3
	0.10
	
	
	
	

	4
	0.05
	
	
	
	


 Equilibrium concentration of acetic acid after sorption is calculated according to the equation:
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The value of adsorption is calculated according to the equation:
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Finally we should plot the graph of adsorption isotherm and calculate K by 
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Comprehension check


1. Surface tension. Factors influence on the value of liquids surface tension.


2. Give the defenition of surface active and surface inactive agents. Make an example.


3. How many times surface activity of valeric acid (CH3CH2CH2CH2COOH) is more than acetic acid (CH3COOH)?

4. How many times surface activity of propionic acid (CH3CH2COOH) is less than hexanoic acid (CH3(CH2)4COOH)?

5. Point hydrophilic and hydrophobic groups in the molecules of propionic acid (CH3CH2COOH) and butan-1-ol (CH3CH2CH2CH2OH). How are these molecules oriented in the surface of a liquid?
6. Point hydrophilic and hydrophobic groups in the molecules of sodium dodecyl sulfate (C12H25SO4Na).
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How are these molecules oriented in the surface of a liquid?
7. Write Gibbs’ equation. In which cases this equation can be used?


8. Positive and negative adsorption.

9. What form isotherm adsorption has?


10. Langmuir's theory basis.
11. Calculate the area occupied by one molecule of aniline on the water surface, if limiting adsorption (
[image: image141.wmf]¥
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) equals 6.0·10-6 mol/m2.
12. The molecule of 1,4-butanediol in the saturated adsorption monolayer on the surface of its aqueous solution takes up 46.9·10-20 m2.  Calculate the area of ​​maximum adsorption of 1,4-butanediol at the water-air interface.
13. Calculate the value of adsorption of aniline from its water solution with concentration 0.25 mol/l, if limiting adsorption (
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) equals 6.0·10-6 mol/m2, K = 5.2 l/mol.
14. Calculate the value of the specific surface of activated carbon, if for nitrogen sorption were obtained:
sM  = 0.16·10-18 m2; A∞ = 2.22 mol/kg.
15. Calculate on the basis of result of parallel titrations of investigated solutions the mean value and confidence intervals for acetic acid concentration.
Laboratory exercise No.5
PREPARATION OF HYDROPHOBIC COLLOIDAL SYSTEMS AND DETERMINATION OF THE COAGULATION THRESHOLDS
Aim of exercise: preparation of ferric hydroxide sol Fe(OH)3, copper ferrocyanide Cu2[Fe(CN)6] and ferric ferrocyanide (Prussian blue sol) Fe4[Fe(CN)6]3 by chemical condensation method. Preparation of sulfur sol by physical condensation method. Determination of the sign of the charge of colloidal particles. Determination of the coagulation thresholds of Fe(OH)3 sol by electrolytes.
Theoretical background
Colloidal systems or colloids (from Greek word 'kolla', meaning 'glue') are a specific state of matter endowed with certain characteristic properties. It is not a given class of substances. For example, salt (potassium chloride) forms a colloidal solution in benzene, but forms a true solution in water. Examples of systems which are colloidal (at least in some respects) are: aerosols, agrochemicals, cement, cosmetics, dyestuffs, emulsions, fabrics, foams, foodstuffs, ink, paint, soil.
The first important characteristic of the colloidal state is the presence of particles which are larger than molecules but not large enough to be seen in mi​croscope. The size of particles in the colloidal state is from 10-9 to 10-7 meter. 
The second essential property: colloidal solutions are two or more phase's sys​tems. The particles in a colloidal dispersion are sufficiently large for definite surfaces of separation to exist between the particles and the medium in which they are dispersed. Simple colloidal dispersions are, therefore, two-phase systems. The phases are distinguished by the terms dispersed phase (for the phase forming the particles) and dispersion medium (for the medium in which the particles are distributed), table 5.1. The physical nature of a dispersion depends, of course, on the respective roles of the constituent phases; for example, an oil-in-water (O/W) emulsion and a water-in-oil (W/O) emulsion could have almost the same overall composition, but their  physical properties would be notably different.
Table 5.1 The type of colloidal dispersion

	System
	Type
	Dispersed Phase
	Continuous

Phase

	Fog, mist
Smoke

Shave cream

Styrofoam

Milk

Butter

Paint

Opal

Jello

Liquid soaps and detergents


	Liquid aerosol
Solid aerosol

Foam

Solid foam

Emulsion

Emulsion

Dispersion

Dispersion

Gel

Micellar solution
	Liquid
Solid

Gas

Gas

Liquid (fat)

Liquid (water)

Solid

Solid

Macromolecules

Micelles

of detergent molecules
	Gas
Gas

Liquid

Solid

Liquid (water)

Solid (fat)

