
thermodynamics ap physics 2

The Thermodynamics AP Physics 2 curriculum is a cornerstone of understanding energy transfer and

transformation in the universe. This vital area of physics explores how heat and work interact,

governing everything from the operation of engines to the behavior of gases. Mastering

thermodynamics is crucial for excelling in AP Physics 2, as it builds upon fundamental mechanics and

introduces concepts like internal energy, entropy, and the laws that define the limitations of energy

conversion. This comprehensive guide will delve deep into the core principles of thermodynamics as

they apply to AP Physics 2, covering the fundamental laws, key thermodynamic processes, and how to

approach problem-solving. We'll explore the ideal gas law, the Carnot cycle, and the critical distinctions

between different types of thermodynamic systems. Get ready to unravel the fascinating world of heat,

work, and the fundamental rules that govern them, equipping you with the knowledge needed to tackle

any AP Physics 2 thermodynamics question with confidence.
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The First Law of Thermodynamics: Conservation of Energy



At its heart, the First Law of Thermodynamics is a statement of energy conservation, a principle you've

likely encountered in earlier physics courses. It elegantly states that energy cannot be created or

destroyed, only transferred or changed from one form to another. In the context of thermodynamic

systems, this law is most commonly expressed as: ΔU = Q - W. Here, ΔU represents the change in

the internal energy of the system, Q is the heat added to the system, and W is the work done by the

system. Understanding this equation is paramount. When heat is added to a system, its internal

energy can increase, or it can do work on its surroundings, or a combination of both. Conversely, if a

system does work on its surroundings (like an expanding gas pushing a piston), its internal energy

decreases, unless heat is supplied to compensate. This interplay between heat, work, and internal

energy forms the bedrock of thermodynamic analysis.

The internal energy (U) of a system is essentially the sum of the kinetic and potential energies of its

constituent particles. For an ideal gas, which we'll discuss more later, the internal energy is directly

proportional to its absolute temperature. This means that if you heat up a gas (increase Q), and it

doesn't expand to do work (W=0), its internal energy increases, leading to a rise in temperature. If the

gas expands and does work (W > 0) without any heat being added (Q=0), its internal energy must

decrease, causing its temperature to drop. This fundamental relationship is what drives many physical

processes, from the operation of steam engines to the cooling of your body on a hot day.

Internal Energy and its Dependence on Temperature

For many systems encountered in AP Physics 2, particularly ideal gases, the internal energy is solely

a function of temperature. This is a crucial simplification that makes calculations more manageable.

The relationship is often expressed as ΔU = nCvΔT, where n is the number of moles of gas, Cv is the

molar specific heat at constant volume, and ΔT is the change in temperature. This equation highlights

that to change the internal energy of an ideal gas, you must change its temperature. If the temperature

remains constant, the internal energy also remains constant, which has significant implications for

certain thermodynamic processes.



The molar specific heat at constant volume (Cv) is a property of the gas itself, reflecting how much

energy is required to raise the temperature of one mole of the gas by one degree Celsius (or Kelvin)

while keeping its volume constant. Different types of gases (monatomic, diatomic, polyatomic) have

different values of Cv due to their differing molecular structures and degrees of freedom for storing

energy. For instance, a monatomic gas like Helium has only translational kinetic energy, while a

diatomic gas like Nitrogen can also store energy in rotational and vibrational modes, leading to a

higher Cv.

Work Done by and on Thermodynamic Systems

The concept of work (W) in thermodynamics is intrinsically linked to pressure and volume changes.

When a gas expands, it exerts a force on its surroundings and does work. This work is typically

calculated as W = PΔV, where P is the pressure and ΔV is the change in volume, provided the

pressure is constant. If the pressure is not constant, calculus is needed to integrate pressure over the

volume change. Visualizing this on a pressure-volume (P-V) diagram is incredibly helpful. The area

under the curve on a P-V diagram represents the work done by the gas during an expansion or the

work done on the gas during a compression.

It's essential to be mindful of the sign convention for work. In the formula ΔU = Q - W, W is the work

done by the system. Therefore, if the system is compressed (volume decreases), work is done on the

system, and this W value in the equation should be considered negative. Alternatively, some texts use

the convention ΔU = Q + W', where W' is the work done on the system, in which case W' would be

positive for compression and negative for expansion. Always clarify which convention you are using to

avoid errors.