Liquid

Solid

Liquid

Liquid


Types of colloidal systems. Sols and emulsions are by far the most important types of colloidal dispersion. The term sol is used to distinguish colloidal suspensions from macroscopic suspensions; there is, of course, no sharp line of demarcation. When the dispersion medium is aqueous, the term hydrosol is usually used. The medium may be solid or gaseous; similarly the disperse phase may be solid, liquid or gaseous, thus leading to a number of pos​sible types of colloidal systems. For example, smokes and dusts consist of solid particles dispersed in gaseous medium in fog, mist and cloud the disperse phase is liquid and the dispersion medium is a gas. Ruby glass consists of particles of gold dispersed in glass. 
If the dispersed phase is polymeric in nature, the dispersion is called a latex (pi. latices or latexes). Foams are somewhat different in that it is the dispersion medium which has colloidal dimensions.
Colloidal solution with a liquid dispersion medium, i.e. sols, may be di​vided into lyophobic (from Greek 'liquid hating') and lyophilic ('liquid loving') or hydrophobia and hydrophilic if dispersion medium is aqueous. These terms are frequently used to describe the tendency of a surface or functional group to become wetted or solvated. Lyophobic sols are relatively unstable compared with lyophilic sols.

Lyophilic surfaces can be made lyophobic, and vice versa. For example, clean glass surfaces, which are hydrophilic, can be made hydrophobic by a coating of wax; conversely, the droplets in a hydrocarbon oil-in-water emulsion, which are hydrophobic, can be made hydrophilic by the addition of protein to the emulsion, the protein molecules adsorbing on to the droplet surfaces.
This terminalogy is particularly useful when one considers the phenomenon of surface activity. The molecules of surface-active materials have a strong affinity for interfaces, because they contain both hydrophilic and lipophiiic (oil-loving) regions. 
The general usage of the terms 'lyophilic' and 'lyophobic' in describing colloidal systems is somewhat illogical. 'Lyophobic' traditionally describes liquid dispersions of solid or liquid particles produced by mechanical or chemical action; however, in these socalled 'lyophobic sols' (e.g. dispersions of powdered alumina or silica in water) there is often a high affinity between the particles and the dispersion medium - i.e. the particles are really lyophilic. Indeed, if the term 'lyophobic' is taken to imply no affinity between particles and dispersion medium (an unreal situation), then the particles would not be wetted and no dispersion could, in fact, be formed. 'Lyophilic' traditionally describes soluble macromolecular material; however, lyophobic regions are often present. For example, proteins are partly hydrophobia (hydrocarbon regions) and partly hydrophilic (peptide linkages, and amino and carboxyl groups).  
Typical examples of lyophobic sols are sols of metals, sulfur, sulfides, and silver halides. Lyophilic systems are sols of gums, starches and proteins.
Preparation of colloidal systems. Lyophilic sols may be prepared when substances with high molecular weight are warmed with a suitable dispersion medium. For example, gelatin and starch in water, rubber in benzene. Lyophobic sols may be prepared by special methods: (1) condensation methods and (2) dis​persion methods.
Condensation methods are (i) physical condensation is based on physical processes, e.g., such as solvent replacement or vapor condensation (the forma​tion of fog); (ii) chemical condensation is based on different chemical reactions, e.g., hydrolysis of ferric chloride FeCl3: FeCl3 + 3H2O → Fe(OH)3 + 3HC1,
by adding boiling water dropwise to a solution of ferric chloride one obtains the dark brown sol of ferric hydroxide.
A common feature of both classes of methods is that formation or separa​tion of the colloid in the new phase occurs at strong supersaturation.
Dispersion methods. In this methods the starting material consists of the substance in the massive form; by means of suitable devices it is disintegrated into particles of colloidal dimensions. Colloidal mill and electrical disintegration (a direct current electrical arc) are used.
Peptization is the direct disintegration (or dispersion) of the coagulation products of a sol into particles of colloid size by an added agent (peptization agent). The peptizing effect of such agents is based on their specific reaction with the coagulate.
Tyndal effect. Colloidal particles presence can be made evident by optical means. If a strong beam of light is passed through a colloidal solution, colloidal particles will scatter the light. True solutions are optically clear, but colloidal solutions scatter light, producing so-called the Tyndall effect. The path of the light through the sol, which is rendered visible as a result of the scattering, is called the Tyndal beam.
Structure of a lyophobic sols. Necessary conditions for the stability of lyo​phobic sols are (1) the particles must be very small (offsets sedimentation); (2) must carry electrical charges (hinder coagulation); (3) must form solvate shells (hinder coagulation).
Electrical charges appear on the colloidal particles as a result of adsorption processes, when the particles preferentially adsorb ions of a given species from the solution, depending on the nature of the colloidal and experimental condi​tions particles of a colloid preferentially adsorb ions of a certain species from the electrolytic solution. Type of counter ions (potential determining ions) depends on the conditions of hydrosol obtaining: the concentration of reactants, the procedure of pouring.