The Second Law of Thermodynamics: Entropy and the Arrow of



Time

The Second Law of Thermodynamics introduces us to the concept of entropy (S) and sets

fundamental limits on the efficiency of energy transformations. It's often stated in various forms, but

one of its most profound implications is that natural processes tend to move towards a state of greater

disorder or randomness. This is where the idea of the "arrow of time" comes into play; processes are

generally irreversible in nature, moving from order to disorder. Think about dropping a glass: it shatters

into many pieces (increased disorder), but those pieces will never spontaneously reassemble into a

whole glass.

Mathematically, the Second Law can be expressed in terms of entropy change. For a reversible

process, the change in entropy is given by ΔS = Q_rev / T, where Q_rev is the heat transferred

reversibly and T is the absolute temperature. For any spontaneous (irreversible) process occurring in

an isolated system, the total entropy always increases (ΔS > 0). This means that while energy is

conserved (First Law), its quality or usefulness degrades over time as it spreads out and becomes

more disordered.

Entropy as a Measure of Disorder

Entropy can be intuitively understood as a measure of the number of possible microscopic

arrangements (microstates) that correspond to a given macroscopic state (macrostate). A highly

ordered state, like a crystal at low temperature, has very few possible arrangements for its atoms, thus

low entropy. A disordered state, like a gas spread throughout a room, has an enormous number of

ways its molecules can be positioned and moving, resulting in high entropy. Heat naturally flows from

hotter objects to colder objects because this process increases the overall entropy of the combined

system.

The statistical interpretation of entropy, pioneered by Ludwig Boltzmann, relates entropy (S) to the



number of microstates (Ω) by the formula S = k_B ln(Ω), where k_B is the Boltzmann constant. This

equation beautifully captures the essence of disorder: more possible arrangements mean higher

entropy. When heat Q is added to a system at temperature T, the change in entropy is ΔS = Q/T. If

heat is removed, entropy decreases. However, the total entropy of the universe (system +

surroundings) must always increase or stay the same for any process.

The Carnot Cycle and Maximum Efficiency

The Carnot cycle is a theoretical, idealized thermodynamic cycle that represents the most efficient

possible engine operating between two heat reservoirs at different temperatures. It consists of four

reversible processes: two isothermal processes (constant temperature) and two adiabatic processes

(no heat exchange). While no real engine can achieve Carnot efficiency due to irreversibilities, it

serves as a crucial benchmark for evaluating the performance of actual heat engines.

The efficiency (η) of a Carnot engine is given by η = 1 - (T_cold / T_hot), where T_cold is the

temperature of the cold reservoir and T_hot is the temperature of the hot reservoir, both in Kelvin. This

formula starkly illustrates that to increase efficiency, you need to maximize the temperature difference

between the hot and cold reservoirs. It also implies that 100% efficiency is impossible unless the cold

reservoir is at absolute zero, which is unattainable according to the Third Law.

The Third Law of Thermodynamics: Absolute Zero

The Third Law of Thermodynamics deals with the behavior of systems as they approach absolute zero

temperature (0 Kelvin or -273.15 degrees Celsius). It states that as the temperature of a system

approaches absolute zero, its entropy approaches a minimum or zero value. In simpler terms, at

absolute zero, the particles within a system would theoretically be in their lowest possible energy state,

with maximum order and minimum randomness.



This law implies that it is impossible to reach absolute zero through any finite number of steps. Each

cooling process, while reducing the entropy of the system, must involve some energy expenditure and

thus increase the entropy of the surroundings, preventing the system from ever truly reaching 0 K.

Absolute zero is thus an unattainable theoretical limit, a concept crucial for understanding the behavior

of matter at extremely low temperatures and the limitations of refrigeration.

The Unattainability of Absolute Zero

Why is absolute zero unattainable? Imagine trying to cool something down. You need to remove heat

from it. If you could reach absolute zero, it would mean all thermal motion has ceased, and all particles

are in their ground state. However, any process that removes heat from the system will necessarily

release heat into the surroundings, increasing the entropy of the universe. The Third Law essentially

formalizes this observation: you can get arbitrarily close to absolute zero, but you can never quite get

there. This has profound implications for cryogenics and condensed matter physics.

Entropy at Absolute Zero

For a perfect crystalline substance, the entropy at absolute zero is zero. This is because at 0 K, the

atoms are in a perfectly ordered lattice structure, with no thermal vibrations or random motion. Any

deviation from this perfect order, such as impurities or imperfections in the crystal, would lead to

residual entropy even at absolute zero. This concept of residual entropy provides further insight into

the microscopic interpretation of entropy and its relationship to order.

Ideal Gases and Their Behavior

The concept of an ideal gas is a fundamental simplification used in thermodynamics to model the



behavior of real gases under many common conditions. An ideal gas is defined by two main

assumptions: its molecules have negligible volume compared to the volume of the container, and there

are no intermolecular forces (attraction or repulsion) between the molecules. While no real gas is truly

ideal, these assumptions work remarkably well for many gases at high temperatures and low

pressures.

The behavior of an ideal gas is described by the ideal gas law, which relates pressure (P), volume (V),

temperature (T), and the number of moles (n) of the gas: PV = nRT. Here, R is the ideal gas constant,

a universal value. This equation is a powerful tool for predicting how changes in one variable will affect

the others. For instance, if you increase the temperature of a gas in a sealed container (constant V

and n), the pressure must increase to satisfy the equation.

The Ideal Gas Law: PV = nRT

The ideal gas law is a cornerstone of thermodynamics for AP Physics 2. It's a macroscopic description

of the gas, relating observable properties. Let's break it down: P is the absolute pressure of the gas, V

is its volume, n is the amount of substance (in moles), R is the ideal gas constant (approximately

8.314 J/(mol·K)), and T is the absolute temperature in Kelvin. This law is an equation of state, meaning

it describes the state of the gas at any given time.

Understanding how each variable affects the others is crucial. If n and T are constant, PV is constant

(Boyle's Law). If n and P are constant, V/T is constant (Charles's Law). If n and V are constant, P/T is

constant (Gay-Lussac's Law). Combining these leads to the general ideal gas law. Remember to

always use absolute temperature (Kelvin) in thermodynamic calculations involving the ideal gas law.

Molar Specific Heat (Cv and Cp)

As mentioned earlier, molar specific heats are essential for calculating changes in internal energy. For



an ideal gas, there are two main molar specific heats: Cv (at constant volume) and Cp (at constant

pressure). The difference between them arises because when a gas is heated at constant pressure, it

not only increases its internal energy but also does work by expanding. Therefore, more heat is

required to achieve the same temperature increase at constant pressure compared to constant

volume.

The relationship between Cp and Cv for an ideal gas is given by Mayer's relation: Cp = Cv + R. This

relationship is a direct consequence of the First Law of Thermodynamics and the definition of work

done by an expanding gas. The values of Cv and Cp depend on the type of gas: for monatomic

gases, Cv = 3/2 R and Cp = 5/2 R; for diatomic gases, Cv = 5/2 R and Cp = 7/2 R (at typical

temperatures where vibrational modes are not excited).

Thermodynamic Processes: Isothermal, Isobaric, Isochoric, and

Adiabatic

Thermodynamic processes describe the changes a system undergoes as it moves from one

equilibrium state to another. In AP Physics 2, you will frequently encounter four idealized processes,

each characterized by one variable remaining constant:

Isothermal Process: Temperature (T) is constant. Heat is exchanged with the surroundings to

maintain the constant temperature, allowing the gas to do work or have work done on it.

Isobaric Process: Pressure (P) is constant. Heat is added or removed, causing volume and

temperature to change. Work is done by or on the gas as its volume changes.

Isochoric Process: Volume (V) is constant. Heat is added or removed, causing temperature and

pressure to change. Since the volume doesn't change, no work is done by or on the gas (W=0).



Adiabatic Process: No heat (Q) is exchanged with the surroundings. Temperature, pressure, and

volume all change during an adiabatic process.

Understanding these distinct processes is crucial for applying the First Law of Thermodynamics

correctly, as the amount of heat transferred and work done will vary significantly depending on the

process. Visualizing these on a P-V diagram is a highly effective study technique.

Isothermal Processes (Constant Temperature)

In an isothermal process, the temperature of the system remains constant (ΔT = 0). For an ideal gas,

this means the internal energy (ΔU) also remains constant because internal energy is solely a function

of temperature for ideal gases. According to the First Law (ΔU = Q - W), if ΔU = 0, then Q = W. This

implies that any heat added to the system is entirely converted into work done by the system, or any

work done on the system is entirely removed as heat. This is a reversible process, and the relationship

between pressure and volume is P V = constant (Boyle's Law). On a P-V diagram, an isothermal

process is represented by a hyperbola.