The entire part, consisting of the particles of the dispersed phase plus the adsorbed ions (potential-determining ions) plus counter-ions of Stern layer (ions of opposite charge) partially bound to them, migrates through the solution as a single unit so-called particle (or granule). The counter-ions in the surrounding solution experience attraction to the charged particles. Those nearest to it are more strongly attracted and become bound to the particle. The entire unit plus the counter-ions of diffuse layer is called a mi​celle (Fig. 5.l). Thus the micelle in a whole is electrically neutral. 
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Fig. 5.l. Structure of silver iodide micelle with negatively charged particles

For example: Write the colloid particle structure if to 15 ml of KI, c(KI) = 0.04 mol/l were added 5 ml of AgNO3, c(AgNO3) = 0.02 mol/l.
Solution:

First of all calculate concentrations of reagents after mixing. Total volume of solution is 20 ml.
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If we mix these solutions aggregate AgI will appear. The concentration of iodide ions greater than silver ions and KI solution was added to AgNO3, so the potential-determining ions – iodide ions. The micelle structure is:
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Coagulation is the process in which colloidal particles come together to aggregate and form a visible precipitate. Ways of coagulating lyophobic sols are by the addition of an electrolyte, by heating (e.g. boiling an egg coagulates the albumin), etc. 
Investigations of the coagulation of lyophobic sols by electrolytes have led to the following conclusions (Hardy-Schulze rule):
1. The coagulating action of the electrolyte is due to the ion whose charge
is opposite in sign to that of the colloidal particles.
2. The precipitating effect increases markedly with increasing valence of
the ion. For example, the ratio of the coagulating effect of ions of different va​
lence Me+ : Me2+ : Me3+ is as 1 : 20 : 350.
A certain minimum value of electrolyte concentration in the 1 liter of sol at which coagulation begins is called coagulation threshold.
Kinetic and aggregate stability characterize colloidal systems stability with respect to sedimentation processes and to change in particle size (coagulation).
The addition of a lyophilic substance to a lyophobic sol frequently renders the latter less sensitive to the precipitating effect of electrolytes. This is an illus​tration of the phenomenon of protective action.
The relative protective effects of different substances can be expressed quantitatively in terms of what is known as the gold number. This is defined as the dry weight in milligrams of protective material which when added to 10 ml of a standard gold sol is just sufficient to prevent color change from red to blue on the addition of 1 ml of a 10 per cent solution of sodium chloride. The color change referred to is due to coagulation of the particles, and hence the gold number is a measure of the quantity of protective colloid which just fails to pre​vent precipitation by the electrolyte (sodium chloride). It follows, therefore, that the smaller the gold number the greater the protective action of the given sub​stance.
Experimental and calculation

I) Preperation of colloidal system

Chemical condensation

1)  Hydrolysis Reaction. Ferric hydroxide sol Fe(OH)3.

 Little drops of satu​rated solution FeCl3 are added to 100 ml of boiling distilled water. The hydrolysis of trivalent iron ion will occurs and molecules of ferric hydroxide are produced and colloidal particles are condensed. The color of Fe(OH)3 sol is darkbrown. The sign of the charge of colloidal particles is determined by method of capillary analysis.

2)  Ion exchange Reactions.

a) Copper ferrocyanide sol Cu2[Fe(CN)6]. Approximately 10-12 drops of 20% potassium ferrocyanide K4[Fe(CN)6] solution are diluted up to 100 ml by distilled water and 3-5 drops of copper sulfate CuSO4 (10% w/w) solution are added at shaking. Brown Cu2[Fe(CN)6] sol is produced. Forward the light beam on the solution and look on solution at angularly 90 . The light scattering should be observed. 
b) Ferric ferrocyanide (Prussian blue sol) Fe4[Fe(CN)6]3. 10-12 drops of 20% potassium ferrocyanide K4[Fe(CN)6] solution are diluted by water up to 100 ml. Drop of saturated ferric chloride FeCl3 solution is added to diluted K4[Fe(CN)6] solution at shaking. Dark blue transparent Prussian blue sol is pro​duced. The sign of the charge of colloidal particles is determined by method of capillary analysis.

Determination of the sign of the charge of colloidal particles (granules) by method of capillary analysis

The sign of the charge of colloidal particles (granules) of tinted sols can be determined by method of capillary analysis. Capillaries surface of filter paper is used as charged surface. The surface of the cellulose capillaries are negatively charged (because of dissociation of cellulose hydroxyl groups) and positively charged hydrogen ions are collected in water close-fitting to them. Water mois​tens cellulose very good and concave meniscus forms in paper capillaries. "An effect of capillary raising" arises as result of action of surface-tension forces -water rises on paper capillaries.