Isobaric Processes (Constant Pressure)

An isobaric process occurs at constant pressure (ΔP = 0). When heat is added to a system

undergoing an isobaric process, the system typically expands, doing work on its surroundings (W =

PΔV). The heat added goes into both increasing the internal energy and performing this work. For an

ideal gas, the heat added is Q = nCpΔT, where Cp is the molar specific heat at constant pressure. On

a P-V diagram, an isobaric process is represented by a horizontal line.



Isochoric Processes (Constant Volume)

In an isochoric process, the volume of the system remains constant (ΔV = 0). Since work done is

proportional to the change in volume (W = PΔV), no work is done in an isochoric process (W = 0).

Therefore, according to the First Law (ΔU = Q - W), any heat added to the system goes entirely into

increasing its internal energy (ΔU = Q). For an ideal gas, this results in a direct increase in

temperature, and the heat added is Q = nCvΔT. On a P-V diagram, an isochoric process is

represented by a vertical line.

Adiabatic Processes (No Heat Exchange)

An adiabatic process is one where there is no heat transfer into or out of the system (Q = 0). This

occurs when a process happens very quickly, so there isn't enough time for significant heat exchange,

or when the system is perfectly insulated. In an adiabatic process for an ideal gas, the First Law

simplifies to ΔU = -W. This means that if the system does work (expands), its internal energy

decreases (temperature drops), and if work is done on the system (compression), its internal energy

increases (temperature rises). The relationship between pressure and volume in an adiabatic process

is given by PV^γ = constant, where γ (gamma) is the adiabatic index (γ = Cp/Cv). On a P-V diagram,

an adiabatic process is steeper than an isothermal process.

Heat Engines and Refrigerators

Heat engines and refrigerators are practical applications of thermodynamic principles, particularly the

First and Second Laws. A heat engine is a device that converts thermal energy into mechanical work,

while a refrigerator is a device that uses work to transfer heat from a colder region to a warmer region.

Both operate between a high-temperature reservoir and a low-temperature reservoir. A heat engine



takes heat from the hot reservoir, converts some of it into work, and rejects the rest to the cold

reservoir. A refrigerator takes heat from the cold reservoir, requires work input, and rejects heat to the

hot reservoir. Understanding their cycles and efficiencies is a key part of AP Physics 2

thermodynamics.

Heat Engines: Work from Heat

A heat engine's primary goal is to produce work. It operates by absorbing heat (Q_hot) from a high-

temperature reservoir, performing work (W_net), and rejecting waste heat (Q_cold) to a low-

temperature reservoir. The First Law applied to a heat engine states that W_net = Q_hot - Q_cold.

The efficiency (η) of a heat engine is defined as the ratio of the work done to the heat absorbed from

the hot reservoir: η = W_net / Q_hot = (Q_hot - Q_cold) / Q_hot = 1 - (Q_cold / Q_hot).

As established by the Second Law and the Carnot cycle, no heat engine can be 100% efficient. Some

heat must always be rejected to the cold reservoir. The maximum possible efficiency is achieved by

the Carnot engine, which is η_Carnot = 1 - (T_cold / T_hot).

Refrigerators and Heat Pumps: Moving Heat Against the Gradient

Refrigerators and heat pumps operate on a similar principle, but their goals are reversed. They use

work input (W) to move heat from a cold reservoir (Q_cold) to a hot reservoir (Q_hot). The First Law

for these devices is Q_hot = Q_cold + W. Instead of efficiency, we talk about the Coefficient of

Performance (COP). For a refrigerator, COP_R = Q_cold / W. For a heat pump (which provides

heating to a space), COP_HP = Q_hot / W.

Since W = Q_hot - Q_cold, we can see that COP_R = Q_cold / (Q_hot - Q_cold) and COP_HP =

Q_hot / (Q_hot - Q_cold). These coefficients can often be greater than 1, which is often confusing.

Remember, it's not about energy conversion efficiency but about how effectively heat is moved per unit



of work input. Similar to heat engines, the most efficient refrigerator or heat pump is the Carnot

refrigerator/heat pump, with COP_Carnot_R = T_cold / (T_hot - T_cold) and COP_Carnot_HP = T_hot

/ (T_hot - T_cold).

Entropy and Statistical Mechanics

While the macroscopic laws of thermodynamics are powerful, statistical mechanics provides a deeper,

microscopic understanding of why these laws hold true. It bridges the gap between the behavior of

individual atoms and molecules and the bulk properties of matter that we observe macroscopically.

Entropy, in particular, gains a profound interpretation through statistical mechanics. It's no longer just

an abstract quantity related to heat and temperature; it becomes a direct measure of disorder and

randomness at the molecular level. This perspective helps explain the directionality of natural

processes and the inherent tendency towards equilibrium.

Microstates and Macrostates

A macrostate describes the overall properties of a system that we can measure, such as pressure,

volume, and temperature. A microstate, on the other hand, describes the specific state of every single

particle within the system – its position and momentum. For a given macrostate, there are typically an

enormous number of possible microstates. For example, a gas at a certain temperature and pressure

can have its molecules arranged in countless different ways, each representing a distinct microstate.

Entropy is directly related to the number of accessible microstates (Ω) for a given macrostate.

Boltzmann's famous equation, S = k_B ln(Ω), states that entropy is proportional to the logarithm of the

number of microstates. A state with more possible microstates is a more disordered state and

therefore has higher entropy.



The Statistical Basis of the Second Law

The Second Law of Thermodynamics, stating that entropy tends to increase, can be understood

statistically. Systems naturally evolve towards macrostates that have the largest number of

corresponding microstates, simply because these states are overwhelmingly more probable. Imagine

shaking a box of marbles sorted by color. They will tend to mix up because there are far more ways

for them to be mixed than for them to remain perfectly sorted. This tendency towards more probable,

more disordered states is the statistical driver behind the Second Law.

Irreversibility in thermodynamics is explained by the extreme improbability of a system spontaneously

transitioning from a high-entropy (disordered) state to a low-entropy (ordered) state. While theoretically

possible, the number of microstates for the disordered state is so vastly larger that the probability of

such a transition is effectively zero for macroscopic systems.

Problem-Solving Strategies for Thermodynamics AP Physics 2

Tackling thermodynamics problems in AP Physics 2 requires a systematic approach. Many problems

can be solved by carefully applying the First Law of Thermodynamics, understanding the specific

process involved, and utilizing the ideal gas law when appropriate. Visualizing the problem on a P-V

diagram can often clarify the relationships between pressure, volume, and work.

Key strategies include:

Identifying the system and its surroundings.

Determining the initial and final states of the system.

Recognizing the type of thermodynamic process (isothermal, isobaric, isochoric, adiabatic).



Applying the First Law of Thermodynamics (ΔU = Q - W) correctly, paying close attention to sign

conventions for Q and W.

Using the ideal gas law (PV = nRT) to relate pressure, volume, and temperature, especially for

ideal gases.

Calculating work done based on the specific process.

Remembering that for ideal gases, ΔU is proportional to ΔT.

Don't forget to convert all temperatures to Kelvin for calculations involving the ideal gas law and

Carnot efficiencies. Practicing a wide variety of problems, from simple applications of the First Law to

more complex cycles, will build your confidence and problem-solving skills.

Drawing and Interpreting P-V Diagrams

Pressure-volume (P-V) diagrams are invaluable tools for visualizing thermodynamic processes and

calculating work. The horizontal axis represents volume, and the vertical axis represents pressure.

Each point on the diagram represents a specific state of the system (P, V, T). A process is

represented by a curve or a line connecting these states.

The work done by a gas during an expansion is the area under the curve on a P-V diagram. For a

compression, the work done on the gas is the area under the curve. If a cycle is represented (e.g., a

heat engine completing a cycle), the net work done is the area enclosed by the cycle. Different

processes have characteristic shapes on a P-V diagram: isothermal curves are hyperbolas, isobaric

processes are horizontal lines, isochoric processes are vertical lines, and adiabatic processes are

steeper curves.



Applying the First Law Systematically

When faced with a thermodynamics problem, start by writing down the First Law: ΔU = Q - W. Then,

systematically determine each term:

ΔU: If the system is an ideal gas, find ΔU from ΔU = nCvΔT. If the temperature doesn't change

(isothermal process), ΔU = 0 for an ideal gas.