If negatively charged colloid particles are presented in water, then they will push off from of the same sign charged paper surface and they will rise together with water. If colloidal particles are positively charged, then they will attract by contrarily charged paper surface and will remain on it.

Ferric hydroxide sol Fe(OH)3 and Prussian blue sol Fe4[Fe(CN)6]3 are poured into small vessels on 10 ml and filter papers are immersed in vessels. The raising height of water and sols is compared after 3-5 minutes.

Write in your notebook the following:

1. Write the reactions of sols preparation by chemical condensation. Write
the micelle structures of these sols. Show aggregate, nucleus, granule.

2.  Make conclusion about charge of sols particles by using data of capillary analysis

II) Determination of coagulation thresholds of Fe(OH)3 hydrosol by electrolytes. 
Take 11 test-tubes. Prepare solutions according to Table 1 data. Distilled water and electrolyte solution are added in different quantities from burettes into each test-tube. Volume should be 5 ml in sum (for example, 3 ml of water + 2 ml of electrolyte solution). Potassium sulfate solution K2SO4 (0.003 mol/1) is used for one row of test-tubes. Potassium ferricyanide K3[Fe(CN)6] (0.0005 mol/1) solution is used for other row of test-tubes. 5 ml of Fe(OH)3 sol is quickly added into all test-tubes. Test-tubes content are mixed by shaking and are left on 15 minutes. 5 ml of distilled water and 5 ml of Fe(OH)3 sol are mixed that to prepare the control solution. Over 15 minutes the work solutions are compared with contents of the control solution. Coagulation characteristic is solution tur​bidity in comparison with control solution.
Table 5.1. Solutions volumes, ml
	Solutions
	Test-tubes numbers

	
	1
	2
	3
	4
	5

	Distilled water
	4.7
	4.5
	4.0
	3.5
	3.0

	K2SO4 (0.003 mol/1)
	0.3
	0.5
	1.0
	1.5
	2.0

	Fe(OH)3 sol
	5.0
	5.0
	5.0
	5.0
	5.0

	Result “+” or “–”
	
	
	
	
	

	Distilled water
	4.7
	4.5
	4.0
	3.5
	3.0

	K3[Fe(CN)6] (0.0005 mol/1)
	0.3
	0.5
	1.0
	1.5
	2.0

	Fe(OH)3 sol
	5.0
	5.0
	5.0
	5.0
	5.0

	Result “+” or “–”
	
	
	
	
	


Results presentation
Results are denoted "+" - if the coagulation is observed; "–" - if the co​agulation is not observed.
Calculation of coagulation thresholds
For each electrolyte, i.e. K2SO4 and K3[Fe(CN)6] , calculate electrolyte moles number for the test-tube where coagulation is observed and that contain minimal electrolyte solution volume:
n = celectrolyte·Vmin, mmol,

where Vmin – volume of electrolyte solution in this test tube.
Calculate the coagulation threshold by the equation:






γ = n/V, mmol/l,

where V – total volume of solution in test tube (10 ml).

Comprehension check

1.  What are the characteristic properties of colloidal solutions? How do
they differ from true solutions?
2.  Define the terms: disperse phase, dispersion medium, sol, hydrophobic,
and hydrophilic. 
3.  Classification of the dispersed systems by:
 a) size of colloidal par​ticles

 b) aggregative state of disperse phase and dispersion medium

 c) interaction of colloidal particles with dispersion medium for colloidal solutions with a liquid dispersion medium.
4.  Describe the main methods for the preparation of colloidal solutions.
5.  What is the Tyndall effect?
6.  The structure of hydrophobic micelles.
7.  Coagulation of hydrophobic sols. Peptization.
8.  Coagulation threshold.
9.   Aggregative and sedimentation (kinetic) stability of hydrophobic sols.
10.  The coagulation of hydrophobic sols by electrolytes. The Hardy-Schulzerule.
11.  Write the colloid particle structure if 3 ml of the Fe(NO3)3, c(Fe(NO3)3) = 0.007 mol/l  were added to 5 ml of the Na3PO4, c(Na3PO4) = 0.01 mol/l.

12.  Write the colloid particle structure if to 10 ml AgNO3, c(AgNO3) = 0.05 mol/l  were added 5 ml  of the KI solution, c(KI) = 0.03 mol/l.
13.  The Fe(OH)3 sol was obtained adding 85 ml of boiling distilled water to 15 ml of the FeCl3 solution with concentration 0.10 mol/l. Write the micelle structure taking into account that in solution are Fe3+ and Cl- ions.
14.  The ferric ferrocyanide sol Fe4[Fe(CN)6]3 was obtained adding  0.5 ml of the FeCl3 solution with concentration 0.10 mol/l to 100 ml of the potassium ferrocyanide K4[Fe(CN)6] solution with concentration 0.005 mol/l. Write the micelle structure. What are the particle (granule) charge?
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