Q: Determine if heat is added to (Q > 0) or removed from (Q < 0) the system. For specific

processes, Q might be related to temperature change (nCvΔT or nCpΔT) or be zero (adiabatic).

W: Calculate the work done by the system. For an isobaric process, W = PΔV. For other

processes, the calculation might be more complex or involve areas on a P-V diagram. If work is

done on the system, W will be negative in this convention.

By carefully identifying and calculating each component, you can solve for the unknown quantity.

Always double-check your units and ensure consistency. Practice is key to becoming proficient in

applying these fundamental principles.

Common Pitfalls to Avoid

Several common mistakes can derail thermodynamics problem-solving. One of the most frequent is

forgetting to convert temperature to Kelvin when using the ideal gas law or calculating Carnot

efficiency. Another is misapplying the sign conventions for heat and work; always be clear about

whether heat is entering or leaving the system and whether the system is doing work or having work

done on it.



Confusing the definitions of efficiency for heat engines and coefficients of performance for refrigerators

is also common. Remember that efficiency is always less than or equal to 1 (or 100%), while COP can

be greater than 1. Finally, ensure you are using the correct specific heat values (Cv vs. Cp) depending

on whether the volume or pressure is constant. A thorough understanding of the definitions and careful

attention to detail will help you overcome these hurdles.

---

Q: What is the primary focus of thermodynamics in AP Physics 2?

A: The primary focus of thermodynamics in AP Physics 2 is the study of energy transfer and

transformation, specifically concerning heat and work, and how these influence the internal energy and

state of a system. It encompasses the fundamental laws of thermodynamics, ideal gas behavior, and

various thermodynamic processes and cycles.

Q: How does the First Law of Thermodynamics relate to energy

conservation?

A: The First Law of Thermodynamics is a direct application of the principle of energy conservation. It

states that the change in a system's internal energy is equal to the heat added to the system minus

the work done by the system (ΔU = Q - W). This equation shows that energy is neither created nor

destroyed, but rather exchanged between internal energy, heat, and work.

Q: What is entropy, and how is it related to the Second Law of

Thermodynamics?

A: Entropy (S) is a measure of the disorder or randomness within a system. The Second Law of

Thermodynamics states that in any spontaneous process occurring in an isolated system, the total

entropy always increases (ΔS ≥ 0). This law explains why natural processes tend to move towards



states of greater disorder and why heat flows spontaneously from hotter to colder objects.

Q: Can you explain the significance of the Carnot cycle in

thermodynamics?

A: The Carnot cycle is an idealized thermodynamic cycle that represents the most efficient possible

heat engine operating between two temperature reservoirs. Its significance lies in setting an upper limit

for the efficiency of any real heat engine. The Carnot efficiency (η_Carnot = 1 - T_cold / T_hot)

provides a benchmark for evaluating the performance of practical engines.

Q: What are the key assumptions of an ideal gas, and why are they

important?

A: The key assumptions of an ideal gas are that the gas molecules have negligible volume compared

to the container's volume and that there are no intermolecular forces between them. These

assumptions simplify calculations using the ideal gas law (PV = nRT) and are valid for many gases at

high temperatures and low pressures, making them a useful model in AP Physics 2.

Q: How does an adiabatic process differ from an isothermal process?

A: An adiabatic process occurs with no heat exchange (Q=0) between the system and its

surroundings, meaning any change in internal energy is solely due to work done. In contrast, an

isothermal process occurs at constant temperature (ΔT=0), where heat exchange is allowed to

maintain the temperature, and any heat added is equal to the work done by the system (Q=W).

Q: What is the role of P-V diagrams in understanding thermodynamics?

A: P-V diagrams, which plot pressure against volume, are crucial for visualizing thermodynamic

processes. The area under the curve on a P-V diagram represents the work done by or on the system.



Different thermodynamic processes have distinct graphical representations on these diagrams, aiding

in the calculation of work and the understanding of cycles.

Q: Why is it impossible to reach absolute zero temperature?

A: Absolute zero (0 Kelvin) is theoretically unattainable according to the Third Law of

Thermodynamics. Any process designed to cool a system closer to absolute zero inevitably transfers

heat to the surroundings, increasing the overall entropy of the universe. This makes reaching absolute

zero through a finite number of steps impossible.
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